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TO THE INSTRUCTOR

Philosophy
The cover of this new edition ofChemistry: The Central Sciencefeatures a striking illus-
tration of the structure of graphene, a recently discovered form of carbon. As we began
preparing the previous edition in 2006, single-layer graphene was virtually unknown.
The extraordinary properties of graphene, and its promise for future applications, has
already resulted in a Nobel Prize. An understanding of the structure and many of the
properties of graphene is well within the reach of an undergraduate student of general
chemistry. Through such examples, it is possible to demonstrate in a general chemistry
course that chemistry is a dynamic science in continuous development. New research
leads to new applications of chemistry in other fields of science and in technology. In
addition, environmental and economic concerns bring about changes in the place of
chemistry in society. Our textbook reflects this dynamic, changing character. We hope
that it also conveys the excitement that scientists experience in making new discoveries
that contribute to our understanding of the physical world.

New ideas about how to teach chemistry are constantly being developed, and many
of them are reflected in how our textbook is organized and in the ways in which topics
are presented. This edition incorporates a number of new methodologies to assist stu-
dents, including use of the Internet, computer-based classroom tools, Web-based tools,
particularly MasteringChemistry®, and more effective means of testing.

As authors, we want this text to be a central, indispensable learning tool for stu-
dents. It can be carried everywhere and used at any time. It is the one place students can
go to obtain the information needed for learning, skill development, reference, and test
preparation. At the same time, the text provides the background in modern chemistry
that students need to serve their professional interests and, as appropriate, to prepare for
more advanced chemistry courses.

If the text is to be effective in supporting your role as teacher, it must be addressed to
the students.We have done our best to keep our writing clear and interesting and the book
attractive and well illustrated. The book has numerous in-text study aids for students,
including carefully placed descriptions of problem-solving strategies. Together we have
logged many years of teaching experience. We hope this is evident in our pacing, choice of
examples, and the kinds of study aids and motivational tools we have employed. Because
we believe that students are more enthusiastic about learning chemistry when they see its
importance to their own goals and interests, we have highlighted many important applica-
tions of chemistry in everyday life. We hope you make use of this material.

A textbook is only as useful to students as the instructor permits it to be. This book
is replete with features that can help students learn and that can guide them as they
acquire both conceptual understanding and problem-solving skills. But the text and all
the supplementary materials provided to support its use must work in concert with
you, the instructor. There is a great deal for the students to use here, too much for all of
it to be absorbed by any one student. You will be the guide to the best use of the book.
Only with your active help will the students be able to utilize most effectively all that
the text and its supplements offer. Students care about grades, of course, and with en-
couragement they will also become interested in the subject matter and care about
learning. Please consider emphasizing features of the book that can enhance student
appreciation of chemistry, such as the Chemistry Put to WorkandChemistry and Life
boxes that show how chemistry impacts modern life and its relationship to health and
life processes. Learn to use, and urge students to use, the rich Internet resources avail-
able. Emphasize conceptual understanding and place less emphasis on simple manipu-
lative, algorithmic problem solving.

PREFACE



What•s New in This Edition?
A great many changes have been made in producing this twelfth edition. The entire art
program for the text has been reworked, and new features connected with the art have
been introduced.

€ Nearly every figure in the book has undergone some modification, and hundreds of
figures have been entirely redone.

€ A systematic effort has been made to move information that was contained in
figure captions directly into the figures.

€ Explanatory labels have been employed extensively in figures to guide the student in
understanding the art.

€ In several important places, art has been modified to convey the notion of progres-
sion in time, as in a reaction. See, for instance, Figures 4.4 and 14.27.

€ New designs have been employed to more closely integrate photographic materials
into figures that convey chemical principles, as in Figure 2.21.

€ A new feature called Go Figurehas been added to about 40% of the figures. This
feature asks the student a question that can be answered by examining the figure. It
tests whether the student has in fact examined the figure and understands its
primary message. Answers to the Go Figurequestions are provided in the back of
the text.

€ New end-of-chapter exercises have been added, and many of those carried over from
the eleventh edition have been significantly revised. Results from analysis of student
responses to MasteringChemistry, the online homework program connected with
the text, have been used to eliminate questions that did not appear to be functioning
well and to assess the degree to which instructors have used the end-of-chapter
materials. On the basis of these analyses, many exercises have been revised or
eliminated.

€ Chapter introductions have been redesigned to enhance the student•s exposure to
the aims of the chapter and its contents.

€ The presentation of hybrid orbitals in Chapter 9 and elsewhere has been rewritten
to limit the treatment to sandp orbitals, based on theoretical work indicating that
d orbital participation in hybridization is not significant.

€ The treatment of condensed phases, liquids and solids, has been reorganized into
two chapters that contain much new material. Chapter 11 deals with liquids and
intermolecular forces, while Chapter 12 deals with solids, starting from the basics of
crystal structures and covering a broad range of materials (including metals, semi-
conductors, polymers, and nanomaterials) in a cohesive manner.

€ Chapter 18 on the Chemistry of the Environment has been substantially revised to
focus on how human activities affect Earth•s atmosphere and water, and to enlarge
the coverage of the green chemistry initiative.

€ The treatment of metals, Chapter 23 of the eleventh edition, has been reorganized
and augmented. Structure and bonding in metals and alloys are now covered in
Chapter 12 (Solids and Modern Materials), and other parts of Chapter 23 have been
combined with material from Chapter 24 of the eleventh edition to form a new
chapter, Transition Metals and Coordination Chemistry. Material covering occur-
rences and production of metals that was not widely used by instructors has been
eliminated.
Throughout the text, the writing has been improved by enhancing the clarity and

flow of ideas while achieving an economy of words. Thus, despite the addition of new
features, the length of the text has not changed significantly.

Organization and Contents
The first five chapters give a largely macroscopic, phenomenological view of chemistry.
The basic concepts introduced„such as nomenclature, stoichiometry, and thermo-
chemistry„provide necessary background for many of the laboratory experiments

xxvi PREFACE



PREFACE xxvii

usually performed in general chemistry. We believe that an early introduction to ther-
mochemistry is desirable because so much of our understanding of chemical processes
is based on considerations of energy changes. Thermochemistry is also important when
we come to a discussion of bond enthalpies. We believe we have produced an effective,
balanced approach to teaching thermodynamics in general chemistry, as well as provid-
ing students with an introduction to some of the global issues involving energy produc-
tion and consumption. It is no easy matter to walk the narrow pathway between„on the
one hand„trying to teach too much at too high a level and„on the other hand„resort-
ing to oversimplifications. As with the book as a whole, the emphasis has been on im-
parting conceptualunderstanding, as opposed to presenting equations into which
students are supposed to plug numbers.

The next four chapters (Chapters 6…9) deal with electronic structure and bonding.
We have largely retained our presentation of atomic orbitals. For more advanced
students,Closer Lookboxes in Chapters 6 and 9 deal with radial probability functions
and the phases of orbitals. Our approach of placing this latter discussion in a Closer
Look box in Chapter 9 enables those who wish to cover this topic to do so, while others
may wish to bypass it. In treating this topic and others in Chapters 7 and 9 we have
materially enhanced the accompanying figures to more effectively bring home their cen-
tral messages.

The focus of the text then changes (Chapters 10…13) to the next level of the organiza-
tion of matter, examining the states of matter. Chapters 10 and 11 deal with gases, liquids,
and intermolecular forces, much as in earlier editions. Chapter 12, however, is now devot-
ed to solids, presenting an enlarged and more contemporary view of the solid state as well
as of modern materials. This change is appropriate, given the ever-increasing importance
of solid-state materials in solar energy, illumination, and electronics. Chapter 12 provides
an opportunity to show how abstract chemical bonding concepts impact real-world appli-
cations. The modular organization of the chapter allows you to tailor your coverage to
focus on materials (semiconductors, polymers, nanomaterials, and so forth) that are most
relevant to your students and your own interests. Chapter 13 treats the formation and
properties of solutions in much the same manner as the previous edition.

The next several chapters examine the factors that determine the speed and extent of
chemical reactions: kinetics (Chapter 14), equilibria (Chapters 15…17), thermodynamics
(Chapter 19), and electrochemistry (Chapter 20). Also in this section is a chapter on
environmental chemistry (Chapter 18), in which the concepts developed in preceding
chapters are applied to a discussion of the atmosphere and hydrosphere. This chapter has
been revised to focus more sharply on the impacts of human activities on Earth•s water
and atmosphere and on green chemistry.

After a discussion of nuclear chemistry (Chapter 21), the book ends with three
survey chapters. Chapter 22, on nonmetals, has been consolidated slightly from the
eleventh edition. Chapter 23 now deals with the chemistry of transition metals, includ-
ing coordination compounds, and the last chapter deals with the chemistry of organic
compounds and elementary biochemical themes. These final four chapters are devel-
oped in a parallel fashion and can be treated in any order.

Our chapter sequence provides a fairly standard organization, but we recognize that
not everyone teaches all the topics in just the order we have chosen. We have therefore
made sure that instructors can make common changes in teaching sequence with no
loss in student comprehension. In particular, many instructors prefer to introduce gases
(Chapter 10) after stoichiometry (Chapter 3) rather than with states of matter. The
chapter on gases has been written to permit this change with nodisruption in the flow of
material. It is also possible to treat balancing redox equations (Sections 20.1 and 20.2)
earlier, after the introduction of redox reactions in Section 4.4. Finally, some instructors
like to cover organic chemistry (Chapter 24) right after bonding (Chapters 8 and 9).
This, too, is a largely seamless move.

We have brought students into greater contact with descriptive organic and inorganic
chemistry by integrating examples throughout the text. You will find pertinent and rele-
vant examples of •realŽ chemistry woven into all the chapters to illustrate principles and
applications. Some chapters, of course, more directly address the •descriptiveŽ properties



of elements and their compounds, especially Chapters 4, 7, 11, 18, and 22…24. We also in-
corporate descriptive organic and inorganic chemistry in the end-of-chapter exercises.

Changes in This Edition
The What•s New in This Editionon page xxvii details changes made throughout the
new edition. Beyond a mere listing, however, it is worth dwelling on the general goals we
set in formulating the twelfth edition.Chemistry: The Central Sciencehas traditionally
been valued for its clarity of writing, its scientific accuracy and currency, its strong 
end-of-chapter exercises, and its consistency in level of coverage. In making changes, we
have made sure not to compromise these characteristics, and we have also continued to
employ an open, clean design in the layout of the book.

The major systemic change in the new edition involves the art program. It is widely
recognized that contemporary students rely more on visual learning materials than in
the past, yet for the most part textbook art has not evolved greatly in response other
than a greater use of molecular art. In this edition, with the help of a strong editorial
development team, we have redone a large portion of the figures with the aim of in-
creasing their power as teaching tools. What can we do to encourage students to study a
figure, and how can we help them learn from it? The first step has been to incorporate
elements that direct attention to the figure•s major features. The flow from one impor-
tant aspect to the next, particularly involving processes occurring over time, has been
emphasized through new layouts and through the use of both visual and textual cues, as
in Figures 2.15, 4.3, 4.9, and 14.17. Our aim is to draw the student into a more careful
and thoughtful viewing through extensive use of explanatory labels and other devices.
A new feature called Go Figure, analogous to the Give It Some Thoughtexercises we
pioneered in the tenth edition, directs attention to the art and provides an opportunity
for students to judge whether they have really absorbed the content of the figure. We
have also found new and more effective ways to show trends and relationships in figures
involving presentations of data, as in Figures 7.6, 8.8, and 8.15.

We have continued to use the What•s Aheadoverview at the opening of each
chapter, introduced in the ninth edition.Concept links(€ ) continue to provide easy-
to-see cross-references to pertinent material covered earlier in the text. The essays titled
Strategies in Chemistry, which provide advice to students on problem solving and
•thinking like a chemist,Ž continue to be an important feature. The Give It Some
Thought exercises that we introduced in the tenth edition have proved to be very popu-
lar, and we have continued to refine their use. These informal, sharply focused questions
give students opportunities to test whether they are •getting itŽ as they read along.

We have continued to emphasize conceptual exercises in the end-of-chapter exer-
cise materials. The Visualizing Conceptsexercise category has been continued in this
edition. These exercises are designed to facilitate concept understanding through use of
models, graphs, and other visual materials. They precede the regular end-of-chapter
exercises and are identified in each case with the relevant chapter section number. The
Integrative Exercises, which give students the opportunity to solve problems that
integrate concepts from the present chapter with those of previous chapters, have been
continued. The importance of integrative problem solving is highlighted by the
Sample Integrative Exercisethat ends each chapter beginning with Chapter 4. In gen-
eral, we have included more conceptual end-of-chapter exercises and have made sure
that there is a good representation of somewhat more difficult exercises to provide a
better mix in terms of topic and level of difficulty. The results from student use of
MasteringChemistry have enabled us to more reliably evaluate the effectiveness of our
end-of-chapter exercises and make changes accordingly.

New essays in our well-received Chemistry Put to Workand Chemistry and Life
series emphasize world events, scientific discoveries, and medical breakthroughs that
have occurred since publication of the eleventh edition. We maintain our focus on the
positive aspects of chemistry without neglecting the problems that can arise in an
increasingly technological world. Our goal is to help students appreciate the real-world
perspective of chemistry and the ways in which chemistry affects their lives.
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TO THE STUDENT

Chemistry: The Central Science, Twelfth Edition, has been written to introduce you
to modern chemistry. As authors, we have, in effect, been engaged by your instructor to
help you learn chemistry. Based on the comments of students and instructors who have
used this book in its previous editions, we believe that we have done that job well. Of
course, we expect the text to continue to evolve through future editions. We invite you
to write to tell us what you like about the book so that we will know where we have
helped you most. Also, we would like to learn of any shortcomings so that we might
further improve the book in subsequent editions. Our addresses are given at the end of
the Preface.

Advice for Learning and Studying Chemistry
Learning chemistry requires both the assimilation of many concepts and the develop-
ment of analytical skills. In this text we have provided you with numerous tools to help
you succeed in both tasks. If you are going to succeed in your chemistry course, you will
have to develop good study habits. Science courses, and chemistry in particular, make
different demands on your learning skills than do other types of courses. We offer the
following tips for success in your study of chemistry:

Don•t fall behind! As the course moves along, new topics will build on material
already presented. If you don•t keep up in your reading and problem solving, you will
find it much harder to follow the lectures and discussions on current topics.
Experienced teachers know that students who read the relevant sections of the text
beforecoming to a class learn more from the class and retain greater recall.
•CrammingŽ just before an exam has been shown to be an ineffective way to study any
subject, chemistry included. So now you know. How important to you in this competitive
world is a good grade in chemistry?

Focus your study.The amount of information you will be expected to learn can
sometimes seem overwhelming. It is essential to recognize those concepts and skills
that are particularly important. Pay attention to what your instructor is emphasizing.
As you work through the Sample Exercisesand homework assignments, try to see
what general principles and skills they employ. Use the What•s Aheadfeature at the
beginning of each chapter to help orient yourself to what is important in each chapter.
A single reading of a chapter will simply not be enough for successful learning of
chapter concepts and problem-solving skills. You will need to go over assigned
materials more than once. Don•t skip the Give It Some Thoughtand Go Figure
features,Sample Exercises, and Practice Exercises. They are your guides to whether
you are learning the material. The Key Skillsand Key Equationsat the end of the
chapter should help you focus your study.

Keep good lecture notes.Your lecture notes will provide you with a clear and concise
record of what your instructor regards as the most important material to learn. Using
your lecture notes in conjunction with this text is the best way to determine which
material to study.

Skim topics in the text before they are covered in lecture.Reviewing a topic before
lecture will make it easier for you to take good notes. First read the What•s Ahead
points and the end-of-chapter Summary; then quickly read through the chapter,
skipping Sample Exercises and supplemental sections. Paying attention to the titles of
sections and subsections gives you a feeling for the scope of topics. Try to avoid
thinking that you must learn and understand everything right away.

After lecture, carefully read the topics covered in class.As you read, pay attention to
the concepts presented and to the application of these concepts in the Sample



Exercises. Once you think you understand a Sample Exercise, test your understanding
by working the accompanying Practice Exercise.

Learn the language of chemistry.As you study chemistry, you will encounter many
new words. It is important to pay attention to these words and to know their meanings
or the entities to which they refer. Knowing how to identify chemical substances from
their names is an important skill; it can help you avoid painful mistakes on
examinations. For example, •chlorineŽ and •chlorideŽ refer to very different things.

Attempt the assigned end-of-chapter exercises.Working the exercises selected by
your instructor provides necessary practice in recalling and using the essential ideas of
the chapter. You cannot learn merely by observing; you must be a participant. In
particular, try to resist checking the Student-Solutions Manual(if you have one) until
you have made a sincere effort to solve the exercise yourself. If you get stuck on an
exercise, however, get help from your instructor, your teaching assistant, or another
student. Spending more than 20 minutes on a single exercise is rarely effective unless
you know that it is particularly challenging.

Use online resources.Some things are more easily learned by discovery, and others are
best shown in three dimensions. If your instructor has included MasteringChemistry
with your book, take advantage of the unique tools it provides to get the most out of
your time in chemistry.

The bottom line is to work hard, study effectively, and use the tools available to you,
including this textbook. We want to help you learn more about the world of chemistry
and why chemistry is the central science. If you really learn chemistry, you can be the life
of the party, impress your friends and parents, and . . . well,also pass the course with a
good grade.

xxx PREFACE
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For Students
MasteringChemistry ®

(http://www.masteringchemistry.com)
MasteringChemistry is the most effective, widely used online
tutorial, homework and assessment system for chemistry. It
helps instructors maximize class time with customizable,
easy-to-assign, and automatically graded assessments that
motivate students to learn outside of class and arrive prepared
for lecture. These assessments can easily be customized and
personalized by instructors to suit their individual teaching
style. The powerful gradebook provides unique insight into
student and class performance even before the first test. As a
result, instructors can spend class time where students need
it most.

Pearson eText The integration of Pearson eText within
MasteringChemistry gives students with eTexts easy access to
the electronic text when they are logged into Mastering
Chemistry. Pearson eText pages look exactly like the printed
text, offering powerful new functionality for students and
instructors. Users can create notes, highlight text in different
colors, create bookmarks, zoom, view in single-page or two-
page view, and more.

Student•s Guide (0-321-70458-4) Prepared by James C.
Hill of California State University. This book assists students
through the text material with chapter overviews, learning
objectives, a review of key terms, as well as self-tests with
answers and explanations. This edition also features MCAT
practice questions.

Solutions to Red Exercises (0-321-70548-3) Prepared
by Roxy Wilson of the University of Illinois, Urbana-
Champaign. Full solutions to all the red-numbered exercises in
the text are provided. (Short answers to red exercises are found
in the appendix of the text.)

Solutions to Black Exercises (0-321-70501-7) Prepared
by Roxy Wilson of the University of Illinois, Urbana-
Champaign. Full solutions to all the black-numbered exercises
in the text are provided.

Laboratory Experiments (0-321-70502-5) Prepared by
John H. Nelson and Kenneth C. Kemp, both of the University
of Nevada, with contributions by Matthew Stoltzfus of The
Ohio State University. This manual contains 43 finely tuned
experiments chosen to introduce students to basic lab
techniques and to illustrate core chemical principles. This new
edition has been revised to correlate more tightly with the text
and now includes GIST questions and section references to the
text. You can also customize these labs through Catalyst, our
custom database program. For more information, visit
http://www.pearsoncustom.com/custom-library/

LIST OF RESOURCES

For Instructors

Solutions to Exercises (0-321-70500-9) Prepared by
Roxy Wilson of the University of Illinois, Urbana-Champaign.
This manual contains all end-of-chapter exercises in the text.
With an instructor•s permission, this manual may be made
available to students.

Instructor•s Resource Center on CD-DVD (0-321-
70503-3) This resource provides an integrated collection of
resources to help instructors make efficient and effective use of
their time. This DVD features all artwork from the text,
including figures and tables in PDF format for high-resolution
printing, as well as four prebuilt PowerPoint’ presentations.
The first presentation contains the images embedded within
PowerPoint slides. The second includes a complete lecture
outline that is modifiable by the user. The final two
presentations contain worked •in-chapterŽ sample exercises and
questions to be used with Classroom Response Systems. This
DVD also contains movies, animations, and electronic files of
the Instructor•s Resource Manual, as well as the Test Item File.

Printed Testbank (0-321-70497-5) Prepared by Joseph P.
Laurino of the University of Tampa. The Test Item File now
provides a selection of more than 4000 test questions with 300
new questions in the twelfth edition and 200 additional
algorithmic questions.

Instructor•s Resource Manual (0-321-70499-1)
Prepared by Linda Brunauer of Santa Clara University and
Elzbieta Cook of Louisiana State University. Organized by
chapter, this manual offers detailed lecture outlines and
complete descriptions of all available lecture demonstrations,
interactive media assets, common student misconceptions,
and more.

Transparencies (0-321-70498-3) Approximately 275 full-
color transparencies put principles into visual perspective and
save you time when preparing lectures.

Annotated Instructor•s Edition to Laboratory
Experiments (0-321-71197-1) Prepared by John 
H. Nelson and Kenneth C. Kemp, both of the University 
of Nevada, with contributions by Matthew Stoltzfus of The
Ohio State University. This AIE combines the full student
lab manual with appendices covering the proper disposal
of chemical waste, safety instructions for the lab,
descriptions of standard lab equipment, answers to
questions, and more.

WebCT Test Item File (IRC download only)
978-0-321-70506-8 / 0-321-70506-8

Blackboard Test Item File (IRC download only)
978-0-321-70507-5 / 0-321-70507-6
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A GUIDE TO USING THIS TEXT

Visualizing concepts makes chemistry accessible

Chemistry is by nature an abstract subject. First, it relies on a symbolic language based on chemical
formulas and equations. Second, it is based on the behavior of atoms and molecules„particles far too 
small to see. By presenting chemistry visually, the authors help you to •seeŽ the chemistry you need to 
learn and increase your success in the course.

Multi-Focus Graphics
To help you develop a more complete understanding of the 
topic presented, Multi-Focus Graphics  provide macroscopic,
microscopic, and symbolic perspectives to portray various 
chemical concepts. The Twelfth Edition adds to these graphics
an intermediate process that shows you where chemistry is
occurring in problem solving.

Molecular Illustrations
Molecular Illustrations are
computer-generated renditions
of molecules and materials that
represent matter visually at the 
atomic level. These drawings
help you visualize molecules 
in three dimensions, and 
enhance your understanding of
molecular architecture.

Twelfth Edition

Twelfth Edition

Eleventh Edition

Eleventh Edition

Chemistry: The Central Science has been the leader in general chemistry for 
decades. Now, its unrivaled problems, scienti“c accuracy, and clarity have been 
upheld and are woven seamlessly with each new feature. The Twelfth Edition  is
this text•s most ambitious revision to date; every word and piece of art has been 
scrutinized for effectiveness by all “ve authors, and many revisions are based on
student performance data gathered through MasteringChemistry. ®
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A focus on relevance makes chemistry meaningful

Chemistry occurs all around us, throughout every day. Recognizing the importance of
chemistry in your daily life can improve your understanding of chemical concepts.

Macro to Micro Art
These illustrations offer three parts: a 
macroscopic image (what you can see 
with your eyes); a molecular image (what 
the molecules are doing); and a symbolic
representation (how chemists represent the 
process with symbols and equations).

A new intermediate step has been added,
showing where chemistry occurs in the 
problem-solving process.

Chemistry Put to Work and Chemistry and Life
Chemistry•s connection to world events, scienti“c 
discoveries, and medical breakthroughs are 
showcased in Chemistry and Life  and Chemistry
Put to Work  features throughout the text. 

e��

e��

e��

H �� (aq) is reduced
(gains electrons)

H��

Mg2��

H2

MgCl��

��

��

Mg(s) is oxidized
(loses electrons)

H2(g) �� MgCl 2(aq)2 HCl( aq) �� Mg( s)
Oxidation
number

�� 1 �� 2 �� 10�� 1 0

ProductsReactants

�� FIGURE 4.13 Reaction of magnesium metal with hydrochloric acid. The metal is readily oxidized by the acid, producing hydrogen
gas, H2(g), and MgCl2(aq).
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The authors help you achieve a deeper understanding of concepts through a variety of
learning aids, including Give it Some Thought and NEW! Go Figure questions.

NEW! Go Figure questions 
Go Figure questions encourage you to stop and analyze the artwork in the text,
for conceptual understanding. •Voice BalloonsŽ in selected “gures help you 
break down and understand the components of the image. These questions are 
also available in MasteringChemistry.

Give It Some Thought (GIST) questions
These informal, sharply focused exercises give you opportunities 
to test whether you are •getting itŽ as you read along. We•ve 
increased the number of GIST questions in the Twelfth Edition.

Final volume
reading

Solution becomes 
basic on passing 
equivalence point, 
triggering indicator 
color changeBuretInitial volume

reading

20.0 mL of acid 
solution added to 
flask

1 A few drops of 
acid…base indicator 
added

2 Standard NaOH 
solution added 
from buret

3 4

�� FIGURE 4.19 Procedure for titrating an acid against a standard solution of NaOH.
The acid…base indicator, phenolphthalein, is colorless in acidic solution but takes on a pink color 
in basic solution.

G O  F I G U R E

How would the volume of standard solution added change if that solution 
were Ba(OH)2(aq) instead of NaOH(aq)?

CONCEPTUAL UNDERSTANDING
BRINGS CHEMISTRY TO LIFE
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XXXIX

A consistent problem-solving process is incorporated throughout, so
you•ll always know where to go when solving problems.

Analyze/Plan/Solve/Check
This four-step problem-
solving method helps you 
understand what you are 
being asked to solve, to plan
how you will solve each
problem, to work your way 
through the solution, and 
to check your answers. This
method is introduced in
Chapter 3 and reinforced
throughout the book.

Dual-Column Problem-
Solving Strategies
Found in Selected Sample 
Exercises, these strategies
explain the thought process 
involved in each step of a 
mathematical calculation
using a unique layout for 
clarity. They help you develop 
a conceptual understanding of
those calculations.

Strategies in Chemistry 
Strategies in Chemistry  teach ways to analyze 
information and organize thoughts, helping to improve 
your problem-solving and critical-thinking abilities. 

PROBLEM-SOLVING SKILLS HELP
YOU SUCCEED IN YOUR COURSE
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UPDATED END-OF-CHAPTER MATERIALS
BOOST YOUR COMPREHENSION

Unique to the Twelfth Edition, the end-of-chapter materials have been updated and streamlined based
on student performance data gathered through MasteringChemistry . Only content that has proven to
increase student comprehension of fundamental concepts has been retained.

Summary with Key Terms
These list all of the chapter•s boldfaced 
items, organized by section in order 
of appearance, with page references. 
De“nitions are found in the Glossary.

Key Skills
The Key Skills  section in each chapter lists the fundamental 
concepts you should comprehend.

Key Equations 
The Key Equations  section
lists each of the key equations 
and important quantitative
relationships from the chapter.
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Visualizing Concepts
Visualizing Concepts  exercises begin 
the end-of-chapter exercises and ask you 
to consider concepts through the use of
models, graphs, and other visual materials.
These help you develop a conceptual
understanding of the key ideas in the 
chapter. Additional conceptual exercises are 
found among the end-of-chapter exercises.

Exercises
End-of-Chapter Exercises are grouped by topic
and presented in matched pairs based on data
gathered from MasteringChemistry, giving you 
multiple opportunities to test each concept. 

Additional Exercises
Additional Exercises follow the paired
exercises and are not categorized, because 
many of these exercises draw on multiple
concepts from within the chapter.

Integrative Exercises
Included among the exercises at the end 
of Chapters 3-24, Integrative Exercises
connect concepts for the current chapter 
with those from previous chapters. These
help you gain a deeper understanding of
how chemistry “ts together and serve as an
overall review of key concepts. 

Bracketed Challenge Problems
The Bracketed Challenge Problems have
been revised for the Twelfth Edition,
based on student performance data
gathered through MasteringChemistry
re”ecting the dif“culty of the problem.
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MasteringChemistry is the most effective, widely used online tutorial, homework and assessment system
for chemistry. It helps instructors maximize class time with customizable, easy-to-assign, and automatically
graded assessments that motivate students to learn outside of class and arrive prepared for lecture. These
assessments can easily be customized and personalized by instructors to suit their individual teaching style.
To learn more, visit www.masteringchemistry.com

Student Tutorials 
MasteringChemistry is the only system to 
provide instantaneous feedback speci“c to 
the most-common wrong answers. Students
can submit an answer and receive immediate,
error-speci“c feedback. Simpler sub-problems„
•hintsŽ„are provided upon request.

Gradebook
MasteringChemistry is the only system 
to capture the step-by-step work of each
student in class, including wrong answers 
submitted, hints requested, and time 
taken on every step. This data powers an
unprecedented gradebook.

Student Performance Snapshot
This screen provides your favorite weekly 
diagnostics. With a single click, charts 
summarize the most dif“cult problems, 
vulnerable students, grade distribution, and 
even score improvement over the course.

PERSONALIZED COACHING AND
FEEDBACK AT YOUR FINGERTIPS
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Pearson eText
The eText gives students access to the 
text whenever and wherever they can 
access the Internet. The eText pages 
look exactly like the printed text, and 
include powerful interactive and 
customization features.

Students can:
�s��Create notes, highlight text in 

different colors, create book marks, 
zoom, click hyperlinked words 
and phrases to view de“nitions, 
and view in single-page or two-
page format.

�s��Link directly to associated media 
“les, enabling them to view an 
animation as they read the text.

�s��Perform a full-text search and 
save or export notes.

Instructors can share their notes and 
highlights with students, and can also 
hide chapters that they do not want 
students to read.

NEW! Visualizations
These new tutorials enable you to make connections between 
real-life phenomena and the underlying chemistry that explains
such phenomena. The tutorials increase your understanding of
chemistry and clearly illustrate cause-and-effect relationships.

NEW! Reading Quizzes
Chapter-speci“c quizzes and activities focus on 
important, hard-to-grasp chemistry concepts.

EXTEND LEARNING
BEYOND THE CLASSROOM
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1.3 PROPERTIES OF MATTER
We then consider different characteristics, or properties, used
to characterize, identify, and separate substances.

1.4 UNITS OF MEASUREMENT
We observe that many properties rely on quantitative
measurements involving numbers and units. The units of
measurement used throughout science are those of the 
metric system.

WHAT•S AHEAD
1.1 THE STUDY OF CHEMISTRY
We begin with a brief description of what chemistry is, what
chemists do, and why it is useful to learn chemistry.

1.2 CLASSIFICATIONS OF MATTER
Next, we examine some fundamental ways to classify matter,
distinguishing between pure substances and mixtures and
between elements and compounds .

HUBBLE SPACE TELESCOPE IMAGE
of the Omega Nebula, a 15-light-year-wide
expanding remnant of a star•s supernova
explosion. The orange filaments are the
tattered remains of the star and consist
mostly of hydrogen, the simplest and most
plentiful element in the universe. Hydrogen
occurs as molecules in cool regions of the
nebula, as atoms in hotter regions, and as
ions in the hottest regions. The processes that
occur within stars are responsible for creating
other chemical elements from hydrogen.

1



1.5 UNCERTAINTY IN MEASUREMENT
We observe that the uncertainty inherent in all measured
quantities is expressed by the number of significant figures
used to report the quantity. Significant figures are also used to
express the uncertainty associated with calculations involving
measured quantities.

1.6 DIMENSIONAL ANALYSIS
We recognize that units as well as numbers are carried through
calculations and that obtaining correct units for the result of a
calculation is an important way to check whether the calculation
is correct.

3

Chemistry is the study of matter and the changes that matter undergoes. One of the joys
of learning chemistry is seeing how chemical principles operate in all aspects of our lives,
from everyday activities like cooking dinner to more complex processes like the
development of drugs to cure cancer. Chemical principles also operate in the far reaches
of our galaxy (chapter-opening photograph) as well as within and around us.

This first chapter provides an overview of what chemistry is about and what
chemists do. The preceding •What•s AheadŽ list gives an overview of the chapter organ-
ization and of some of the ideas we will consider. As you study, keep in mind that the
chemical facts and concepts you are asked to learn are not ends in themselves; they are
tools to help you better understand the world around you.

INTRODUCTION:
MATTER AND
MEASUREMENT
HAVE YOU EVER WONDEREDwhy the stars shine? Or why leaves
change color in the fall or how a battery generates electricity?
Have you ever wondered why keeping foods cold slows
their spoilage and how our bodies use food to maintain life?
Chemistry answers these questions as well as countless others.
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Ethylene glycol Aspirin

Oxygen

Water

Carbon dioxide

Ethanol

= H = O = C

� FIGURE 1.1 Molecular models. The white, black, and red spheres represent atoms of
hydrogen, carbon, and oxygen, respectively.

1.1| THE STUDY OF CHEMISTRY
Before traveling to an unfamiliar city, you might look at a map to get some sense of
where you are heading. Because chemistry may be unfamiliar to you, it•s useful to get a
general idea of what lies ahead before you embark on your journey. In fact, you might
even ask why you are taking the trip.

The Atomic and Molecular Perspective of Chemistry
Chemistry is the study of the properties and behavior of matter.Matter is the physical
material of the universe; it is anything that has mass and occupies space. A property is
any characteristic that allows us to recognize a particular type of matter and to distin-
guish it from other types. This book, your body, the air you are breathing, and the
clothes you are wearing are all samples of matter. Countless experiments have shown
that the tremendous variety of matter in our world is due to combinations of only about
100 substances called elements . As we proceed through this text, we will seek to relate
the properties of matter to its composition, that is, to the particular elements it contains.

Chemistry also provides a background for understanding the properties of matter
in terms ofatoms , the almost infinitesimally small building blocks of matter. Each
element is composed of a unique kind of atom. We will see that the properties of matter
relate to both the kinds of atoms the matter contains (composition) and to the arrange-
ments of these atoms (structure).

In molecules , two or more atoms are joined together in specific shapes. Through-
out this text you will see molecules represented using colored spheres to show how the
atoms are connected (� FIGURE 1.1). The color provides a convenient way to distin-
guish between atoms of different elements. For example, notice that the molecules of
ethanol and ethylene glycol in Figure 1.1 have different compositions and structures.
Ethanol contains one oxygen atom, depicted by one red sphere. In contrast, ethylene gly-
col contains two oxygen atoms.

Even apparently minor differences in the composition or structure of molecules
can cause profound differences in properties. Ethanol, for example, is the alcohol in

G O  F I G U R E

How many carbon atoms are in one aspirin molecule?
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beverages such as beer and wine, whereas ethylene glycol is a viscous liquid used as au-
tomobile antifreeze. The properties of these two substances differ in many ways, as do
their biological activities. Ethanol is consumed throughout the world, but you should
neverconsume ethylene glycol because it is highly toxic. One of the challenges chemists
undertake is to alter the composition or structure of molecules in a controlled way, cre-
ating new substances with different properties.

Every change in the observable world„from boiling water to the changes that
occur as our bodies combat invading viruses„has its basis in the world of atoms and
molecules. Thus, as we proceed with our study of chemistry, we will find ourselves
thinking in two realms: the macroscopicrealm of ordinary-sized objects (macro large)
and the submicroscopicrealm of atoms and molecules. We make our observations in the
macroscopic world, but in order to understand that world, we must visualize how atoms
and molecules behave at the submicroscopic level. Chemistry is the science that seeks to
understand the properties and behavior of matter by studying the properties and behav-
ior of atoms and molecules.

G I V E  I T  S O M E  T H O U G H T

a. Approximately how many elements are there? 
b. What submicroscopic particles are the building blocks of matter?

Why Study Chemistry?
Chemistry greatly impacts our daily lives. Indeed, chemistry lies near the heart of many
matters of public concern: improvement of health care, conservation of natural re-
sources, protection of the environment, and provision of our daily needs for food, cloth-
ing, and shelter. Using chemistry, we have discovered pharmaceutical chemicals that
enhance health and prolong lives. We have increased food production through the use of
fertilizers and pesticides, and we have developed plastics and other materials used in al-
most every facet of our lives, from electronics to sporting equipment to building con-
struction. Unfortunately, some chemicals can harm our health or the environment. As
educated citizens and consumers, it is in our best interest to understand the profound
effects, both positive and negative, that chemicals have on our lives and to strike an in-
formed balance about their uses.

Most of you are studying chemistry, however, not merely to satisfy your curiosity or
to become more informed consumers or citizens but also because it is an essential part
of your curriculum. Your major might be chemistry, but it could be biology, engineer-
ing, pharmacy, agriculture, geology, or some other field. Why do so many subjects share
an essential tie to chemistry? The answer is that chemistry is the central science,central
to a fundamental understanding of other sciences and technologies. For example, our
interactions with the material world raise basic questions about the materials around us.
What are their compositions and properties? How do they interact with us and with our
environment? How, why, and when do materials undergo change? These questions are
important whether the material is part of a solar cell, a pigment used by a Renaissance
painter, or a living creature (� FIGURE 1.2).

=

(b)(a) (c)

� FIGURE 1.2
Chemistry helps us
understand the world
around us.
(a) Solar cells are made of
silicon. (b) A Renaissance
painting, Young Girl
Reading, by Vittore
Carpaccio (1472…1526),
uses pigments that keep
their color for years.
(c) The light from this
firefly is the result of
a chemical reaction within
the animal.
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desired properties; (2) measure the properties of matter; and (3) de-
velop models that explain and/or predict the properties of matter.
One chemist, for example, may spend years working in the laboratory
to discover new drugs. Another may concentrate on the development
of new instrumentation to measure properties of matter at the atomic
level. Other chemists may use existing materials and methods to un-
derstand how pollutants are transported in the environment or how
drugs are processed in the body. Yet another chemist will develop the-
ory, write computer code, or run computer simulations to understand
how molecules move and react on very fast time scales. The collective
chemical enterprise is a rich mix of all of these activities.

Chemistry and the Chemical Industry

Chemistry is all around us.Many people are familiar
with household chemicals such as those shown in

� FIGURE 1.3, but few realize the size and impor-
tance of the chemical industry. Worldwide sales of

chemicals and related products manufactured in
the United States total approximately $550 billion annually. The
chemical industry employs more than 10% of all scientists and engi-
neers and is a major contributor to the US economy.

Vast amounts of chemicals are produced each year and serve as
raw materials for a variety of uses, including the manufacture and
processing of metals, plastics, fertilizers, pharmaceuticals, fuels,
paints, adhesives, pesticides, synthetic fibers, and microprocessor
chips.� TABLE 1.1 lists the top eight chemicals produced in the
United States.

Who are chemists, and what do they do?People who have de-
grees in chemistry hold a variety of positions in industry, government,
and academia. Those in industry work as laboratory chemists, devel-
oping new products (research and development), analyzing materials
(quality control), or assisting customers in using products (sales and
service). Those with more experience or training may work as man-
agers or company directors. Chemists are important members of the
scientific workforce in government (the National Institutes of Health,
Department of Energy, and Environmental Protection Agency all em-
ploy chemists) and at universities. A chemistry degree is also good
preparation for careers in teaching, medicine, biomedical research, in-
formation science, environmental work, technical sales, work with
government regulatory agencies, and patent law.

Fundamentally, chemists do three things: (1) make new types of
matter: materials, substances, or combinations of substances with

� FIGURE 1.3
Common household
chemicals.

TABLE 1.1 € The Top Eight Chemicals Produced by the US Chemical Industry in 2008 a

Rank Chemical Formula
2008 Production 
(Billions of Pounds) Principal End Uses

1 Sulfuric acid H2SO4 71 Fertilizers, chemical
manufacturing

2 Ethylene C2H4 50 Plastics, antifreeze
3 Lime CaO 44 Paper, cement, steel
4 Propylene C3H6 33 Plastics
5 Ammonia NH3 21 Fertilizers
6 Chlorine Cl2 21 Bleaches, plastics, water

purification
7 Phosphoric acid H3PO4 20 Fertilizers
8 Sodium hydroxide NaOH 16 Aluminum production,

soap

aMost data from Chemical and Engineering News,July 6, 2009, pp. 53, 56. Data on lime from U.S. Geological Survey.

By studying chemistry, you will learn to use the powerful language and ideas that
have evolved to describe and enhance our understanding of matter. Furthermore, an
understanding of chemistry provides powerful insights into other areas of modern sci-
ence, technology, and engineering.

CHEMISTRY PUT TO WORK
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1.2 | CLASSIFICATIONS OF MATTER
Let•s begin our study of chemistry by examining some fundamental ways in which mat-
ter is classified. Two principal ways of classifying matter are according to physical state
(gas, liquid, or solid) and according to composition (element, compound, or mixture).

States of Matter
A sample of matter can be a gas, a liquid, or a solid. These three
forms, called the states of matter , differ in some of their observ-
able properties. A gas (also known as vapor) has no fixed volume
or shape; rather, it conforms to the volume and shape of its con-
tainer. A gas can be compressed to occupy a smaller volume, or it
can expand to occupy a larger one. A liquid has a distinct volume
independent of its container but has no specific shape. It assumes
the shape of the portion of the container it occupies. A solid has
both a definite shape and a definite volume. Neither liquids nor
solids can be compressed to any appreciable extent.

The properties of the states of matter can be understood on
the molecular level (� FIGURE 1.4). In a gas the molecules are far
apart and moving at high speeds, colliding repeatedly with one an-
other and with the walls of the container. Compressing a gas de-
creases the amount of space between molecules and increases the
frequency of collisions between molecules but does not alter the
size or shape of the molecules. In a liquid the molecules are packed
closely together but still move rapidly. The rapid movement allows
the molecules to slide over one another; thus, a liquid pours easily.
In a solid the molecules are held tightly together, usually in definite
arrangements in which the molecules can wiggle only slightly in
their otherwise fixed positions. Thus, the distances between mole-
cules are similar in the liquid and solid states, but the two states
differ in how free the molecules are to move around. Changes in
temperature and/or pressure can lead to conversion from one state
of matter to another, illustrated by such familiar processes as ice
melting or water vapor condensing.

Pure Substances
Most forms of matter we encounter„the air we breathe (a gas),
the gasoline we burn in our cars (a liquid), and the sidewalk we
walk on (a solid)„are not chemically pure. We can, however, sepa-
rate these forms of matter into pure substances. A pure substance (usually referred to
simply as a substance) is matter that has distinct properties and a composition that does
not vary from sample to sample. Water and table salt (sodium chloride), the primary
components of seawater, are examples of pure substances.

All substances are either elements or compounds.Elements are substances that
cannot be decomposed into simpler substances. On the molecular level, each element
is composed of only one kind of atom [� FIGURE 1.5(a and b)].Compounds are
substances composed of two or more elements; they contain two or more kinds of
atoms [Figure 1.5(c)]. Water, for example, is a compound composed of two elements:
hydrogen and oxygen. Figure 1.5(d) shows a mixture of substances.Mixtures are
combinations of two or more substances in which each substance retains its chemical
identity.

Elements
Currently, 118 elements are known, though they vary widely in abundance. For exam-
ple, only five elements„oxygen, silicon, aluminum, iron, and calcium„account for
over 90% of Earth•s crust (including oceans and atmosphere) and only three„oxygen,

Ice

Liquid water

Water vapor

� FIGURE 1.4 The three physical states of water„water
vapor, liquid water, and ice. We see the liquid and solid states but
cannot see the gas (vapor) state. When we look at steam or clouds,
we see tiny droplets of liquid water dispersed in the atmosphere.
The red arrows show that the three states of matter interconvert. 

G O  F I G U R E

In which form of water are the water molecules
farthest apart?
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(c) Molecules
      of a compound

(b) Molecules
      of an element

(a) Atoms of an element (d) Mixture of elements
      and a compound

Only one kind of atom is in any element. Compounds must have at
least two kinds of atoms. 

� FIGURE 1.5 Molecular comparison of elements, compounds, and mixtures.

carbon, and hydrogen„account for over 90% of the mass of the human body
(� FIGURE 1.6).

� TABLE 1.2 lists some common elements, along with the chemical symbols
used to denote them. The symbol for each element consists of one or two letters,
with the first letter capitalized. These symbols are derived mostly from the English
names of the elements, but sometimes they are derived from a foreign name instead
(last column in Table 1.2). You will need to know these symbols and learn others as
we encounter them in the text.

All of the known elements and their symbols are listed on the front inside cover
of this text in a table known as the periodic table. In the periodic table the elements
are arranged in columns so that closely related elements are grouped together. We
describe the periodic table in more detail in Section 2.5 and consider the periodi-
cally repeating properties of the elements in Chapter 7.

Compounds
Most elements can interact with other elements to form compounds. For example,
when hydrogen gas burns in oxygen gas, the elements hydrogen and oxygen com-
bine to form the compound water. Conversely, water can be decomposed into its el-
ements by passing an electrical current through it (� FIGURE 1.7). Pure water,
regardless of its source, consists of 11% hydrogen and 89% oxygen by mass. This

G O  F I G U R E

How do the molecules of a compound differ from the molecules of an element?

Oxygen
49.5%

Oxygen
65%

Calcium
3.4%

Iron
4.7%

Other
9.2%

Silicon
25.7%

Other
7%

Hydrogen
10%

Carbon
18%

Aluminum
7.5%

Earth•s crust

Human body

� FIGURE 1.6 Relative abundances of
elements. Elements in percent by mass in
Earth•s crust (including oceans and atmosphere)
and the human body.

G O  F I G U R E

Can you name two significant
differences between the elemental
composition of Earth•s crust and
the elemental composition of the
human body?

TABLE 1.2 € Some Common Elements and Their Symbols

Carbon C Aluminum Al Copper Cu (from cuprum)
Fluorine F Bromine Br Iron Fe (from ferrum)
Hydrogen H Calcium Ca Lead Pb (from plumbum)
Iodine I Chlorine Cl Mercury Hg (from

hydrargyrum)
Nitrogen N Helium He Potassium K (from kalium)
Oxygen O Lithium Li Silver Ag (from argentum)
Phosphorus P Magnesium Mg Sodium Na (from natrium)
Sulfur S Silicon Si Tin Sn (from stannum)
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macroscopic composition corresponds to the molecular composition, which consists of
two hydrogen atoms combined with one oxygen atom:

The elements hydrogen and oxygen themselves exist naturally as diatomic (two-
atom) molecules:

As seen in � TABLE 1.3, the properties of water bear no resemblance to the
properties of its component elements. Hydrogen, oxygen, and water are each a unique
substance, a consequence of the uniqueness of their respective molecules.

Oxygen molecule

Hydrogen molecule

(written O 2)

(written H 2)

Oxygen atomHydrogen atom

(written H) (written O) (written H 2O)

Water molecule

Oxygen gas, O2

Hydrogen gas, H2Water, H2O

� FIGURE 1.7
Electrolysis of water.
Water decomposes into its
component elements,
hydrogen and oxygen, when
an electrical current is
passed through it. The
volume of hydrogen,
collected in the right test
tube, is twice the volume of
oxygen.

G O  F I G U R E

What is the connection between the relative gas volumes collected in the 
two tubes and the relative number of gas molecules in the tubes?

TABLE 1.3 € Comparison of Water, Hydrogen, and Oxygen

Water Hydrogen Oxygen

Statea Liquid Gas Gas
Normal boiling point 100 °C - 253 °C - 183 °C
Densitya 1000 g>L 0.084 g>L 1.33 g>L
Flammable No Yes No

aAt room temperature and atmospheric pressure.
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The observation that the elemental composition of a compound is always the same
is known as the law of constant composition (or the law of definite proportions ).
French chemist Joseph Louis Proust (1754…1826) first stated the law in about 1800. Al-
though this law has been known for 200 years, the belief persists among some people
that a fundamental difference exists between compounds prepared in the laboratory
and the corresponding compounds found in nature. However, a pure compound has the
same composition and properties regardless of its source. Both chemists and nature
must use the same elements and operate under the same natural laws. When two mate-
rials differ in composition or properties, either they are composed of different com-
pounds or they differ in purity.

G I V E  I T  S O M E  T H O U G H T

Hydrogen, oxygen, and water are all composed of molecules. What is it about a
molecule of water that makes it a compound, whereas hydrogen and oxygen are
elements?

Mixtures
Most of the matter we encounter consists of mixtures of different substances. Each sub-
stance in a mixture retains its chemical identity and properties. In contrast to a pure
substance, which by definition has a fixed composition, the composition of a mixture
can vary. A cup of sweetened coffee, for example, can contain either a little sugar or a lot.
The substances making up a mixture are called componentsof the mixture.

Some mixtures do not have the same composition, properties, and appearance
throughout. Rocks and wood, for example, vary in texture and appearance in any typ-
ical sample. Such mixtures are heterogeneous[ � FIGURE 1.8(a)]. Mixtures that are
uniform throughout are homogeneous. Air is a homogeneous mixture of nitrogen,
oxygen, and smaller amounts of other gases. The nitrogen in air has all the properties
of pure nitrogen because both the pure substance and the mixture contain the same
nitrogen molecules. Salt, sugar, and many other substances dissolve in water to form
homogeneous mixtures [Figure 1.8(b)]. Homogeneous mixtures are also called
solutions . Although the term solutionconjures an image of a liquid, solutions can be
solids, liquids, or gases.

� FIGURE 1.9 summarizes the classification of matter into elements, compounds,
and mixtures.

(b)(a)

� FIGURE 1.8 Mixtures. (a) Many common materials, including rocks, are heterogeneous
mixtures. This photograph of granite shows a heterogeneous mixture of silicon dioxide and other
metal oxides. (b) Homogeneous mixtures are called solutions. Many substances, including the
blue solid shown here [copper(II) sulfate], dissolve in water to form solutions.
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Matter

Heterogeneous
mixture Homogeneous

Is it uniform
throughout?

Pure substance Homogeneous
mixture

(solution)

Does it have a
variable

composition?

Element Compound

Can it be separated
into simpler
substances?

YESNO

YESNO

YESNO

� FIGURE 1.9 Classification of
matter. All pure matter is classified
ultimately as either an element or a
compound.

SAMPLE EXERCISE 1.1 Distinguishing among Elements, Compounds,
and Mixtures

•White goldŽ contains gold and a •whiteŽ metal, such as palladium. Two samples of white gold
differ in the relative amounts of gold and palladium they contain. Both samples are uniform in
composition throughout. Use Figure 1.9 to classify white gold.

SOLUTION
Because the material is uniform throughout, it is homogeneous. Because its composition differs
for the two samples, it cannot be a compound. Instead, it must be a homogeneous mixture.

PRACTICE EXERCISE
Aspirin is composed of 60.0% carbon, 4.5% hydrogen, and 35.5% oxygen by mass, regardless
of its source. Use Figure 1.9 to classify aspirin.
Answer: It is a compound because it has constant composition and can be separated into
several elements.

1.3 | PROPERTIES OF MATTER
Every substance has unique properties. For example, the properties listed in Table 1.3
allow us to distinguish hydrogen, oxygen, and water from one another. The properties of
matter can be categorized as physical or chemical.Physical properties can be observed
without changing the identity and composition of the substance. These properties
include color, odor, density, melting point, boiling point, and hardness.Chemical prop-
erties describe the way a substance may change, or react,to form other substances.
A common chemical property is flammability, the ability of a substance to burn in the
presence of oxygen.

Some properties, such as temperature and melting point, are intensive properties .
They do not depend on the amount of sample being examined and are particularly use-
ful in chemistry because many intensive properties can be used to identifysubstances.
Extensive properties depend on the amount of sample, with two examples being mass
and volume. Extensive properties relate to the amountof substance present.



12 CHAPTER 1 Introduction: Matter and Measurement

Physical and Chemical Changes
The changes substances undergo are either physical or chemical. During a physical
change , a substance changes its physical appearance but not its composition. (That is, it
is the same substance before and after the change.) The evaporation of water is a physi-
cal change. When water evaporates, it changes from the liquid state to the gas state, but
it is still composed of water molecules, as depicted in Figure 1.4. All changes of state
(for example, from liquid to gas or from liquid to solid) are physical changes.

In a chemical change (also called a chemical reaction ), a substance is transformed
into a chemically different substance. When hydrogen burns in air, for example, it under-
goes a chemical change because it combines with oxygen to form water (� FIGURE 1.10).

Burn

H2 O2

H2 H2OO2
� FIGURE 1.10 A chemical reaction.

� FIGURE 1.11 The chemical reaction between a copper penny and nitric acid. The dissolved copper produces the blue-
green solution; the reddish brown gas produced is nitrogen dioxide.

Chemical changes can be dramatic. In the account that follows, Ira Remsen, author
of a popular chemistry text published in 1901, describes his first experiences with chem-
ical reactions. The chemical reaction that he observed is shown in � FIGURE 1.11.
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While reading a textbook of chemistry, I came upon the statement •nitric acid acts upon
copper,Ž and I determined to see what this meant. Having located some nitric acid, I had
only to learn what the words •act uponŽ meant. In the interest of knowledge I was even
willing to sacrifice one of the few copper cents then in my possession. I put one of them
on the table, opened a bottle labeled •nitric acid,Ž poured some of the liquid on the cop-
per, and prepared to make an observation. But what was this wonderful thing which I be-
held? The cent was already changed, and it was no small change either. A greenish-blue
liquid foamed and fumed over the cent and over the table. The air became colored dark
red. How could I stop this? I tried by picking the cent up and throwing it out the window.
I learned another fact: nitric acid acts upon fingers. The pain led to another unpremedi-
tated experiment. I drew my fingers across my trousers and discovered nitric acid acts
upon trousers. That was the most impressive experiment I have ever performed. I tell of it
even now with interest. It was a revelation to me. Plainly the only way to learn about such
remarkable kinds of action is to see the results, to experiment, to work in the laboratory.

G I V E  I T  S O M E  T H O U G H T

Which of these changes are physical and which are chemical? Explain. 
a. Plants make sugar from carbon dioxide and water. 
b. Water vapor in the air forms frost. 
c. A goldsmith melts a nugget of gold and pulls it 

into a wire.

Separation of Mixtures
We can separate a mixture into its components by taking advantage of differences in
their properties. For example, a heterogeneous mixture of iron filings and gold filings
could be sorted by color into iron and gold. A less tedious approach would be to use a
magnet to attract the iron filings, leaving the gold ones behind. We can also take advan-
tage of an important chemical difference between these two metals: Many acids dissolve
iron but not gold. Thus, if we put our mixture into an appropriate acid, the acid would
dissolve the iron and the solid gold would be left behind. The two could then be sepa-
rated by filtration (� FIGURE 1.12). We would have to use other chemical reactions,
which we will learn about later, to transform the dissolved iron back into metal.

An important method of separating the components of a homogeneous mixture is
distillation,a process that depends on the different abilities of substances to form gases.

� FIGURE 1.12 Separation by filtration. A mixture of a solid
and a liquid is poured through filter paper. The liquid passes
through the paper while the solid remains on the paper.
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The differing abilities of substances to adhere to the surfaces of solids can also be
used to separate mixtures. This ability is the basis ofchromatography(literally, •the writ-
ing of colorsŽ), a technique shown in � FIGURE 1.14.

Salt water

Cold water
out

Cold water
in

Pure water
in receiving flask

Condenser

Boiling the solution 
vaporizes the water 

1

Water is condensed, 
then collected in the 
receiving flask 

2

After water has boiled away, 
pure sodium chloride remains

3

� FIGURE 1.13 Distillation. Apparatus
for separating a sodium chloride solution
(salt water) into its components.

� FIGURE 1.14 Separation of ink into components by paper chromatography.

1.4 | UNITS OF MEASUREMENT
Many properties of matter are quantitative,that is, associated with numbers. When a
number represents a measured quantity, the units of that quantity must be specified. To

say that the length of a pencil is 17.5 is
meaningless. Expressing the number with
its units, 17.5 centimeters (cm), properly
specifies the length. The units used for sci-
entific measurements are those of the
metric system .

The metric system, developed in
France during the late eighteenth century, is
used as the system of measurement in most
countries. The United States has tradition-
ally used the English system, although use
of the metric system has become more
common (� FIGURE 1.15).

� FIGURE 1.15 Metric units. Metric
measurements are increasingly common in
the United States, as exemplified by the
volume printed on this soda can in both
English units (fluid ounces, fl oz) and
metric units (milliliters, mL).

For example, if we boil a solution of salt and water, the water evaporates, forming a gas,
and the salt is left behind. The gaseous water can be converted back to a liquid on the
walls of a condenser, as shown in � FIGURE 1.13.
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the opportunity to discuss the doubts, conflicts, clashes of personali-
ties, and revolutions of perception that have led to our present scien-
tific ideas. You need to be aware that just because we can spell out the
results of science so concisely and neatly in textbooks does not mean
scientific progress is smooth, certain, and predictable. Some of the
ideas we present in this text took centuries to develop and involved
many scientists. We gain our view of the natural world by standing
on the shoulders of the scientists who came before us. Take advantage
of this view. As you study, exercise your imagination. Don•t be afraid
to ask daring questions when they occur to you. You may be fasci-
nated by what you discover!

RELATED EXERCISE:1.58

THE SCIENTIFIC METHOD

Although two scientists rarely approach the same prob-
lem in exactly the same way, they use guidelines for

the practice of science known as the scientific
method . As � FIGURE 1.16 shows, we begin by

collecting information, or data,by observation
and experiment. The ultimate goal, however, is not collecting

data but rather finding a pattern or sense of order in our observa-
tions and understanding the origin of this order.

As we gather more data, we may see patterns that lead us to a
tentative explanation,or hypothesis , that guides us in planning fur-
ther experiments. A key feature of a good hypothesis is that it pro-
poses a mechanism that underlies our observations and can be used
to make predictions about new experiments. If a hypothesis is suffi-
ciently general and repeatedly effective in predicting results of future
experiments, it is called a theory. A theory is an explanation of the
general causes of certain phenomena, with considerable evidence or
facts to support it. For example, Einstein•s theory of relativity was a
revolutionary way of thinking about space and time. It was more
than just a hypothesis because it could be used to make predictions
that could be tested experimentally. The results of these experiments
were generally in agreement with Einstein•s predictions and were not
explainable by earlier theories.

In spite of the landmark achievements of Einstein•s theory,
scientists can never say the theory is •proven.Ž A theory that has
excellent predictive power today may not work as well in the future as
more data and improved scientific equipment are developed. Thus,
science is always a work in progress.

Eventually, we may be able to tie together a great number of ob-
servations in a scientific law , which is a concise verbal statement or
mathematical equation that summarizes a broad variety of observa-
tions and experiences. We tend to think of scientific laws as the basic
rules under which nature operates. However, it is not so much that
matter obeys these laws, but rather that these laws describe the be-
havior of matter. As we proceed through this text, we will rarely have

Collect information
by observation and

experiment

Find repeatable
patterns and

trends

Formulate and test
hypotheses to explain
patterns and trends

Develop
theory

� FIGURE 1.16 The scientific method. This general approach to
solving problems involves making observations, confirming that they
are reproducible, seeking patterns in the observations, formulating
hypotheses to explain the observations, and testing these hypotheses
by further experiments. Hypotheses that withstand such tests and
prove themselves useful in explaining and predicting behavior become
known as theories.

A CLOSER LOOK

SI Units
In 1960 an international agreement was reached specifying a particular choice of metric
units for use in scientific measurements. These preferred units are called SI units , after
the French Système International d•Unités. This system has seven base unitsfrom which
all other units are derived (� TABLE 1.4). In this chapter we will consider the base units
for length, mass, and temperature.

TABLE 1.4 € SI Base Units

Physical Quantity Name of Unit Abbreviation

Mass Kilogram kg
Length Meter m
Time Second s or sec
Temperature Kelvin K
Amount of substance Mole mol
Electric current Ampere A or amp
Luminous intensity Candela cd
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With SI units, prefixes are used to indicate decimal fractions or multiples of various
units. For example, the prefix milli - represents a fraction, one-thousandth, of
a unit: A milligram (mg) is gram (g), a millimeter (mm) is meter (m), and so
forth. � TABLE 1.5 presents the prefixes commonly encountered in chemistry. In using
SI units and in working problems throughout this text, you must be comfortable using
exponential notation. If you are unfamiliar with exponential notation or want to review
it, refer to Appendix A.1.

Although non…SI units are being phased out, some are still commonly used by
scientists. Whenever we first encounter a non…SI unit in the text, the SI unit will also be
given. The relations between the non…SI and SI units we will use most frequently in this
text appear on the back inside cover. We will discuss how to convert from one to the
other in Section 1.6.

G I V E  I T  S O M E  T H O U G H T

Which quantity is the smallest: 1 mg, , or 1 pg?1 mg

10- 310- 3
10- 3

Length and Mass
The SI base unit oflengthis the meter, a distance slightly longer than a yard.Mass* is a
measure of the amount of material in an object. The SI base unit of mass is the kilogram
(kg), which is equal to about 2.2 pounds (lb). This base unit is unusual because it uses a
prefix,kilo-, instead of the word gramalone. We obtain other units for mass by adding
prefixes to the word gram.

SAMPLE EXERCISE 1.2 Using SI Prefixes

What is the name of the unit that equals (a) , (b) , (c) ?

SOLUTION
We can find the prefix related to each power of ten in Table 1.5:(a) nanogram, ng,
(b) microsecond, ,(c) millimeter, mm.ms

10- 3 meter10- 6 second10- 9 gram

TABLE 1.5 € Prefixes Used in the Metric System and with SI Units

Prefix Abbreviation Meaning Example

Peta P 1015 a= 1 * 1015 watts1 petawatt (PW)
Tera T 1012 = 1 * 1012 watts1 terawatt (TW)
Giga G 109 = 1 * 109 watts1 gigawatt (GW)
Mega M 106 = 1 * 106 watts1 megawatt (MW)
Kilo k 103 = 1 * 103 watts1 kilowatt (kW)
Deci d 10- 1 = 1 * 10- 1 watt1 deciwatt (dW)
Centi c 10- 2 = 1 * 10- 2 watt1 centiwatt (cW)
Milli m 10- 3 = 1 * 10- 3 watt1 milliwatt (mW)

Micro bm 10- 6 = 1 * 10- 6 watt1 microwatt (mW)

Nano n 10- 9 = 1 * 10- 9 watt1 nanowatt (nW)
Pico p 10- 12 = 1 * 10- 12 watt1 picowatt (pW)
Femto f 10- 15 = 1 * 10- 15 watt1 femtowatt (fW)
Atto a 10- 18 = 1 * 10- 18 watt1 attowatt (aW)
Zepto z 10- 21 = 1 * 10- 21 watt1 zeptowatt (zW)

aThe watt (W) is the SI unit of power, which is the rate at which energy is either generated or consumed. The SI unit of
energy is the joule (J); and .1 W=1 J>s1 J = 1 kg#m2>s2

bGreek letter mu, pronounced •mew.Ž

*Mass and weight are often incorrectly thought to be the same. The weight of an object is the force that is ex-
erted on its mass by gravity. In space, where gravitational forces are very weak, an astronaut can be weightless,
but he or she cannot be massless. The astronaut•s mass in space is the same as it is on Earth.
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� FIGURE 1.17 Comparison of
the Kelvin, Celsius, and Fahrenheit
temperature scales.

G O  F I G U R E

True or false: The •sizeŽ of a degree on the Celsius scale is the same as the 
•sizeŽ of a degree on the Kelvin scale.

PRACTICE EXERCISE
(a) How many picometers are there in one meter? (b) Express using a prefix to
replace the power of ten.(c) Use exponential notation to express 4.22 mg in grams.(d) Use
decimal notation to express 4.22 mg in grams.
Answers: (a) , (b) 6.0 km,(c) , (d) 0.00422 g

Temperature
Temperature,a measure of the hotness or coldness of an object, is a physical property
that determines the direction of heat flow. Heat always flows spontaneously from a sub-
stance at higher temperature to one at lower temperature. Thus, we feel the influx of
heat when we touch a hot object, and we know that the object is at a higher temperature
than our hand.

The temperature scales commonly employed in science are the Celsius and Kelvin
scales. The Celsius scale was originally based on the assignment of 0 °C to the freezing
point of water and 100 °C to its boiling point at sea level (� FIGURE 1.17).

TheKelvin scale is the SI temperature scale, and the SI unit of temperature is the
kelvin(K). Zero on the Kelvin scale is the lowest attainable temperature,- 273.15 °C,
referred to as absolute zero. The Celsius and Kelvin scales have equal-sized units„that is,
a kelvin is the same size as a degree Celsius. Thus, the Kelvin and Celsius scales are re-
lated according to

[1.1]

The freezing point of water, 0 °C, is 273.15 K (Figure 1.17). Notice that we do not use a
degree sign (°) with temperatures on the Kelvin scale.

The common temperature scale in the United States is the Fahrenheit scale,which is
not generally used in science. Water freezes at 32 °F and boils at 212 °F. The Fahrenheit
and Celsius scales are related according to

[1.2]°C =
5
9
 (°F - 32) or °F =

9
5
 (°C) + 32

K = °C + 273.15

4.22 * 10- 3 g1012 pm

6.0 * 103 m
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SAMPLE EXERCISE 1.3 Converting Units of Temperature

A weather forecaster predicts the temperature will reach 31 °C. What is this temperature 
(a) in K, (b) in °F?

SOLUTION
(a) Using Equation 1.1, we have .

(b) Using Equation 1.2, we have .

PRACTICE EXERCISE
Ethylene glycol, the major ingredient in antifreeze, freezes at - 11.5 °C. What is the freezing
point in (a) K, (b) °F?
Answers: (a) 261.7 K,(b) 11.3 °F

Derived SI Units
The SI base units are used to obtain derived units. To do so, we use the defining equation
for the quantity, substituting the appropriate base units. For example, speed is defined as
the ratio of distance traveled to elapsed time. Thus, the SI unit for speed„m>s, read
•meters per secondŽ„is a derived unit, the SI unit for distance (length), m, divided by
the SI unit for time, s. Two common derived units in chemistry are those for volume and
density.

Volume
Thevolumeof a cube is its length cubed, . Thus, the derived SI unit of volume
is the SI unit of length, m, raised to the third power. The cubic meter, , is the volume
of a cube that is 1 m on each edge (� FIGURE 1.18). Smaller units, such as cubic cen-
timeters, (sometimes written cc), are frequently used in chemistry. Another volume
unit used in chemistry is the liter (L), which equals a cubic decimeter, , and is
slightly larger than a quart. (The liter is the first metric unit we have encountered that is
notan SI unit.) There are 1000 milliliters (mL) in a liter, and 1 mL is the same volume as

. The devices used most frequently in chemistry to measure vol-
ume are illustrated in � FIGURE 1.19.
1 cm3: 1mL = 1cm3

dm3
cm3

m3
(length)3

°F =
9
5
 (31) + 32 = 56 + 32 = 88 °F

K = 31 + 273 = 304 K

1 cm

1 cm1 cm

1 m

1 m1 m

1 dm3 �  1 L

1 cm3 �  1 mL

G O  F I G U R E

How many 1-L bottles are required
to contain of liquid?1 m3

Buret

Stopcock,
a valve to
control the
liquid flow

Pipet Volumetric flaskGraduated cylinder

mL 100

90

80

70

60

50

40

30

20

10

mL 0
1
2
3
4
5

46
45

47
48
49
50

Syringe

These deliver variable  volumes Volumetric flask contains
a specific volume

Pipet delivers  a
specific  volume

� FIGURE 1.19 Common volumetric glassware.

� FIGURE 1.18 Volume relationships.
The volume occupied by a cube 1 m on each
edge is one cubic meter, . Each cubic
meter contains . One liter is the
same volume as one cubic decimeter,

. Each cubic decimeter contains
1000 cubic centimeters, .
One cubic centimeter equals one milliliter,

.1 cm3 = 1 mL

1 dm3 = 1000 cm3
1 L = 1 dm3

1000 dm3
1 m3
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Syringes, burets, and pipets deliver amounts of liquids with more precision than
graduated cylinders. Volumetric flasks are used to contain specific volumes of liquid.

G I V E  I T  S O M E  T H O U G H T

Which of the following quantities represents volume measurements:
? How do you know?

Density
Density is defined as the amount of mass in a unit volume of a substance:

[1.3]

The densities of solids and liquids are commonly expressed in either grams per
cubic centimeter or grams per milliliter . The densities of some com-
mon substances are listed in � TABLE 1.6. It is no coincidence that the density of water
is ; the gram was originally defined as the mass of 1 mL of water at a specific
temperature. Because most substances change volume when they are heated or cooled,
densities are temperature dependent, and so temperature should be specified when
reporting densities. If no temperature is reported, we assume 25 °C, close to normal
room temperature.

The terms densityandweightare sometimes confused. A person who says that iron
weighs more than air generally means that iron has a higher density than air„1 kg of air
has the same mass as 1 kg of iron, but the iron occupies a smaller volume, thereby giving
it a higher density. If we combine two liquids that do not mix, the less dense liquid will
float on the denser liquid.

1.00 g>mL

(g>mL)(g>cm3)

Density =
mass

volume

15m2;  2.5 * 102 m3;  5.77 L/s

TABLE 1.6 € Densities of Selected
Substances at 25 °C

Substance Density (g/ cm3)

Air 0.001
Balsa wood 0.16
Ethanol 0.79
Water 1.00
Ethylene glycol 1.09
Table sugar 1.59
Table salt 2.16
Iron 7.9
Gold 19.32

SAMPLE EXERCISE 1.4 Determining Density and Using Density to Determine Volume or Mass

(a) Calculate the density of mercury if occupies a volume of .
(b) Calculate the volume of 65.0 g of liquid methanol (wood alcohol) if its density is .
(c) What is the mass in grams of a cube of gold if the length of the cube is 2.00 cm?

SOLUTION

(density = 19.32 g>cm3)
0.791g>mL

7.36 cm31.00 * 102 g

(a) We are given mass and volume, so Equation 1.3 yields Density =
mass

volume
=

1.00 * 102 g

7.36 cm3 = 13.6 g>cm3

(b) Solving Equation 1.3 for volume and then using the given mass 
and density gives Volume =

mass
density

=
65.0 g

0.791 g>mL
= 82.2 mL

(c) We can calculate the mass from the volume of the cube and its density.
The volume of a cube is given by its length cubed: Volume= (2.00 cm)3 = (2.00)3 cm3 = 8.00 cm3

Solving Equation 1.3 for mass and substituting the volume and density 
of the cube, we have Mass= volume * density = (8.00 cm3)(19.32 g>cm3) = 155 g

PRACTICE EXERCISE
(a) Calculate the density of a 374.5-g sample of copper if it has a volume of .(b) A student needs
15.0 g of ethanol for an experiment. If the density of ethanol is , how many milliliters of ethanol
are needed? (c) What is the mass, in grams, of 25.0 mL of mercury ?

Answers: (a) , (b) 19.0 mL,(c) 340 g8.96 g>cm3

(density = 13.6g>mL)
0.789g>mL

41.8 cm3
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Research and Engineering Company partnered with a start-up com-
pany, Synthetic Genomics, to find strains of photosynthetic algae that
will efficiently produce oils and hydrocarbons from sunlight and
carbon dioxide.

Advances in Solar Energy
In the 1970s, at the height of the oil crisis, there was a burst of
research on renewable energy, including solar energy. After the oil
crisis passed and gasoline was once again cheap and readily available,
solar energy research was less of a priority. With the more recent
increase in gasoline prices and a greater realization that the burning
of fossil fuels contributes to global warming, solar energy research is
again in vogue. The amount of solar radiation reaching Earth every
day is enormous, and if we could harness it efficiently, our energy
needs could be easily met. Solar panels like those shown in Figure 1.2a
are about 10% efficient in converting light directly into electricity.
However, storage of solar energy remains a vigorous area of research:

Chemistry in the News

Because chemistry is so central to our lives, reports on
matters of chemical significance appear in the news

nearly every day. Some reports tell of breakthroughs
in the development of new pharmaceuticals, mate-

rials, and processes. Others deal with energy,
environmental, and public safety issues. As you study chemistry, you
will develop the skills to better understand the importance of chem-
istry in your life. Here are summaries of a few recent stories in which
chemistry plays a role.

Biofuels Reality Check
With the Energy Policy Act of 2005, the US Congress gave a big push
to fuels derived from biomass (plants or algae) as a renewable alter-
native to gasoline. The 2005 act was followed by the Energy Indepen-
dence and Security Act of 2007, which required that 9.0 billion
gallons of renewable fuel be used in gasoline in 2008, 11.1 billion gal-
lons in 2009, and 36 billion gallons by 2022. The United States cur-
rently consumes about 140 billion gallons of gasoline per year.

Ethanol derived from corn currently dominates the alternatives,
with 40% of all gasoline now containing some ethanol. A blend of
10% ethanol and 90% gasoline, called E10, is the most common
blend because it can be used in virtually all vehicles. Blends of 85%
ethanol and 15% gasoline, called E85, are also available but can be
used only with specially modified engines (� FIGURE 1.20).

However, using a food crop to produce transportation fuel may
not be the best long-term solution for the energy problem. In 2006,
researchers at the University of Minnesota calculated that •even dedi-
cating all US corn and soybean production to biofuels would meet
only 12% of gasoline and 6% of diesel demand.Ž The conversion of a
much wider range of plant material, using a much greater fraction of
available plant matter, into fuels will be necessary to improve these
numbers substantially. Because the most abundant plant material, cel-
lulose, does not readily convert to ethanol, a great deal of research will
be needed to solve this challenging problem. Meanwhile, it is worth
reflecting that a 3% improvement in vehicle fuel efficiency would dis-
place more gasoline use than the entire 2006 US ethanol production.
An alternative to ethanol relies on coaxing microorganisms to pro-
duce molecules that can be used as fuel. In 2009, ExxonMobil

� FIGURE 1.20 A
gasoline pump that
dispenses E85, a mixture
of 85% ethanol and 15%
gasoline.

1.5 | UNCERTAINTY IN MEASUREMENT
Two kinds of numbers are encountered in scientific work:exact numbers(those whose
values are known exactly) and inexact numbers(those whose values have some uncer-
tainty). Most of the exact numbers we will encounter in this book have defined values.
For example, there are exactly 12 eggs in a dozen, exactly 1000 g in a kilogram, and ex-
actly 2.54 cm in an inch. The number 1 in any conversion factor, such as 
or , is an exact number. Exact numbers can also result from counting
objects. For example, we can count the exact number of marbles in a jar or the exact
number of people in a classroom.

Numbers obtained by measurement are always inexact. The equipment used to
measure quantities always has inherent limitations (equipment errors), and there are
differences in how different people make the same measurement (human errors). Sup-
pose ten students with ten balances are to determine the mass of the same dime. The ten

1kg = 2.2046lb
1m = 100cm

CHEMISTRY PUT TO WORK
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How can we capture solar energy for use when the Sun is not shin-
ing? One potential answer is to store the energy in chemical bonds.
One promising new material, first reported in 2008, is a cobalt-
containing compound that can convert water into oxygen with sun-
light. Hydrogen can also be generated in sunlight from water but using
a different compound to facilitate the reaction. Electricity can then be
produced by combining the hydrogen and oxygen in a fuel cell.

Important Antibiotic Modified to Combat 
Bacterial Resistance
Vancomycin is an antibiotic of last resort„used only when other
antibacterial agents are ineffective. Some bacteria have developed
resistance to vancomycin, causing researchers to modify the molecu-
lar structure of the substance to make it more effective in killing bac-
teria. This approach was based on the knowledge that vancomycin
works by binding to a protein that is essential to forming bacterial
cell walls. Researchers have synthesized a vancomycin analog in
which a CO group has been converted to a CH2 group (� FIGURE
1.21). This modification increases the compound•s binding affinity
in the cell walls of vancomycin-resistant bacteria, making the analog
100 times more active than vancomycin against vancomycin-
resistant bacteria.

Replacing the Lightbulb through Chemistry
If you want to save the world from global warming, you can start by
replacing incandescent lightbulbs. In 2001 approximately 22% of all
electricity generated in the United States was used for lighting. This

surprisingly high number is due in part to the fact that incandescent
lights convert only 5% of the energy supplied to them into visible
light and last only 1000 hours on average. Compact fluorescent
lamps are more efficient (20% of their output energy is converted
into visible light) and last longer (up to 15,000 hours), but they con-
tain mercury, which is toxic and creates disposal problems. A prom-
ising replacement bulb is the light-emitting diode (LED). Red LEDs
were first made in 1962. As a result of subsequent increases in effi-
ciency and development of other colors, LEDs are now used in traf-
fic lights, car taillights, and a host of electronics applications. These
•solid stateŽ devices do not contain mercury, can achieve efficiencies
as high as 50%, and hold the promise of longer lifetimes (red LEDs
last up to 100,000 hours). With advances in research and develop-
ment, costs are coming down to the point that some small cities are
replacing their streetlights with white LEDs (� FIGURE 1.22).

H

H

C

O

C

� FIGURE 1.21 Comparing CO and CH 2 groups. The molecule
on the left contains a CO group, and the one on the right contains a
CH2 group. This subtle difference is similar to how the structure of
the much more complex vancomycin molecule was modified.

� FIGURE 1.22 LED lighting. Ann Arbor, Michigan, has replaced
incandescent streetlights with white LEDs. The city estimates the
change will save $100,000 per year and reduce annual greenhouse
gas emissions by 267 tons.

measurements will probably vary slightly for various reasons. The balances might be
calibrated slightly differently, and there might be differences in how each student reads
the mass from the balance. Remember:Uncertainties always exist in measured quantities.

G I V E  I T  S O M E  T H O U G H T

Which of the following is an inexact quantity: 
a. the number of people in your chemistry class, 
b. the mass of a penny, 
c. the number of grams in a kilogram?

Precision and Accuracy
The terms precisionandaccuracyare often used in discussing the uncertainties of mea-
sured values.Precision is a measure of how closely individual measurements agree with
one another.Accuracy refers to how closely individual measurements agree with the
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correct, or •true,Ž value. The dart analogy in � FIGURE 1.23 illustrates the difference
between these two concepts.

In the laboratory we often perform several •trialsŽ of an experiment and average the
results. The precision of the measurements is often expressed in terms of the standard
deviation(Appendix A.5), which reflects how much the individual measurements differ
from the average. We gain confidence in our measurements if we obtain nearly the same
value each time„that is, the standard deviation is small. Figure 1.23 reminds us, how-
ever, that precise measurements can be inaccurate. For example, if a very sensitive bal-
ance is poorly calibrated, the masses we measure will be consistently either high or low.
They will be inaccurate even if they are precise.

Significant Figures
Suppose you determine the mass of a dime on a balance capable of measuring to the
nearest 0.0001 g. You could report the mass as . The notation
(read •plus or minusŽ) expresses the magnitude of the uncertainty of your measure-
ment. In much scientific work we drop the notation with the understanding that there
is always some uncertainty in the last digit reported for any measured quantity.

� FIGURE 1.24 shows a thermometer with its liquid column between two scale
marks. We can read the certain digits from the scale and estimate the uncertain one.
Seeing that the liquid is between the 25 °C and 30 °C marks, we estimate the tempera-
ture to be 27 °C, being uncertain of the second digit of our measurement.

All digits of a measured quantity, including the uncertain one, are called significant
figures . A measured mass reported as 2.2 g has two significant figures, whereas one
reported as 2.2405 g has five significant figures. The greater the number of significant
figures, the greater the certainty implied for the measurement.

;

;2.2405; 0.0001g

Good accuracy
Good precision

Poor accuracy
Good precision

Poor accuracy
Poor precision

SAMPLE EXERCISE 1.5 Relating Significant Figures to the Uncertainty
of a Measurement

What difference exists between the measured values 4.0 g and 4.00 g?

SOLUTION
The value 4.0 has two significant figures, whereas 4.00 has three. This difference implies that
the 4.0 has more uncertainty. A mass reported as 4.0 g indicates that the uncertainty is in the
first decimal place. Thus, the mass might be anything between 3.9 and 4.1 g, which we can
represent as . A mass reported as 4.00 g indicates that the uncertainty is in the sec-
ond decimal place. Thus, the mass might be anything between 3.99 and 4.01 g, which we can
represent as . (Without further information, we cannot be sure whether the dif-
ference in uncertainties of the two measurements reflects the precision or the accuracy of the
measurement.)

4.00 ; 0.01g

4.0 ; 0.1g

Second digit in 27 °C is 
estimated and therefore 
uncertain

100 �C

80 �C

60 �C

40 �C

20 �C

30 �C

27 �C

25�C

0 �C

� FIGURE 1.24 Uncertainty and
significant figures in a measurement.

G O  F I G U R E

How would the darts be positioned
on the target for the case of •good
accuracy, poor precisionŽ?

� FIGURE 1.23 Precision and
accuracy.
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1.03 * 104 g (three significant figures)

1.030* 104 g (four significant figures)

1.0300* 104 g (five significant figures)

In these numbers all the zeros to the right of the decimal point are significant (rules 1
and 3). (The exponential term does not add to the number of significant figures.)104

PRACTICE EXERCISE
A sample that has a mass of about 25 g is placed on a balance that has a precision of .
How many significant figures should be reported for this measurement?
Answer: five, as in the measurement 24.995 g, the uncertainty being in the third decimal
place

To determine the number of significant figures in a reported measurement, read the
number from left to right, counting the digits starting with the first digit that is not zero.
In any measurement that is properly reported, all nonzero digits are significant. Because
zeros can be used either as part of the measured value or merely to locate the decimal
point, they may or may not be significant:

1. Zeros betweennonzero digits are always significant„1005 kg (four significant
figures); 7.03 cm (three significant figures).

2. Zeros at the beginningof a number are never significant; they merely indicate
the position of the decimal point„0.02 g (one significant figure); 0.0026 cm (two
significant figures).

3. Zeros at the endof a number are significant if the number contains a decimal
point„0.0200 g (three significant figures); 3.0 cm (two significant figures).

A problem arises when a number ends with zeros but contains no decimal point. In
such cases, it is normally assumed that the zeros are not significant. Exponential nota-
tion (Appendix A.1) can be used to indicate whether end zeros are significant. For ex-
ample, a mass of 10,300 g can be written to show three, four, or five significant figures
depending on how the measurement is obtained:

; 0.001g

SAMPLE EXERCISE 1.6 Determining the Number of Significant Figures
in a Measurement

How many significant figures are in each of the following numbers (assume that each number
is a measured quantity):(a) 4.003,(b) , (c) 5000?

SOLUTION
(a) Four; the zeros are significant figures.(b) Four; the exponential term does not add to the
number of significant figures.(c) One; we assume that the zeros are not significant when there
is no decimal point shown. If the number has more significant figures, a decimal point should
be employed or the number written in exponential notation. Thus, 5000. has four significant
figures, whereas has three.

PRACTICE EXERCISE
How many significant figures are in each of the following measurements:(a) 3.549 g,
(b) , (c) ?

Answers: (a) four, (b) two,(c) three

Significant Figures in Calculations
When carrying measured quantities through calculations,the least certain measurement
limits the certainty of the calculated quantity and thereby determines the number of signifi-
cant figures in the final answer.The final answer should be reported with only one uncer-
tain digit. To keep track of significant figures in calculations, we will make frequent use of
two rules, one for addition and subtraction, and another for multiplication and division.

0.00134 m32.3 * 104 cm

5.00 * 103

6.023* 1023



This number limits 20.42 two decimal places;

the number of significant 1.322 three decimal places;

figures in the result: 83.1 one decimal place;

104.842 round off to one decimal place (104.8);
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SAMPLE EXERCISE 1.7 Determining the Number of Significant Figures
in a Calculated Quantity

The width, length, and height of a small box are 15.5 cm, 27.3 cm, and 5.4 cm, respectively.
Calculate the volume of the box, using the correct number of significant figures in your answer.

SOLUTION
In reporting the volume, we can show only as many significant figures as given in the dimen-
sion with the fewest significant figures, that for the height (two significant figures):

A calculator used for this calculation shows 2285.01, which we must round off to two signifi-
cant figures. Because the resulting number is 2300, it is best reported in exponential notation,

, to clearly indicate two significant figures.2.3 * 103

= (15.5 cm) (27.3 cm) (5.4 cm) =  2285.01 cm3 Q 2.3 * 103 cm3

 Volume = width * length * height

1. For addition and subtraction, the result has the same number of decimal places as
the measurement with the fewest decimal places. When the result contains more
than the correct number of significant figures, it must be rounded off. Consider
the following example in which the uncertain digits appear in color:

We report the result as 104.8 because 83.1 has only one decimal place.

2. For multiplication and division, the result contains the same number of significant
figures as the measurement with the fewest significant figures. When the result
contains more than the correct number of significant figures, it must be rounded
off. For example, the area of a rectangle whose measured edge lengths are 6.221 cm
and 5.2 cm should be reported as even though a calculator shows the prod-
uct to have more digits:

because 5.2 has two significant figures.

Notice that for addition and subtraction, decimal places are counted in determining how
many digits to report in an answer, whereas for multiplication and division, significant
figures are counted in determining how many digits to report.

In determining the final answer for a calculated quantity,exact numbersare as-
sumed to have an infinite number of significant figures. Thus, when we say, •There are
12 inches in 1 foot,Ž the number 12 is exact, and we need not worry about the number of
significant figures in it.

In rounding off numbers,look at the leftmost digit to be removed:

€ If the leftmost digit removed is less than 5, the preceding number is left unchanged.
Thus, rounding 7.248 to two significant figures gives 7.2.

€ If the leftmost digit removed is 5 or greater, the preceding number is increased by 1.
Rounding 4.735 to three significant figures gives 4.74, and rounding 2.376 to two
significant figures gives 2.4.*

Area = (6.221cm)(5.2cm) = 32.3492cm2 Q round off to 32cm2

32 cm2

*Your instructor may want you to use a slight variation on the rule when the leftmost digit to be removed is
exactly 5, with no following digits or only zeros following. One common practice is to round up to the next
higher number if that number will be even and down to the next lower number otherwise. Thus, 4.7350 would
be rounded to 4.74, and 4.7450 would also be rounded to 4.74.
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SAMPLE EXERCISE 1.8 Determining the Number of Significant Figures in
a Calculated Quantity

A gas at 25 °C fills a container whose volume is . The container plus gas has a
mass of 837.6 g. The container, when emptied of all gas, has a mass of 836.2 g. What is the
density of the gas at 25 °C?

SOLUTION
To calculate the density, we must know both the mass and the volume of the gas. The mass of
the gas is just the difference in the masses of the full and empty container:

In subtracting numbers, we determine the number of significant figures in our result by
counting decimal places in each quantity. In this case each quantity has one decimal place.
Thus, the mass of the gas, 1.4 g, has one decimal place.

Using the volume given in the question, , and the definition of density,
we have

In dividing numbers, we determine the number of significant figures in our result by counting
the number of significant figures in each quantity. There are two significant figures in our an-
swer, corresponding to the smaller number of significant figures in the two numbers that form
the ratio. Notice that in this example, following the rules for determining significant figures
gives an answer containing only two significant figures, even though each of the measured
quantities contained at least three significant figures.

PRACTICE EXERCISE
To how many significant figures should the mass of the container be measured (with and with-
out the gas) in Sample Exercise 1.8 for the density to be calculated to three significant figures?
Answer: five (For the difference in the two masses to have three significant figures, there must
be two decimal places in the masses of the filled and empty containers. Therefore, each mass
must be measured to five significant figures.)

When a calculation involves two or more steps and you write answers for intermediate
steps, retain at least one nonsignificant digit for the intermediate answers. This procedure
ensures that small errors from rounding at each step do not combine to affect the final
result. When using a calculator, you may enter the numbers one after another, rounding
only the final answer. Accumulated rounding-off errors may account for small differences
among results you obtain and answers given in the text for numerical problems.

1.6 | DIMENSIONAL ANALYSIS
Throughout the text we use dimensional analysis in solving problems. In this ap-
proach, units are multiplied together, divided into each other, or •canceled.Ž Using
dimensional analysis helps ensure that solutions to problems yield the proper units.
Moreover, it provides a systematic way of solving many numerical problems and of
checking solutions for possible errors.

The key to using dimensional analysis is the correct use of conversion factors to change
one unit into another. A conversion factor is a fraction whose numerator and denomina-
tor are the same quantity expressed in different units. For example, 2.54 cm and 1 in. are the
same length, in. This relationship allows us to write two conversion factors:

2.54cm
1in.

 and 
1in.

2.54cm

2.54cm= 1

= 1.3 * 10- 3 g>cm3 = 0.0013 g>cm3

 Density =
mass

volume
=

1.4 g

1.05 * 103 cm3

1.05 * 103 cm3

(837.6 - 836.2) g= 1.4  g

1.05 * 103 cm3

PRACTICE EXERCISE
It takes 10.5 s for a sprinter to run 100.00 m. Calculate her average speed in meters per second,
and express the result to the correct number of significant figures.
Answer: (three significant figures)9.52m>s
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We use the first factor to convert inches to centimeters. For example, the length in
centimeters of an object that is 8.50 in. long is

The unit inches in the denominator of the conversion factor cancels the unit inches in
the given data (8.50 inches). The unit centimeters in the numerator of the conversion
factor becomes the unit of the final answer. Because the numerator and denominator of
a conversion factor are equal, multiplying any quantity by a conversion factor is equiva-
lent to multiplying by the number 1 and so does not change the intrinsic value of the
quantity. The length 8.50 in. is the same as the length 21.6 cm.

In general, we begin any conversion by examining the units of the given data and
the units we desire. We then ask ourselves what conversion factors we have available to
take us from the units of the given quantity to those of the desired one. When we multi-
ply a quantity by a conversion factor, the units multiply and divide as follows:

If the desired units are not obtained in a calculation, an error must have been made
somewhere. Careful inspection of units often reveals the source of the error.

Given unit *
desired unit
given unit

= desired unit

2.54 cm
Number of centimeters � (8.50 in.) � 21.6 cm

1 in.

Desired unit

Given unit

SAMPLE EXERCISE 1.9 Converting Units

If a woman has a mass of 115 lb, what is her mass in grams? (Use the relationships between
units given on the back inside cover of the text.)

SOLUTION
Because we want to change from pounds to grams, we look for a relationship between
these units of mass. From the back inside cover we have . To cancel pounds and
leave grams, we write the conversion factor with grams in the numerator and pounds in the
denominator:

The answer can be given to only three significant figures, the number of significant figures in
115 lb. The process we have used is diagrammed in the margin.

Mass in grams= (115lb)¢
453.6 g

1 lb
� = 5.22 * 104 g

1 lb = 453.6  g
lbGiven:

Use
453.6 g

1 lb

gFind:

PRACTICE EXERCISE
By using a conversion factor from the back inside cover, determine the length in kilometers of
a 500.0-mi automobile race.
Answer: 804.7 km

The idea is to make a rough calculation using numbers that are
rounded off in such a way that the arithmetic can be done without a
calculator. This approach is often referred to as making a •ballparkŽ
estimate, meaning that although it does not give an exact answer, it
gives one that is roughly the right size. By using dimensional analysis
and by estimating answers, we can readily check the reasonableness
of our answers to calculations.

ESTIMATING ANSWERS

A friend once remarked cynically that calculators let you
get the wrong answer more quickly. He was implying

that unless you have the correct strategy for solving a
problem and have punched in the correct num-

bers, the answer will be incorrect. If you learn to
estimateanswers, however, you will be able to check whether the
answers to your calculations are reasonable.

S T R AT E G I E S  I N  C H E M I S T RY
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G I V E  I T  S O M E  T H O U G H T

How do we determine how many digits to use in conversion factors, such as the
one between pounds and grams in Sample Exercise 1.9?

Using Two or More Conversion Factors
It is often necessary to use several conversion factors in solving a problem. As an exam-
ple, let•s convert the length of an 8.00-m rod to inches. The table on the back inside
cover does not give the relationship between meters and inches. It does,however, give
the relationship between centimeters and inches . From our knowl-
edge of SI prefixes, we know that . Thus, we can convert step by step, first
from meters to centimeters and then from centimeters to inches:

Combining the given quantity (8.00 m) and the two conversion factors, we have

The first conversion factor is used to cancel meters and convert the length to centime-
ters. Thus, meters are written in the denominator and centimeters in the numerator. The
second conversion factor is used to cancel centimeters and convert the length to inches,
so it has centimeters in the denominator and inches, the desired unit, in the numerator.

Note that you could have used as a conversion factor as well in the
second parentheses. As long as you follow your units and cancel them properly to obtain
the desired units, you are likely to be successful in your calculations.

100 cm= 1 m

Number of inches= (8.00 m)¢
1cm

10- 2 m
� ¢

1 in.
2.54 cm

� = 315in.

m

Given:

Use Use

1 cm
10� 2 m

cm
1 in.

2.54 cm

in.

Find:

1cm = 10- 2 m
(1 in. = 2.54 cm)

SAMPLE EXERCISE 1.10 Converting Units Using Two or More Conversion Factors

The average speed of a nitrogen molecule in air at 25 °C is . Convert this speed to miles per hour.

SOLUTION

515m>s

To go from the given units, , to the desired units, , we must
convert meters to miles and seconds to hours. From our knowledge of
SI prefixes we know that . From the relationships given
on the back inside cover of the book, we find that .

Thus, we can convert m to km and then convert km to mi. From our
knowledge of time we know that and .
Thus, we can convert s to min and then convert min to hr. The overall
process is

60 min =1hr60s = 1 min

1mi = 1.6093km
1km = 103 m

mi>hrm>s

Applying first the conversions for distance and then those for time, we can set up one long equation in
which unwanted units are canceled:

= 1.15 * 103 mi>hr

 Speed in mi>hr = ¢515
m
s

� ¢
1 km

103 m
� ¢

1mi
1.6093 km

� ¢
60 s

1 min
� ¢

60 min
1hr

�

m/s

Given:

Use Use Use Use
km/s mi/s

Find:

mi/hrmi/min
1 km
103 m

1 mi
1.6093 km

60 s
1 min

60 min
1 hr
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SAMPLE EXERCISE 1.11 Converting Volume Units

Earth•s oceans contain approximately of water. Calculate the volume in liters.

SOLUTION
From the back inside cover, we find , but there is no relationship listed involving

. From our knowledge of SI prefixes, however, we know and we can use this
relationship between lengths to write the desired conversion factor between volumes:

¢
103 m
1 km

�
3

=
109 m3

1 km3

1 km = 103 mkm3
1L = 10- 3 m3

1.36 * 109 km3

PRACTICE EXERCISE
A car travels 28 mi per gallon of gasoline. How many kilometers per liter will it go?
Answer: 12 km>L

Conversions Involving Volume
The conversion factors previously noted convert from one unit of a given measure to
another unit of the same measure, such as from length to length. We also have conver-
sion factors that convert from one measure to a different one. The density of a sub-
stance, for example, can be treated as a conversion factor between mass and volume.
Suppose we want to know the mass in grams of 2 cubic inches of gold, which
has a density of . The density gives us the conversion factor:

Because we want a mass in grams, we use the first factor, which has mass in grams in the
numerator. To use this factor, however, we must first convert cubic inches to cubic cen-
timeters. The relationship between and is not given on the back inside cover,
but the relationship between inches and centimeters is given: (exactly).
Cubing both sides of this equation gives , from which we write the
desired conversion factor:

Notice that both the numbers and the units are cubed. Also, because 2.54 is an exact
number, we can retain as many digits of as we need. We have used four, one more
than the number of digits in the density . Applying our conversion factors,
we can now solve the problem:

The procedure is diagrammed here. The final answer is reported to three significant
figures, the same number of significant figures as in and 19.3 g.

in. 3

Given:
Use

cm3

19.3 g
1 cm3

g

Find:

2.54 cm3

1 in.

Use

2.00 in.3

Mass in grams= (2.00 in.3)¢
16.39 cm3

1 in.3
� ¢

19.3 g

1 cm3 � = 633 g

(19.3g>cm3)
(2.54)3

(2.54 cm)3

(1 in.)3
=

(2.54)3 cm3

(1)3 in.3
=

16.39 cm3

1 in.3

(1 in.)3 = (2.54cm)3
1 in. = 2.54cm

cm3in.3

19.3 g

1 cm3 and 
1 cm3

19.3 g

19.3g>cm3
(2.00 in.3)

Our answer has the desired units. We can check our calculation, using
the estimating procedure described in the •Strategies in ChemistryŽ
box. The given speed is about . Dividing by 1000 converts m
to km, giving . Because 1 mi is about 1.6 km, this speed corre-
sponds to . Multiplying by 60 gives about

. Multiplying again by 60 gives 
. The approximate solution and the

detailed solution are reasonably close. The answer to
the detailed solution has three significant figures, corresponding to
the number of significant figures in the given speed in .m>s

(1150mi>hr)
1200mi>hr)(about1200mi>hr

20 * 60 =0.3 * 60 = 20mi>min

0.5>1.6 = 0.3mi>s
0.5km>s

500m>s
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only the answer is given, accompanies each sample exercise. It is im-
portant that you use these exercises as learning aids. End-of-chapter
exercises provide additional questions to help you understand the
material in the chapter. A review of basic mathematics is given in
Appendix A.

The practice exercises in this text and the homework assign-
ments given by your instructor provide the minimal practice that you
will need to succeed in your chemistry course. Only by working all
the assigned problems will you face the full range of difficulty and
coverage that your instructor expects you to master for exams. There
is no substitute for a determined and perhaps lengthy effort to work
problems on your own. If you are stuck on a problem, however, ask
for help from your instructor, a teaching assistant, a tutor, or a fellow
student. Spending an inordinate amount of time on a single exercise
is rarely effective unless you know that it is particularly challenging
and requires extensive thought and effort.

THE IMPORTANCE OF PRACTICE

If you have ever played a musical instrument or partici-
pated in athletics, you know that the keys to success

are practice and discipline. You cannot learn to play
a piano merely by listening to music, and you can-

not learn how to play basketball merely by watch-
ing games on television. Likewise, you cannot learn chemistry by
merely watching your instructor do it. Simply reading this book, lis-
tening to lectures, or reviewing notes will not usually be sufficient
when exam time comes around. Your task is not only to understand
how someone else does chemistry but also to be able to do it yourself.
That takes practice on a regular basis, and anything that you have to
do on a regular basis requires self-discipline until it becomes a habit.

Throughout the book, we have provided sample exercises in
which the solutions are shown in detail. A practice exercise, for which

S T R AT E G I E S  I N  C H E M I S T RY

SAMPLE EXERCISE 1.12 Conversions Involving Density

What is the mass in grams of 1.00 gal of water? The density of water is .

SOLUTION
Before we begin solving this exercise, we note the following:
1. We are given 1.00 gal of water (the known, or given, quantity) and asked to calculate its

mass in grams (the unknown).
2. We have the following conversion factors either given, commonly known, or available on

the back inside cover of the text:

The first of these conversion factors must be used as written (with grams in the numerator)
to give the desired result, whereas the last conversion factor must be inverted in order to
cancel gallons:

The unit of our final answer is appropriate, and we•ve taken care of our significant figures.
We can further check our calculation by estimating. We can round 1.057 off to 1. Then focus-
ing on the numbers that do not equal 1 gives , in agreement with the
detailed calculation.

4 * 1000 = 4000g

= 3.78 * 103g water

 Mass in grams= (1.00 gal) ¢
4 qt

1 gal
� ¢

1 L
1.057 qt

� ¢
1000 mL

1 L
� ¢

1.00 g

1 mL
�

1.00 g water

1 mL water
 

1 L
1000 mL

 
1 L

1.057 qt
 

1 gal

4 qt

1.00 g>mL

Thus, converting from to to L, we have

PRACTICE EXERCISE
If the volume of an object is reported as , what is the volume in cubic meters?
Answer: 0.14m3

5.0 ft3

Volume in liters= (1.36 * 109 km3)¢
109 m3

1 km3 � ¢
1L

10- 3 m3� = 1.36 * 1021L

m3km3



You should also use common sense to assess the reasonableness of your answer. In this
case we know that most people can lift a gallon of milk with one hand, although it would be
tiring to carry it around all day. Milk is mostly water and will have a density not too different
from that of water. Therefore, we might estimate that a gallon of water has mass that is more
than 5 lb but less than 50 lb. The mass we have calculated, , is thus
reasonable as an order-of-magnitude estimate.

PRACTICE EXERCISE
The density of benzene is . Calculate the mass in grams of 1.00 qt of benzene.

Answer: 832 g

0.879 g>mL

3.78 kg* 2.2 lb>kg = 8.3 lb
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the odd-numbered exercises, as indicated by the red exercise numbers.
An exercise with a [bracket] around its number means that it is more
challenging. Additional Exercises appear after the regular exercises; the
chapter sections that they cover are not identified, and they are not
paired. Integrative Exercises, which start appearing in Chapter 3, are
problems that require skills learned in previous chapters.

Throughout the book you will occasionally find little blue link
[€ ] symbols. These •concept linksŽ tell you in which section of the
book this concept is first discussed in case you wish to turn to that
section and review it.

Throughout the book boxed essays highlight the importance of
chemistry to our everyday lives. The •Chemistry and LifeŽ boxes
focus on biological and environmental aspects of chemistry. The
•Chemistry Put to WorkŽ boxes illustrate the large industrial role
chemistry plays in modern society. •Strategies in ChemistryŽ boxes,
like this one, are meant to help you think about the material you are
learning. Finally, boxes entitled •A Closer LookŽ provide in-depth
coverage of a key chemical concept.

Many chemical databases are available, usually through your
school. The CRC Handbook of Chemistry and Physicsis the standard
reference for many types of data and is available in libraries. The
Merck Indexis a standard reference for the properties of many small
organic compounds, especially ones of biological interest. WebEle-
ments (http://www.webelements.com) is a good Web site for looking
up the properties of the elements.

THE FEATURES OF THIS BOOK

To help you understand chemistry, this book includes
features that help you organize your thoughts. At the

beginning of each chapter, •What•s Ahead,Ž which
outlines the chapter by section, will prepare you for

the material in the chapter. At the end of each
chapter, the Summary, Key Terms, Key Skills, and Key Equations will
help you remember what you have learned and prepare you for
quizzes and exams.

During the course of the chapter, there are •speed bumpsŽ to
prompt you to think about what you have just read. The •Give It
Some ThoughtŽ features are embedded in the text after a key concept;
the •Go FigureŽ features are associated with artwork and ask you to
interpret a concept visually. Sample Exercises, with worked-out solu-
tions and answers, and Practice Exercises, which provide only the
answer, test your problem-solving skills in chemistry.

At the end of each chapter is a series of exercises, again to test
your problem-solving skills in chemistry. Your instructor will very
likely assign some of these end-of-chapter exercises as homework.
The first few exercises called •Visualizing ConceptsŽ are meant to test
how well you understand a concept without plugging a lot of num-
bers into a formula. The other exercises are divided into sections that
reflect the order of the material in the chapter. These exercises are
grouped in pairs, with the answers given in the back of the book to

S T R AT E G I E S  I N  C H E M I S T RY

CHAPTER SUMMARY AND KEY TERMS

INTRODUCTION AND SECTION 1.1 Chemistry is the study of
the composition, structure, properties, and changes ofmatter . The
composition of matter relates to the kinds ofelements it contains. The
structure of matter relates to the ways the atoms of these elements are
arranged. A property is any characteristic that gives a sample of matter
its unique identity. A molecule is an entity composed of two or more
atoms with the atoms attached to one another in a specific way.

SECTION 1.2 Matter exists in three physical states,gas, liquid , and
solid , which are known as the states of matter . There are two kinds of
pure substances : elements andcompounds . Each element has a sin-
gle kind of atom and is represented by a chemical symbol consisting of

one or two letters, with the first letter capitalized. Compounds are
composed of two or more elements joined chemically. The law of con-
stant composition , also called the law of definite proportions , states
that the elemental composition of a pure compound is always the
same. Most matter consists of a mixture of substances.Mixtures have
variable compositions and can be either homogeneous or heteroge-
neous; homogeneous mixtures are called solutions .

SECTION 1.3 Each substance has a unique set ofphysical proper-
ties andchemical properties that can be used to identify it. During a
physical change , matter does not change its composition.Changes
of state are physical changes. In a chemical change (chemical
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reaction ) a substance is transformed into a chemically different sub-
stance.Intensive properties are independent of the amount of matter
examined and are used to identify substances.Extensive properties
relate to the amount of substance present. Differences in physical and
chemical properties are used to separate substances.

Thescientific method is a dynamic process used to answer ques-
tions about our physical world. Observations and experiments lead to
scientific laws , general rules that summarize how nature behaves.
Observations also lead to tentative explanations or hypotheses . As a
hypothesis is tested and refined, a theory may be developed that can
predict the results of future observations and experiments.

SECTION 1.4 Measurements in chemistry are made using the
metric system . Special emphasis is placed on SI units , which are based
on the meter, the kilogram, and the second as the basic units of length,
mass , and time, respectively. SI units use prefixes to indicate fractions
or multiples of base units. The SI temperature scale is the Kelvin scale ,
although the Celsius scale is frequently used as well.Density is an im-
portant property that equals mass divided by volume.

SECTION 1.5 All measured quantities are inexact to some extent.
Theprecision of a measurement indicates how closely different mea-
surements of a quantity agree with one another. The accuracy of a
measurement indicates how well a measurement agrees with the
accepted or •trueŽ value. The significant figures in a measured quan-
tity include one estimated digit, the last digit of the measurement. The
significant figures indicate the extent of the uncertainty of the mea-
surement. Certain rules must be followed so that a calculation involv-
ing measured quantities is reported with the appropriate number of
significant figures.

SECTION 1.6 In the dimensional analysis approach to problem
solving, we keep track of units as we carry measurements through cal-
culations. The units are multiplied together, divided into each other, or
canceled like algebraic quantities. Obtaining the proper units for the
final result is an important means of checking the method of calcula-
tion. When converting units and when carrying out several other types
of problems,conversion factors can be used. These factors are ratios
constructed from valid relations between equivalent quantities.

KEY SKILLS
€ Distinguish among elements, compounds, and mixtures. (Section 1.2)

€ Memorize symbols of common elements. (Section 1.2)

€ Memorize common metric prefixes. (Section 1.4)

€ Use significant figures, scientific notation, and SI units in calculations. (Section 1.5)

€ Use dimensional analysis in calculations. (Section 1.6)

KEY EQUATIONS
€ [1.1] Converting between Celsius (°C) and Kelvin (K) temperature scales

€ [1.2] Converting between Celsius (°C) and Fahrenheit (°F) temperature scales

€ [1.3] Definition of densityDensity =
mass

volume

°C =
5
9
 (°F - 32) or °F =

9
5
 (°C) + 32

K =  °C + 273.15

EXERCISES
VISUALIZING CONCEPTS

1.1 Which of the following figures represents (a) a pure element,
(b) a mixture of two elements,(c) a pure compound,(d) a
mixture of an element and a compound? (More than one pic-
ture might fit each description.) [Section 1.2]

(i) (ii) (iii)

(iv) (v) (vi)

1.2 Does the following diagram represent a chemical or physical
change? How do you know? [Section 1.3]
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(i) (ii) (iii)

1.7 (a) What is the length of the pencil in the following figure if
the ruler reads in centimeters? How many significant figures
are there in this measurement? (b) An automobile speedo-
meter with circular scales reading both miles per hour and
kilometers per hour is shown. What speed is indicated, in both
units? How many significant figures are in the measurements?
[Section 1.5]

1.8 (a)How many significant figures should be reported for the
volume of the metal bar shown here? (b) If the mass of the bar
is 104.72 g, how many significant figures should be reported
when its density is determined using the calculated volume?
[Section 1.5]

1.9 When you convert units, how do you decide which part of
the conversion factor is in the numerator and which is in the
denominator? [Section 1.6]

1.10 Show the steps to convert the speed of sound, 344 meters per
second, into miles per hour. [Section 1.6]

5.30 cm

2.5 cm

1.25 cm

1 2 3 4 5 6 7 8 9

CLASSIFICATION AND PROPERTIES OF MATTER (sections 1.2 and 1.3)
1.11 Classify each of the following as a pure substance or a mixture.

If a mixture, indicate whether it is homogeneous or hetero-
geneous:(a) rice pudding, (b) seawater,(c) magnesium,
(d) crushed ice.

1.12 Classify each of the following as a pure substance or a mixture.
If a mixture, indicate whether it is homogeneous or heteroge-
neous:(a) air, (b) tomato juice,(c) iodine crystals,(d) sand.

1.13 Give the chemical symbol or name for the following elements,
as appropriate:(a) sulfur,(b) gold,(c) potassium,(d) chlorine,
(e) copper,(f) U, (g) Ni, (h) Na,(i) Al, (j) Si.

1.14 Give the chemical symbol or name for each of the following
elements, as appropriate:(a) carbon,(b) nitrogen, (c) tita-
nium, (d) zinc,(e) iron, (f) P,(g) Ca,(h) He,(i) Pb,(j) Ag.

1.15 A solid white substance A is heated strongly in the absence of
air. It decomposes to form a new white substance B and a gas
C. The gas has exactly the same properties as the product

obtained when carbon is burned in an excess of oxygen. Based
on these observations, can we determine whether solids A and
B and gas C are elements or compounds? Explain your conclu-
sions for each substance.

1.16 You are hiking in the mountains and find a shiny gold nugget.
It might be the element gold, or it might be •fool•s gold,Ž which
is a nickname for iron pyrite, FeS2. What kinds of experiments
could be done to determine if the shiny nugget is really gold?

1.17 In the process of attempting to characterize a substance, a
chemist makes the following observations: The substance is a
silvery white, lustrous metal. It melts at 649 °C and boils at
1105 °C. Its density at 20 °C is . The substance
burns in air, producing an intense white light. It reacts with
chlorine to give a brittle white solid. The substance can be
pounded into thin sheets or drawn into wires. It is a good con-
ductor of electricity. Which of these characteristics are physi-
cal properties, and which are chemical properties?

1.738 g>cm3

1.3 Describe the separation method(s) involved in brewing a cup
of coffee. [Section 1.3]

1.4 Identify each of the following as measurements of length,
area, volume, mass, density, time, or temperature:(a) 25 ps,
(b) 374.2 mg,(c) 77 K,(d) , (e)1.06 µm,(f)
(g) - 78 °C, (h) , (i) . [Section 1.4]

1.5 (a) Three spheres of equal size are composed of aluminum
, silver , and

nickel . List the spheres from lightest to
heaviest.(b) Three cubes of equal mass are composed of gold

, platinum ,
and lead . List the cubes from small-
est to largest. [Section 1.4]

1.6 The following dartboards illustrate the types of errors often
seen when one measurement is repeated several times. The
bull•s-eye represents the •true value,Žand the darts represent the
experimental measurements. Which board best represents each
of the following scenarios:(a) measurements both accurate and
precise,(b) measurements precise but inaccurate,(c) measure-
ments imprecise but yielding an accurate average? [Section 1.5]

(density = 11.35 g>cm3)
(density = 21.45 g>cm3)(density = 19.32 g>cm3)

(density = 8.90 g>cm3)
(density = 10.49 g>cm3)(density = 2.70 g>cm3)

28 cm32.56 g>cm3
16 nm2,100,000 km2
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1.18 Read the following description of the element zinc and indi-
cate which are physical properties and which are chemical
properties. Zinc is a silver-gray…colored metal that melts at
420 °C. When zinc granules are added to dilute sulfuric acid,
hydrogen is given off and the metal dissolves. Zinc has a hard-
ness on the Mohs scale of 2.5 and a density of at
25 °C. It reacts slowly with oxygen gas at elevated tempera-
tures to form zinc oxide, ZnO.

1.19 Label each of the following as either a physical process or a
chemical process:(a) rusting of a metal can,(b) boiling a cup
of water,(c) pulverizing an aspirin,(d) digesting a candy bar,
(e) exploding of nitroglycerin.

7.13 g>cm3

1.20 A match is lit and held under a cold piece of metal. The fol-
lowing observations are made:(a) The match burns.(b) The
metal gets warmer.(c) Water condenses on the metal.(d) Soot
(carbon) is deposited on the metal. Which of these occur-
rences are due to physical changes, and which are due to
chemical changes?

1.21 Suggest a method of separating each of the following mixtures
into two components:(a) sugar and sand,(b) oil and vinegar.

1.22 Three beakers contain clear, colorless liquids. One beaker con-
tains pure water, another contains salt water, and another
contains sugar water. How can you tell which beaker is which?
(No tasting allowed!)

UNITS AND MEASUREMENT (section 1.4)

1.23 What exponential notation do the following abbreviations
represent:(a) d, (b) c, (c) f, (d) , (e) M, (f) k, (g) n, (h) m,
(i) p?

1.24 Use appropriate metric prefixes to write the following
measurements without use of exponents:(a) ,
(b) , (c) , (d) ;
(e) , (f) , (g) .

1.25 Make the following conversions:(a) 72 °F to °C,(b) 216.7 °C to
°F,(c) 233 °C to K,(d) 315 K to °F,(e)2500 °F to K,(f) 0 K to °F.

1.26 (a)The temperature on a warm summer day is 87 °F. What is
the temperature in °C? (b) Many scientific data are reported at
25 °C. What is this temperature in kelvins and in degrees
Fahrenheit? (c) Suppose that a recipe calls for an oven temper-
ature of 400 °F. Convert this temperature to degrees Celsius
and to kelvins.(d) Liquid nitrogen boils at 77 K. Convert this
temperature to degrees Fahrenheit and to degrees Celsius.

1.27 (a) A sample of tetrachloroethylene, a liquid used in dry clean-
ing that is being phased out because of its potential to cause
cancer, has a mass of 40.55 g and a volume of 25.0 mL at 25 °C.
What is its density at this temperature? Will tetrachloroethyl-
ene float on water? (Materials that are less dense than water will
float.) (b) Carbon dioxide (CO2) is a gas at room temperature
and pressure. However, carbon dioxide can be put under pres-
sure to become a •supercritical fluidŽ that is a much safer dry-
cleaning agent than tetrachloroethylene. At a certain pressure,
the density of supercritical CO2 is . What is the
mass of a 25.0-mL sample of supercritical CO2 at this pressure?

1.28 (a)A cube of osmium metal 1.500 cm on a side has a mass of
76.31 g at 25 °C. What is its density in at this tempera-
ture? (b) The density of titanium metal is at 25 °C.
What mass of titanium displaces 125.0 mL of water at 25 °C?
(c) The density of benzene at 15 °C is . Calculate
the mass of 0.1500 L of benzene at this temperature.

1.29 (a) To identify a liquid substance, a student determined its
density. Using a graduated cylinder, she measured out a 45-mL

0.8787 g>mL

4.51 g>cm3
g>cm3

0.469 g>cm3

1.84 * 102 cm1.34 * 10- 3 m15.7 * 103 g
16.7 * 106 s1.85 * 10- 12 m4.7 * 10- 6 g

2.3 * 10- 10 L

m
sample of the substance. She then measured the mass of the
sample, finding that it weighed 38.5 g. She knew that the sub-
stance had to be either isopropyl alcohol 
or toluene . What are the calculated den-
sity and the probable identity of the substance? (b) An experi-
ment requires 45.0 g of ethylene glycol, a liquid whose density
is . Rather than weigh the sample on a balance, a
chemist chooses to dispense the liquid using a graduated
cylinder. What volume of the liquid should he use? (c) A cubic
piece of metal measures 5.00 cm on each edge. If the metal is
nickel, whose density is , what is the mass of the
cube?

1.30 (a)After the label fell off a bottle containing a clear liquid be-
lieved to be benzene, a chemist measured the density of the
liquid to verify its identity. A 25.0-mL portion of the liquid
had a mass of 21.95 g. A chemistry handbook lists the density
of benzene at 15 °C as . Is the calculated density
in agreement with the tabulated value? (b) An experiment
requires 15.0 g of cyclohexane, whose density at 25 °C is

. What volume of cyclohexane should be used?
(c) A spherical ball of lead has a diameter of 5.0 cm. What is
the mass of the sphere if lead has a density of ?
(The volume of a sphere is where r is the radius.)

1.31 In the year 2007, an estimated amount of 31 billion tons of
carbon dioxide (CO2) was emitted worldwide due to fossil fuel
combustion and cement production. Express this mass of CO2
in grams without exponential notation, using an appropriate
metric prefix.

1.32 Silicon for computer chips is grown in large cylinders called
•boulesŽ that are 300 mm in diameter and 2 m in height. The
density of silicon is . Silicon wafers for making
integrated circuits are sliced from a 2.0 m boule and are typi-
cally 0.75 mm thick and 300 mm in diameter.(a) How many
wafers can be cut from a single boule? (b) What is the mass of
a silicon wafer? (The volume of a cylinder is given by ,
where r is the radius and h is its height.)

p r2h

2.33 g>cm3

(4>3)p r3
11.34 g>cm3

0.7781 g>mL

0.8787 g>mL

8.90 g>cm3

1.114 g>mL

(density 0.866>mL)
(density 0.785 g>mL)

UNCERTAINTY IN MEASUREMENT (section 1.5)
1.33 Indicate which of the following are exact numbers:(a) the

mass of a piece of paper,(b) the volume of a cup of coffee,(c)
the number of inches in a mile,(d) the number of ounces in a
pound, (e) the number of microseconds in a week,(f) the
number of pages in this book.

1.34 Indicate which of the following are exact numbers:(a) the
mass of a 32-oz can of coffee,(b) the number of students in
your chemistry class,(c) the temperature of the surface of the
sun, (d) the mass of a postage stamp,(e) the number of
milliliters in a cubic meter of water,(f) the average height of
students in your school.
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1.35 What is the number of significant figures in each of the
following measured quantities? (a) 601 kg, (b) 0.054 s,
(c) 6.3050 cm,(d) 0.0105 L,(e) , (f) 400 g.

1.36 Indicate the number of significant figures in each of the
following measured quantities:(a) 3.774 km,(b) ,
(c) 1.700 cm,(d) 350.00 K,(e) 307.080 g,(f) .

1.37 Round each of the following numbers to four significant fig-
ures, and express the result in standard exponential notation:
(a) 102.53070,(b) 656,980,(c) 0.008543210,(d) 0.000257870,
(e) .

1.38 (a) The diameter of Earth at the equator is 7926.381 mi.
Round this number to three significant figures, and express it
in standard exponential notation.(b) The circumference of
Earth through the poles is 40,008 km. Round this number to
four significant figures, and express it in standard exponential
notation.

1.39 Carry out the following operations, and express the answers
with the appropriate number of significant figures.
(a)
(b) 952.7 … 140.7389
(c)
(d) 0.0588/0.677

1.40 Carry out the following operations, and express the answer
with the appropriate number of significant figures.
(a)
(b)
(c)
(d) 863 * [1255 - (3.45 * 108)]

(0.0045* 20,000.0)+ (2813 * 12)
[(285.3 * 105) - (1.200 * 103)] * 2.8954
320.5- (6104.5>2.3)

(3.29 * 104)(0.2501)

14.3505+ 2.65

- 0.0357202

1.3 * 103 m>s
205 m2

7.0500* 10- 3 m3

1.41 You weigh an object on a balance and read the mass in grams
according to the picture. How many significant figures are in
this measurement?

1.42 You have a graduated cylinder that contains a liquid (see pho-
tograph). Write the volume of the liquid, in milliliters, using
the proper number of significant figures.

DIMENSIONAL ANALYSIS (section 1.6)

1.43 Using your knowledge of metric units, English units, and the
information on the back inside cover, write down the conver-
sion factors needed to convert (a) mm to nm,(b) mg to kg,
(c) km to ft,(d) in.3 to cm3.

1.44 Using your knowledge of metric units, English units, and the
information on the back inside cover, write down the conver-
sion factors needed to convert (a) to mm, (b) ms to ns,
(c) mi to km,(d) to L.

1.45 (a) A bumblebee flies with a ground speed of 15.2 m>s. Calcu-
late its speed in km>h. (b) The lung capacity of the blue whale
is . Convert this volume into gallons.(c) The
Statue of Liberty is 151 ft tall. Calculate its height in meters.
(d) Bamboo can grow up to 60.0 cm>day. Convert this growth
rate into inches per hour.

1.46 (a)The speed of light in a vacuum is . Cal-
culate its speed in miles per hour.(b) The Sears Tower in
Chicago is 1454 ft tall. Calculate its height in meters.(c) The
Vehicle Assembly Building at the Kennedy Space Center in
Florida has a volume of . Convert this volume
to liters and express the result in standard exponential nota-
tion. (d) An individual suffering from a high cholesterol level
in her blood has 242 mg of cholesterol per 100 mL of blood.
If the total blood volume of the individual is 5.2 L, how
many grams of total blood cholesterol does the individual•s
body contain?

3,666,500 m3

2.998* 108 m>s

5.0 * 103 L

ft3
mm

1.47 Perform the following conversions:(a)5.00 days to s,(b) 0.0550
mi to m, (c) to dollars per liter,(d) 0.510 in.>ms to
km>hr, (e)22.50 gal>min to L>s,(f) .

1.48 Carry out the following conversions:(a) 0.105 in. to mm,(b)
0.650 qt to mL,(c) , (d) ,
(e) to dollars per kg,(f) .

1.49 (a) How many liters of wine can be held in a wine barrel whose
capacity is 31 gal? (b) The recommended adult dose of Elixo-
phyllin®, a drug used to treat asthma, is of body mass.
Calculate the dose in milligrams for a 185-lb person.(c) If an
automobile is able to travel 400 km on 47.3 L of gasoline, what
is the gas mileage in miles per gallon? (d) A pound of coffee
beans yields 50 cups of coffee . How many
milliliters of coffee can be obtained from 1 g of coffee beans?

1.50 (a)If an electric car is capable of going 225 km on a single
charge, how many charges will it need to travel from Seattle,
Washington, to San Diego, California, a distance of 1257 mi,
assuming that the trip begins with a full charge? (b) If a mi-
grating loon flies at an average speed of , what is its
average speed in ? (c) What is the engine piston
displacement in liters of an engine whose displacement is
listed as 450 in.3? (d) In March 1989 the Exxon Valdezran
aground and spilled 240,000 barrels of crude petroleum off
the coast of Alaska. One barrel of petroleum is equal to 42 gal.
How many liters of petroleum were spilled?

mi>hr
14 m>s

(4 cups= 1 qt)

6 mg>kg

8.75 lb>ft3 to g>mL$3.99>lb
1.955 m3 to yd38.75mm>s to km>hr

0.02500 ft3 to cm3
$1.89>gal
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1.55 Gold can be hammered into extremely thin sheets called gold
leaf. An architect wants to cover a ceiling with
gold leaf that is five-millionths of an inch thick. The density of
gold is , and gold costs $953 per troy ounce
( ). How much will it cost the
architect to buy the necessary gold?

1.56 A copper refinery produces a copper ingot weighing 150 lb. If
the copper is drawn into wire whose diameter is 7.50 mm, how
many feet of copper can be obtained from the ingot? The den-
sity of copper is . (Assume that the wire is a cylin-
der whose volume , where r is its radius and h is its
height or length.)

V = p r2h
8.94 g>cm3

1 troy ounce= 31.1034768 g
19.32 g>cm3

100 ft * 82 ft
1.51 The density of air at ordinary atmospheric pressure and 25 °C

is . What is the mass, in kilograms, of the air in a room
that measures ?

1.52 The concentration of carbon monoxide in an urban apart-
ment is . What mass of carbon monoxide in grams is
present in a room measuring ?

1.53 By using estimation techniques, arrange these items in order
from shortest to longest: a 57-cm length of string, a 14-in.-long
shoe, and a 1.1-m length of pipe.

1.54 By using estimation techniques, determine which of the
following is the heaviest and which is the lightest: a 5-lb bag
of potatoes, a 5-kg bag of sugar, or 1 gal of water 

.(density = 1.0 g>mL)

11.0 ft * 11.5 ft * 20.5 ft
48mg>m3

14.5 ft * 16.5 ft * 8.0 ft
1.19 g>L

ADDITIONAL EXERCISES

1.57 (a)Classify each of the following as a pure substance, a solu-
tion, or a heterogeneous mixture: a gold coin, a cup of coffee,
a wood plank.(b) What ambiguities are there in answering
part (a) from the descriptions given?

1.58 (a)What is the difference between a hypothesis and a theory?
(b) Explain the difference between a theory and a scientific
law. Which addresses how matter behaves, and which ad-
dresses why it behaves that way?

1.59 A sample of ascorbic acid (vitamin C) is synthesized in the labo-
ratory. It contains 1.50 g of carbon and 2.00 g of oxygen.Another
sample of ascorbic acid isolated from citrus fruits contains 6.35 g
of carbon. How many grams of oxygen does it contain? Which
law are you assuming in answering this question?

1.60 Two students determine the percentage of lead in a sample as a
laboratory exercise. The true percentage is 22.52%. The stu-
dents• results for three determinations are as follows:
1. 22.52, 22.48, 22.54
2. 22.64, 22.58, 22.62

(a) Calculate the average percentage for each set of data, and
state which set is the more accurate based on the average.(b)
Precision can be judged by examining the average of the devi-
ations from the average value for that data set. (Calculate the
average value for each data set; then calculate the average value
of the absolute deviations of each measurement from the aver-
age.) Which set is more precise?

1.61 Is the use of significant figures in each of the following state-
ments appropriate? Why or why not? (a) Apple sold
22,727,000 iPods during the last three months of 2008.(b)
New York City receives 49.7 inches of rain, on average, per
year.(c) In the United States, 0.621% of the population has the
surname Brown.(d) You calculate your grade point average to
be 3.87562.

1.62 What type of quantity (for example, length, volume, density)
do the following units indicate:(a) mL, (b) , (c) ,
(d) , (e) ps,(f) nm, (g) K?

1.63 Give the derived SI units for each of the following quantities
in base SI units:(a) , (b)acceleration= distance>time2

mg>L
mm3cm2

, (c) ,
(d) , (e) ,
(f) , (g) .

1.64 The distance from Earth to the Moon is approximately
240,000 mi.(a) What is this distance in meters? (b) The pere-
grine falcon has been measured as traveling up to 
in a dive. If this falcon could fly to the Moon at this speed, how
many seconds would it take? (c) The speed of light is

. How long does it take for light to travel from
Earth to the Moon and back again? (d) Earth travels around
the Sun at an average speed of 29.783 km>s. Convert this speed
to miles per hour.

1.65 The US quarter has a mass of 5.67 g and is approximately 
1.55 mm thick.(a) How many quarters would have to be
stacked to reach 575 ft, the height of the Washington Monu-
ment?(b) How much would this stack weigh? (c) How much
money would this stack contain? (d) The US National Debt
Clock showed the outstanding public debt to be
$11,687,233,914,811.11 on August 19, 2009. How many
stacks like the one described would be necessary to pay off
this debt?

1.66 In the United States, water used for irrigation is measured in
acre-feet. An acre-foot of water covers an acre to a depth of ex-
actly 1 ft. An acre is . An acre-foot is enough water to
supply two typical households for 1.00 yr.(a) If desalinated
water costs $1950 per acre-foot, how much does desalinated
water cost per liter? (b) How much would it cost one house-
hold per day if it were the only source of water?

1.67 Suppose you decide to define your own temperature scale
using the freezing point (13 °C) and boiling point (360 °C) of
oleic acid, the main component of olive oil. If you set the
freezing point of oleic acid as 0 °O and the boiling point as
100 °O, what is the freezing point of water on this new scale?

1.68 The liquid substances mercury , water
, and cyclohexane do not form a so-

lution when mixed but separate in distinct layers. Sketch how
the liquids would position themselves in a test tube.

(0.778 g>mL)(1.00 g>mL)
(density = 13.6 g>mL)

4840 yd2

3.00 * 108 m>s

350 km>hr

energy= mass* (velocity)2velocity= distance>time
power = work>timepressure= force>area

work = force * distanceaccelerationforce = mass*
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1.69 Two spheres of equal volume are placed on the scales as
shown. Which one is more dense?

1.70 Water has a density of at 25 °C; ice has a density
of at .(a) If a soft-drink bottle whose vol-
ume is 1.50 L is completely filled with water and then frozen to

, what volume does the ice occupy? (b) Can the ice be
contained within the bottle?

1.71 A 32.65-g sample of a solid is placed in a flask. Toluene, in
which the solid is insoluble, is added to the flask so that the
total volume of solid and liquid together is 50.00 mL. The
solid and toluene together weigh 58.58 g. The density of
toluene at the temperature of the experiment is .
What is the density of the solid?

1.72 A thief plans to steal a gold sphere with a radius of 28.9 cm
from a museum. If the gold has a density of , what
is the mass of the sphere in pounds? [The volume of a sphere
is .] Is the thief likely to be able to walk off with
the gold sphere unassisted?

1.73 Automobile batteries contain sulfuric acid, which is com-
monly referred to as •battery acid.Ž Calculate the number of
grams of sulfuric acid in 1.00 gallon of battery acid if the
solution has a density of and is 38.1% sulfuric acid
by mass.

1.74 A 40-lb container of peat moss measures .
A 40-lb container of topsoil has a volume of 1.9 gal.(a) Calcu-
late the average densities of peat moss and topsoil in units of

. Would it be correct to say that peat moss is •lighterŽ
than topsoil? Explain.(b) How many bags of peat moss are
needed to cover an area measuring to a depth
of 3.0 in.?

1.75 A package of aluminum foil contains of foil, which
weighs approximately 8.0 oz. Aluminum has a density 
of . What is the approximate thickness of the foil
in millimeters?

1.76 The total power used by humans worldwide is approximately
15 TW (terawatts). Sunlight striking Earth provides 1.336 kW
per square meter (assuming no clouds). The surface area of
Earth is approximately 197,000,000 square miles. How much
of Earth•s surface would we need to cover with solar energy
collectors to power the planet for use by all humans? Assume
that the solar energy collectors can only convert 10% of the
available sunlight into useful power.

2.70 g>cm3

50 ft2

15.0 ft * 20.0 ft

g>cm3

14 * 20 * 30 in

1.28 g>mL

V = (4>3)p r3

19.3 g>cm3

0.864 g>mL

- 10 °C

- 10 °C0.917 g>cm3
0.997 g>cm3

1.77 A 15.0-cm long cylindrical glass tube, sealed at one end, is
filled with ethanol. The mass of ethanol needed to fill the tube
is found to be 11.86 g. The density of ethanol is .
Calculate the inner diameter of the tube in centimeters.

1.78 Gold is alloyed (mixed) with other metals to increase its hard-
ness in making jewelry.(a) Consider a piece of gold jewelry
that weighs 9.85 g and has a volume of . The jewelry
contains only gold and silver, which have densities of

and , respectively. If the total volume of
the jewelry is the sum of the volumes of the gold and silver
that it contains, calculate the percentage of gold (by mass) in
the jewelry.(b) The relative amount of gold in an alloy is com-
monly expressed in units of carats. Pure gold is 24 carat, and
the percentage of gold in an alloy is given as a percentage of
this value. For example, an alloy that is 50% gold is 12 carat.
State the purity of the gold jewelry in carats.

1.79 Chromatography (Figure 1.14) is a simple but reliable method
for separating a mixture into its constituent substances. You
have a mixture of two vegetable dyes, one red and one blue,
that you are trying to separate. You try two different chro-
matography procedures and achieve the separations shown in
the figure. Which procedure worked better? Can you suggest a
method to quantify how good or poor the separation was?

1.80 You are assigned the task of separating a desired granular ma-
terial with a density of from an undesired granular
material that has a density of . You want to do this
by shaking the mixture in a liquid in which the heavier mate-
rial will fall to the bottom and the lighter material will float.
A solid will float on any liquid that is more dense. Using the
Internet or a handbook of chemistry, find the densities of the
following substances: carbon tetrachloride, hexane, benzene,
and diiodomethane. Which of these liquids will serve your
purpose, assuming no chemical interaction between the liquid
and the solids?

1.81 In 2009, a team from Northwestern University and Western
Washington University reported the preparation of a new
•spongyŽ material composed of nickel, molybdenum, and sul-
fur that excels at removing mercury from water. The density of
this new material is , and its surface area is 
per gram of material.(a) Calculate the volume of a 10.0-mg
sample of this material.(b) Calculate the surface area for a 10.0-
mg sample of this material.(c) A 10.0-mL sample of contami-
nated water had 7.748 mg of mercury in it. After treatment with
10.0 mg of the new spongy material, 0.001 mg of mercury re-
mained in the contaminated water. What percentage of the
mercury was removed from the water? (d) What is the final
mass of the spongy material after the exposure to mercury?

1242 m20.20 g>cm3

2.04 g>cm3
3.62 g>cm3

10.5 g>cm319.3 g>cm3

0.675 cm3

0.789 g>mL
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1.82 The concepts of accuracy and precision are not always easy
to grasp. Here are two sets of studies:(a) The mass of a sec-
ondary weight standard is determined by weighing it on a
very precise balance under carefully controlled laboratory
conditions. The average of 18 different weight measurements
is taken as the weight of the standard.(b) A group of 10,000
males between the ages of 50 and 55 is surveyed to ascertain
a relationship between calorie intake and blood cholesterol
level. The survey questionnaire is quite detailed, asking the
respondents about what they eat, smoke, drink, and so on.
The results are reported as showing that for men of compa-
rable lifestyles, there is a 40% chance of the blood cholesterol

level being above 230 mg>dL for those who consume more
than 40 calories per gram of body weight per day, as com-
pared with those who consume fewer than 30 calories per
gram of body weight per day.

Discuss and compare these two studies in terms of the pre-
cision and accuracy of the result in each case. How do the two
studies differ in ways that affect the accuracy and precision of
the results? What makes for high precision and accuracy in any
given study? In each of these studies, what factors might not
be controlled that could affect the accuracy and precision?
What steps can be taken generally to attain higher precision
and accuracy?



2.4 ATOMIC WEIGHTS
We introduce the concept of atomic weights and how they relate
to the masses of individual atoms.

2.5 THE PERIODIC TABLE
We examine the organization of the periodic table, in which
elements are put in order of increasing atomic number and
grouped by chemical similarity.

WHAT•S AHEAD
2.1 THE ATOMIC THEORY OF MATTER
We begin with a brief history of the notion of atoms„the smallest
pieces of matter.

2.2 THE DISCOVERY OF ATOMIC STRUCTURE
We then look at some key experiments that led to the discovery of
electrons and to the nuclear model of the atom.

2.3 THE MODERN VIEW OF ATOMIC STRUCTURE
We explore the modern theory of atomic structure, including the
ideas of atomic numbers, mass numbers, and isotopes.

A COLLECTION OF UNCUT DIAMONDS.
Diamond is one of the crystalline forms of
carbon.  Pure diamonds are clear and colorless.
Small levels of impurities or defects cause
diamond to have color„nitrogen produces
yellow, whereas boron produces blue.

2



2.6 MOLECULES AND MOLECULAR COMPOUNDS
We discuss the assemblies of atoms called molecules and how
their compositions are represented by empirical and molecular
formulas.

2.7 IONS AND IONIC COMPOUNDS
We learn that atoms can gain or lose electrons to form ions. We
also look at how to use the periodic table to predict the charges
on ions and the empirical formulas of ionic compounds.

2.8 NAMING INORGANIC COMPOUNDS
We consider the systematic way in which substances are named,
called nomenclature, and how this nomenclature is applied to
inorganic compounds.

2.9 SOME SIMPLE ORGANIC COMPOUNDS
We introduce organic chemistry, the chemistry of the 
element carbon.
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seemingly infinite variety of properties, but how do we understand and explain them?
What makes diamonds transparent and hard, whereas table salt is brittle and dissolves
in water? Why does paper burn, and why does water quench fires? The structure and
behavior of atoms are key to understanding both the physical and chemical properties
of matter.

Although the materials in our world vary greatly in their properties, everything is
formed from only about 100 elements and, therefore, from only about 100 chemically
different kinds of atoms. In a sense, the atoms are like the 26 letters of the English
alphabet that join in different combinations to form the immense number of words in
our language. But what rules govern the ways in which atoms combine? How do the
properties of a substance relate to the kinds of atoms it contains? Indeed, what is an
atom like, and what makes the atoms of one element different from those of another?

In this chapter we examine the basic structure of atoms and discuss the formation
of molecules and ions, thereby providing a foundation for exploring chemistry more
deeply in later chapters.

ATOMS,
MOLECULES,
AND IONS
LOOK AROUND AT THE GREATvariety of colors, textures, and other
properties in the materials that surround you„the colors in a
garden, the texture of the fabric in your clothes, the solubility of
sugar in a cup of coffee, or the transparency and beauty of a
diamond. The materials in our world exhibit a striking and 
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2.1 | THE ATOMIC THEORY OF MATTER
Philosophers from the earliest times speculated about the nature of the fundamental
•stuffŽ from which the world is made. Democritus (460…370 BC) and other early Greek
philosophers described the material world as made up of tiny indivisible particles they
calledatomos,meaning •indivisible or uncuttable.Ž Later, however, Plato and Aristotle
formulated the notion that there can be no ultimately indivisible particles, and the
•atomicŽ view of matter faded for many centuries during which Aristotelean philosophy
dominated Western culture.

The notion of atoms reemerged in Europe during the seventeenth century. As
chemists learned to measure the amounts of elements that reacted with one another to
form new substances, the ground was laid for an atomic theory that linked the idea of el-
ements with the idea of atoms. That theory came from the work of John Dalton during
the period from 1803 to 1807. Dalton•s atomic theory was based on the four postulates
given in � FIGURE 2.1.

Dalton•s theory explains several laws of chemical combination that were known
during his time, including the law of constant composition€ (Section 1.2),* based on
postulate 4:

In a given compound, the relative numbers and kinds of atoms are constant.

It also explains the law of conservation of mass,based on postulate 3:

The total mass of materials present after a chemical reaction is the same as the total mass
present before the reaction.

A good theory explains known facts and predicts new ones. Dalton used his theory
to deduce the law of multiple proportions:

If two elements A and B combine to form more than one compound, the masses of B that
can combine with a given mass of A are in the ratio of small whole numbers.

*The short chainlike symbol that precedes the section reference indicates a link to ideas presented earlier in
the text.

1. Each element is composed of extremely small particles called atoms.

Dalton•s Atomic Theory

An atom of the element oxygen An atom of the element nitrogen

2. All atoms of a given element are identical, but the atoms of one element
 are different from the atoms of all other elements.

3. Atoms of one element cannot be changed into atoms of a different element
 by chemical reactions; atoms are neither created nor destroyed in chemical
 reactions.

4. Compounds are formed when atoms of more than one
 element combine; a given compound always has the
 same relative number and kind of atoms.

Oxygen

Oxygen Nitrogen

Nitrogen

N

Elements Compound

O NO

�

� FIGURE 2.1 Dalton•s atomic theory.
John Dalton (1766…1844), the son of a poor
English weaver, began teaching at age 12.
He spent most of his years in Manchester,
where he taught both grammar school and
college. His lifelong interest in meteorology
led him to study gases, then chemistry, and
eventually atomic theory. Despite his humble
beginnings, Dalton gained a strong scientific
reputation during his lifetime.
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We can illustrate this law by considering water and hydrogen peroxide, both of which
consist of the elements hydrogen and oxygen. In forming water, 8.0 g of oxygen combine
with 1.0 g of hydrogen. In forming hydrogen peroxide, 16.0 g of oxygen combine with
1.0 g of hydrogen. Thus, the ratio of the mass of oxygen per gram of hydrogen in the two
compounds is 2:1. Using Dalton•s atomic theory, we conclude that hydrogen peroxide
contains twice as many atoms of oxygen per hydrogen atom as does water.

G I V E  I T  S O M E  T H O U G H T

Compound A contains 1.333 g of oxygen per gram of carbon, whereas com-
pound B contains 2.666 g of oxygen per gram of carbon. 
a. What chemical law do these data illustrate? 
b. If compound A has an equal number of oxygen and carbon atoms, what can

we conclude about the composition of compound B?

2.2 | THE DISCOVERY OF ATOMIC STRUCTURE
Dalton based his conclusions about atoms on chemical observations made in the labora-
tory. Neither he nor those who followed him during the century after his work was pub-
lished had any direct evidence for the existence of atoms. Today, however, we can measure
the properties of individual atoms and even provide images of them (� FIGURE 2.2).

As scientists developed methods for probing the nature of matter, the supposedly
indivisible atom began to show signs of a more complex structure, and today we know
that the atom is composed ofsubatomic particles . Before we summarize the current
model, we briefly consider a few of the landmark discoveries that led to that model. We
will see that the atom is composed in part of electrically charged particles, some with a
positive charge and some with a negative charge. As we discuss the development of our
current model of the atom, keep in mind this fact:Particles with the same charge repel
one another, whereas particles with unlike charges attract one another.

Cathode Rays and Electrons
During the mid-1800s, scientists began to study electrical discharge through a glass tube
pumped almost empty of air (� FIGURE 2.3). When a high voltage was applied to the
electrodes in the tube, radiation was produced between the electrodes. This radiation,
calledcathode rays , originated at the negative electrode and traveled to the positive
electrode. Although the rays could not be seen, their presence was detected because they
cause certain materials to fluoresce,or to give off light.

� FIGURE 2.2 An image of the surface
of silicon. The image was obtained by a
technique called scanning tunneling
microscopy.  The color was added to the
image by computer to help distinguish its
features.  Each purple sphere is a silicon
atom.

Cathode
(� )

Anode
(� )

(a) Electrons move from the
 cathode (negative electrode) to
 the anode (positive electrode).
 The tube contains a glass screen
 (set diagonally to the electron
 beam) that fluoresces, showing
 the path of the cathode rays.

(b) The rays are deflected by a
 magnet.

� FIGURE 2.3 Cathode-ray tube.

G O  F I G U R E

How do we know that the cathode rays travel from cathode to anode?
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Anode (+)

Electrically
charged plates

Cathode (…)

Magnet

Evacuated tube

Electron path

Fluorescent
screen

Electron beam undeflected if
electric and magnetic field
strengths exactly balance
each other.

Electric and magnetic fields
deflect the electron beam.

N

S

…

+

� FIGURE 2.4 Cathode-ray tube with 
perpendicular magnetic and electric fields.
The cathode rays (electrons) originate at the 
cathode and are accelerated toward the 
anode, which has a hole in its center. 
A narrow beam of electrons passes through 
the hole and travels to the fluorescent screen. 
The strengths of the electric and magnetic 
fields are adjusted so their effects cancel 
each other allowing the beam to travel a 
straight path.

G O  F I G U R E

If no magnetic field were applied, would you expect the electron beam to 
be deflected upward or downward by the electric field?

*The coulomb (C) is the SI unit for electrical charge.

Experiments showed that cathode rays are deflected by electric or magnetic fields in
a way consistent with their being a stream of negative electrical charge. The British sci-
entist J. J. Thomson (1856…1940) observed that cathode rays are the same regardless of

the identity of the cathode material. In a paper published in
1897, Thomson described cathode rays as streams of neg-

atively charged particles. His paper is generally accepted
as the •discoveryŽ of what became known as the electron.

Thomson constructed a cathode-ray tube having a
hole in the anode through which a beam of electrons passed.

Electrically charged plates and a magnet were positioned
perpendicular to the electron beam, and a fluorescent

screen was located at one end (� FIGURE 2.4). The elec-
tric field deflected the rays in one direction, and the mag-

netic field deflected them in the opposite direction.
Thomson adjusted the strengths of the fields so that the ef-

fects balanced each other, allowing the electrons to travel
in a straight path to the screen. Knowing the strengths

that resulted in the straight path made it possible to
calculate a value of coulombs per gram

for the ratio of the electron•s electrical charge to its mass.*
Once the charge-to-mass ratio of the electron was known, measuring either quan-

tity allowed scientists to calculate the other. In 1909, Robert Millikan (1868…1953) of the
University of Chicago succeeded in measuring the charge of an electron by performing
the experiment described in� FIGURE 2.5. He then calculated the mass of the electron
by using his experimental value for the charge, , and Thomson•s
charge-to-mass ratio, :

Electron mass=
1.602* 10- 19 C

1.76 * 108 C>g
= 9.10 * 10- 28 g

1.76 * 108 C>g
1.602* 10- 19 C

1.76 * 108

Oil drops

(+)

(…)

Source of X rays

Hole in plate

Viewing
microscope

Electrically
charged plates

� FIGURE 2.5 Millikan•s oil-drop
experiment used to measure the charge
of the electron. Small drops of oil were
allowed to fall between electrically charged
plates. The drops picked up extra electrons
as a result of irradiation by X-rays and so
became negatively charged. Millikan
measured how varying the voltage between
the plates affected the rate of fall. From
these data he calculated the negative charge
on the drops. Because the charge on any
drop was always some integral multiple of

, Millikan deduced this value
to be the charge of a single electron.
1.602 * 10- 19 C



SECTION 2.2 The Discovery of Atomic Structure 43

This result agrees well with the currently accepted value for the electron mass,
. This mass is about 2000 times smaller than that of hydrogen, the

lightest atom.

Radioactivity
In 1896 the French scientist Henri Becquerel (1852…1908) discovered that a compound
of uranium spontaneously emits high-energy radiation. This spontaneous emission of
radiation is called radioactivity . At Becquerel•s suggestion, Marie Curie (� FIGURE 2.6)
and her husband, Pierre, began experiments to isolate the radioactive components of
the compound.

Further study of radioactivity, principally by the British scientist Ernest Rutherford
(� FIGURE 2.7), revealed three types of radiation: alpha , beta , and gamma .
The paths of and radiation are bent by an electric field, although in opposite direc-
tions; radiation is unaffected by the field (� FIGURE 2.8).

Rutherford showed that and rays consist of fast-moving particles. In fact,
particles are high-speed electrons and can be considered the radioactive equivalent of

cathode rays. They are attracted to a positively charged plate. The particles have a
positive charge and are attracted to a negative plate. In units of the charge of the elec-
tron, particles have a charge of and particles a charge of . Each particle has
a mass about 7400 times that of an electron. Gamma radiation is high-energy radiation
similar to X-rays; it does not consist of particles and carries no charge.

The Nuclear Model of the Atom
With growing evidence that the atom is composed of smaller particles, attention was
given to how the particles fit together. During the early 1900s, Thomson reasoned that
because electrons contribute only a very small fraction of an atom•s mass they probably
were responsible for an equally small fraction of the atom•s size. He proposed that the
atom consisted of a uniform positive sphere of matter in which the electrons were em-
bedded like raisins in a pudding or seeds in a watermelon (� FIGURE 2.9). This plum-
pudding model,named after a traditional English dessert, was very short-lived.

In 1910, Rutherford was studying the angles at which particles were deflected, or
scattered,as they passed through a thin sheet of gold foil (� FIGURE 2.10). He discov-
ered that almost all the particles passed directly through the foil without deflection, with
a few particles deflected about 1 degree, consistent with Thomson•s plum-pudding
model. For the sake of completeness, Rutherford suggested that Ernest Marsden, an un-
dergraduate student working in the laboratory, look for scattering at large angles. To
everyone•s surprise, a small amount of scattering was observed at large angles, with
some particles scattered back in the direction from which they had come. The explana-
tion for these results was not immediately obvious, but they were clearly inconsistent
with Thomson•s plum-pudding model.

a

a2+a1-b

a
b

ba
g

ba
(g)(b)(a)

9.10938* 10- 28 g

� FIGURE 2.6 Marie Sklodowska Curie
(1867…1934).When Marie Curie presented
her doctoral thesis, it was described as the
greatest single contribution of any doctoral
thesis in the history of science. In 1903 Henri
Becquerel, Maire Curie, and her husband,
Pierre, were jointly awarded the Nobel Prize
in Physics for their pioneering work on
radioactivity (a term she introduced). In 1911
Marie Curie won a second Nobel Prize, this
time in chemistry for her discovery of the
elements polonium and radium.

� FIGURE 2.7 Ernest Rutherford
(1871…1937).In 1895, Rutherford was awarded
a position at Cambridge University in England,
where he worked with J. J. Thomson. In 1898
he moved to McGill University in Montreal,
where he did the research on radioactivity that
led to his 1908 Nobel Prize in Chemistry. In
1907 Rutherford returned to England as a
faculty member at Manchester University,
where in 1910 he performed his famous

scattering experiments. In 1992 his
native New Zealand honored him by putting
his likeness on their $100 currency note.

a-particle

rays are negatively charged(� )

(� )

rays carry no charge
rays are positively charged

Lead block

Radioactive
substance

Electrically
charged plates

Photographic plate

� FIGURE 2.8 Behavior of alpha , beta , and gamma rays in an electric field.(G)(B)(A)

Positive charge
spread throughout
sphere

Negative
electron

� FIGURE 2.9 J. J. Thomson•s plum-
pudding model of the atom. Ernest
Rutherford proved this model wrong.

G O  F I G U R E

Which of the three kinds of radiation shown consists of electrons? 
Why are these rays deflected to a greater extent than the others?
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Rutherford explained the results by postulating the nuclear model of the atom, a
model in which most of the mass of each gold atom and all of its positive charge reside
in a very small, extremely dense region that he called the nucleus . He postulated further
that most of the volume of an atom is empty space in which electrons move around the
nucleus. In the experiment, most of the particles passed through the foil
unscattered because they did not encounter the minute nucleus of any gold atom. Occa-
sionally, however, an particle came close to a gold nucleus. The repulsion between the
highly positive charge of the gold nucleus and the positive charge of the particle was
then strong enough to deflect the particle, as shown in Figure 2.10.

Subsequent experiments led to the discovery of positive particles (protons) and
neutral particles (neutrons) in the nucleus. Protons were discovered in 1919 by Ruther-
ford and neutrons in 1932 by British scientist James Chadwick (1891…1972). Thus, the
atom is composed of electrons, protons, and neutrons.

G I V E  I T  S O M E  T H O U G H T

What happens to most of the particles that strike the gold foil in Rutherford•s
experiment? Why do they behave that way?

2.3 | THE MODERN VIEW OF 
ATOMIC STRUCTURE

Since Rutherford•s time, as physicists have learned more and more about atomic nuclei,
the list of particles that make up nuclei has grown and continues to increase. As
chemists, however, we can take a simple view of the atom because only three subatomic
particles„the proton , neutron , and electron „have a bearing on chemical behavior.

As noted earlier, the charge of an electron is . That of a proton is
equal in magnitude, . The quantity is called the1.602* 10- 19 C10- 19 C+1.602 *

- 1.602* 10- 19 C

a

a
a

a-scattering

Experiment Interpretation

Source of
a particles

Circular
fluorescent
screen

Beam of a particles

Incoming
a particles

Nucleus

Gold foil

A few a particles are
scattered because of
repulsion by tiny
positive nucleusMosta particles

undergo no scattering
because most of
atom is empty

� FIGURE 2.10 Rutherford•s 
-scattering experiment. When particles 

pass through a gold foil, most pass through 
undeflected but some are scattered, a few at
very large angles. According to the plum-
pudding model of the atom, the particles 
should experience only very minor 
deflections. The nuclear model of the atom 
explains why a few a particles are deflected 
at large angles. For clarity, the nuclear atom 
is shown here as a colored sphere, but 
most of the space around the nucleus is 
empty except for the tiny electrons 
moving around.

aA

G O  F I G U R E

What is the charge on the particles that form the beam?
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electronic charge . For convenience, the charges of atomic and subatomic particles are
usually expressed as multiples of this charge rather than in coulombs. Thus, the charge
of the electron is and that of the proton is . Neutrons are electrically neutral
(which is how they received their name).Every atom has an equal number of electrons
and protons, so atoms have no net electrical charge.

Protons and neutrons reside in the tiny nucleus of the atom. The vast majority of an
atom•s volume is the space in which the electrons reside (� FIGURE 2.11). The elec-
trons are attracted to the protons in the nucleus by the electrostatic force that exists be-
tween particles of opposite electrical charge. In later chapters we will see that the
strength of the attractive forces between electrons and nuclei can be used to explain
many of the differences among different elements.

G I V E  I T  S O M E  T H O U G H T

a. If an atom has 15 protons, how many electrons does it have? 
b. Where do the protons reside in an atom?

Atoms have extremely small masses. The mass of the heaviest known atom, for
example, is approximately . Because it would be cumbersome to express
such small masses in grams, we use the atomic mass unit (amu),* where 

. A proton has a mass of 1.0073 amu, a neutron 1.0087 amu, and an
electron (� TABLE 2.1). Because it takes 1836 electrons to equal the
mass of one proton or one neutron, the nucleus contains most of the mass of an atom.

Most atoms have diameters between and . A convenient
non…SI unit of length used for atomic dimensions is the angstrom ( ), where 
1 . Thus, atoms have diameters of approximately . The diame-
ter of a chlorine atom, for example, is 200 pm, or .

SAMPLE EXERCISE 2.1 Atomic Size

The diameter of a US dime is 17.9 mm, and the diameter of a silver atom is . How many
silver atoms could be arranged side by side across the diameter of a dime?

SOLUTION
The unknown is the number of silver (Ag) atoms. Using the relationship 
as a conversion factor relating number of atoms and distance, we start with the diameter of the
dime, first converting this distance into angstroms and then using the diameter of the Ag atom
to convert distance to number of Ag atoms:

That is, 62.2 million silver atoms could sit side by side across a dime!

PRACTICE EXERCISE
The diameter of a carbon atom is .(a) Express this diameter in picometers.(b) How
many carbon atoms could be aligned side by side across the width of a pencil line that is
0.20 mm wide?
Answers: (a) 154 pm,(b)

The diameter of an atomic nucleus is approximately , only a small fraction of
the diameter of the atom as a whole.You can appreciate the relative sizes of the atom and
its nucleus by imagining that if the hydrogen atom were as large as a football stadium,

10- 4 Å

1.3 * 106 C atoms

1.54 Å

Ag atoms= (17.9 mm)¢
10- 3 m
1 mm

� ¢
1 Å

10- 10 m
� ¢

1 Ag atom

2.88 Å
� = 6.22 * 107Ag atoms

1 Ag atom= 2.88 Å

2.88 Å

2.0 Å
1- 5 ÅÅ = 1 * 10- 10 m

Å
5 * 10- 10 m1 * 10- 10 m

5.486* 10- 4 amu
1.66054* 10- 24 g

1 amu =
4 * 10- 22 g

1+1-

Nucleus
containing
protons and
neutrons

Volume occupied
by electrons

~10� 4 Å

1…5 Å

� FIGURE 2.11 The structure of the
atom. A cloud of rapidly moving electrons
occupies most of the volume of the atom.
The nucleus occupies a tiny region at the
center of the atom and is composed of the
protons and neutrons. The nucleus contains
virtually all the mass of the atom.

TABLE 2.1 € Comparison of the Proton, Neutron, and Electron

Particle Charge Mass (amu)

Proton Positive (1+) 1.0073
Neutron None (neutral) 1.0087
Electron Negative (1- ) 5.486* 10- 4

*The SI abbreviation for the atomic mass unit is u. We will use the more common abbreviation amu.
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the nucleus would be the size of a small marble. Because the tiny nucleus carries most of
the mass of the atom in such a small volume, it has an incredibly high density„on the
order of . A matchbox full of material of such density would weigh
over 2.5 billion tons!

An illustration of the atom that incorporates the features we have just discussed is
shown in Figure 2.11. The electrons play the major role in chemical reactions. The sig-
nificance of representing the region containing the electrons as an indistinct cloud will
become clear in later chapters when we consider the energies and spatial arrangements
of the electrons.

Atomic Numbers, Mass Numbers, and Isotopes
What makes an atom of one element different from an atom of another element is that
the atoms of each element have a characteristic number of protons.Indeed, the number of
protons in an atom of any particular element is called that element•s atomic number .
Because an atom has no net electrical charge, the number of electrons it contains must
equal the number of protons. All atoms of carbon, for example, have six protons and six
electrons, whereas all atoms of oxygen have eight protons and eight electrons. Thus, car-
bon has atomic number 6, and oxygen has atomic number 8. The atomic number of
each element is listed with the name and symbol of the element on the inside front cover
of the text.

Atoms of a given element can differ in the number of neutrons they contain and,
consequently, in mass. For example, most atoms of carbon have six neutrons, although
some have more and some have less. The symbol (read •carbon twelve,Ž carbon-12)
represents the carbon atom containing six protons and six neutrons. The atomic num-
ber is shown by the subscript; the superscript, called the mass number , is the number
of protons plus neutrons in the atom:

Because all atoms of a given element have the same atomic number, the subscript is
redundant and is often omitted. Thus, the symbol for carbon-12 can be represented
simply as 12C. As one more example of this notation, carbon atoms that contain six
protons and eight neutrons have mass number 14, are represented as or 14C, and are
referred to as carbon-14.

14
6C

Mass number (number of
protons plus neutrons)

Symbol of elementC12
6

Atomic number (number
of protons or electrons)

12
6C

1013…1014 g>cm3

between their centers, and k is a constant determined by the units for
Q andd. A negative value for the force indicates attraction, whereas a
positive value indicates repulsion.

All nuclei except those of hydrogen atoms contain two or more
protons. Because like charges repel, electrical repulsion would cause
the protons to fly apart if the strong nuclear forcedid not keep them
together. This force acts between subatomic particles, as in the nu-
cleus. At this distance, the attractive strong nuclear force is stronger
than the positive…positive repulsive electric force and holds the nu-
cleus together.

The weak nuclear forceis weaker than the electric force but
stronger than the gravitational force. We are aware of its existence
only because it shows itself in certain types of radioactivity.

RELATED EXERCISE:2.88

BASIC FORCES

Four basic forces are known in nature: (1) gravitational,
(2) electromagnetic, (3) strong nuclear, and (4) weak

nuclear.Gravitational forcesare attractive forces that
act between all objects in proportion to their

masses. Gravitational forces between atoms or
between subatomic particles are so small that they are of no chemical
significance.

Electromagnetic forcesare attractive or repulsive forces that act
between either electrically charged or magnetic objects. Electric
forces are important in understanding the chemical behavior of
atoms. The magnitude of the electric force between two charged par-
ticles is given by Coulomb•s law: , where Q1 andQ2 are
the magnitudes of the charges on the two particles,d is the distance

F = kQ1Q2>d2

A CLOSER LOOK
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Atoms with identical atomic numbers but different mass numbers (that is, same
number of protons but different numbers of neutrons) are called isotopes of one
another. Several isotopes of carbon are listed in � TABLE 2.2. We will generally use the
notation with superscripts only when referring to a particular isotope of an element.

SAMPLE EXERCISE 2.2 Determining the Number of Subatomic Particles
in Atoms

How many protons, neutrons, and electrons are in (a) an atom of ,(b) an atom of
strontium-90?

SOLUTION
(a) The superscript 197 is the mass number ( ). According to the list of
elements given on the inside front cover, gold has atomic number 79. Consequently, an atom
of has 79 protons, 79 electrons, and neutrons.(b) The atomic number
of strontium (listed on inside front cover) is 38. Thus, all atoms of this element have 38 pro-
tons and 38 electrons. The strontium-90 isotope has neutrons.

PRACTICE EXERCISE
How many protons, neutrons, and electrons are in (a) a 138Ba atom,(b) an atom of
phosphorus-31?
Answer: (a) 56 protons, 56 electrons, and 82 neutrons,(b) 15 protons, 15 electrons, and
16 neutrons

SAMPLE EXERCISE 2.3 Writing Symbols for Atoms

Magnesium has three isotopes with mass numbers 24, 25, and 26.(a) Write the complete
chemical symbol (superscript and subscript) for each.(b) How many neutrons are in an atom
of each isotope?

SOLUTION
(a) Magnesium has atomic number 12, so all atoms of magnesium contain 12 protons and
12 electrons. The three isotopes are therefore represented by , , and .(b) The
number of neutrons in each isotope is the mass number minus the number of protons.
The numbers of neutrons in an atom of each isotope are therefore 12, 13, and 14, respectively.

PRACTICE EXERCISE
Give the complete chemical symbol for the atom that contains 82 protons, 82 electrons, and
126 neutrons.
Answer: 208

82Pb

26
12Mg25

12Mg24
12Mg

90 - 38 = 52

197 - 79 = 118197Au

protons + neutrons

197Au

TABLE 2.2 € Some Isotopes of Carbon *

Symbol Number of Protons Number of Electrons Number of Neutrons

11C 6 6 5
12C 6 6 6
13C 6 6 7
14C 6 6 8

*Almost 99% of the carbon found in nature is 12C.

2.4 | ATOMIC WEIGHTS
Atoms are small pieces of matter, so they have mass. In this section we discuss the mass
scale used for atoms and introduce the concept ofatomic weights.

The Atomic Mass Scale
Scientists of the nineteenth century were aware that atoms of different elements have dif-
ferent masses. They found, for example, that each 100.0 g of water contains 11.1 g of hy-
drogen and 88.9 g of oxygen. Thus, water contains times as much oxygen,88.9>11.1 = 8
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by mass, as hydrogen. Once scientists understood that water contains two hydrogen
atoms for each oxygen atom, they concluded that an oxygen atom must have 
times as much mass as a hydrogen atom. Hydrogen, the lightest atom, was arbitrarily
assigned a relative mass of 1 (no units). Atomic masses of other elements were at first
determined relative to this value. Thus, oxygen was assigned an atomic mass of 16.

Today we can determine the masses of individual atoms with a high degree of accu-
racy. For example, we know that the 1H atom has a mass of and the
16O atom has a mass of . As we noted in Section 2.3, it is convenient to
use the atomic mass unit(amu) when dealing with these extremely small masses:

The atomic mass unit is presently defined by assigning a mass of exactly 12 amu to an
atom of the 12C isotope of carbon. In these units, an 1H atom has a mass of 1.0078 amu
and an 16O atom has a mass of 15.9949 amu.

Atomic Weight
Most elements occur in nature as mixtures of isotopes. We can determine the average
atomic massof an element, usually called the element•s atomic weight , by using the
masses of its isotopes and their relative abundances:

[2.1]

Naturally occurring carbon, for example, is composed of 12C and 13C.
The masses of these isotopes are 12 amu (exactly) and 13.00335 amu, respectively, mak-
ing the atomic weight of carbon

The atomic weights of the elements are listed in both the periodic table and the table of
elements inside the front cover of this text.

G I V E  I T  S O M E  T H O U G H T

A particular atom of chromium has a mass of 52.94 amu, whereas the atomic
weight of chromium is 51.99 amu. Explain the difference in the two masses.

SAMPLE EXERCISE 2.4 Calculating the Atomic Weight of an Element
from Isotopic Abundances

Naturally occurring chlorine is 35Cl (atomic mass 34.969 amu) and 37Cl
(atomic mass 36.966 amu). Calculate the atomic weight of chlorine.

SOLUTION
We can calculate the atomic weight by multiplying the abundance of each isotope by its atomic
mass and summing these products. Because and , we have

This answer makes sense: The atomic weight, which is actually the average atomic mass, is
between the masses of the two isotopes and is closer to the value of35Cl, the more abundant
isotope.

PRACTICE EXERCISE
Three isotopes of silicon occur in nature:28Si ( ), atomic mass 27.97693 amu;29Si
( ), atomic mass 28.97649 amu; and 30Si ( ), atomic mass 29.97377 amu. Calculate
the atomic weight of silicon.
Answer: 28.09 amu

3.09%4.68%
92.23%

= 35.45 amu
= 26.50 amu+ 8.953 amu

 Atomic weight= (0.7578)(34.969 amu)+ (0.2422)(36.966 amu)

24.22%= 0.242275.78%= 0.7578

24.22%75.78%

(0.9893)(12 amu)+ (0.0107)(13.00335 amu)= 12.01 amu

1.07%98.93%

over all isotopes of the element

Atomic weight= a [(isotope mass)* (fractional isotope abundance)] 

1 amu = 1.66054* 10- 24 g and 1 g= 6.02214* 1023 amu

2.6560* 10- 23 g
1.6735* 10- 24 g

2 * 8 = 16
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2.5 | THE PERIODIC TABLE
As the list of known elements expanded during the early 1800s, attempts were made to
find patterns in chemical behavior. These efforts culminated in the development of the
periodic table in 1869. We will have much to say about the periodic table in later chap-
ters, but it is so important and useful that you should become acquainted with it now.
You will quickly learn that the periodic table is the most significant tool that chemists use
for organizing and remembering chemical facts.

Many elements show strong similarities to one another. The elements lithium (Li),
sodium (Na), and potassium (K) are all soft, very reactive metals, for example. The ele-
ments helium (He), neon (Ne), and argon (Ar) are all very nonreactive gases. If the ele-
ments are arranged in order of increasing atomic number, their chemical and physical
properties show a repeating, or periodic,pattern. For example, each of the soft, reactive
metals„lithium, sodium, and potassium„comes immediately after one of the non-
reactive gases„helium, neon, and argon„as shown in � FIGURE 2.14.

A graph of the intensity of the detector signal versus particle
atomic mass is called a mass spectrum(� FIGURE 2.13). Analysis
of a mass spectrum gives both the masses of the charged particles
reaching the detector and their relative abundances, which are ob-
tained from the signal intensities. Knowing the atomic mass and the
abundance of each isotope allows us to calculate the atomic weight of
an element, as shown in Sample Exercise 2.4.

Mass spectrometers are used extensively today to identify chem-
ical compounds and analyze mixtures of substances. Any molecule
that loses electrons can fall apart, forming an array of positively
charged fragments. The mass spectrometer measures the masses of
these fragments, producing a chemical •fingerprintŽ of the molecule
and providing clues about how the atoms were connected in the orig-
inal molecule. Thus, a chemist might use this technique to determine
the molecular structure of a newly synthesized compound or to iden-
tify a pollutant in the environment.

RELATED EXERCISES:2.33, 2.34, 2.35(b), 2.36, 2.92, and 2.93

THE MASS SPECTROMETER

The most accurate means for determining atomic
weights is provided by the mass spectrometer

(� FIGURE 2.12). A gaseous sample is introduced
at A and bombarded by a stream of high-energy

electrons at B. Collisions between the electrons
and the atoms or molecules of the gas produce positively charged
particles that are then accelerated toward a negatively charged grid
(C). After the particles pass through the grid, they encounter two slits
that allow only a narrow beam of particles to pass. This beam then
passes between the poles of a magnet, which deflects the particles
into a curved path. For particles with the same charge, the extent of
deflection depends on mass„the more massive the particle, the less
the deflection. The particles are thereby separated according to their
masses. By changing the strength of the magnetic field or the acceler-
ating voltage on the grid, charged particles of various masses can be
selected to enter the detector.

A CLOSER LOOK
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� FIGURE 2.12 A mass spectrometer. Cl atoms are introduced
at A and are ionized to form ions, which are then directed
through a magnetic field. The paths of the ions of the two Cl
isotopes diverge as they pass through the field.
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� FIGURE 2.13 Mass spectrum of atomic chlorine. The
fractional abundances of the isotopes 35Cl and 37Cl are indicated by
the relative signal intensities of the beams reaching the detector of
the mass spectrometer.
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The arrangement of elements in order of increasing atomic number, with elements
having similar properties placed in vertical columns, is known as the periodic table
(� FIGURE 2.15). The table shows the atomic number and atomic symbol for each ele-
ment, and the atomic weight is often given as well, as in this typical entry for potassium:

You may notice slight variations in periodic tables from one book to another or between
those in the lecture hall and in the text. These are simply matters of style, or they might
concern the particular information included. There are no fundamental differences.
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39.0983

atomic number
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� FIGURE 2.15 Periodic table of the elements.
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H

Atomic
number

Symbol

Nonreactive gas Nonreactive gas Nonreactive gas

2

He

10

Ne

3

Li

4

Be

9

F

11

Na

12

Mg

18

Ar

17

Cl

19

K

20

Ca

Soft,
reactive
metal

Soft,
reactive
metal

Soft,
reactive
metal

� FIGURE 2.14 Arranging elements 
by atomic number reveals a periodic 
pattern of properties. This pattern is the 
basis of the periodic table.

G O  F I G U R E

If F is a reactive nonmetal, which other element or elements shown here do 
you expect to also be a reactive nonmetal?
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The horizontal rows of the periodic table are called periods . The first period con-
sists of only two elements, hydrogen (H) and helium (He). The second and third periods
consist of eight elements each. The fourth and fifth periods contain 18 elements. The
sixth period has 32 elements, but for it to fit on a page, 14 of these elements (atomic
numbers 57…70) appear at the bottom of the table. The seventh period is incomplete,
but it also has 14 of its members placed in a row at the bottom of the table.

The vertical columns are groups . The way in which the groups are labeled is some-
what arbitrary. Three labeling schemes are in common use, two of which are shown in
Figure 2.15. The top set of labels, which have A and B designations, is widely used in
North America. Roman numerals, rather than Arabic ones, are often employed in this
scheme. Group 7A, for example, is often labeled VIIA. Europeans use a similar conven-
tion that numbers the columns from 1A through 8A and then from 1B through 8B,
thereby giving the label 7B (or VIIB) instead of 7A to the group headed by fluorine (F).
In an effort to eliminate this confusion, the International Union of Pure and Applied
Chemistry (IUPAC) has proposed a convention that numbers the groups from 1 through
18 with no A or B designations, as shown in Figure 2.15. We will use the traditional North
American convention with Arabic numerals and the letters A and B.

Elements in a group often exhibit similarities in physical and chemical properties.
For example, the •coinage metalsŽ„copper (Cu), silver (Ag), and gold (Au)„belong to
group 1B. These elements are less reactive than most metals, which is why they are used
throughout the world to make coins. Many other groups in the periodic table also have
names, listed in � TABLE 2.3.

We will learn in Chapters 6 and 7 that elements in a group have similar properties
because they have the same arrangement of electrons at the periphery of their atoms.
However, we need not wait until then to make good use of the periodic table; after all,
chemists who knew nothing about electrons developed the table! We can use the table,
as they intended, to correlate behaviors of elements and to help us remember many
facts. The color code of Figure 2.15 shows that, except for hydrogen, all the elements on
the left and in the middle of the table are metallic elements , or metals . All the metallic
elements share characteristic properties, such as luster and high electrical and heat con-
ductivity, and all of them except mercury (Hg) are solid at room temperature. The met-
als are separated from the nonmetallic elements , or nonmetals , by a stepped line that
runs from boron (B) to astatine (At). (Note that hydrogen, although on the left side of
the table, is a nonmetal.) At room temperature some of the nonmetals are gaseous, some
are solid, and one is liquid. Nonmetals generally differ from the metals in appearance
(� FIGURE 2.16) and in other physical properties. Many of the elements that lie along
the line that separates metals from nonmetals have properties that fall between those of
metals and those of nonmetals. These elements are often referred to as metalloids .

G I V E  I T  S O M E  T H O U G H T

Chlorine is a halogen (Table 2.3). Locate this element in the periodic table. 
a. What is its symbol? 
b. In which period and in which group is the element located? 
c. What is its atomic number? 
d. Is it a metal or nonmetal?

TABLE 2.3 € Names of Some Groups in the Periodic Table

Group Name Elements

1A Alkali metals Li, Na, K, Rb, Cs, Fr
2A Alkaline earth metals Be, Mg, Ca, Sr, Ba, Ra
6A Chalcogens O, S, Se, Te, Po
7A Halogens F, Cl, Br, I, At
8A Noble gases (or rare gases) He, Ne, Ar, Kr, Xe, Rn

Cu AlFe

Pb AuAg

Br C

PS

� FIGURE 2.16 Examples of metals
(top) and nonmetals (bottom).
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SAMPLE EXERCISE 2.5 Using the Periodic Table

Which two of these elements would you expect to show the greatest similarity in chemical and
physical properties: B, Ca, F, He, Mg, P?

SOLUTION
Elements in the same group of the periodic table are most likely to exhibit similar properties.
We therefore expect Ca and Mg to be most alike because they are in the same group (2A, the
alkaline earth metals).

PRACTICE EXERCISE
Locate Na (sodium) and Br (bromine) in the periodic table. Give the atomic number of each
and classify each as metal, metalloid, or nonmetal.
Answer: Na, atomic number 11, is a metal; Br, atomic number 35, is a nonmetal.

2.6 | MOLECULES AND MOLECULAR
COMPOUNDS

Even though the atom is the smallest representative sample of an element, only the
noble-gas elements are normally found in nature as isolated atoms. Most matter is com-
posed of molecules or ions. We examine molecules here and ions in Section 2.7.

Molecules and Chemical Formulas
Several elements are found in nature in molecular form„two or more of the same type
of atom bound together. For example, most of the oxygen in air consists of molecules
that contain two oxygen atoms. As we saw in Section 1.2, we represent this molecular

after a living person, the IUPAC officially adopted the name in 1997.
Seaborg became the first person to have an element named after him
while he was alive.

RELATED EXERCISE:2.95

GLENN SEABORG AND SEABORGIUM

Prior to 1940 the periodic table ended at uranium, ele-
ment number 92. Since that time, no scientist has had

a greater effect on the periodic table than Glenn
Seaborg (� FIGURE 2.17). In 1940 Seaborg,

Edwin McMillan, and coworkers at the Univer-
sity of California, Berkeley, succeeded in isolating plutonium (Pu) as a
product of the reaction between uranium and neutrons. We will talk
about reactions of this type, called nuclear reactions,in Chapter 21.

Between 1944 and 1958, Seaborg and his coworkers also identi-
fied various products of nuclear reactions as being the elements
having atomic numbers 95 through 102. All these elements are ra-
dioactive and are not found in nature; they can be synthesized only
via nuclear reactions. For their efforts in identifying the elements be-
yond uranium (the transuraniumelements), McMillan and Seaborg
shared the 1951 Nobel Prize in Chemistry.

From 1961 to 1971, Seaborg served as the chairman of the US
Atomic Energy Commission (now the Department of Energy). In
this position he had an important role in establishing international
treaties to limit the testing of nuclear weapons. Upon his return to
Berkeley, he was part of the team that in 1974 first identified element
number 106. In 1994, to honor Seaborg•s many contributions to the
discovery of new elements, the American Chemical Society proposed
that element number 106 be named seaborgium (Sg). After several
years of controversy about whether an element should be named

A CLOSER LOOK
� FIGURE 2.17 Glenn
Seaborg (1912…1999).
Seaborg at Berkeley in
1941 measuring radiation
produced by plutonium.
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oxygen by the chemical formula O2 (read •oh twoŽ). The subscript tells us that two
oxygen atoms are present in each molecule. A molecule made up of two atoms is called
adiatomic molecule .

Oxygen also exists in another molecular form known as ozone. Molecules of ozone
consist of three oxygen atoms, making the chemical formula O3. Even though •normalŽ
oxygen (O2) and ozone (O3) are both composed only of oxygen atoms, they exhibit very
different chemical and physical properties. For example, O2 is essential for life, but O3 is
toxic; O2 is odorless, whereas O3 has a sharp, pungent smell.

The elements that normally occur as diatomic molecules are hydrogen, oxygen,
nitrogen, and the halogens (H2, O2, N2, F2, Cl2, Br2, and I2). Except for hydrogen, these
diatomic elements are clustered on the right side of the periodic table.

Compounds composed of molecules contain more than one type of atom and are
calledmolecular compounds . A molecule of the compound methane, for example,
consists of one carbon atom and four hydrogen atoms and is therefore represented by
the chemical formula CH4. Lack of a subscript on the C indicates one atom of C per
methane molecule. Several common molecules of both elements and compounds are
shown in � FIGURE 2.18. Notice how the composition of each substance is given by its
chemical formula. Notice also that these substances are composed only of nonmetallic
elements.Most molecular substances we will encounter contain only nonmetals.

Molecular and Empirical Formulas
Chemical formulas that indicate the actual numbers of atoms in a molecule are called
molecular formulas . (The formulas in Figure 2.18 are molecular formulas.) Chemical
formulas that give only the relative number of atoms of each type in a molecule are
calledempirical formulas . The subscripts in an empirical formula are always the small-
est possible whole-number ratios. The molecular formula for hydrogen peroxide is
H2O2, for example, whereas its empirical formula is HO. The molecular formula for
ethylene is C2H4, and its empirical formula is CH2. For many substances, the molecular
formula and the empirical formula are identical, as in the case of water, H2O.

Whenever we know the molecular formula of a compound, we can determine its
empirical formula. The converse is not true, however. If we know the empirical formula
of a substance, we cannot determine its molecular formula unless we have more infor-
mation. So why do chemists bother with empirical formulas? As we will see in Chapter
3, certain common methods of analyzing substances lead to the empirical formula only.
Once the empirical formula is known, additional experiments can give the information
needed to convert the empirical formula to the molecular one. In addition, there are
substances that do not exist as isolated molecules. For these substances, we must rely on
empirical formulas.

SAMPLE EXERCISE 2.6 Relating Empirical and Molecular Formulas

Write the empirical formulas for (a) glucose, a substance also known as either blood sugar or
dextrose, molecular formula C6H12O6; (b) nitrous oxide, a substance used as an anesthetic and
commonly called laughing gas, molecular formula N2O.

SOLUTION
(a)The subscripts of an empirical formula are the smallest whole-number ratios. The smallest
ratios are obtained by dividing each subscript by the largest common factor, in this case 6. The
resultant empirical formula for glucose is CH2O.
(b) Because the subscripts in N2O are already the lowest integral numbers, the empirical
formula for nitrous oxide is the same as its molecular formula, N2O.

PRACTICE EXERCISE
Give the empirical formula for diborane,whose molecular formula is B2H6.
Answer: BH3

Water, H2O

Carbon
dioxide, CO2

Carbon
monoxide, CO

Methane, CH4

Hydrogen, H 2 Oxygen, O2

Hydrogen
peroxide, H 2O2

Ethylene, C2H4

� FIGURE 2.18 Molecular models.
Notice how the chemical formulas of these
simple molecules correspond to their
compositions.
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Picturing Molecules
The molecular formula of a substance summarizes the composition of the substance but
does not show how the atoms are joined together in the molecule. A structural formula
shows which atoms are attached to which, as in the following examples:

The atoms are represented by their chemical symbols, and lines are used to represent the
bonds that hold the atoms together.

A structural formula usually does not depict the actual geometry of the molecule,
that is, the actual angles at which atoms are joined together. A structural formula can be
written as a perspective drawing(� FIGURE 2.19), however, to give some sense of three-
dimensional shape.

Scientists also rely on various models to help visualize molecules.Ball-and-stick
modelsshow atoms as spheres and bonds as sticks. This type of model has the advantage
of accurately representing the angles at which the atoms are attached to one another in
the molecule (Figure 2.19). Sometimes the chemical symbols of the elements are super-
imposed on the balls, but often the atoms are identified simply by color.

A space-filling modeldepicts what the molecule would look like if the atoms were
scaled up in size (Figure 2.19). These models show the relative sizes of the atoms, but the
angles between atoms, which help define their molecular geometry, are often more diffi-
cult to see than in ball-and-stick models. As in ball-and-stick models, the identities of
the atoms are indicated by color, but they may also be labeled with the element•s symbol.

G I V E  I T  S O M E  T H O U G H T

The structural formula for ethane is

a. What is the molecular formula for ethane? 
b. What is its empirical formula? 
c. Which kind of molecular model would most clearly show 

the angles between atoms?

2.7 | IONS AND IONIC COMPOUNDS
The nucleus of an atom is unchanged by chemical processes, but some atoms can read-
ily gain or lose electrons. If electrons are removed from or added to an atom, a charged
particle called an ion is formed. An ion with a positive charge is a cation (pronounced
CAT-ion); a negatively charged ion is an anion (AN-ion).

To see how ions form, consider the sodium atom, which has 11 protons and 11 elec-
trons. This atom easily loses one electron. The resulting cation has 11 protons and 10
electrons, which means it has a net charge of .

Na atom Na�  ion

11e�

10e�
11p�

11p�

Loses an
electron

1+

C CH

H

H

H

H

H

Hydrogen peroxideWater Methane

H H
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O C HH
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of page
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bond out 
of page
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H
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H
C

H
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CH 4

HH C

� FIGURE 2.19 Different
representations of the methane (CH 4)
molecule. Structural formulas, perspective
drawings, ball-and-stick models, and space-
filling models correspond to the molecular
formula, and each helps us visualize the
ways atoms are attached to each other.

G O  F I G U R E

What advantage does a ball-and-
stick model have over a space-
filling model?
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The net charge on an ion is represented by a superscript. The superscripts ,
and , for instance, mean a net charge resulting from the lossof one, two, and three
electrons, respectively. The superscripts , and represent net charges resulting
from the gainof one, two, and three electrons, respectively. Chlorine, with 17 protons
and 17 electrons, for example, can gain an electron in chemical reactions, producing the

ion:

In general, metal atoms tend to lose electrons to form cations and nonmetal atoms tend to
gain electrons to form anions. Thus, ionic compounds tend to be composed of metals bonded
with nonmetals, as in NaCl.

SAMPLE EXERCISE 2.7 Writing Chemical Symbols for Ions

Give the chemical symbol, including superscript indicating mass number, for (a) the ion with
22 protons, 26 neutrons, and 19 electrons;(b) the ion of sulfur that has 16 neutrons and
18 electrons.

SOLUTION
(a) The number of protons is the atomic number of the element. A periodic table or list of
elements tells us that the element with atomic number 22 is titanium (Ti). The mass number
(protons plus neutrons) of this isotope of titanium is . Because the ion has three
more protons than electrons, it has a net charge of : .

(b) The periodic table tells us that sulfur (S) has an atomic number of 16. Thus, each atom or
ion of sulfur contains 16 protons. We are told that the ion also has 16 neutrons, meaning the
mass number is . Because the ion has 16 protons and 18 electrons, its net charge
is and the ion symbol is .

In general, we will focus on the net charges of ions and ignore their mass numbers unless
the circumstances dictate that we specify a certain isotope.

PRACTICE EXERCISE
How many protons, neutrons, and electrons does the ion possess?

Answer: 34 protons, 45 neutrons, and 36 electrons

In addition to simple ions such as and , there are polyatomic ions , such as
(ammonium ion) and (sulfate ion). These latter ions consist of atoms

joined as in a molecule, but they have a net positive or negative charge. We consider
polyatomic ions in Section 2.8.

It is important to realize that the chemical properties of ions are very different from
the chemical properties of the atoms from which the ions are derived. Although a given
atom and its ion may be essentially the same (plus or minus a few electrons), the behav-
ior of the ion is very different from that of its associated atom.

Predicting Ionic Charges
Many atoms gain or lose electrons to end up with the same number of electrons as the
noble gas closest to them in the periodic table. Noble-gas elements are chemically non-
reactive and form very few compounds. We might deduce that this is because their elec-
tron arrangements are very stable. Nearby elements can obtain these same stable
arrangements by losing or gaining electrons. For example, the loss of one electron from
an atom of sodium leaves it with the same number of electrons as in a neon atom (10).
Similarly, when chlorine gains an electron, it ends up with 18, the same number of elec-
trons as in argon. We will use this simple observation to explain the formation of ions
until Chapter 8, where we discuss chemical bonding.

SO4
2-NH4

+
Cl-Na+

79Se2-

32S2-2-
16 + 16 = 32

48Ti3+3+
22 + 26 = 48

Cl atom Cl� ion

17e�

Gains an
electron

17p� 17p� 18e�

Cl-

3-- , 2-
3+

+, 2+
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SAMPLE EXERCISE 2.8 Predicting Ionic Charge

Predict the charge expected for the most stable ion of barium and the most stable ion 
of oxygen.

SOLUTION
We will assume that these elements form ions that have the same number of electrons as the
nearest noble-gas atom. From the periodic table, we see that barium has atomic number 56.
The nearest noble gas is xenon, atomic number 54. Barium can attain a stable arrangement of
54 electrons by losing two electrons, forming the cation.

Oxygen has atomic number 8. The nearest noble gas is neon, atomic number 10. Oxygen
can attain this stable electron arrangement by gaining two electrons, forming the anion.

PRACTICE EXERCISE
Predict the charge expected for the most stable ion of(a) aluminum and (b) fluorine.

Answer: (a) , (b)

The periodic table is very useful for remembering ionic charges, especially those of
elements on the left and right sides of the table. As � FIGURE 2.20 shows, the charges of
these ions relate in a simple way to their positions in the table: The group 1A elements
(alkali metals) form ions, the group 2A elements (alkaline earths) form ions, the
group 7A elements (halogens) form ions, and the group 6A elements form ions.
(Many of the other groups do not lend themselves to such simple rules.)

Ionic Compounds
A great deal of chemical activity involves the transfer of electrons from one substance to
another.� FIGURE 2.21 shows that when elemental sodium is allowed to react with
elemental chlorine, an electron transfers from a sodium atom to a chlorine atom, form-
ing a ion and a ion. Because objects of opposite charge attract, the and the

ions bind together to form the compound sodium chloride (NaCl). Sodium chlo-
ride, which we know better as common table salt, is an example of an ionic compound ,
a compound made up of cations and anions.

We can often tell whether a compound is ionic (consisting of ions) or molecular
(consisting of molecules) from its composition. In general, cations are metal ions and
anions are nonmetal ions. Consequently,ionic compounds are generally combinations of
metals and nonmetals,as in NaCl. In contrast,molecular compounds are generally com-
posed of nonmetals only,as in H2O.

Cl-
Na+Cl-Na+

2-1-
2+1+

1-3+

O2-

Ba2+

H�

Li �

Na� Mg 2�

Cs� Ba2�

Rb� Sr2�

K� Ca2�

1A

2A 3A 4A 5A 6A

7A

H�

8A
N
O
B
L
E

G
A
S
E
S

Al 3�

N3� O2�

S2�

Se2�

Te2�

F�

Cl�

Br�

I�

Transition metals� FIGURE 2.20 Predictable charges 
of some common ions. Notice that the 
red stepped line that divides metals from 
nonmetals also separates cations 
from anions. Hydrogen forms both 
and ions.1-

1+

G O  F I G U R E

The most common ions for silver, zinc, and scandium are , , and 
. Locate the boxes in which you would place these ions in this table. 

Which of these ions have the same number of electrons as a noble-gas 
element?

Sc3+
Zn2+Ag+
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SAMPLE EXERCISE 2.9 Identifying Ionic and Molecular Compounds

Which of these compounds would you expect to be ionic: N2O, Na2O, CaCl2, SF4?

SOLUTION
We predict that Na2O and CaCl2 are ionic compounds because they are composed of a metal
combined with a nonmetal. We predict (correctly) that N2O and SF4 are molecular com-
pounds because they are composed entirely of nonmetals.

PRACTICE EXERCISE
Which of these compounds are molecular: CBr4, FeS, P4O6, PbF2?
Answer: CBr4 and P4O6

The ions in ionic compounds are arranged in three-dimensional structures, as
Figure 2.21(b) shows for NaCl. Because there is no discrete •moleculeŽ of NaCl, we are
able to write only an empirical formula for this substance. This is true for most other
ionic compounds.

We can write the empirical formula for an ionic compound if we know the charges
of the ions. This is true because chemical compounds are always electrically neutral.
Consequently, the ions in an ionic compound always occur in such a ratio that the total
positive charge equals the total negative charge. Thus, there is one to one (giv-
ing NaCl), one to two (giving BaCl2), and so forth.

As you consider these and other examples, you will see that if the charges on the
cation and anion are equal, the subscript on each ion is 1. If the charges are not equal,
the charge on one ion (without its sign) will become the subscript on the other ion. For
example, the ionic compound formed from Mg (which forms ions) and N (which
forms ions) is Mg3N2:

G I V E  I T  S O M E  T H O U G H T

Why don•t we write the formula for the compound formed by and as
Ca2O2?

O2-Ca2+

Mg Mg 3N2
2 � N 3 �

N3-
Mg2+

Cl-Ba2+
Cl-Na+

Cl� ion

17e�

11e�

e�

Na� ion

10e�
11p�

11p�

Loses an
electron

Gains an
electron

17p� 17p�

Cl atom

Na atom

(b) (c)(a)

18e�

� FIGURE 2.21 Formation of an ionic compound. (a) The transfer of an electron from a Na 
atom to a Cl atom leads to the formation of a ion and a ion. (b) Arrangement of these 
ions in solid sodium chloride, NaCl. (c) A sample of sodium chloride crystals.

Cl-Na+
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SAMPLE EXERCISE 2.10 Using Ionic Charge to Write Empirical Formulas
for Ionic Compounds

Write the empirical formula of the compound formed by (a) and ions,(b) and
ions,(c) and ions.

SOLUTION
(a) Three ions are required to balance the charge of one ion, making the formula
AlCl3.
(b) Two ions are required to balance the charge of three ions. That is, the total
positive charge is , and the total negative charge is . The formula is Al2O3.6-6+

O2-Al3+

Al3+Cl-

NO3
-Mg2+O2-

Al3+Cl-Al3+

In addition, 23 more elements have been found in various liv-
ing organisms. Five are ions required by all organisms:

, and . Calcium ions, for example, are necessary for the
formation of bone and transmission of nervous system signals. Many
other elements are needed in only very small quantities and conse-
quently are called traceelements. For example, trace quantities of
copper are required in the diet of humans to aid in the synthesis of
hemoglobin.

RELATED EXERCISE:2.96

Na+Mg2+, K+
Ca2+, Cl- ,

ELEMENTS REQUIRED BY 
LIVING ORGANISMS

The colored regions of� FIGURE 2.22 shows the ele-
ments essential to life. More than of the mass

of most organisms is made up of just six of these
elements„oxygen, carbon, hydrogen, nitrogen,

phosphorus, and sulfur. Water is the most common compound in liv-
ing organisms, accounting for at least of the mass of most cells. In
the solid components of cells, carbon is the most prevalent element by
mass. Carbon atoms are found in a vast variety of organic
molecules, bonded either to other carbon atoms or to
atoms of other elements. All proteins, for example, contain
the group

which occurs repeatedly in the molecules. (R is
either an H atom or a combination of atoms, such
as CH3.)

CN

R

O

70%

97%

CHEMISTRY AND LIFE
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3A 4A 5A 6A 7A

8A
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Cr

Mo
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essential elements

Mn

Tc

B

Al

Ga

In

C

Si

Ge

Sn

N

P

As

Sb

O

S

Se

Te

F

Cl

Br

I

He

Ne

Ar

Kr

Xe

Fe

Ru

Ni

Pd

Cu

Ag

Zn

Cd

Co
10

Rh

8B

5 next most abundant
essential elements

elements needed only
in trace quantities

Notice the structure of the topic you are studying. Pay attention
to trends and rules given to summarize a large body of information.
Notice, for example, how atomic structure helps us understand the
existence of isotopes (as Table 2.2 shows) and how the periodic table
helps us remember ionic charges (as Figure 2.20 shows).

You may surprise yourself by observing patterns that are not ex-
plicitly spelled out yet. Perhaps you have noticed certain trends in
chemical formulas, for instance. Moving across the periodic table
from element 11 (Na), we find that the elements form compounds
with F having the following compositions: NaF, MgF2, and AlF3.
Does this trend continue? Do SiF4, PF5, and SF6 exist? Indeed they
do. If you have noticed trends like this from the scraps of informa-
tion you have seen so far, then you are ahead of the game and have
prepared yourself for some topics we will address in later chapters.

PATTERN RECOGNITION

Someone once said that drinking at the fountain of
knowledge in a chemistry course is like drinking from a

fire hydrant. Indeed, the pace can sometimes seem
brisk. More to the point, however, we can drown in

the facts if we do not see the general patterns. The
value of recognizing patterns and learning rules and generalizations is
that they free us from having to learn (or trying to memorize) many
individual facts. The patterns, rules, and generalizations tie ideas to-
gether so that we do not get lost in the details.

Many students struggle with chemistry because they do not see
how different topics relate to one another so they treat every idea and
problem as being unique instead of as an example or application of a
general rule, procedure, or relationship. You can avoid this pitfall by
remembering the following.

S T R AT E G I E S  I N  C H E M I S T RY

� FIGURE 2.22 Elements essential to life.
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(c) Two ions are needed to balance the charge of one , yielding Mg(NO3)2. Note
that the formula for the polyatomic ion, , must be enclosed in parentheses so that it is
clear that the subscript 2 applies to all the atoms of that ion.

PRACTICE EXERCISE
Write the empirical formula for the compound formed by (a) and , (b)
and ,(c) and .
Answers: (a) Na3PO4, (b) ZnSO4, (c) Fe2(CO3)3

2.8 | NAMING INORGANIC COMPOUNDS
The names and chemical formulas of compounds are essential vocabulary in chemistry.
The system used in naming substances is called chemical nomenclature , from the
Latin words nomen(name) and calare(to call).

There are more than 50 million known chemical substances. Naming them all
would be a hopelessly complicated task if each had a name independent of all others.
Many important substances that have been known for a long time, such as water (H2O)
and ammonia (NH3), do have traditional names (called common names). For most sub-
stances, however, we rely on a set of rules that leads to an informative and unique name
for each substance, a name based on the composition of the substance.

The rules for chemical nomenclature are based on the division of substances into
categories. The major division is between organic and inorganic compounds.Organic
compoundscontain carbon and hydrogen, often in combination with oxygen, nitrogen,
or other elements. All others are inorganic compounds. Early chemists associated organic
compounds with plants and animals and inorganic compounds with the nonliving por-
tion of our world. Although this distinction is no longer pertinent, the classification be-
tween organic and inorganic compounds continues to be useful. In this section we
consider the basic rules for naming three categories of inorganic compounds: ionic
compounds, molecular compounds, and acids.

Names and Formulas of Ionic Compounds
Recall from Section 2.7 that ionic compounds usually consist of metal ions combined with
nonmetal ions. The metals form the cations, and the nonmetals form the anions.

1. Cations

a. Cations formed from metal atoms have the same name as the metal:

CO3
2-Fe3+SO4

2-
Zn2+PO4

3-Na+

NO3
-

Mg2+NO -
3

Na+ sodium ion Zn2+ zinc ion Al3+ aluminum ion

iron(II) ionFe2+ copper(I) ionCu+

iron(III) ionFe3+ copper(II) ionCu2+

b. If a metal can form cations with different charges, the positive charge is indicated by
a Roman numeral in parentheses following the name of the metal:

Ions of the same element that have different charges have different properties,
such as different colors (� FIGURE 2.23).

Most metals that form cations with different charges are transition metals,
elements that occur in the middle of the periodic table, from group 3B to group
2B. The metals that form only one cation (only one possible charge) are those of
group 1A and group 2A, as well as (group 3A) and two transition-metal
ions: (group 1B) and (group 2B). Charges are not expressed when
naming these ions. However, if there is any doubt in your mind whether a metal
forms more than one cation, use a Roman numeral to indicate the charge. It is
never wrong to do so, even though it may be unnecessary.

Zn2+Ag+
Al3+

� FIGURE 2.23 Different ions of the
same element have different properties.
Both substances shown are compounds of
iron. The substance on the left is Fe3O4,
which contains Fe2+ and Fe3+ ions. The
substance on the right is Fe2O3, which
contains Fe3+ ions.
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An older method still widely used for distinguishing between differently
charged ions of a metal uses the endings -ousand -ic added to the root of the
element•s Latin name:

ferrousionFe2+ cuprousionCu+

ferric ionFe3+ cupric ionCu2+

Although we will only rarely use these older names in this text, you might
encounter them elsewhere.

c. Cations formed from nonmetal atoms have names that end in-ium:

ammonium ionNH4
+ hydronium ionH3O

+

These two ions are the only ions of this kind that we will encounter frequently in
the text.

The names and formulas of some common cations are shown in � TABLE 2.4
and on the back inside cover of the text. The ions on the left side in Table 2.4 are
the monatomic ions that do not have more than one possible charge. Those on
the right side are either polyatomic cations or cations with more than one possi-
ble charge. The ion is unusual because, even though it is a metal ion, it is
not monatomic. It is called the mercury(I) ion because it can be thought of
as two ions bound together. The cations that you will encounter most
frequently are shown in boldface. You should learn these cations first.

G I V E  I T  S O M E  T H O U G H T

a. Why is CrO named using a Roman numeral, chromium(II) oxide, whereas CaO
is named without a Roman numeral, calcium oxide? 

b. What does the - ium ending on the name ammonium ion tell you about the
composition of the ion?

Hg+

Hg2
2+

TABLE 2.4 € Common Cations *

Charge Formula Name Formula Name

1+ H� hydrogen ion NH4
� ammonium ion

Li+ lithium ion Cu+ copper(I) or cuprous ion

Na� sodium ion

K� potassium ion

Cs+ cesium ion

Ag� silver ion

2+ Mg2� magnesium ion Co2+ cobalt(II) or cobaltous ion

Ca2� calcium ion Cu2� copper(II) or cupric ion

Sr2+ strontium ion Fe2� iron(II) or ferrous ion

Ba2+ barium ion Mn2+ manganese(II) or manganous ion

Zn2� zinc ion Hg2
2+ mercury(I) or mercurous ion

Cd2+ cadmium ion Hg2� mercury(II) or mercuric ion

Ni2+ nickel(II) or nickelous ion

Pb2� lead(II) or plumbous ion

Sn2+ tin(II) or stannous ion

3+ Al3� aluminum ion Cr3+ chromium(III) or chromic ion

Fe3� iron(III) or ferric ion

*The ions we use most often in this course are in boldface. Learn them first.
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hydride ionH- oxide ionO2- nitr ide ionN3-

hydroxide ionOH- cyanideionCN- peroxide ionO2
2-

nitrateionNO3
- sulfateionSO4

2-

nitr ite ionNO2
- sulfite ionSO3

2-

perchlorateion (one more O atom than chlorate)ClO4
-

chlorateionClO3
�

chlorite ion (one O atom fewer than chlorate)ClO2
-

hypochlorite ion (one O atom fewer than chlorite)ClO-

A few polyatomic anions also have names ending in -ide:

Prefixes are used when the series of oxyanions of an element extends to four
members, as with the halogens. The prefix per- indicates one more O atom than
the oxyanion ending in -ate; hypo- indicates one O atom fewer than the oxyan-
ion ending in -ite:

These rules are summarized in � FIGURE 2.24.

G I V E  I T  S O M E  T H O U G H T

What information is conveyed by the endings - ide, -ate, and -ite in the name of
an anion?

� FIGURE 2.25 can help you remember the charge and number of oxygen atoms in
the various oxyanions. Notice that C and N, both period 2 elements, have only three O
atoms each, whereas the period 3 elements P, S, and Cl have four O atoms each. Begin-
ning at the lower right in Figure 2.25, note that ionic charge increases from right to left,
from for CIO4

- to for PO4
3- . In the second period the charges also increase from

right to left, from for NO3
- to for CO3

2- . Notice also that although each of the
anions in Figure 2.25 ends in -ate,the ClO4

- ion also has a per- prefix.
2-1-

3-1-

per______ate
(perchlorate, ClO4

� )
_________ite

(chlorite, ClO 2
� )

hypo____ite
(hypochlorite, ClO � )

_________ide
(chloride, Cl � )

_________ate
(chlorate, ClO3

� )

Common or
representative
oxyanion

Simple
anion

Oxyanions
� O atom � O atom � O atom

� FIGURE 2.24 Procedure for naming anions. The first part of the element•s name, such as •chlorŽ for chlorine or •sulfŽ for sulfur, goes in
the blank.

G O  F I G U R E

Name the anion obtained by removing one oxygen atom from the perbromate 
ion, BrO4

- .

b. Polyatomic anions containing oxygen have names ending in either-ate or -ite and
are called oxyanions . The -ateis used for the most common or representative
oxyanion of an element, and -ite is used for an oxyanion that has the same
charge but one O atom fewer:

2. Anions
a. The names of monatomic anions are formed by replacing the ending of the name of

the element with-ide:
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Period 2

Period 3

CO3
2…

Carbonate ion

Group 4A

NO3
…

Nitrate ion

PO4
3…

Phosphate ion

Group 5A

SO4
2…

Sulfate ion

Group 6A

ClO4
…

Perchlorate ion

Group 7A

Maximum of 3 O atoms 
in period 2.

Charges increase right 
to left.

Maximum of 4 O atoms 
in period 3.

� FIGURE 2.25 Common oxyanions.
The composition and charges of common
oxyanions are related to their location in the
periodic table.

G I V E  I T  S O M E  T H O U G H T

Predict the formulas for the borate ion and silicate ion, assuming they contain a
single B and Si atom, respectively, and follow the trends shown in Figure 2.25.

SAMPLE EXERCISE 2.11 Determining the Formula of an Oxyanion
from Its Name

Based on the formula for the sulfate ion, predict the formula for (a) the selenate ion and (b) the
selenite ion. (Sulfur and selenium are both in group 6A and form analogous oxyanions.)

SOLUTION
(a)The sulfate ion is . The analogous selenate ion is therefore .
(b) The ending -ite indicates an oxyanion with the same charge but one O atom fewer than the
corresponding oxyanion that ends in -ate. Thus, the formula for the selenite ion is .

PRACTICE EXERCISE
The formula for the bromate ion is analogous to that for the chlorate ion. Write the formula
for the hypobromite and bromite ions.
Answer: and BrO -

2BrO-

SeO3
2-

SeO4
2-SO4

2-

carbonate ionCO3
2- phosphate ionPO4

3-

hydrogencarbonate ionHCO3
- dihydrogenphosphate ionH2PO4

-

CaCl2 calcium chloride
Al(NO3)3 aluminum nitrate
Cu(ClO4)2 copper(II) perchlorate (or cupric perchlorate)

Notice that each added reduces the negative charge of the parent anion by
one. An older method for naming some of these ions uses the prefix bi-. Thus,
the ion is commonly called the bicarbonate ion, and is some-
times called the bisulfate ion.

The names and formulas of the common anions are listed in � TABLE 2.5 and on
the back inside cover of the text. Those anions whose names end in -ideare listed on the
left portion of Table 2.5, and those whose names end in -ateare listed on the right. The
most common of these ions are shown in boldface. You should learn names and formu-
las of these anions first. The formulas of the ions whose names end with -ite can be de-
rived from those ending in -ateby removing an O atom. Notice the location of the
monatomic ions in the periodic table. Those of group 7A always have a charge
( , and ), and those of group 6A have a charge ( and ).

3. Ionic Compounds

Names of ionic compounds consist of the cation name followed by the anion name:

S2-O2-2-I -F- , Cl- , Br-
1-

HSO4
-HCO3

-

H+

c. Anions derived by adding to an oxyanion are named by adding as a prefix the
wordhydrogen or dihydrogen,as appropriate:

H+
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TABLE 2.5 € Common Anions *

Charge Formula Name Formula Name

1- H- hydride ion CH3COO� acetate ion
(or )C2H3O2

-

F� fluoride ion ClO3
- chlorate ion

Cl� chloride ion ClO4
� perchlorate ion

Br� bromide ion NO3
� nitrate ion

I � iodide ion MnO4
- permanganate ion

CN- cyanide ion
OH� hydroxide ion

2- O2� oxide ion CO3
2� carbonate ion

O2
2- peroxide ion CrO4

2- chromate ion
S2� sulfide ion Cr2O7

2- dichromate ion
SO4

2� sulfate ion

3- N3- nitride ion PO4
3� phosphate ion

*The ions we use most often are in boldface. Learn them first.

In the chemical formulas for aluminum nitrate and copper(II) perchlorate,
parentheses followed by the appropriate subscript are used because the com-
pounds contain two or more polyatomic ions.

SAMPLE EXERCISE 2.12 Determining the Names of Ionic Compounds
from Their Formulas

Name the ionic compounds (a) K2SO4, (b) Ba(OH)2, (c) FeCl3.

SOLUTION
In naming ionic compounds, it is important to recognize polyatomic ions and to determine
the charge of cations with variable charge.

(a) The cation is , the potassium ion, and the anion is , the sulfate ion, making the
name potassium sulfate. (If you thought the compound contained and ions, you failed
to recognize the polyatomic sulfate ion.)
(b) The cation is , the barium ion, and the anion is , the hydroxide ion: barium
hydroxide.
(c) You must determine the charge of Fe in this compound because an iron atom can form
more than one cation. Because the compound contains three chloride ions, , the cation
must be , the iron(III), or ferric, ion. Thus, the compound is iron(III) chloride or ferric
chloride.

PRACTICE EXERCISE
Name the ionic compounds (a) NH4Br, (b) Cr2O3, (c) Co(NO3)2.
Answers: (a) ammonium bromide,(b) chromium(III) oxide,(c) cobalt(II) nitrate

Fe3+
Cl-

OH-Ba2+

O2-S2-
SO4

2-K+

SAMPLE EXERCISE 2.13 Determining the Formulas of Ionic Compounds
from Their Names

Write the chemical formulas for (a) potassium sulfide,(b) calcium hydrogen carbonate,
(c) nickel(II) perchlorate.

SOLUTION
In going from the name of an ionic compound to its chemical formula, you must know the
charges of the ions to determine the subscripts.

(a) The potassium ion is , and the sulfide ion is . Because ionic compounds are electri-
cally neutral, two ions are required to balance the charge of one ion, giving K2S for the
empirical formula.

S2-K+
S2-K+
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(b) The calcium ion is . The carbonate ion is , so the hydrogen carbonate ion
is . Two ions are needed to balance the positive charge of , giving
Ca(HCO3)2.

(c) The nickel(II) ion is . The perchlorate ion is . Two ions are required to
balance the charge on one ion, giving Ni(ClO4)2.

PRACTICE EXERCISE
Give the chemical formulas for (a) magnesium sulfate,(b) silver sulfide,(c) lead(II) nitrate.
Answers: (a) MgSO4, (b) Ag2S,(c) Pb(NO3)2

Names and Formulas of Acids
Acids are an important class of hydrogen-containing compounds, and they are named
in a special way. For our present purposes, an acidis a substance whose molecules yield
hydrogen ions when dissolved in water. When we encounter the chemical formula
for an acid at this stage of the course, it will be written with H as the first element, as in
HCl and H2SO4.

An acid is composed of an anion connected to enough ions to neutralize, or bal-
ance, the anion•s charge. Thus, the ion requires two ions, forming H2SO4. The
name of an acid is related to the name of its anion, as summarized in � FIGURE 2.26.

1. Acids containing anions whose names end in-ide are named by changing the-ide
ending to-ic, adding the prefixhydro- to this anion name, and then following with
the wordacid:

H+SO4
2-

H+

(H+)

Ni2+
ClO4

-ClO4
-Ni2+

Ca2+HCO3
-HCO3

-
CO3

2-Ca2+

Anion Corresponding Acid

(chloride)Cl- HCl (hydrochloric acid)
(sulfide)S2- H2S (hydrosulfuric acid)

2. Acids containing anions whose names end in-ate or -ite are named by changing-ate to
-ic and-ite to -ousand then adding the wordacid. Prefixes in the anion name are
retained in the name of the acid:

Anion Corresponding Acid

(perchlorate)ClO4
- HClO4 (perchloric acid)

(chlorate)ClO3
- HClO3 (chloric acid)

(chlorite)ClO2
- HClO2 (chlorousacid)

(hypochlorite)ClO- HClO (hypochlorousacid)

add H �

ions

add H �

ions

add H �

ions

Anion Acid

_________ide
(chloride, Cl � )

hydro______ic acid
(hydrochloric acid, HCl)

_________ite
(chlorite, ClO 2

� )
(hypochlorite, ClO � )

_________ous acid
(chlorous acid, HClO 2)

(hypochlorous acid, HClO)

_________ate
(chlorate, ClO3

� )
(perchlorate, ClO4

� )

_________ic acid
(chloric acid, HClO 3)

(perchloric acid, HClO 4)

� FIGURE 2.26 How anion names and
acid names relate. The prefixes per- and
hypo- are retained in going from the anion to
the acid.
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G I V E  I T  S O M E  T H O U G H T

Name the acid obtained by adding to the iodate ion, .

SAMPLE EXERCISE 2.14 Relating the Names and Formulas of Acids

Name the acids (a) HCN, (b) HNO3, (c) H2SO4, (d) H2SO3.

SOLUTION
(a) The anion from which this acid is derived is , the cyanide ion. Because this ion has an
-ideending, the acid is given a hydro- prefix and an -ic ending: hydrocyanic acid. Only water
solutions of HCN are referred to as hydrocyanic acid. The pure compound, which is a gas
under normal conditions, is called hydrogen cyanide. Both hydrocyanic acid and hydrogen
cyanide are extremelytoxic.
(b) Because is the nitrate ion, is called nitric acid (the -ateending of the anion is
replaced with an -icending in naming the acid).
(c) Because is the sulfate ion, is called sulfuric acid.
(d) Because is the sulfite ion, is sulfurous acid (the -ite ending of the anion is
replaced with an -ousending).

PRACTICE EXERCISE
Give the chemical formulas for (a) hydrobromic acid,(b) carbonic acid.
Answers: (a) HBr, (b) H2CO3

Names and Formulas of Binary Molecular Compounds
The procedures used for naming binary(two-element) molecular compounds are simi-
lar to those used for naming ionic compounds:

1. The name of the element farther to the left in the periodic table (closest to the metals)
is usually written first.An exception occurs when the compound contains oxygen
and chlorine, bromine, or iodine (any halogen except fluorine), in which case
oxygen is written last.

2. If both elements are in the same group, the lower one is named first.

3. The name of the second element is given an-ide ending.

4. Greek prefixes (� TABLE 2.6) are used to indicate the number of atoms of each ele-
ment. The prefix mono- is never used with the first element. When the prefix ends
in a or oand the name of the second element begins with a vowel, the a or oof the
prefix is often dropped.

The following examples illustrate these rules:

H2SO3SO3
2-

H2SO4SO4
2-

HNO3NO3
-

CN-

IO3
-H+

TABLE 2.6 € Prefixes Used in
Naming Binary Compounds Formed
between Nonmetals

Prefix Meaning

Mono- 1
Di- 2
Tri- 3
Tetra- 4
Penta- 5
Hexa- 6
Hepta- 7
Octa- 8
Nona- 9
Deca- 10

Cl2O dichlorine monoxide NF3 nitrogen tri fluoride
N2O4 dinitrogen tetroxide P4S10 tetraphosphorus decasulfide

Rule 4 is necessary because we cannot predict formulas for most molecular sub-
stances the way we can for ionic compounds. Molecular compounds that contain hydro-
gen and one other element are an important exception, however. These compounds can
be treated as if they were neutral substances containing ions and anions. Thus, you
can predict that the substance named hydrogen chloride has the formula HCl, contain-
ing one to balance the charge of one . (The name hydrogen chloride is used only
for the pure compound; water solutions of HCl are called hydrochloric acid.) Similarly,
the formula for hydrogen sulfide is because two are needed to balance the
charge on .S2-

H+H2S

Cl-H+

H+
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SAMPLE EXERCISE 2.15 Relating the Names and Formulas of Binary
Molecular Compounds

Name the compounds (a) SO2, (b) PCl5, (c) Cl2O3.

SOLUTION
The compounds consist entirely of nonmetals, so they are molecular rather than ionic.
Using the prefixes in Table 2.6, we have (a) sulfur dioxide,(b) phosphorus pentachloride, and
(c) dichlorine trioxide.

PRACTICE EXERCISE
Give the chemical formulas for (a) silicon tetrabromide,(b) disulfur dichloride.
Answers: (a) SiBr4, (b) S2Cl2

2.9 | SOME SIMPLE ORGANIC COMPOUNDS
The study of compounds of carbon is called organic chemistry , and as noted earlier,
compounds that contain carbon and hydrogen, often in combination with oxygen, ni-
trogen, or other elements, are called organic compounds. We will examine organic com-
pounds in Chapter 24, but here we present a brief introduction to some of the simplest
organic compounds.

Alkanes
Compounds that contain only carbon and hydrogen are called hydrocarbons . In the
simplest class of hydrocarbons,alkanes , each carbon is bonded to four other atoms.
The three smallest alkanes are methane (CH4), ethane (C2H6), and propane (C3H8). The
structural formulas of these three alkanes are as follows:

Although hydrocarbons are binary molecular compounds, they are not named like
the binary inorganic compounds discussed in Section 2.8. Instead, each alkane has a
name that ends in -ane. The alkane with four carbons is called butane. For alkanes with
five or more carbons, the names are derived from prefixes like those in Table 2.6. An
alkane with eight carbon atoms, for example, is octane(C8H18), where the octa- prefix
for eight is combined with the -aneending for an alkane.

Some Derivatives of Alkanes
Other classes of organic compounds are obtained when one or more hydrogen atoms in
an alkane are replaced with functional groups, which are specific groups of atoms.
An alcohol , for example, is obtained by replacing an H atom of an alkane with an 

group. The name of the alcohol is derived from that of the alkane by adding 
an -ol ending:

Alcohols have properties that are very different from the properties of the alkanes from
which the alcohols are obtained. For example, methane, ethane, and propane are all
colorless gases under normal conditions, whereas methanol, ethanol, and propanol are
colorless liquids. We will discuss the reasons for these differences in Chapter 11.

C OH

H

H

Methanol

C OHH

H

H

Ethanol

C CH

H

H

OH

H

H

1-Propanol

C CH

H

H

H

H

¬ OH

C H

H

H

Methane

C HH

H

H

Ethane

C CH

H

H

H

H

H

Propane

C CH

H

H

H

H
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The prefix •1Ž in the name 1-propanol indicates that the replacement of H with OH
has occurred at one of the •outerŽ carbon atoms rather than the •middleŽ carbon atom.
A different compound, called either 2-propanol or isopropyl alcohol, is obtained when
the OH functional group is attached to the middle carbon atom (� FIGURE 2.27).

Compounds with the same molecular formula but different arrangements of atoms
are called isomers . There are many different kinds of isomers, as we will discover later
in this book. What we have here with 1-propanol and 2-propanol are structural isomers,
compounds having the same molecular formula but different structural formulas.

G I V E  I T  S O M E  T H O U G H T

Draw the structural formulas of the two isomers of butane, C 4H10.

Much of the richness of organic chemistry is possible because organic compounds
can form long chains of carbon…carbon bonds. The series of alkanes that begins with
methane, ethane, and propane and the series of alcohols that begins with methanol,
ethanol, and propanol can both be extended for as long as we desire, in principle. The
properties of alkanes and alcohols change as the chains get longer. Octanes, which are
alkanes with eight carbon atoms, are liquids under normal conditions. If the alkane se-
ries is extended to tens of thousands of carbon atoms, we obtain polyethylene,a solid
substance that is used to make thousands of plastic products, such as plastic bags, food
containers, and laboratory equipment.

SAMPLE EXERCISE 2.16 Writing Structural and Molecular Formulas
for Hydrocarbons

Assuming the carbon atoms in pentaneare in a linear chain, write (a) the structural formula
and(b) the molecular formula for this alkane.

SOLUTION
(a) Alkanes contain only carbon and hydrogen, and each carbon is attached to four other
atoms. The name pentane contains the prefix penta- for five (Table 2.6), and we are told that
the carbons are in a linear chain. If we then add enough hydrogen atoms to make four bonds
to each carbon, we obtain the structural formula

This form of pentane is often called n-pentane, where the n- stands for •normalŽ because all
five carbon atoms are in one line in the structural formula.
(b) Once the structural formula is written, we determine the molecular formula by counting
the atoms present. Thus,n-pentane has the molecular formula C5H12.

PRACTICE EXERCISE
(a) What is the molecular formula of butane, the alkane with four carbons? (b) What are the
name and molecular formula of an alcohol derived from butane?

Answers: (a) C4H10, (b) butanol, C4H10O or C4H9OH

CH

H

H

HC

H

H

C

H

H

C

H

H

C

H

H

1-Propanol

2-Propanol

OH group on 
end carbon

OH group on 
middle carbon

� FIGURE 2.27 The two forms
(isomers) of propanol.

CHAPTER SUMMARY AND KEY TERMS

SECTIONS 2.1 AND 2.2 Atoms are the basic building blocks of
matter. They are the smallest units of an element that can combine
with other elements. Atoms are composed of even smaller particles,
calledsubatomic particles . Some of these subatomic particles are
charged and follow the usual behavior of charged particles: Particles
with the same charge repel one another, whereas particles with unlike
charges are attracted to one another. We considered some of the im-
portant experiments that led to the discovery and characterization of
subatomic particles. Thomson•s experiments on the behavior of

cathode rays in magnetic and electric fields led to the discovery of the
electron and allowed its charge-to-mass ratio to be measured. Mil-
likan•s oil-drop experiment determined the charge of the electron. Bec-
querel•s discovery ofradioactivity , the spontaneous emission of
radiation by atoms, gave further evidence that the atom has a substruc-
ture. Rutherford•s studies of how thin metal foils scatter particles led
to the nuclear model of the atom, showing that the atom has a dense,
positively charged nucleus .

a
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SECTION 2.3 Atoms have a nucleus that contains protons and
neutrons ; electrons move in the space around the nucleus. The mag-
nitude of the charge of the electron, , is called the
electronic charge . The charges of particles are usually represented as
multiples of this charge„an electron has a charge, and a proton
has a charge. The masses of atoms are usually expressed in terms of
atomic mass units . The dimensions of
atoms are often expressed in units ofangstroms .

Elements can be classified by atomic number , the number of pro-
tons in the nucleus of an atom. All atoms of a given element have the
same atomic number. The mass number of an atom is the sum of the
numbers of protons and neutrons. Atoms of the same element that dif-
fer in mass number are known as isotopes .

SECTION 2.4 The atomic mass scale is defined by assigning a mass
of exactly 12 amu to a atom. The atomic weight (average atomic
mass) of an element can be calculated from the relative abundances
and masses of that element•s isotopes. The mass spectrometer pro-
vides the most direct and accurate means of experimentally measuring
atomic (and molecular) weights.

SECTION 2.5 Theperiodic table is an arrangement of the elements
in order of increasing atomic number. Elements with similar proper-
ties are placed in vertical columns. The elements in a column are
known as a group . The elements in a horizontal row are known as a
period . The metallic elements (metals ), which comprise the majority
of the elements, dominate the left side and the middle of the table; the
nonmetallic elements (nonmetals ) are located on the upper right
side. Many of the elements that lie along the line that separates metals
from nonmetals are metalloids .

SECTION 2.6 Atoms can combine to form molecules . Compounds
composed of molecules (molecular compounds ) usually contain only
nonmetallic elements. A molecule that contains two atoms is called a
diatomic molecule . The composition of a substance is given by its
chemical formula . A molecular substance can be represented by its
empirical formula , which gives the relative numbers of atoms of each
kind. It is usually represented by its molecular formula , however,
which gives the actual numbers of each type of atom in a molecule.

12C

(1 Å = 10- 10 m)
(1 amu = 1.66054* 10- 24 g)

1+
1-

1.602* 10- 19 C

Structural formulas show the order in which the atoms in a molecule
are connected. Ball-and-stick models and space-filling models are
often used to represent molecules.

SECTION 2.7 Atoms can either gain or lose electrons, forming
charged particles called ions . Metals tend to lose electrons, becoming
positively charged ions (cations ). Nonmetals tend to gain electrons,
forming negatively charged ions (anions ). Because ionic compounds
are electrically neutral, containing both cations and anions, they usu-
ally contain both metallic and nonmetallic elements. Atoms that are
joined together, as in a molecule, but carry a net charge are called
polyatomic ions . The chemical formulas used for ionic compounds
are empirical formulas, which can be written readily if the charges of
the ions are known. The total positive charge of the cations in an ionic
compound equals the total negative charge of the anions.

SECTION 2.8 The set of rules for naming chemical compounds is
calledchemical nomenclature . We studied the systematic rules used
for naming three classes of inorganic substances: ionic compounds,
acids, and binary molecular compounds. In naming an ionic com-
pound, the cation is named first and then the anion. Cations formed
from metal atoms have the same name as the metal. If the metal can
form cations of differing charges, the charge is given using Roman nu-
merals. Monatomic anions have names ending in -ide. Polyatomic an-
ions containing oxygen and another element (oxyanions ) have names
ending in -ateor -ite.

SECTION 2.9 Organic chemistry is the study of compounds that
contain carbon. The simplest class of organic molecules is the
hydrocarbons , which contain only carbon and hydrogen. Hydrocar-
bons in which each carbon atom is attached to four other atoms are
calledalkanes . Alkanes have names that end in -ane,such as methane
and ethane. Other organic compounds are formed when an H atom of
a hydrocarbon is replaced with a functional group. An alcohol , for ex-
ample, is a compound in which an H atom of a hydrocarbon is
replaced by an OH functional group. Alcohols have names that end in
-ol,such as methanol and ethanol. Compounds with the same molecu-
lar formula but a different bonding arrangement of their constituent
atoms are called isomers .

KEY SKILLS
€ Describe the basic postulates of Dalton•s atomic theory. (Section 2.1)
€ Describe the key experiments that led to the discovery of electrons and to the nuclear model of the atom. (Section 2.2)
€ Describe the structure of the atom in terms of protons, neutrons, and electrons. (Section 2.3)
€ Describe the electrical charge and relative masses of protons, neutrons, and electrons. (Section 2.3)
€ Use chemical symbols together with atomic number and mass number to express the subatomic composition of isotopes. (Section 2.3)
€ Understand how atomic weights relate to the masses of individual atoms and to their natural abundances. (Section 2.4)
€ Describe how elements are organized in the periodic table by atomic number and by similarities in chemical behavior, giving rise to periods

and groups. (Section 2.5)
€ Describe the locations of metals and nonmetals in the periodic table. (Section 2.5)
€ Distinguish between molecular substances and ionic substances in terms of their composition. (Sections 2.6 and 2.7)
€ Distinguish between empirical formulas and molecular formulas. (Section 2.6)
€ Describe how molecular formulas and structural formulas are used to represent the compositions of molecules. (Section 2.6)
€ Explain how ions are formed by the gain or loss of electrons and be able to use the periodic table to predict the charges of common ions.

(Section 2.7)
€ Write the empirical formulas of ionic compounds, given the charges of their component ions. (Section 2.7)
€ Write the name of an ionic compound given its chemical formula, or write the chemical formula given its name. (Section 2.8)
€ Name or write chemical formulas for binary inorganic compounds and for acids. (Section 2.8)
€ Identify organic compounds and name simple alkanes and alcohols. (Section 2.9)



Exercises 69

These exercises are intended to probe your understanding of key concepts
rather than your ability to utilize formulas and perform calculations. Ex-
ercises with red exercise numbers have answers in the back of the book.

2.1 A charged particle is caused to move between two electrically
charged plates, as shown here.

(a) Why does the path of the charged particle bend? (b) What
is the sign of the electrical charge on the particle? (c) As the
charge on the plates is increased, would you expect the bend-
ing to increase, decrease, or stay the same? (d) As the mass of
the particle is increased while the speed of the particles
remains the same, would you expect the bending to increase,
decrease, or stay the same? [Section 2.2]

2.2 The following diagram is a representation of 20 atoms of a fic-
titious element, which we will call nevadium (Nv). The red
spheres are , and the blue spheres are .(a) Assum-
ing that this sample is a statistically representative sample of
the element, calculate the percent abundance of each element.
(b) If the mass of is 293.15 amu and that of is
295.15 amu, what is the atomic weight of Nv? [Section 2.4]

2.3 Four of the boxes in the following periodic table are colored.
Which of these are metals and which are nonmetals?
Which one is an alkaline earth metal? Which one is a noble
gas? [Section 2.5]

2.4 Does the following drawing represent a neutral atom or an ion?
Write its complete chemical symbol including mass number,
atomic number, and net charge (if any). [Sections 2.3 and 2.7]

16 protons + 16 neutrons

18 electrons

295Nv293Nv

295Nv293Nv

(� )

(� )

2.5 Which of the following diagrams most likely represents
an ionic compound, and which represents a molecular one?
Explain your choice. [Sections 2.6 and 2.7]

2.6 Write the chemical formula for the following compound. Is
the compound ionic or molecular? Name the compound.
[Sections 2.6 and 2.8]

2.7 Five of the boxes in the following periodic table are colored.
Predict the charge on the ion associated with each of these ele-
ments. [Section 2.7]

2.8 The following diagram represents an ionic compound in
which the red spheres represent cations and blue spheres rep-
resent anions. Which of the following formulas is consistent
with the drawing: KBr, K2SO4, Ca(NO3)2, Fe2(SO4)3? Name
the compound. [Sections 2.7 and 2.8]

F

F F
I

F F

(ii)

(i)

EXERCISES
VISUALIZING CONCEPTS
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MODERN VIEW OF ATOMIC STRUCTURE; ATOMIC WEIGHTS 
(sections 2.3…2.4)

ATOMIC THEORY AND THE DISCOVERY OF ATOMIC STRUCTURE 
(sections 2.1…2.2)

2.9 How does Dalton•s atomic theory account for the fact that
when 1.000 g of water is decomposed into its elements, 0.111 g
of hydrogen and 0.889 g of oxygen are obtained regardless of
the source of the water?

2.10 Hydrogen sulfide is composed of two elements: hydrogen and
sulfur. In an experiment, 6.500 g of hydrogen sulfide is fully
decomposed into its elements.(a) If 0.384 g of hydrogen is ob-
tained in this experiment, how many grams of sulfur must be
obtained?(b) What fundamental law does this experiment
demonstrate? (c) How is this law explained by Dalton•s atomic
theory?

2.11 A chemist finds that 30.82 g of nitrogen will react with 17.60 g,
35.20 g, 70.40 g, or 88.00 g of oxygen to form four different
compounds.(a) Calculate the mass of oxygen per gram of ni-
trogen in each compound.(b) How do the numbers in part (a)
support Dalton•s atomic theory?

2.12 In a series of experiments, a chemist prepared three different
compounds that contain only iodine and fluorine and deter-
mined the mass of each element in each compound:

2.14 An unknown particle is caused to move between two electri-
cally charged plates, as illustrated in Figure 2.8. Its path is de-
flected by a smaller magnitude in the opposite direction from
that of a beta particle. What can you conclude about the
charge and mass of this unknown particle?

2.15 How did Rutherford interpret the following observations
made during his scattering experiments? (a) Most 
particles were not appreciably deflected as they passed
through the gold foil.(b) A few particles were deflected at
very large angles.(c) What differences would you expect if
beryllium foil were used instead of gold foil in the 
scattering experiment?

2.16 Millikan determined the charge on the electron by studying
the static charges on oil drops falling in an electric field
(Figure 2.5). A student carried out this experiment using sev-
eral oil drops for her measurements and calculated the charges
on the drops. She obtained the following data:

a-particle

a

aa-particle

Compound Mass of Iodine (g) Mass of Fluorine (g)

1 4.75 3.56
2 7.64 3.43
3 9.41 9.86

(a) Calculate the mass of fluorine per gram of iodine in each
compound.(b) How do the numbers in part (a) support the
atomic theory?

2.13 Summarize the evidence used by J. J. Thomson to argue that
cathode rays consist of negatively charged particles.

Droplet Calculated Charge (C)

A 1.60 * 10- 19

B 3.15 * 10- 19

C 4.81 * 10- 19

D 6.31 * 10- 19

(a)What is the significance of the fact that the droplets carried
different charges? (b) What conclusion can the student draw
from these data regarding the charge of the electron? (c) What
value (and to how many significant figures) should she report
for the electronic charge?

2.17 The radius of an atom of gold (Au) is about .(a) Ex-
press this distance in nanometers (nm) and in picometers
(pm). (b) How many gold atoms would have to be lined up to
span 1.0 mm? (c) If the atom is assumed to be a sphere, what is
the volume in of a single Au atom?

2.18 An atom of rhodium (Rh) has a diameter of about
. (a) What is the radius of a rhodium atom in

angstroms and in meters (m)? (b) How many Rh atoms
would have to be placed side by side to span a distance of

(c) If you assume that the Rh atom is a sphere, what is
the volume in of a single atom?

2.19 Answer the following questions without referring to Table 2.1:
(a) What are the main subatomic particles that make up the
atom? (b) What is the relative charge (in multiples of the elec-
tronic charge) of each of the particles? (c) Which of the parti-
cles is the most massive? (d) Which is the least massive?

m3
6.0mm?

(Å)
2.7 * 10- 8cm

cm3

1.35 Å 2.20 Determine whether each of the following statements is true or
false. If false, correct the statement to make it true:(a) The nu-
cleus has most of the mass and comprises most of the volume
of an atom.(b) Every atom of a given element has the same
number of protons.(c) The number of electrons in an atom
equals the number of neutrons in the atom.(d) The protons in
the nucleus of the helium atom are held together by a force
called the strong nuclear force.

2.21 (a) Define atomic number and mass number.(b) Which of
these can vary without changing the identity of the element?

2.22 (a)Which two of the following are isotopes of the same ele-
ment: , , ? (b) What is the identity of the element
whose isotopes you have selected?

2.23 How many protons, neutrons, and electrons are in the follow-
ing atoms:(a) , (b) , (c) , (d) , (e) ,
(f) ?243Am

184W80Br70Ga65Zn40Ar

32
16X

31
15X

31
16X

These exercises are divided into sections that deal with specific topics in the chapter. The exercises are grouped in pairs, with the answers given in
the back of the book to the odd-numbered exercises, as indicated by the red exercise numbers. Those exercises whose numbers appear in brackets
are more challenging than the nonbracketed exercises.
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2.24 Each of the following isotopes is used in medicine. Indicate
the number of protons and neutrons in each isotope:(a)phos-
phorus-32,(b) chromium-51,(c) cobalt-60,(d) technetium-
99,(e) iodine-131,(f) thallium-201.

2.25 Fill in the gaps in the following table, assuming each column
represents a neutral atom.

2.31 Only two isotopes of copper occur naturally, (atomic
abundance ) and (atomic
abundance ). Calculate the

atomic weight (average atomic mass) of copper.

2.32 Rubidium has two naturally occurring isotopes, rubidium-85
(atomic amu; and
rubidium-87 (atomic amu;

. Calculate the atomic weight of rubidium.

2.33 (a) In what fundamental way is mass spectrometry related to
Thomson•s cathode-ray experiments (Figure 2.4)? (b) What
are the labels on the axes of a mass spectrum? (c) To measure
the mass spectrum of an atom, the atom must first lose one or
more electrons. Why is this so?

2.34 (a)The mass spectrometer in Figure 2.12 has a magnet as one
of its components. What is the purpose of the magnet? (b) The
atomic weight of Cl is 35.5 amu. However, the mass spectrum
of Cl (Figure 2.13) does not show a peak at this mass. Explain.
(c) A mass spectrum of phosphorus (P) atoms shows only a
single peak at a mass of 31. What can you conclude from this
observation?

2.35 Naturally occurring magnesium has the following isotopic
abundances:

27.85%)
abundance=mass= 86.9092
72.15%)=abundancemass= 84.9118

30.83%mass= 64.9278 amu;

65Cu69.17%mass= 62.9296 amu;

63Cu

Symbol 52Cr
Protons 25 82
Neutrons 30 64
Electrons 48 86
Mass no. 222 207

Symbol 65Zn
Protons 38 92
Neutrons 58 49
Electrons 38 36
Mass no. 81 235

(a) What is the average atomic mass of Mg? (b) Sketch the
mass spectrum of Mg.

2.36 Mass spectrometry is more often applied to molecules than to
atoms. We will see in Chapter 3 that the molecular weightof a
molecule is the sum of the atomic weights of the atoms in the
molecule. The mass spectrum of H2 is taken under conditions
that prevent decomposition into H atoms. The two naturally
occurring isotopes of hydrogen are 1H (atomic 

abundance ) and 2H (atomic 
abundance ).(a) How many peaks will

the mass spectrum have? (b) Give the relative atomic masses of
each of these peaks.(c) Which peak will be the largest and
which the smallest?

0.0115%2.01410 amu;
mass=99.9885%1.00783 amu;
mass=

2.26 Fill in the gaps in the following table, assuming each column
represents a neutral atom.

2.27 Write the correct symbol, with both superscript and subscript,
for each of the following. Use the list of elements inside the
front cover as needed:(a) the isotope of platinum that con-
tains 118 neutrons,(b) the isotope of krypton with mass num-
ber 84,(c) the isotope of arsenic with mass number 75,(d) the
isotope of magnesium that has an equal number of protons
and neutrons.

2.28 One way in which Earth•s evolution as a planet can be under-
stood is by measuring the amounts of certain isotopes in
rocks. One quantity recently measured is the ratio of to

in some minerals. In what way do these two isotopes dif-
fer from one another? In what respects are they the same?

2.29 (a) What isotope is used as the standard in establishing the
atomic mass scale? (b) The atomic weight of boron is reported
as 10.81, yet no atom of boron has the mass of 10.81 amu.
Explain.

2.30 (a)What is the mass in amu of a carbon-12 atom? (b) Why is
the atomic weight of carbon reported as 12.011 in the table
of elements and the periodic table in the front inside cover of
this text?

130Xe

129Xe

Isotope Abundance Atomic mass (amu)

24Mg 78.99 % 23.98504
25Mg 10.00 % 24.98584
26Mg 11.01 % 25.98259

THE PERIODIC TABLE; MOLECULES AND IONS (sections 2.5…2.7)

2.37 For each of the following elements, write its chemical sym-
bol, locate it in the periodic table, give its atomic number,
and indicate whether it is a metal, metalloid, or nonmetal:
(a) chromium,(b) helium,(c) phosphorus,(d) zinc,(e) mag-
nesium,(f) bromine,(g) arsenic.

2.38 Locate each of the following elements in the periodic table;
give its name and atomic number, and indicate whether it is a
metal, metalloid, or nonmetal:(a) Li, (b) Sc,(c) Ge,(d) Yb,
(e) Mn, (f) Sb,(g) Xe.

2.39 For each of the following elements, write its chemical sym-
bol, determine the name of the group to which it belongs
(Table 2.3), and indicate whether it is a metal, metalloid, or
nonmetal: (a) potassium,(b) iodine, (c) magnesium,(d)
argon,(e) sulfur.

2.40 The elements of group 4A show an interesting change in prop-
erties moving down the group. Give the name and chemical
symbol of each element in the group and label it as a non-
metal, metalloid, or metal.

2.41 What can we tell about a compound when we know the empirical
formula? What additional information is conveyed by the molec-
ular formula? By the structural formula? Explain in each case.

2.42 Two compounds have the same empirical formula. One sub-
stance is a gas, whereas the other is a viscous liquid. How is it
possible for two substances with the same empirical formula
to have markedly different properties?

2.43 Write the empirical formula corresponding to each of the fol-
lowing molecular formulas:(a)Al2Br6, (b) C8H10, (c) C4H8O2,
(d) P4O10, (e) C6H4Cl2, (f) B3N3H6.
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2.44 Determine the molecular and empirical formulas of the fol-
lowing: (a) the organic solvent benzene,which has six carbon
atoms and six hydrogen atoms;(b) the compound silicon tetra-
chloride, which has a silicon atom and four chlorine atoms and
is used in the manufacture of computer chips;(c) the reactive
substance diborane,which has two boron atoms and six hydro-
gen atoms;(d) the sugar called glucose,which has six carbon
atoms, twelve hydrogen atoms, and six oxygen atoms.

2.45 How many hydrogen atoms are in each of the following:
(a) C2H5OH, (b) Ca(CH3COO)2, (c) (NH4)3PO4?

2.46 How many of the indicated atoms are represented by each
chemical formula:(a) carbon atoms in C2H5COOCH3,
(b) oxygen atoms in Ca(ClO4)2, (c) hydrogen atoms in
(NH4)2HPO4?

2.47 Write the molecular and structural formulas for the com-
pounds represented by the following molecular models:

2.48 Write the molecular and structural formulas for the com-
pounds represented by the following models:

2.49 Fill in the gaps in the following table:

Cl
Cl

Br

N

N

(a) (b)

(c) (d)

P

F
F F

(a) (b)

(c) (d)

Symbol 59Co3+

Protons 34 76 80

Neutrons 46 116 120

Electrons 36 78

Net charge 2+

2.50 Fill in the gaps in the following table:

Symbol 31P3-

Protons 34 50

Neutrons 45 69 118

Electrons 46 76

Net charge 2- 3+

2.51 Each of the following elements is capable of forming an ion in
chemical reactions. By referring to the periodic table, predict
the charge of the most stable ion of each:(a) Mg, (b) Al, (c) K,
(d) S,(e) F.

2.52 Using the periodic table, predict the charges of the ions of the
following elements:(a) Ga,(b) Sr,(c) As,(d) Br, (e) Se.

2.53 Using the periodic table to guide you, predict the chemical
formula and name of the compound formed by the following
elements:(a) Ga and F,(b) Li and H,(c) Al and I,(d) K and S.

2.54 The most common charge associated with scandium in its
compounds is . Indicate the chemical formulas you would
expect for compounds formed between scandium and (a) io-
dine,(b) sulfur,(c) nitrogen.

2.55 Predict the chemical formula for the ionic compound formed
by (a) and , (b) and , (c) and

, (d) and ,(e) and .

2.56 Predict the chemical formulas of the compounds formed by
the following pairs of ions:(a) and ,(b) and

, (c) and ,(d) and ,(e)
and .

2.57 Complete the table by filling in the formula for the ionic com-
pound formed by each pair of cations and anions, as shown
for the first pair.

PO4
3-

NH4
+ClO3

-Ca2+CO3
2-Hg2

2+O2-
Fe3+Br-Cr3+

PO4
3-Mg2+SO4

2-NH4
+CH3COO-

Al3+CO3
2-K+Br-Ca2+

3+

Ion K+ NH4
+ Mg2+ Fe3+

Cl- KCl

OH-

CO3
2-

PO4
3-

Ion Na+ Ca2+ Fe2+ Al3+

O2- Na2O

NO3
-

SO4
2-

AsO4
3-

2.58 Complete the table by filling in the formula for the ionic com-
pound formed by each pair of cations and anions, as shown
for the first pair.

2.59 Predict whether each of the following compounds is molecu-
lar or ionic: (a) B2H6, (b) CH3OH, (c) LiNO3, (d) Sc2O3,
(e) CsBr,(f) NOCl, (g) NF3, (h) Ag2SO4.

2.60 Which of the following are ionic, and which are molecular?
(a) PF5, (b) NaI, (c) SCl2, (d) Ca(NO3)2, (e) FeCl3, (f) LaP,
(g) CoCO3, (h) N2O4.
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NAMING INORGANIC COMPOUNDS; ORGANIC MOLECULES 
(sections 2.8…2.9)

2.61 Give the chemical formula for (a) chlorite ion,(b) chloride
ion, (c) chlorate ion,(d) perchlorate ion,(e) hypochlorite ion.

2.62 Selenium, an element required nutritionally in trace quanti-
ties, forms compounds analogous to sulfur. Name the follow-
ing ions:(a) , (b) , (c) , (d) .

2.63 Give the names and charges of the cation and anion in each of
the following compounds:(a) CaO,(b) Na2SO4, (c) KClO4,
(d) Fe(NO3)2, (e) Cr(OH)3.

2.64 Give the names and charges of the cation and anion in each of
the following compounds:(a) CuS,(b) Ag2SO4, (c) Al(ClO3)3,
(d) Co(OH)2, (e) PbCO3.

2.65 Name the following ionic compounds:(a) Li2O, (b) FeCl3,
(c) NaClO, (d) CaSO3, (e) Cu(OH)2, (f) Fe(NO3)2,
(g) Ca(CH3COO)2, (h) Cr2(CO3)3, (i) K2CrO4, (j) (NH4)2SO4.

2.66 Name the following ionic compounds:(a) KCN, (b) NaBrO2,
(c) Sr(OH)2, (d) CoS, (e) Fe2(CO3)3, (f) Cr(NO3)3, (g)
(NH4)2SO3, (h) NaH2PO4, (i) KMnO4, (j) Ag2Cr2O7.

2.67 Write the chemical formulas for the following compounds:(a)
aluminum hydroxide,(b) potassium sulfate,(c) copper(I)
oxide,(d) zinc nitrate,(e) mercury(II) bromide,(f) iron(III)
carbonate,(g) sodium hypobromite.

2.68 Give the chemical formula for each of the following ionic com-
pounds:(a) sodium phosphate,(b) zinc nitrate,(c) barium
bromate,(d) iron(II) perchlorate,(e) cobalt(II) hydrogen car-
bonate,(f) chromium(III) acetate,(g) potassium dichromate.

2.69 Give the name or chemical formula, as appropriate, for each of
the following acids:(a) HBrO3, (b) HBr, (c) H3PO4, (d)
hypochlorous acid,(e) iodic acid,(f) sulfurous acid.

2.70 Provide the name or chemical formula, as appropriate, for
each of the following acids:(a) hydroiodic acid,(b) chloric
acid,(c) nitrous acid,(d) H2CO3, (e) HClO4, (f) CH3COOH

2.71 Give the name or chemical formula, as appropriate, for each
of the following binary molecular substances:(a) SF6, (b) IF5,
(c) XeO3, (d) dinitrogen tetroxide,(e) hydrogen cyanide,
(f) tetraphosphorus hexasulfide.

2.72 The oxides of nitrogen are very important components in
urban air pollution. Name each of the following compounds:
(a) N2O, (b) NO, (c) NO2, (d) N2O5, (e) N2O4.

HSeO3
-HSe-Se2-SeO4

2-

2.73 Write the chemical formula for each substance mentioned in
the following word descriptions (use the front inside cover to
find the symbols for the elements you don•t know).(a) Zinc
carbonate can be heated to form zinc oxide and carbon diox-
ide. (b) On treatment with hydrofluoric acid, silicon dioxide
forms silicon tetrafluoride and water.(c) Sulfur dioxide reacts
with water to form sulfurous acid.(d) The substance phos-
phorus trihydride, commonly called phosphine, is a toxic gas.
(e) Perchloric acid reacts with cadmium to form cadmium(II)
perchlorate.(f) Vanadium(III) bromide is a colored solid.

2.74 Assume that you encounter the following sentences in your
reading. What is the chemical formula for each substance
mentioned?(a) Sodium hydrogen carbonate is used as a de-
odorant.(b) Calcium hypochlorite is used in some bleaching
solutions. (c) Hydrogen cyanide is a very poisonous gas.
(d) Magnesium hydroxide is used as a cathartic.(e) Tin(II)
fluoride has been used as a fluoride additive in toothpastes.
(f) When cadmium sulfide is treated with sulfuric acid, fumes
of hydrogen sulfide are given off.

2.75 (a) What is a hydrocarbon? (b) Butane is the alkane with a
chain of four carbon atoms. Write a structural formula for
this compound and determine its molecular and empirical
formulas.

2.76 (a)What ending is used for the names of alkanes? (b) Hexane
is an alkane whose structural formula has all its carbon atoms
in a straight chain. Draw the structural formula for this com-
pound and determine its molecular and empirical formulas.
(Hint: You might need to refer to Table 2.6.)

2.77 (a) What is a functional group? (b) What functional group char-
acterizes an alcohol? (c) With reference to Exercise 2.75, write a
structural formula for 1-butanol, the alcohol derived from bu-
tane, by making a substitution on one of the carbon atoms.

2.78 (a)What do ethane and ethanol have in common? (b) How
does 1-propanol differ from propane?

2.79 Chloropropane is a compound derived from propane by sub-
stituting Cl for H on one of the carbon atoms.(a) Draw
the structural formulas for the two isomers of chloropropane.
(b) Suggest names for these two compounds.

2.80 Draw the structural formulas for three isomers of pentane,
C5H12.

ADDITIONAL EXERCISES

These exercises are not divided by category, although they are roughly
in the order of the topics in the chapter. They are not paired.

2.81 Suppose a scientist repeats the Millikan oil-drop experiment
but reports the charges on the drops using an unusual (and
imaginary) unit called the warmomb(wa). The scientist ob-
tains the following data for four of the drops:

(a) If all the droplets were the same size, which would fall most
slowly through the apparatus? (b) From these data, what is the
best choice for the charge of the electron in warmombs? 

(c) Based on your answer to part (b), how many electrons are
there on each of the droplets? (d) What is the conversion fac-
tor between warmombs and coulombs?

Droplet Calculated Charge (wa)

A 3.84 * 10- 8

B 4.80 * 10- 8

C 2.88 * 10- 8

D 8.64 * 10- 8
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2.82 The natural abundance of is .(a) How many
protons, neutrons, and electrons are in an atom of ?
(b) Based on the sum of the masses of their subatomic parti-
cles, which is expected to be more massive, an atom of or
an atom of (which is also called tritium)?(c) Based on your
answer to part (b), what would need to be the precision of a
mass spectrometer that is able to differentiate between peaks
that are due to and 

2.83 A cube of gold that is 1.00 cm on a side has a mass of 19.3 g. A
single gold atom has a mass of 197.0 amu.(a) How many gold
atoms are in the cube? (b) From the information given, esti-
mate the diameter in Å of a single gold atom.(c)What assump-
tions did you make in arriving at your answer for part (b)?

2.84 The diameter of a rubidium atom is . We will consider
two different ways of placing the atoms on a surface. In
arrangement A, all the atoms are lined up with one another to
form a square grid. Arrangement B is called a close-packed
arrangement because the atoms sit in the •depressionsŽ
formed by the previous row of atoms:

(a)Using arrangement A, how many Rb atoms could be placed
on a square surface that is 1.0 cm on a side? (b) How many Rb
atoms could be placed on a square surface that is 1.0 cm on a
side, using arrangement B? (c) By what factor has the number
of atoms on the surface increased in going to arrangement B
from arrangement A? If extended to three dimensions, which
arrangement would lead to a greater density for Rb metal?

2.85 (a)Assuming the dimensions of the nucleus and atom shown
in Figure 2.11, what fraction of the volumeof the atom is taken
up by the nucleus? (b) Using the mass of the proton from
Table 2.1 and assuming its diameter is , calcu-
late the density of a proton in .

2.86 Identify the element represented by each of the following sym-
bols and give the number of protons and neutrons in each:
(a) , (b) , (c) , (d) .

2.87 The element oxygen has three naturally occurring isotopes,
with 8, 9, and 10 neutrons in the nucleus, respectively.
(a) Write the full chemical symbols for these three isotopes.
(b) Describe the similarities and differences between the three
kinds of atoms of oxygen.

2.88 Use Coulomb•s law, , to calculate the electric
force on an electron exerted by a sin-
gle proton if the particles are apart. The con-
stant k in Coulomb•s law is . (The unit
abbreviated N is the newton, the SI unit of force.)

2.89 The element lead (Pb) consists of four naturally occurring iso-
topes with atomic masses 203.97302, 205.97444, 206.97587,
and 207.97663 amu. The relative abundances of these four iso-

9.0 * 109 N #m2>C2
0.53 * 10- 10 m

(Q = - 1.6 * 10- 19 C)
F = kQ1Q2/d

2

209
83X

152
63X

127
53X

74
33X

g>cm3
1.0 * 10- 15 m

(a) (b)

4.95 Å

3H+?3He+

3H

3He

3He
0.000137%3He topes are 1.4, 24.1, 22.1, and , respectively. From these

data, calculate the atomic weight of lead.
2.90 Gallium (Ga) consists of two naturally occurring isotopes

with masses of 68.926 and 70.925 amu.(a) How many protons
and neutrons are in the nucleus of each isotope? Write the
complete atomic symbol for each, showing the atomic num-
ber and mass number.(b) The average atomic mass of Ga is
69.72 amu. Calculate the abundance of each isotope.

2.91 Using a suitable reference such as the CRC Handbook of Chem-
istry and Physicsor http://www.webelements.com, look up the
following information for nickel:(a) the number of known
isotopes,(b) the atomic masses (in amu) and (c) the natural
abundances of the five most abundant isotopes.

2.92 There are two different isotopes of bromine atoms. Under
normal conditions, elemental bromine consists of Br2 mole-
cules, and the mass of a Br2 molecule is the sum of the masses
of the two atoms in the molecule. The mass spectrum of Br2
consists of three peaks:

52.4%

(a)What is the origin of each peak (of what isotopes does each
consist)? (b) What is the mass of each isotope? (c) Determine
the average molecular mass of a Br2 molecule.(d) Determine
the average atomic mass of a bromine atom.(e) Calculate the
abundances of the two isotopes.

2.93 It is common in mass spectrometry to assume that the mass of
a cation is the same as that of its parent atom.(a) Using data in
Table 2.1, determine the number of significant figures that
must be reported before the difference in mass of and 
is significant.(b) What percentage of the mass of an atom
does the electron represent?

2.94 From the following list of elements„Ar, H, Ga, Al, Ca, Br, Ge,
K, O„pick the one that best fits each description. Use each
element only once:(a) an alkali metal,(b) an alkaline earth
metal,(c) a noble gas,(d) a halogen,(e)a metalloid,(f) a non-
metal listed in group 1A,(g) a metal that forms a ion,(h) a
nonmetal that forms a ion,(i) an element that resembles
aluminum.

2.95 The first atoms of seaborgium (Sg) were identified in 1974.
The longest-lived isotope of Sg has a mass number of 266.
(a) How many protons, electrons, and neutrons are in an 
atom? (b) Atoms of Sg are very unstable, and it is therefore dif-
ficult to study this element•s properties. Based on the position
of Sg in the periodic table, what element should it most closely
resemble in its chemical properties?

2.96 The explosion of an atomic bomb releases many radioactive
isotopes, including strontium-90. Considering the location of
strontium in the periodic table, suggest a reason for the fact
that this isotope is particularly harmful to humans.

266Sg

2-
3+

1H

1H+1H

Mass (amu) Relative Size

157.836 0.2569
159.834 0.4999
161.832 0.2431
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2.97 From the molecular structures shown here, identify the one
that corresponds to each of the following species:(a) chlorine
gas,(b) propane,(c) nitrate ion,(d) sulfur trioxide,(e) methyl
chloride, CH3Cl.

2.98 Name each of the following oxides. Assuming that the com-
pounds are ionic, what charge is associated with the metallic el-
ement in each case? (a) NiO, (b) MnO2, (c) Cr2O3, (d) MoO3.

2.99 Fill in the blanks in the following table:

OS

O
N Cl

Cl

(iii)

(v)

(iv)

(i) (ii)

Cation Anion Formula Name

Lithium oxide

Fe2+ PO4
3-

Al2(SO4)3

Copper(II) nitrate

Cr3+ I -

MnClO2

Ammonium carbonate

Zinc perchlorate

2.100 Iodic acid has the molecular formula HIO3. Write the formu-
las for the following:(a) the iodate anion,(b) the periodate
anion,(c) the hypoiodite anion,(d) hypoiodous acid,(e)peri-
odic acid.

2.101 Elements in the same group of the periodic table often form
oxyanions with the same general formula. The anions are also
named in a similar fashion. Based on these observations, sug-
gest a chemical formula or name, as appropriate, for each of
the following ions:(a) , (b) , (c) arsenate ion,
(d) hydrogen tellurate ion.

2.102 Carbonic acid occurs in carbonated beverages. When allowed
to react with lithium hydroxide it produces lithium carbonate.
Lithium carbonate is used to treat depression and bipolar dis-
order. Write chemical formulas for carbonic acid, lithium
hydroxide, and lithium carbonate.

2.103 Give the chemical names of each of the following familiar
compounds:(a) NaCl (table salt),(b) NaHCO3 (baking soda),
(c) NaOCl (in many bleaches),(d) NaOH (caustic soda),
(e) (NH4)2CO3 (smelling salts),(f) CaSO4 (plaster of Paris).

2.104 Many familiar substances have common, unsystematic names.
For each of the following, give the correct systematic name:
(a) saltpeter, KNO3; (b) soda ash, Na2CO3; (c) lime, CaO;
(d) muriatic acid, HCl;(e) Epsom salts, MgSO4; (f) milk of
magnesia, Mg(OH)2.

2.105 Because many ions and compounds have very similar names,
there is great potential for confusing them. Write the correct
chemical formulas to distinguish between (a) calcium sulfide
and calcium hydrogen sulfide,(b) hydrobromic acid and
bromic acid,(c) aluminum nitride and aluminum nitrite,
(d) iron(II) oxide and iron(III) oxide,(e) ammonia and am-
monium ion, (f) potassium sulfite and potassium bisulfite,
(g) mercurous chloride and mercuric chloride,(h) chloric acid
and perchloric acid.

2.106 The compound cyclohexaneis an alkane in which six carbon
atoms form a ring. The partial structural formula of the com-
pound is as follows:

(a)Complete the structural formula for cyclohexane.(b) Is the
molecular formula for cyclohexane the same as that for 
n-hexane, in which the carbon atoms are in a straight line? If
possible, comment on the source of any differences.(c) Pro-
pose a structural formula for cyclohexanol,the alcohol derived
from cyclohexane.

C
C

C

C
C

C

SeO3
2-BrO4

-



3.4 AVOGADRO•S NUMBER AND THE MOLE
We use chemical formulas to relate the masses of substances
to the numbers of atoms, molecules, or ions contained in the
substances, a relationship that leads to the crucially important
concept of the mole, defined as objects (atoms,
molecules, ions, etc.).

3.5 EMPIRICAL FORMULAS FROM ANALYSES
We apply the mole concept to determine chemical formulas from
the masses of each element in a given quantity of a compound.

6.022 * 1023

WHAT•S AHEAD
3.1 CHEMICAL EQUATIONS
We begin by considering how we can use chemical formulas to
write equations representing chemical reactions.

3.2 SOME SIMPLE PATTERNS OF CHEMICAL REACTIVITY
We then examine some simple chemical reactions: combination
reactions, decomposition reactions, and combustion reactions.

3.3 FORMULA WEIGHTS
We see how to obtain quantitative information from chemical
formulas by using formula weights.

3

A BURNING MATCH. The heat and flame
are visible evidence of a chemical reaction.
Combustion reactions were among the first
systematically studied chemical reactions.



3.6 QUANTITATIVE INFORMATION FROM 
BALANCED EQUATIONS
We use the quantitative information inherent in chemical formulas
and equations together with the mole concept to predict the
amounts of substances consumed or produced in chemical
reactions.

3.7 LIMITING REACTANTS
We recognize that one reactant may be used up before others in a
chemical reaction. This is the limiting reactant. The reaction stops,
leaving some excess starting material.

77

To an experienced eye, these visual changes indicate a chemical change, or chemical
reaction. Some chemical changes are simple; others are complex. Some are dramatic;
some are very subtle. Even as you sit reading this chapter, chemical changes are
occurring in your body. Those occurring in your eyes and brain, for example, allow
you to see these words and think about them. Although not as obvious as those we see

STOICHIOMETRY:
CALCULATIONS
WITH CHEMICAL
FORMULAS AND
EQUATIONS
YOU POUR VINEGAR INTOa glass of water containing baking
soda and bubbles form. You strike a match and use the
flame to light a candle. You heat sugar in a pan and it
turns brown. The bubbles, flame, and color change
are visual evidence that something is happening.
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in the laboratory, the chemical changes taking place in our bodies are nevertheless
remarkable for how they allow us to function.

In this chapter we explore some important aspects of chemical change. Our focus
will be both on the use of chemical formulas to represent reactions and on the
quantitative information we can obtain about the amounts of substances involved in
reactions.Stoichiometry (pronounced stoy-key-OM-uh-tree) is the area of study that
examines the quantities of substances consumed and produced in chemical reactions.
Stoichiometry (Greek stoicheion,•element,Ž and metron,•measureŽ) provides an
essential set of tools widely used in chemistry, including such diverse applications as
measuring ozone concentrations in the atmosphere and assessing different processes
for converting coal into gaseous fuels.

Stoichiometry is built on an understanding of atomic masses € (Section 2.4),
chemical formulas, and the law of conservation of mass.€ (Section 2.1)The French
nobleman and scientist Antoine Lavoisier (� FIGURE 3.1) discovered this important
chemical law during the late 1700s. Lavoisier stated the law in this eloquent way: •We
may lay it down as an incontestable axiom that, in all the operations of art and nature,
nothing is created; an equal quantity of matter exists both before and after the
experiment. Upon this principle, the whole art of performing chemical experiments
depends.Ž With the advent of Dalton•s atomic theory, chemists came to understand the
basis for this law:Atoms are neither created nor destroyed during a chemical reaction.
The changes that occur during any reaction merely rearrange the atoms. The same
collection of atoms is present both before and after the reaction.

3.1 | CHEMICAL EQUATIONS 
We represent chemical reactions by chemical equations . When the gas hydrogen (H2)
burns, for example, it reacts with oxygen (O2) in the air to form water (H2O). We write
the chemical equation for this reaction as

[3.1]

We read the sign as •reacts withŽ and the arrow as •produces.Ž The chemical formulas
to the left of the arrow represent the starting substances, called reactants . The chemical
formulas to the right of the arrow represent substances produced in the reaction, called
products . The numbers in front of the formulas, called coefficients,indicate the relative
numbers of molecules of each kind involved in the reaction. (As in algebraic equations,
the coefficient 1 is usually not written.)

Because atoms are neither created nor destroyed in any reaction, a chemical equa-
tion must have an equal number of atoms of each element on each side of the arrow.
When this condition is met, the equation is balanced. On the right side of Equation 3.1,
for example, there are two molecules of H2O, each composed of two atoms of hydrogen
and one atom of oxygen (� FIGURE 3.2). Thus, 2 H2O (read •two molecules of waterŽ)
contains and . Notice that the number of atoms
is obtained by multiplying each subscript in a chemical formula by the coefficient for the
formula.Because there are four H atoms and two O atoms on each side of the equation,
the equation is balanced.

G I V E  I T  S O M E  T H O U G H T

How many atoms of Mg, O, and H are represented by the notation 3 Mg(OH) 2?

Balancing Equations
Once we know the formulas of the reactants and products in a reaction, we can write
an unbalanced equation. We then balance the equation by determining the coefficients
that provide equal numbers of each type of atom on the two sides of the equation. For
most purposes, a balanced equation should contain the smallest possible whole-number
coefficients.

2 * 1 = 2 O atoms2 * 2 = 4 H atoms

+

2 H2 + O2 ¡ 2 H2O

� FIGURE 3.1 Antoine Lavoisier
(1734…1794).The science career of
Lavoisier, who conducted many important
studies on combustion reactions, was cut
short by the French Revolution. Guillotined
in 1794 during the Reign of Terror, he is
generally considered the father of modern
chemistry because he conducted carefully
controlled experiments and used quantitative
measurements.

�

2 H2O2 H2 �  O2

ProductsReactants

� FIGURE 3.2 A balanced chemical
equation.
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In balancing an equation, you need to understand the difference between coeffi-
cients and subscripts. As � FIGURE 3.3 illustrates, changing a subscript in a formula„
from H2O to H2O2, for example„changes the identity of the substance. The substance
H2O2, hydrogen peroxide, is quite different from the substance H2O, water.Never change
subscripts when balancing an equation. In contrast, placing a coefficient in front of a for-
mula changes only the amountof the substance and not its identity. Thus, 2 H2O means
two molecules of water, 3 H2O means three molecules of water, and so forth.

To illustrate the process of balancing an equation, consider the reaction that occurs
when methane (CH4), the principal component of natural gas, burns in air to produce
carbon dioxide gas (CO2) and water vapor (H2O) (� FIGURE 3.4). Both products con-
tain oxygen atoms that come from O2 in the air. Thus, O2 is a reactant, and the unbal-
anced equation is

[3.2]

It is usually best to balance first those elements that occur in the fewest chemical
formulas in the equation. In our example, C appears in only one reactant (CH4) and one
product (CO2). The same is true for H (CH4 and H2O). Notice, however, that O appears
in one reactant (O2) and two products (CO2 and H2O). So, let•s begin with C. Because
one molecule of CH4 contains the same number of C atoms (one) as one molecule of
CO2 the coefficients for these substances mustbe the same in the balanced equation.
Therefore, we start by choosing the coefficient 1 (unwritten) for both CH4 and CO2.

CH4 + O2 ¡ CO2 + H2O (unbalanced)

H2O

2 H2O

H2O2

Changingcoefficient
changesamount

Changingsubscript
changescomposition
andidentity

2 molecules water
(contain 4 H atoms
and 2 O atoms)

1 molecule hydrogen
peroxide (contains 2 H
atoms and 2 O atoms)

� FIGURE 3.3 The difference between changing subscripts and changing coefficients in
chemical equations.

G O  F I G U R E

What is the difference in atom count between the notation CO 2 and the
notation 2 CO?

Reactants

�

O2CH4

CO2 and H2O

Products

� FIGURE 3.4 Methane reacts with oxygen in a Bunsen burner.



80 CHAPTER 3 Stoichiometry: Calculations with Chemical Formulas and Equations

Next we focus on H. Because CH4 contains four H atoms and
H2O contains two H atoms, we balance the H atoms by placing
the coefficient 2 in front of H2O. There are then four H atoms on
each side of the equation:

[3.3]

Finally, a coefficient 2 in front of O2 balances the equation by giv-
ing four O atoms on each side ( left, right):

[3.4]

The molecular view of the balanced equation is shown in
� FIGURE 3.5.

CH4 + 2 O2 ¡ CO2 + 2 H2O (balanced)

2 + 2 * 12 * 2

CH4 + O2 ¡ CO2 + 2 H2O (unbalanced)

� �

CH4

1 C, 4 H,  4 O 1 C, 4 H,  4 O

2 O2 CO2 2 H2O� �

� FIGURE 3.5 Balanced chemical equation for the combustion
of CH 4.

SAMPLE EXERCISE 3.1 Interpreting and Balancing Chemical Equations

The following diagram represents a chemical reaction in which the red spheres are oxygen atoms and the
blue spheres are nitrogen atoms.(a) Write the chemical formulas for the reactants and products.(b) Write a
balanced equation for the reaction.(c) Is the diagram consistent with the law of conservation of mass?

SOLUTION
(a) The left box, which represents reactants, contains two kinds of
molecules, those composed of two oxygen atoms (O2) and those com-
posed of one nitrogen atom and one oxygen atom (NO). The right
box, which represents products, contains only molecules composed of
one nitrogen atom and two oxygen atoms (NO2).
(b) The unbalanced chemical equation is

An inventory of atoms on each side of the equation shows that there
are one N and three O on the left side of the arrow and one N and two
O on the right. To balance O we must increase the number of O atoms
on the right while keeping the coefficients for NO and NO2 equal.
Sometimes we need to go back and forth several times from one side of
an equation to the other, changing coefficients first on one side of the
equation and then the other until it is balanced. In our present case, we
can increase the number of O atoms by placing the coefficient 2 in
front of NO2:

That gives two N atoms and four O atoms on the right, so we go back
to the left side. Placing the coefficient 2 in front of NO balances both
N and O:

2 N, 4 O 2 N, 4 O
(c) The reactants box contains four O2 and eight NO. Thus, the mo-
lecular ratio is one O2 for each two NO, as required by the balanced
equation. The products box contains eight NO2, which means the
number of NO2 product molecules equals the number of NO reactant
molecules, as the balanced equation requires.

There are eight N atoms in the eight NO molecules in the reac-
tants box. There are also O atoms in the O2 molecules and
eight O atoms in the NO molecules, giving a total of 16 O atoms. In the
products box, we find eight N atoms and O atoms in the
eight NO2 molecules. Because there are equal numbers of N and O
atoms in the two boxes, the drawing is consistent with the law of con-
servation of mass.

8 * 2 = 16

4 * 2 = 8

O2 + 2 NO ¡ 2 NO2 (balanced)

O2 + NO ¡ 2 NO2 (unbalanced)

O2 + NO ¡ NO2 (unbalanced)

J c

PRACTICE EXERCISE
In the following diagram, the white spheres represent hydrogen atoms and the blue spheres represent nitro-
gen atoms.

To be consistent with the law of conservation of mass, how many NH3 molecules should be shown in the
right (products) box?

Answer: Six NH3 molecules

?
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Indicating the States of Reactants and Products
Symbols indicating the physical state of each reactant and product are often shown in
chemical equations. We use the symbols (g), (l), (s), and (aq) for gas, liquid, solid, and
aqueous (water) solution, respectively. Thus, Equation 3.4 can be written

[3.5]

Sometimes the conditions under which the reaction proceeds appear above or below
the reaction arrow. The symbol (Greek uppercase delta) above the arrow indicates
addition of heat.

�

CH4(g) + 2 O2(g) ¡ CO2(g) + 2 H2O(g)

SAMPLE EXERCISE 3.2 Balancing Chemical Equations

Balance the equation

SOLUTION

Na(s) + H2O(l) ¡ NaOH(aq) + H2(g)

Begin by counting each kind of atom on the two sides of the arrow. There are
one Na, one O, and two H on the left side, and one Na, one O, and three H on
the right. To increase the number of H atoms on the left, let•s try placing the co-
efficient 2 in front of H2O:

Although beginning this way does not balance H, it does increase the number
of reactant H atoms, which we need to do. (Also, adding the coefficient 2 on
H2O unbalances O, but we will take care of that after we balance H.) Now that
we have 2 H2O on the left, we balance H by putting the coefficient 2 in front of
NaOH:

Na(s) + 2 H2O(l) ¡ NaOH(aq) + H2(g)

Na(s) + 2 H2O(l) ¡ 2 NaOH(aq) + H2(g)

2 Na(s) + 2 H2O(l) ¡ 2 NaOH(aq) + H2(g)

Balancing H in this way brings O into balance, but now Na is unbalanced, with
one Na on the left and two on the right. To rebalance Na, we put the coefficient
2 in front of the reactant:

We now have two Na atoms, four H atoms, and two O atoms on each side. The equation is balanced.

3.2 | SOME SIMPLE PATTERNS 
OF CHEMICAL REACTIVITY

In this section we examine three types of reactions that we see frequently throughout
this chapter: combination reactions, decomposition reactions, and combustion reac-
tions. Our first reason for examining these reactions is to become better acquainted with
chemical reactions and their balanced equations. Our second reason is to consider how
we might predict the products of some of these reactions knowing only their reactants.
The key to predicting the products formed by a given combination of reactants is recog-
nizing general patterns of chemical reactivity. Recognizing a pattern of reactivity for a
class of substances gives you a broader understanding than merely memorizing a large
number of unrelated reactions.

Comment Notice that we moved back and forth, placing a coeffi-
cient in front of H2O, then NaOH, and finally Na. In balancing equa-
tions, we often find ourselves following this pattern of moving back
and forth from one side of the arrow to the other, placing coefficients
first in front of a formula on one side and then in front of a formula

on the other side until the equation is balanced. You can always tell if
you have balanced your equation correctly by checking that the num-
ber of atoms of each element is the same on the two sides of the arrow.

PRACTICE EXERCISE
Balance these equations by providing the missing coefficients:
(a)
(b)
(c)

Answers: (a) 4, 3, 2;(b) 1, 3, 2, 2;(c) 2, 6, 2, 3

„ Al(s) + „ HCl(aq) ¡ „ AlCl3(aq) + „ H2(g)
„ C2H4(g) + „ O2(g) ¡ „ CO2(g) + „ H2O(g)
„ Fe(s) + „ O2(g) ¡ „ Fe2O3(s)
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TABLE 3.1 € Combination and Decomposition Reactions

Combination Reactions

A + B ¡ C Two or more reactants combine to form a
single product. Many elements react with one
another in this fashion to form compounds.

C(s) + O2(g) ¡ CO2(g)
N2(g) + 3 H2(g) ¡ 2 NH3(g)
CaO(s) + H2O(l) ¡ Ca(OH)2(s)

Decomposition Reactions

C ¡ A + B A single reactant breaks apart to form two or
more substances. Many compounds react this
way when heated.

2 KClO3(s) ¡ 2 KCl(s) + 3 O2(g)
PbCO3(s) ¡ PbO(s) + CO2(g)
Cu(OH)2(s) ¡ CuO(s) + H2O(l)

�

2 MgO(s)2 Mg(s) � O2(g)

ProductsReactants

The ribbon of magnesium metal is 
surrounded by oxygen gas in the air.

The reaction forms MgO, 
a white, ionic solid.

An intense flame is produced 
as the Mg atoms react with O2.

Mg2�

Mg

O2�
O2

� FIGURE 3.6 Combustion of
magnesium metal in air, a combination
reaction.

Combination and Decomposition Reactions
In combination reactions two or more substances react to form one product
(� TABLE 3.1). For example, magnesium metal burns brilliantly in air to produce mag-
nesium oxide (� FIGURE 3.6):

[3.6]

This reaction is used to produce the bright flame generated by flares and some
fireworks.

A combination reaction between a metal and a nonmetal, as in Equation 3.6, pro-
duces an ionic solid. Recall that the formula of an ionic compound can be determined
from the charges of its ions.€ (Section 2.7)When magnesium reacts with oxygen,
the magnesium loses electrons and forms the magnesium ion, . The oxygen gains
electrons and forms the oxide ion, . Thus, the reaction product is MgO.

You should be able to recognize when a reaction is a combination reaction and to
predict the products when the reactants are a metal and a nonmetal.

O2-
Mg2+

2 Mg(s) + O2(g) ¡ 2 MgO(s)
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G I V E  I T  S O M E  T H O U G H T

When Na and S undergo a combination reaction, what is the chemical formula of
the product?

In a decomposition reaction one substance undergoes a reaction to produce two
or more other substances (Table 3.1). For example, many metal carbonates decompose
to form metal oxides and carbon dioxide when heated:

[3.7]

Decomposition of CaCO3 is an important commercial process. Limestone or seashells,
which are both primarily CaCO3, are heated to prepare CaO, known as lime or quicklime.
About (20 million tons) of CaO is used in the United States each year, princi-
pally in making glass, in obtaining iron from its ores, and in making mortar to bind bricks.

The decomposition of sodium azide (NaN3) rapidly releases N2(g), so this reaction
is used to inflate safety air bags in automobiles (� FIGURE 3.7):

[3.8]

The system is designed so that an impact ignites a detonator cap, which in turn causes
NaN3 to decompose explosively. A small quantity of NaN3 (about 100 g) forms a large
quantity of gas (about 50 L).

SAMPLE EXERCISE 3.3 Writing Balanced Equations for Combination
and Decomposition Reactions

Write a balanced equation for (a) the combination reaction between lithium metal and fluo-
rine gas and (b) the decomposition reaction that occurs when solid barium carbonate is
heated (two products form, a solid and a gas).

SOLUTION
(a) With the exception of mercury, all metals are solids at room temperature. Fluorine occurs
as a diatomic molecule. Thus, the reactants are Li(s) and F2(g). The product will be composed
of a metal and a nonmetal, so we expect it to be an ionic solid. Lithium ions have a charge,

, whereas fluoride ions have a 1… charge, . Thus, the chemical formula for the product is
LiF. The balanced chemical equation is

(b) The chemical formula for barium carbonate is BaCO3. As noted in the text, many metal
carbonates decompose to metal oxides and carbon dioxide when heated. In Equation 3.7, for
example, CaCO3 decomposes to form CaO and CO2. Thus, we expect BaCO3 to decompose to
BaO and CO2. Barium and calcium are both in group 2A in the periodic table, which further
suggests they react in the same way:

PRACTICE EXERCISE
Write a balanced equation for (a) solid mercury(II) sulfide decomposing into its component
elements when heated and (b) aluminum metal combining with oxygen in the air.
Answers: (a) , (b)

Combustion Reactions
Combustion reactions are rapid reactions that produce a flame. Most combustion re-
actions we observe involve O2 from air as a reactant. Equation 3.5 illustrates a general
class of reactions involving the burning, or combustion, of hydrocarbons (compounds
that contain only carbon and hydrogen, such as CH4 and C2H4). € (Section 2.9)

Hydrocarbons combusted in air react with O2 to form CO2 and H2O.* The number
of molecules of O2 required and the number of molecules of CO2 and H2O formed

4 Al(s) + 3 O2(g) ¡ 2 Al2O3(s)HgS(s) ¡ Hg(l) + S(s)

BaCO3(s) ¡ BaO(s) + CO2(g)

2 Li(s) + F2(g) ¡ 2 LiF(s)

F-Li+
1+

2 NaN3(s) ¡ 2 Na(s) + 3 N2(g)

2 * 1010 kg

CaCO3(s) ¡
¢ CaO(s) + CO2(g)

� FIGURE 3.7 Decomposition of
sodium azide, NaN 3(s), is used to inflate
automobile air bags.

*When there is an insufficient quantity of O2 present, carbon monoxide (CO) is produced along with CO2;
this is called incomplete combustion. If the O2 quantity is severely restricted, the fine particles of carbon we
call soot are produced. Complete combustion produces only CO2 and H2O. Unless stated to the contrary, we
will always take combustion to mean complete combustion.
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depend on the composition of the hydrocarbon, which acts as the fuel in the reaction.
For example, the combustion of propane (C3H8, � FIGURE 3.8), a gas used for cooking
and home heating, is described by the equation

[3.9]

The state of the water in this reaction, H2O(g) or H2O(l), depends on the reaction con-
ditions. Water vapor, H2O(g), is formed at high temperature in an open container.

Combustion of oxygen-containing derivatives of hydrocarbons, such as CH3OH,
also produces CO2 and H2O. The rule that hydrocarbons and their oxygen-containing
derivatives form CO2 and H2O when they burn in air summarizes the behavior of about
3 million compounds. Many substances that our bodies use as energy sources, such as
the sugar glucose (C6H12O6), react with O2 to form CO2 and H2O. In our bodies, how-
ever, the reactions take place in a series of intermediate steps that occur at body temper-
ature. These reactions that involve intermediate steps are described as oxidation
reactionsinstead of combustion reactions.

SAMPLE EXERCISE 3.4 Writing Balanced Equations for
Combustion Reactions

Write the balanced equation for the reaction that occurs when methanol, CH3OH(l), is burned
in air.

SOLUTION
When any compound containing C, H, and O is combusted, it reacts with the O2(g) in air to
produce CO2(g) and H2O(g). Thus, the unbalanced equation is

The C atoms are balanced, one on each side of the arrow. Because CH3OH has four H atoms,
we place the coefficient 2 in front of H2O to balance the H atoms:

Adding this coefficient balances H but gives four O atoms in the products. Because there are
only three O atoms in the reactants, we are not finished. We can place the coefficient in front
of O2 to give four O atoms in the reactants ( O atoms in ):

Although this equation is balanced, it is not in its most conventional form because it contains
a fractional coefficient. However, multiplying through by 2 removes the fraction and keeps the
equation balanced:

PRACTICE EXERCISE
Write the balanced equation for the reaction that occurs when ethanol, C2H5OH(l), burns
in air.
Answer:

3.3 | FORMULA WEIGHTS
Chemical formulas and chemical equations both have a quantitativesignificance in that
the subscripts in formulas and the coefficients in equations represent precise quantities.
The formula H2O indicates that a molecule of this substance (water) contains exactly
two atoms of hydrogen and one atom of oxygen. Similarly, the coefficients in a balanced
chemical equation indicate the relative quantities of reactants and products. But how do
we relate the numbers of atoms or molecules to the amounts we measure in the labora-
tory? Although we cannot directly count atoms or molecules, we can indirectly deter-
mine their numbers if we know their masses. Therefore, before we can pursue the
quantitative aspects of chemical formulas and equations, we must examine the masses
of atoms and molecules.

C2H5OH(l) + 3 O2(g) ¡ 2 CO2(g) + 3 H2O(g)

2 CH3OH(l) + 3 O2(g) ¡ 2 CO2(g) + 4 H2O(g)

CH3OH(l) + 3
2 O2(g) ¡ CO2(g) + 2 H2O(g)

3
2 O2

3
2 * 2 = 3

3
2

CH3OH(l) + O2(g) ¡ CO2(g) + 2 H2O(g)

CH3OH(l) + O2(g) ¡ CO2(g) + H2O(g)

C3H8(g) + 5 O2(g) ¡ 3 CO2(g) + 4 H2O(g)

� FIGURE 3.8 Propane burning in air.
Liquid propane in the tank, C 3H8, vaporizes
and mixes with air as it escapes through the
nozzle. The combustion reaction of C 3H8
and O2 produces a blue flame.

G O  F I G U R E

In what ways are the reactions de-
picted in Figures 3.4 and 3.8 alike?
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Formula and Molecular Weights
Theformula weight of a substance is the sum of the atomic weights of the atoms in the
chemical formula of the substance. Using atomic weights, we find, for example, that the
formula weight of sulfuric acid (H2SO4) is 98.1 amu:*

For convenience, we have rounded off the atomic weights to one decimal place, a prac-
tice we will follow in most calculations in this book.

If the chemical formula is the chemical symbol of an element, such as Na, the for-
mula weight equals the atomic weight of the element, in this case 23.0 amu. If the chem-
ical formula is that of a molecule, the formula weight is also called the molecular
weight . The molecular weight of glucose (C6H12O6), for example, is

Because ionic substances exist as three-dimensional arrays of ions (see Figure 2.21),
it is inappropriate to speak of molecules of these substances. Instead, we speak of
formula units. The formula unit of NaCl, for instance, consists of one ion and one

ion. Thus, the formula weight of NaCl is defined as the mass of one formula unit:

FW of NaCl= 23.0 amu+ 35.5 amu= 58.5 amu

Cl-
Na+

MW of C6H12O6 = 6(12.0 amu)+ 12(1.0 amu)+ 6(16.0 amu)= 180.0 amu

= 98.1 amu

= 2(1.0 amu)+ 32.1 amu+ 4(16.0 amu)

 FW of H2SO4 = 2(AW of H) + (AW of S) + 4(AW of O)

*The abbreviation AW is used for atomic weight, FW for formula weight, and MW for molecular weight.

SAMPLE EXERCISE 3.5 Calculating Formula Weights

Calculate the formula weight of(a) sucrose, C12H22O11 (table sugar), and (b) calcium nitrate,
Ca(NO3)2.

SOLUTION

(a) By adding the atomic weights of the
atoms in sucrose, we find the formula
weight to be 342.0 amu:

    342.0 amu

 11 O atoms= 11(16.0 amu)= 176.0 amu

 22 H atoms= 22(1.0 amu) = 22.0 amu

 12 C atoms= 12(12.0 amu)= 144.0 amu

(b) If a chemical formula has parentheses,
the subscript outside the parentheses is a
multiplier for all atoms inside. Thus, for
Ca(NO3)2 we have

    164.1 amu

 6 O atoms= 6(16.0 amu)=  96.0 amu

 2 N atoms= 2(14.0 amu)=  28.0 amu

 1 Ca atom= 1(40.1 amu)=  40.1 amu

PRACTICE EXERCISE
Calculate the formula weight of(a) Al(OH)3 and(b) CH3OH.
Answers: (a) 78.0 amu,(b) 32.0 amu

Percentage Composition from Chemical Formulas
Chemists must sometimes calculate the percentage compositionof a compound„that is, the
percentage by mass contributed by each element in the substance. Forensic chemists, for ex-
ample, will measure the percentage composition of an unknown powder and compare it
with the percentage compositions for sugar, salt, or cocaine to identify the powder.

Calculating the percentage composition of any element in a substance is straight-
forward if the chemical formula is known. The calculation depends on the formula
weight of the substance, the atomic weight of the element of interest, and the number of
atoms of that element in the chemical formula:

[3.10]=

a
number of atoms

of element
b a

atomic weight
of element

b

formula weight of substance
* 100%% composition of element
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3.4 | AVOGADRO•S NUMBER AND THE MOLE
Even the smallest samples we deal with in the laboratory contain enormous numbers of
atoms, ions,or molecules.For example,a teaspoon of water (about 5 mL) contains 
water molecules, a number so large it almost defies comprehension. Chemists therefore have
devised a counting unit for describing such large numbers of atoms or molecules.

In everyday life we use such familiar counting units as dozen (12 objects) and gross
(144 objects). In chemistry the counting unit for numbers of atoms, ions, or molecules in
a laboratory-size sample is the mole , abbreviated mol.* One mole is the amount of mat-
ter that contains as many objects (atoms, molecules, or whatever other objects we are
considering) as the number of atoms in exactly 12 g of isotopically pure . From exper-
iments, scientists have determined this number to be , which we will
usually round to . Scientists call this valueAvogadro•s number , NA, in honor6.02 * 1023

6.0221421* 1023

12C

2 * 1023

Recognize that some data may not be given explicitly in the problem;
you may be expected to know certain quantities (such as Avogadro•s
number) or look them up in tables (such as atomic weights). Recog-
nize also that your plan may involve either a single step or a series of
steps with intermediate answers.

Step 3: Solve the problem.Use the known information and suitable
equations or relationships to solve for the unknown. Dimensional
analysis€ (Section 1.6)is a useful tool for solving a great number
of problems. Be careful with significant figures, signs, and units.

Step 4: Check the solution.Read the problem again to make sure you
have found all the solutions asked for in the problem. Does your an-
swer make sense? That is, is the answer outrageously large or small or is
it in the ballpark? Finally, are the units and significant figures correct?

PROBLEM SOLVING

Practice is the key to success in solving problems. As you
practice, you can improve your skills by following

these steps:

Step 1: Analyze the problem.Read the problem
carefully. What does it say? Draw a picture or

diagram that will help you to visualize the problem. Write down both
the data you are given and the quantity you need to obtain (the
unknown).

Step 2: Develop a plan for solving the problem.Consider a possi-
ble path between the given information and the unknown. What
principles or equations relate the known data to the unknown?

S T R AT E G I E S  I N  C H E M I S T RY

*The term molecomes from the Latin word moles,meaning •a mass.Ž The term moleculeis the diminutive of
this word and means •a small mass.Ž

SAMPLE EXERCISE 3.6 Calculating Percentage Composition

Calculate the percentage of carbon, hydrogen, and oxygen (by mass) in C12H22O11.

SOLUTION
Let•s examine this question using the problem-solving steps in the accompanying •Strategies in
Chemistry: Problem SolvingŽ essay.

Analyze We are given a chemical formula and asked to calculate the percentage by mass of
each element.

Plan We use Equation 3.10, obtaining our atomic weights from a periodic table. We know the
denominator in Equation 3.10, the formula weight of C12H22O11, from Sample Exercise 3.5.
We must use that value in three calculations, one for each element.

Solve

Check Our calculated percentages must add up to 100%, which they do. We could have used
more significant figures for our atomic weights, giving more significant figures for our per-
centage composition, but we have adhered to our suggested guideline of rounding atomic
weights to one digit beyond the decimal point.

PRACTICE EXERCISE
Calculate the percentage of nitrogen, by mass, in Ca(NO3)2.
Answer: 17.1%

 %O =
(11)(16.0 amu)

342.0 amu
* 100% = 51.5%

 %H =
(22)(1.0 amu)

342.0 amu
* 100% = 6.4%

 %C =
(12)(12.0 amu)

342.0 amu
* 100% = 42.1%
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of the Italian scientist Amedeo Avogadro (1776…1856), and it is often cited with units of
reciprocal moles, . The unit (read as either •inverse moleŽ or •per
moleŽ) reminds us that there are objects per one mole. A mole of atoms, a
mole of molecules, or a mole of anything else all contain Avogadro•s number of objects:

Avogadro•s number is so large that it is difficult to imagine. Spreading 
marbles over Earth•s surface would produce a layer about 3 miles thick. Avogadro•s
number of pennies placed side by side in a straight line would encircle Earth 300 trillion
( ) times.3 * 1014

6.02 * 1023

 1 mol NO3
-  ions = 6.02 * 1023 NO3

-  ions

 1 mol H2O molecules= 6.02 * 1023H2O molecules

 1 mol 12C atoms= 6.02 * 1023 12C atoms

6.02 * 1023
6.02 * 1023mol- 1

SAMPLE EXERCISE 3.7 Estimating Numbers of Atoms

Without using a calculator, arrange these samples in order of increasing numbers of carbon atoms: 12 g ,
1 mol C2H2, molecules of CO2.

SOLUTION

9 * 1023

12C

Analyze We are given amounts of three substances expressed in
grams, moles, and number of molecules and asked to arrange the
samples in order of increasing numbers of C atoms.
Plan To determine the number of C atoms in each sample, we must
convert 12 g , 1 mol C2H2, and molecules CO2 to num-
bers of C atoms. To make these conversions, we use the definition of
mole and Avogadro•s number.
Solve One mole is defined as the amount of matter that contains as
many units of the matter as there are C atoms in exactly 12 g of .
Thus, 12 g of contains 1 mol of C atoms.
One mol of C2H2 contains molecules. Because

there are two C atoms in each molecule, this sample contains
C atoms. Because each CO2 molecule contains one 

C atom, the CO2 sample contains C atoms. Hence, the
order is 12 g ( ) molecules
( ) ( C atoms).

Check We can check our results by comparing numbers of moles of
C atoms in the samples because the number of moles is proportional
to  the number of atoms. Thus, 12 g of is 1 mol C; 1 mol of C2H2
contains 2 mol C, and molecules of CO2 contain 1.5 mol C,
giving the same order as stated previously.

9 * 1023

12C

12 * 10236  1 mol C2H29 * 1023 C atoms
6  9 * 1023 CO26 * 1023 C atoms12C

9 * 1023
12 * 1023

6 * 1023 C2H2

C atoms=  6.02 * 102312C

12C

9 * 102312C

PRACTICE EXERCISE
Without using a calculator, arrange these samples in order of increasing number of O atoms: 1 mol H2O,
1 mol CO2, molecules O3.
Answer: 1 mol H2O ( ) molecules O3 ( ) 1 mol CO2
( O atoms)12 * 1023

69 * 1023 O atoms6 3 * 10236 * 1023 O atoms
3 * 1023

SAMPLE EXERCISE 3.8 Converting Moles to Number of Atoms

Calculate the number of H atoms in 0.350 mol of C6H12O6.

SOLUTION

Analyze We are given the amount of a substance (0.350 mol) and
its chemical formula C6H12O6. The unknown is the number of
H atoms in the sample.

Plan Avogadro•s number provides the conversion factor between
number of moles of C6H12O6 and number of molecules of
C6H12O6: 1 mol molecules C6H12O6.
Once we know the number of molecules of C6H12O6, we can use
the chemical formula, which tells us that each molecule of C6H12O6
contains 12 H atoms. Thus, we convert moles of C6H12O6 to mole-
cules of C6H12O6 and then determine the number of atoms of H
from the number of molecules of C6H12O6:

Moles C6H12O6 ¡ molecules C6H12O6 ¡ atoms H

C6H12O6 = 6.02 * 1023

Solve

Check We can do a ballpark calculation: First, ) is
about molecules of C6H12O6, and each one of these
molecules contains 12 H atoms. So gives

H atoms, which agrees with our result. Be-
cause we were asked for the number of H atoms, the units of our answer
are correct. The given data had three significant figures, so our answer
has three significant figures.

24 * 1023 = 2.4 * 1024
12(2 * 1023)

2 * 1023
0.35(6 * 1023

= 2.53 * 1024 H atoms* ¢
12 H atoms

1 molecule C6H12O6
�

H atoms = (0.350 mol C6H12O6)¢
6.02* 1023 molecules C6H12O6

1 mol C6H12O6
�

PRACTICE EXERCISE
How many oxygen atoms are in (a) 0.25 mol Ca(NO3)2 and(b) 1.50 mol of sodium carbonate?
Answers: (a) , (b) 2.71 * 10249.0 * 1023
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Molar Mass
A dozen is the same number, 12, whether we have a dozen eggs or a dozen elephants.
Clearly, however, a dozen eggs does not have the same mass as a dozen elephants. Simi-

larly, a mole is always the same number( ), but 1-mol samples
of different substances have different masses. Compare, for example, 1 mol
of and 1 mol of . A single atom has a mass of 12 amu,
whereas a single atom is twice as massive, 24 amu (to two significant
figures). Because a mole of anything always contains the same number of
particles, a mole of must be twice as massive as a mole of . Be-
cause a mole of has a mass of 12 g (by definition), a mole of
must have a mass of 24 g. This example illustrates a general rule relating
the mass of an atom to the mass of Avogadro•s number (1 mol) of these
atoms:The atomic weight of an element in atomic mass units is numerically
equal to the mass in grams of 1 mol of that element.For example,

For other kinds of substances, the same numerical relationship exists between for-
mula weight and mass of one mole of a substance:

(� FIGURE 3.9)

G I V E  I T  S O M E  T H O U G H T

a. Which has more mass, a mole of water (H2O) or a mole of glucose (C6H12O6)?
b. Which contains more molecules, a mole of water or a mole of glucose?

The mass in grams of one mole of a substance (that is, the mass in grams per mole)
is called the molar mass of the substance.The molar mass in grams per mole of any sub-
stance is numerically equal to its formula weight in atomic mass units. For NaCl, for exam-
ple, the formula weight is 58.5 amu and the molar mass is 58.5 g>mol. Mole
relationships for several other substances are shown in � TABLE 3.2, and � FIGURE
3.10 shows 1-mol quantities of three common substances.

The entries in Table 3.2 for N and N2 point out the importance of stating the chem-
ical form of a substance when using the mole concept. Suppose you read that 1 mol of
nitrogen is produced in a particular reaction. You might interpret this statement to
mean 1 mol of nitrogen atoms (14.0 g). Unless otherwise stated, however, what is

NaCl has a formula weight of 58.5 amu   Q 1 mol NaCl has a mass of 58.5 g

NO3
- has a formula weight of 62.0 amu  Q 1 mol NO3

-  has a mass of 62.0 g

H2O has a formula weight of 18.0 amu   Q 1 mol H2O has a mass of 18.0 g

 Au has an atomic weight of 197 amu Q 1 mol Au has a mass of 197 g

 Cl has an atomic weight of 35.5 amu Q 1 mol Cl has a mass of 35.5 g

24Mg12C

12C24Mg

24Mg

12C24Mg12C

6.02 * 1023

Avogadro•s
number of
molecules

(6.02�  1023)

Single molecule

1 molecule H2O
(18.0 amu)

1 mol H2O
(18.0 g)

Laboratory-size
sample

� FIGURE 3.9 Comparing the mass of
1 molecule and 1 mol of H 2O. Both masses
have the same number but different units
(atomic mass units and grams). Expressing
both masses in grams indicates their huge
difference: 1 molecule H2O has a mass of

whereas 1 mol H2O has a
mass of 18.0 g.
2.99 * 10- 23 g

G O  F I G U R E

How many H 2O molecules are in a
9.00-g sample of water?

TABLE 3.2 € Mole Relationships

Name of
Substance Formula

Formula 
Weight (amu)

Molar Mass 
(g/ mol)

Number and Kind of
Particles in One Mole

Atomic nitrogen N 14.0 14.0 6.02 * 1023 N atoms

Molecular nitrogen N2 28.0 28.0
6.02 * 1023 N2 molecules

2(6.02 * 1023) N atoms

Silver Ag 107.9 107.9 6.02 * 1023 Ag atoms
Silver ions Ag+ 107.9* 107.9 6.02 * 1023 Ag+ ions

6.02 * 1023 BaCl2 formula units
Barium chloride BaCl2 208.2 208.2 6.02 * 1023 Ba2+ ions

2(6.02 * 1023) Cl-  ions

*Recall that the electron has negligible mass; thus, ions and atoms have essentially the same mass.

e

L
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probably meant is 1 mol of nitrogen molecules, N2 (28.0 g), because N2 is the most com-
mon chemical form of the element. To avoid ambiguity, it is important to state explicitly
the chemical form being discussed. Using the chemical formula„N or N2, for instance……
avoids ambiguity.

SAMPLE EXERCISE 3.9 Calculating Molar Mass

What is the molar mass of glucose, C6H12O6?

SOLUTION
Analyze We are given a chemical formula and asked to determine its molar mass.

Plan Because the molar mass of any substance is numerically equal to its formula weight, we
first determine the formula weight of glucose by adding the atomic weights of its component
atoms. The formula weight will have units of amu, whereas the molar mass has units of g>mol.

Solve Our first step is to determine the formula weight of glucose:

Because glucose has a formula weight of 180.0 amu, 1 mol of this substance
( ) has a mass of 180.0 g. In other words, C6H12O6 has a molar mass of
180.0 g>mol.

Check A magnitude below 250 seems reasonable based on the earlier examples we have
encountered, and grams per mole is the appropriate unit for the molar mass.

Comment Glucose, also known as blood sugar, is found in nature in honey and fruits. Other
sugars used as food are converted into glucose in the stomach or liver before the body uses
them as energy sources. Because glucose requires no conversion, it is often given intravenously
to patients who need immediate nourishment.

PRACTICE EXERCISE
Calculate the molar mass of Ca(NO3)2.
Answer: 164.1 g>mol

6.02 * 1023 molecules

 180.0 amu

 6 O atoms= 6(16.0 amu)= 96.0 amu

 12 H atoms= 12(1.0 amu)= 12.0 amu

 6 C atoms= 6(12.0 amu)= 72.0 amu

1 mol O2(g) has a mass of 32.0 g

1 mol H2O(l) has a mass of 18.0 g

1 mol NaCl(s) has a mass of 58.45 g

� FIGURE 3.10 One mole each of a solid (NaCl), a liquid (H 2O), and a gas (O 2). In each
case, the mass in grams of 1 mol……that is, the molar mass……is numerically equal to the formula
weight in atomic mass units. Each of these samples contains formula units.6.02 * 1023
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Interconverting Masses and Moles
Conversions of mass to moles and of moles to mass are frequently encountered in calcu-
lations using the mole concept. These calculations are simplified using dimensional
analysis, as shown in Sample Exercises 3.10 and 3.11.

Glucose meters work by the introduction of blood from a per-
son, usually by a prick of the finger, onto a small strip of paper that
contains chemicals that react with glucose. Insertion of the strip into
a small battery-operated reader gives the glucose concentration
(� FIGURE 3.11). The mechanism of the readout varies from one
monitor to another„it may be a measurement of a small electrical
current or measurement of light produced in a chemical reaction.
Depending on the reading on any given day, a diabetic person may
need to receive an injection of insulin or simply stop eating sweets for
a while.

GLUCOSE MONITORING

Over 20 million Americans have diabetes, and globally
the number approaches 172 million. Diabetes is a

metabolic disorder in which the body either cannot
produce or cannot properly use the hormone in-

sulin. One signal that a person is diabetic is that
the concentration of glucose in the blood is higher than normal.
Therefore, people who are diabetic need to measure their blood glu-
cose concentrations regularly. Untreated diabetes can cause severe
complications such as blindness and loss of limbs.

The body converts most of the food we eat into glucose. After
digestion, glucose is delivered to cells via the blood. Cells need glu-
cose to live, and insulin must be present in order for glucose to
enter the cells. Normally, the body adjusts the concentration of in-
sulin automatically, in concert with the glucose concentration after
eating. However, in a diabetic person, either little or no insulin is
produced (Type 1 diabetes) or insulin is produced but the cells can-
not take it up properly (Type 2 diabetes). The result is that the
blood glucose concentration is too high. People normally have a
range of 70…120 mg glucose per deciliter of blood. A person who
has not eaten for 8 hours or more is diagnosed as diabetic if his or
her glucose level is 126 mg>dL or higher.

� FIGURE 3.11 Glucose meter.

CHEMISTRY AND LIFE

SAMPLE EXERCISE 3.10 Converting Grams to Moles

Calculate the number of moles of glucose (C6H12O6) in 5.380 g of C6H12O6.

SOLUTION
Analyze We are given the number of grams of a substance and its chemical formula and
asked to calculate the number of moles.

Plan The molar mass of a substance provides the factor for converting grams to moles. The
molar mass of C6H12O6 is 180.0 g>mol (Sample Exercise 3.9).

Solve Using to write the appropriate conversion factor,
we have

Check Because 5.380 g is less than the molar mass, an answer less than one mole is reason-
able. The unit mol is appropriate. The original data had four significant figures, so our answer
has four significant figures.

PRACTICE EXERCISE
How many moles of sodium bicarbonate (NaHCO3) are in 508 g of NaHCO3?
Answer: 6.05 mol NaHCO3

Moles C6H12O6 = (5.380 g C6H12O6)¢
1 mol C6H12O6

180.0 g C6H12O6
� = 0.02989 mol C6H12O6

1 mol C6H12O6 = 180.0 g C6H12O6

SAMPLE EXERCISE 3.11 Converting Moles to Grams

Calculate the mass, in grams, of 0.433 mol of calcium nitrate.

SOLUTION
Analyze We are given the number of moles and the name of a substance and asked to calcu-
late the number of grams in the sample.
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Plan To convert moles to grams, we need the molar mass, which we can calculate using the
chemical formula and atomic weights.

Solve Because the calcium ion is and the nitrate ion is , calcium nitrate is
Ca(NO3)2. Adding the atomic weights of the elements in the compound gives a formula weight
of 164.1 amu. Using to write the appropriate conver-
sion factor, we have

Check The number of moles is less than 1, so the number of grams must be less than the
molar mass, 164.1 g. Using rounded numbers to estimate, we have , which
means the magnitude of our answer is reasonable. Both the units (g) and the number of signif-
icant figures (3) are correct.

PRACTICE EXERCISE
What is the mass, in grams, of(a) 6.33 mol of NaHCO3 and (b) mol of sulfuric
acid?

Answers: (a) 532 g,(b)

Interconverting Masses and Numbers of Particles
The mole concept provides the bridge between mass and number of particles. To illus-
trate how this bridge works, let•s calculate the number of copper atoms in an old copper
penny. Such a penny has a mass of about 3 g, and we assume it is 100% copper:

We have rounded our answer to one significant figure because we used only one sig-
nificant figure for the mass of the penny. Notice how dimensional analysis € (Section
1.6)provides a straightforward route from grams to numbers of atoms. The molar mass
and Avogadro•s number are used as conversion factors to convert grams to moles and
then moles to atoms. Notice also that our answer is a very large number. Any time you
calculate the number of atoms, molecules, or ions in an ordinary sample of matter, you
can expect the answer to be very large. In contrast, the number of moles in a sample will
usually be small, often less than 1.

The general procedure for interconverting mass and number of formula units
(atoms, molecules, ions, or whatever else is represented by the chemical formula) is
summarized in � FIGURE 3.12.

= 3 * 1022 Cu atoms

 Cu atoms= (3 g Cu)¢
1 mol Cu
63.5 g Cu

� ¢
6.02 * 1023 Cu atoms

1 mol Cu
�

2.9 * 10- 3 g

3.0 * 10- 5

0.5 * 150 = 75 g

Grams Ca(NO3)2 = (0.433 mol Ca(NO3)2)¢
164.1 g Ca(NO3)2

1 mol Ca(NO3)2
� = 71.1 g Ca(NO3)2

1 mol Ca(NO3)2 = 164.1 g Ca(NO3)2

NO3
-Ca2+

Use
molar
mass

Use
Avogadro•s

number
Grams Formula unitsMoles

� FIGURE 3.12 Procedure for interconverting mass and number of formula units. The
number of moles of the substance is central to the calculation. Thus, the mole concept can be 
thought of as the bridge between the mass of a sample in grams and the number of formula units 
contained in the sample.

G O  F I G U R E

What number would you use to convert (a) moles of CH 4 to grams of CH 4
and (b) number of molecules of CH 4 to moles of CH 4?
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SAMPLE EXERCISE 3.12 Calculating Numbers of Molecules and
Atoms from Mass

(a) How many glucose molecules are in 5.23 g of C6H12O6?(b) How many oxygen atoms are in
this sample?

SOLUTION
Analyze We are given the number of grams and the chemical formula and asked to calculate
(a) the number of molecules and (b) the number of O atoms in the sample.

(a) Plan The strategy for determining the number of molecules in a given quantity of a sub-
stance is summarized in Figure 3.12. We must convert 5.23 g to moles of C6H12O6 and then
convert moles to molecules of C6H12O6. The first conversion uses the molar mass of C6H12O6,
180.0 g, and the second conversion uses Avogadro•s number.

Solve Molecules C6H12O6

Check Because the mass we began with is less than a mole, there should be fewer than
molecules in the sample, which means the magnitude of our answer is reasonable.

We can make a ballpark estimate of the answer: mol;
molecules. The units (molecules) and

significant figures (three) are appropriate.

(b) Plan To determine the number of O atoms, we use the fact that there are six O atoms in
each C6H12O6 molecule. Thus, multiplying the number of molecules we calculated in (a) by
the factor (6 atoms O>1 molecule C6H12O6) gives the number of O atoms.

Solve

Check The answer is 6 times as large as the answer to part (a), exactly what it should be. The
number of significant figures (three) and the units (atoms O) are correct.

PRACTICE EXERCISE
(a) How many nitric acid molecules are in 4.20 g of HNO3?(b) How many O atoms are in this
sample?
Answers: (a) molecules HNO3, (b) atoms O

3.5 | EMPIRICAL FORMULAS FROM ANALYSES
As we learned in Section 2.6, the empirical formula for a substance tells us the relative
number of atoms of each element in the substance. The empirical formula H2O shows
that water contains two H atoms for each O atom. This ratio also applies on the molar
level: 1 mol of H2O contains 2 mol of H atoms and 1 mol of O atoms. Conversely,the
ratio of the numbers of moles of all elements in a compound gives the subscripts in the com-
pound•s empirical formula. Thus, the mole concept provides a way of calculating empir-
ical formulas.

Mercury and chlorine, for example, combine to form a compound that is 73.9%
mercury and 26.1% chlorine by mass. Thus, if we had a 100.0-g sample of the com-
pound, it would contain 73.9 g of mercury and 26.1 g of chlorine. (Samples of any size
can be used in problems of this type, but we will generally use 100.0 g to simplify the cal-
culation of mass from percentage.) Using atomic weights to get molar masses, we can
calculate the number of moles of each element in the sample:

 (26.1 g Cl)¢
1 mol Cl
35.5 g Cl

� = 0.735 mol Cl 

 (73.9 g Hg)¢
1 mol Hg

200.6 g Hg
� = 0.368 mol Hg

1.20 * 10234.01 * 1022

= 1.05 * 1023 atoms O

 Atoms O= (1.75 * 1022 molecules C6H12O6)¢
6 atoms O

1 molecule C6H12O6
�

2.5 * 10- 2 * 6 * 1023 = 15 * 1021 = 1.5 * 1022
5>200 = 2.5 * 10- 2

6.02 * 1023

= 1.75 * 1022 molecules C6H12O6

= (5.23 g C6H12O6)¢
1 mol C6H12O6

180.0 g C6H12O6
� ¢

6.02 * 1023 molecules C6H12O6

1 mol C6H12O6
�
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We then divide the larger number of moles by the smaller number to obtain the Cl:Hg
mole ratio:

Because of experimental errors, calculated values for a mole ratio may not be whole
numbers, as in the calculation here. The number 1.99 is very close to 2, however, and so
we can confidently conclude that the empirical formula for the compound is HgCl2. The
empirical formula is correct because its subscripts are the smallest integers that express
theratioof atoms present in the compound. € (Section 2.6).

The general procedure for determining empirical formulas is outlined in
� FIGURE 3.13.

G I V E  I T  S O M E  T H O U G H T

What is the mole ratio of nitrogen to hydrogen in N 2H4?

moles of Cl
moles of Hg

=
0.735 mol Cl
0.368 mol Hg

=
1.99 mol Cl
1 mol Hg

Given: Find:

Assume
100-g

sample

Use
molar
mass

Mass %
elements

Grams of
each element

Moles of
each element

Calculate
mole ratio

Empirical
formula

1 2 3

� FIGURE 3.13 Procedure for calculating an empirical formula from percentage 
composition. The key step in the calculation is step 2, determining the number of moles of each 
element in the compound.

G O  F I G U R E

How do you calculate the mole ratio of each element in any compound?

1. For simplicity, we assume we have exactly 100 g of material (although any
other mass could also be used). In 100 g of ascorbic acid, we have 40.92 g C, 4.58 g H, and 54.50 g O.

2. We calculate the number of moles of each element:

 Moles O= (54.50 g O)¢
1 mol O
16.00 g O

� = 3.406 mol O

 Moles H = (4.58 g H)¢
1 mol H
1.008 gH

� = 4.54 mol H

 Moles C= (40.92 g C)¢
1 mol C
12.01 g C

� = 3.407 mol C

3. We determine the simplest whole-number ratio of moles by dividing each
number of moles by the smallest number of moles: C:

3.407
3.406

= 1.000 H:
4.54
3.406

= 1.33 O:
3.406
3.406

= 1.000

The ratio for H is too far from 1 to attribute the difference to experimental
error; in fact, it is quite close to . This suggests we should multiply the ra-
tios by 3 to obtain whole numbers:

11
3

C:H:O = 3(1:1.33:1)= 3:4:3

Thus, the empirical formula is C3H4O3

SAMPLE EXERCISE 3.13 Calculating an Empirical Formula

Ascorbic acid (vitamin C) contains 40.92% C, 4.58% H, and 54.50% O by mass. What is the empirical for-
mula of ascorbic acid?

SOLUTION
Analyze We are to determine the empirical formula of a compound from the mass percentages of its elements.

Plan The strategy for determining the empirical formula involves the three steps given in Figure 3.13.

Solve
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Check It is reassuring that the subscripts are moderate-size whole numbers. Also, calculating the percent-
age composition of C3H8O gives values very close to the original percentages.

PRACTICE EXERCISE
A 5.325-g sample of methyl benzoate, a compound used in the manufacture of perfumes, contains 3.758 g
of carbon, 0.316 g of hydrogen, and 1.251 g of oxygen. What is the empirical formula of this substance?
Answer: C4H4O

Molecular Formulas from Empirical Formulas
We can obtain a molecular formula for any compound from its empirical formula if we
know either the molecular weight or the molar mass of the compound.The subscripts in
the molecular formula of a substance are always whole-number multiples of the subscripts
in its empirical formula.€ (Section 2.6)This multiple can be found by dividing the
molecular weight by the empirical formula weight:

[3.11]

In Sample Exercise 3.13, for example, the empirical formula of ascorbic acid was deter-
mined to be C3H4O3. This means the empirical formula weight is 

. The experimentally determined molecular
weight is 176 amu. Thus, we find the whole-number multiple that converts the empiri-
cal formula to the molecular formula by dividing:

Consequently, we multiply the subscripts in the empirical formula by this multiple, giv-
ing the molecular formula: C6H8O6.

SAMPLE EXERCISE 3.14 Determining a Molecular Formula

Mesitylene, a hydrocarbon found in crude oil, has an empirical formula of C3H4 and an exper-
imentally determined molecular weight of 121 amu. What is its molecular formula?

SOLUTION
Analyze We are given an empirical formula and a molecular weight and asked to determine
a molecular formula.

Plan The subscripts in a compound•s molecular formula are whole-number multiples of the
subscripts in its empirical formula. We find the appropriate multiple by using Equation 3.11.

Solve The formula weight of the empirical formula C3H4 is

Next, we use this value in Equation 3.11:

Only whole-number ratios make physical sense because molecules contain whole atoms. The
3.02 in this case could result from a small experimental error in the molecular weight. We
therefore multiply each subscript in the empirical formula by 3 to give the molecular formula:
C9H12.

Check We can have confidence in the result because dividing molecular weight by empirical
formula weight yields nearly a whole number.

PRACTICE EXERCISE
Ethylene glycol, used in automobile antifreeze, is 38.7% C, 9.7% H, and 51.6% O by mass. Its
molar mass is 62.1 g>mol. (a) What is the empirical formula of ethylene glycol? (b) What is its
molecular formula?

Answers: (a) CH3O, (b) C2H6O2

Whole-number multiple=
molecular weight

empirical formula weight
=

121
40.0

= 3.02

3(12.0 amu)+ 4(1.0 amu)= 40.0 amu

Whole-number multiple=
molecular weight

empirical formula weight
=

176 amu
88.0 amu

= 2

4(1.0 amu)+ 3(16.0 amu)= 88.0 amu
3(12.0 amu) +

Whole-number multiple=
molecular weight

empirical formula weight
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Combustion Analysis
One technique for determining empirical formulas in the laboratory is
combustion analysis,commonly used for compounds containing princi-
pally carbon and hydrogen.

When a compound containing carbon and hydrogen is completely
combusted in an apparatus such as that shown in � FIGURE 3.14, the
carbon is converted to CO2 and the hydrogen is converted to H2O.
€ (Section 3.2)The amounts of CO2 and H2O produced are deter-
mined by measuring the mass increase in the CO2 and H2O absorbers.
From the masses of CO2 and H2O we can calculate the number of moles
of C and H in the original sample and thereby the empirical formula. If
a third element is present in the compound, its mass can be determined
by subtracting the measured masses of C and H from the original sam-
ple mass.

O2
Sample

Furnace
H2O absorber CO2 absorber

Sample combusted,
producing CO 2 and H2O

Mass gained by each absorber corresponds to mass of
CO2 or H2O produced

H2O and CO2 are trapped
in separate absorbers

� FIGURE 3.14 Apparatus for
combustion analysis.

To calculate the mass of C from the measured mass of
CO2, we first use the molar mass of CO2, 44.0 g>mol, to
convert grams of CO2 to moles of CO2. Because each
CO2 molecule has only one C atom, there is 1 mol of C
atoms per mole of CO2 molecules. This fact allows us
to convert moles of CO2 to moles of C. Finally, we use
the molar mass of C, 12.0 g, to convert moles of C to
grams of C: Grams C= (0.561 g CO2)¢

1 mol CO2

44.0 g CO2
� ¢

1 mol C
1 mol CO2

� ¢
12.0 g C

1 mol C
� = 0.153 g C

The calculation for determining H mass from H2O mass
is similar, although we must remember that there are 2
mol of H atoms per 1 mol of H2O molecules:

Grams H= (0.306 g H2O)¢
1 mol H2O

18.0 g H2O
� ¢

2 mol H
1 mol H2O

� ¢
1.01 g H

1 mol H
� = 0.0343 g H

The mass of the sample, 0.255 g, is the sum of the
masses of C, H, and O. Thus, the O mass is = 0.255 g- (0.153 g+ 0.0343 g)= 0.068 g O

 Mass of O= mass of sample- (mass of C+ mass of H)

The number of moles of C, H, and O in the sample is
therefore

 Moles O= (0.068 g O) ¢
1 mol O
16.0 g O

� = 0.0043 mol O

 Moles H = (0.0343 g H)¢
1 mol H
1.01 g H

� = 0.0340 mol H

 Moles C= (0.153 g C)¢
1 mol C
12.0 g C

� = 0.0128 mol C

To find the empirical formula, we must compare the
relative number of moles of each element in the sam-
ple. We determine relative number of moles by divid-
ing each of our calculated number of moles by the
smallest number:

C:
0.0128
0.0043

= 3.0    H: 
0.0340
0.0043

= 7.9   O: 
0.0043
0.0043

= 1.0

The first two numbers are very close to the whole
numbers 3 and 8, giving the empirical formula C3H8O.

SAMPLE EXERCISE 3.15 Determining an Empirical Formula by Combustion Analysis

Isopropyl alcohol, sold as rubbing alcohol, is composed of C, H, and O. Combustion of 0.255 g of isopropyl
alcohol produces 0.561 g of CO2 and 0.306 g of H2O. Determine the empirical formula of isopropyl alcohol.

SOLUTION

Analyze We are told that isopropyl alcohol contains C, H, and O
atoms and given the quantities of CO2 and H2O produced when a
given quantity of the alcohol is combusted. We must determine the
empirical formula for isopropyl alcohol, a task that requires us to cal-
culate the number of moles of C, H, and O in the sample.

Plan We can use the mole concept to calculate grams of C in the CO2
and grams of H in the H2O. These masses are the masses of C and H
in the alcohol before combustion. The mass of O in the compound
equals the mass of the original sample minus the sum of the C and H
masses. Once we have the C, H, and O masses, we can proceed as in
Sample Exercise 3.13.

Solve
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Check The subscripts work out to be moderate-size whole numbers, as expected.

PRACTICE EXERCISE
(a) Caproic acid, responsible for the odor of dirty socks, is composed of C, H, and O atoms. Combustion of
a 0.225-g sample of this compound produces 0.512 g CO2 and 0.209 g H2O. What is the empirical formula
of caproic acid? (b) Caproic acid has a molar mass of 116 g>mol. What is its molecular formula?
Answers: (a) C3H6O, (b) C6H12O2

G I V E  I T  S O M E  T H O U G H T

In Sample Exercise 3.15, how do you explain the fact that the values in our cal-
culated C:H:O ratio are 3.0:7.9:1.0 rather than exact integers 3:8:1?

3.6 | QUANTITATIVE INFORMATION FROM
BALANCED EQUATIONS

The coefficients in a chemical equation represent the relative numbers of molecules in a
reaction. The mole concept allows us to convert this information to the masses of the
substances in the reaction. For instance, the coefficients in the balanced equation

[3.12]

indicate that two molecules of H2 react with one molecule of O2 to form two molecules
of H2O. It follows that the relative numbers of moles are identical to the relative num-
bers of molecules:

We can generalize this observation to all balanced chemical equations:The coefficients in
a balanced chemical equation indicate both the relative numbers of molecules (or formula
units) in the reaction and the relative numbers of moles.� FIGURE 3.15 shows how this
result corresponds to the law of conservation of mass.

The quantities 2 mol H2, 1 mol O2, and 2 mol H2O given by the coefficients in
Equation 3.12 are called stoichiometrically equivalent quantities. The relationship be-
tween these quantities can be represented as

where the symbol means •is stoichiometrically equivalent to.Ž Stoichiometric rela-
tions such as these can be used to convert between quantities of reactants and products

�

2 mol H2 � 1 mol O2 � 2 mol H2O

2 molecules 1 molecule 2 molecules
2(6.02 * 1023 molecules) 1(6.02* 1023 molecules) 2(6.02 * 1023 molecules)

2 mol 1 mol 2 mol

2 H2(g) +                 O2(g) ¡              2 H2O(l)

2 H2(g) + O2(g) ¡ 2 H2O(l)

Chemical
equation: �2 H2(g) 2 H2O(l)O2(g)

Convert to grams (using molar masses)

Molecular
interpretation:

Mole-level
interpretation:

2 molecules H2 1 molecule O2 2 molecules H2O

2 mol H 2 1 mol O2 2 mol H 2O

4.0 g H2 32.0 g O2 36.0 g H2O

Notice the conservation of mass
(4.0 g �  32.0 g �  36.0 g)

� FIGURE 3.15 Interpreting a balanced
chemical equation quantitatively.
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in a chemical reaction. For example, the number of moles of H2O produced from
1.57 mol of O2 is

G I V E  I T  S O M E  T H O U G H T

When 1.57 mol O2 reacts with H2 to form H2O, how many moles of H2 are con-
sumed in the process?

As an additional example, consider the combustion of butane (C4H10), the fuel in
disposable general-purpose lighters:

[3.13]

Let•s calculate the mass of CO2 produced when 1.00 g of C4H10 is burned. The coeffi-
cients in Equation 3.13 tell us how the amount of C4H10 consumed is related to the
amount of CO2 produced: . To use this stoichiometric rela-
tionship, we must convert grams of C4H10 to moles using the molar mass of C4H10,
58.0 g>mol:

We then use the stoichiometric factor from the balanced equation to calculate moles
of CO2:

Finally, we use the molar mass of CO2, 44.0 g>mol, to calculate the CO2 mass in grams:

This conversion sequence involves three steps, as illustrated in � FIGURE 3.16. These
three conversions can be combined in a single equation:

= 3.03 g CO2

 Grams CO2 = (1.00 g C4H10)¢
1 mol C4H10

58.0 g C4H10
� ¢

8 mol CO2

2 mol C4H10
� ¢

44.0 g CO2
1 mol CO2

�

= 3.03 g CO2

 Grams CO2 = (6.88 * 10- 2 mol CO2)¢
44.0 g CO2
1 mol CO2

�

= 6.88 * 10- 2 mol CO2

 Moles CO2 = (1.72 * 10- 2 mol C4H10)¢
8 mol CO2

2 mol C4H10
�

= 1.72 * 10- 2mol C4H10

 Moles C4H10 = (1.00 g C4H10)¢
1 mol C4H10

58.0 g C4H10
�

2 mol C4H10 �  8 mol CO2

2 C4H10(l) + 13 O2(g) ¡ 8 CO2(g) + 10 H2O(g)

Moles H2O = (1.57 mol O2)¢
2 mol H2O

1 mol O2
� = 3.14 mol H2O

Use coefficients
of A and B from

balanced equation

Grams of
substance A

Moles of
substance A

Use
molar mass

of A

2

Given:

Grams of
substance B

Moles of
substance B

Use
molar mass

of B

Find:

1 3

� FIGURE 3.16 Procedure for
calculating amounts of reactants
consumed or products formed in a
reaction. The number of grams of a
reactant consumed or product formed can
be calculated in three steps, starting with
the number of grams of any reactant or
product. Notice how molar masses and
the coefficients in the balanced equation
are used.
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SAMPLE EXERCISE 3.16 Calculating Amounts of Reactants
and Products

Determine how many grams of water are produced in the oxidation of 1.00 g of glucose,
C6H12O6:

SOLUTION
Analyze We are given the mass of a reactant and must determine the mass of a product in the
given reaction.

Plan The general strategy, as outlined in Figure 3.16, requires three steps:
1. Convert grams of C6H12O6 to moles using the molar mass of C6H12O6.
2. Convert moles of C6H12O6 to moles of H2O using the stoichiometric relationship

.
3. Convert moles of H2O to grams using the molar mass of H2O.

Solve

1 mol C6H12O6 � 6 mol H2O

C6H12O6(s) + 6 O2(g) ¡ 6 CO2(g) + 6 H2O(l)

1. Moles C6H12O6 = (1.00 g C6H12O6)¢
1 mol C6H12O6

180.0 g C6H12O6
�

2. Moles H2O = (1.00 g C6H12O6)¢
1 mol C6H12O6

180.0 g C6H12O6
� ¢

6 mol H2O

1 mol C6H12O6
�

3.

= 0.600 g H2O

 Grams H2O = (1.00 g C6H12O6)¢
1 mol C6H12O6

180.0 g C6H12O6
� ¢

6 mol H2O

1 mol C6H12O6
� ¢

18.0 g H2O

1 mol H2O
�

The steps can be summarized in a diagram like that in Figure 3.16:

5.56� 10� 3 mol C6H12O6
6 mol H2O

1 mol C6H12O6

no direct
calculation

3.33� 10� 2 mol H 2O

1.00 g C6H12O6 0.600 g H2O

180.0 g C6H12O6

18.0 g  H2O
1 mol H2O

1 mol C6H12O6
�

�

�

Check We can check how reasonable our result is by doing a ballpark estimate of the mass of
H2O. Because the molar mass of glucose is 180 g>mol, 1 gram of glucose equals 1>180 mol. Be-
cause one mole of glucose yields 6 mol H2O, we would have . The
molar mass of water is 18 g>mol, so we have , which agrees
with the full calculation. The units, grams H2O, are correct. The initial data had three signifi-
cant figures, so three significant figures for the answer is correct.

Comment An average adult ingests 2 L of water daily and eliminates 2.4 L. The •extraŽ 0.4 L
is produced in the metabolism of foodstuffs, such as oxidation of glucose. The desert rat (kan-
garoo rat), on the other hand, apparently never drinks water. It survives on its metabolic water.

1>30 * 18 = 6>10 = 0.6 g of H2O
6>180 = 1>30 mol H2O

To calculate the amount of O2 consumed in the reaction of Equation 3.13, we again
rely on the coefficients in the balanced equation for our stoichiometric factor:

:

G I V E  I T  S O M E  T H O U G H T

If 20.00 g of a compound reacts completely with 30.00 g of another compound
in a combination reaction, how many grams of product are formed?

= 3.59 g O2

 Grams O2 = (1.00 g C4H10)¢
1 mol C4H10

58.0 g C4H10
� ¢

13 mol O2

2 mol C4H10
� ¢

32.0 g O2
1 mol O2

�

2 mol C4H10 � 13 mol O2
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SAMPLE EXERCISE 3.17 Calculating Amounts of Reactants
and Products

Solid lithium hydroxide is used in space vehicles to remove the carbon dioxide gas exhaled by as-
tronauts. The hydroxide reacts with the carbon dioxide to form solid lithium carbonate and liq-
uid water. How many grams of carbon dioxide can be absorbed by 1.00 g of lithium hydroxide?

SOLUTION
Analyze We are given a verbal description of a reaction and asked to calculate the number of
grams of one reactant that reacts with 1.00 g of another.

Plan The verbal description of the reaction can be used to write a balanced equation:

We are given the mass in grams of LiOH and asked to calculate the mass in grams of CO2. We
can accomplish this task by using the three conversion steps in Figure 3.16. The conversion of
step 1 requires the molar mass of . The conver-
sion of step 2 is based on a stoichiometric relationship from the balanced chemical equation:

. For the step 3 conversion, we use the molar mass of CO2:
.

Solve

Check Notice that , that 
, and is slightly less than 1. Thus, the magni-

tude of our answer, 0.919 g CO2, is reasonable based on the amount of starting LiOH. The sig-
nificant figures and units are also appropriate.

PRACTICE EXERCISE
Propane, C3H8 (Figure 3.8), is a common fuel used for cooking and home heating. What mass
of O2 is consumed in the combustion of 1.00 g of propane?
Answer: 3.64 g

3.7 | LIMITING REACTANTS
Suppose you wish to make several sandwiches using one slice of cheese and two slices of
bread for each. Using , the recipe
for making a sandwich can be represented like a chemical equation:

If you have 10 slices of bread and 7 slices of cheese, you can make only 5 sandwiches and
will have 2 slices of cheese left over. The amount of bread available limits the number of
sandwiches.

An analogous situation occurs in chemical reactions when one reactant is used up
before the others. The reaction stops as soon as any reactant is totally consumed, leaving
the excess reactants as leftovers. Suppose, for example, we have a mixture of 10 mol H2
and 7 mol O2, which react to form water:

Because , the number of moles of O2 needed to react with all the
H2 is

Moles O2 = (10 mol H2)¢
1 mol O2

2 mol H2
� = 5 mol O2

2 mol H2 � 1 mol O2

2 H2(g) + O2(g) ¡ 2 H2O(g)

2 Bd + Ch ¡ Bd2Ch

Bd = bread, Ch= cheese, and Bd2Ch = sandwich

(44 g CO2>mol)>(48 g LiOH)LiOH = 48 g LiOH
24 g LiOH>mol * 2 mol23.95 g LiOH>mol «  24 g LiOH>mol

(1.00 g LiOH)¢
1 mol LiOH
23.95 g LiOH

� ¢
1 mol CO2

2 mol LiOH
� ¢

44.01 g CO2
1 mol CO2

� = 0.919 g CO2

12.01+ 2(16.00)= 44.01 g>mol
2 mol LiOH � 1 mol CO2

LiOH (6.94 + 16.00+ 1.01 = 23.95 g/mol)

2 LiOH(s) + CO2(g) ¡ Li2CO3(s) + H2O(l)

PRACTICE EXERCISE
Decomposition of KClO3 is sometimes used to prepare small amounts of O2 in the laboratory:

. How many grams of O2 can be prepared from 4.50 g of
KClO3?
Answer: 1.77 g

2 KClO3(s) ¡ 2 KCl(s) + 3 O2(g)
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Because 7 mol O2 is available at the start of the reaction,
is present when all the H2 is consumed.

The reactant that is completely consumed in a reaction is called the limiting reactant
because it determines, or limits, the amount of product formed. The other reactants are

sometimes called excess reactants. In our example,
shown in � FIGURE 3.17, H2 is the limiting reactant,
which means that once all the H2 has been consumed,
the reaction stops. The excess reactant is O2; some is left
over when the reaction stops.

There are no restrictions on the starting amounts
of reactants in any reaction. Indeed, many reactions are
carried out using an excess of one reactant. The quanti-
ties of reactants consumed and products formed, how-
ever, are restricted by the quantity of the limiting
reactant. For example, when a combustion reaction
takes place in the open air, oxygen is plentiful and is

therefore the excess reactant. If you run out of gasoline while driving, the car stops be-
cause the gasoline is the limiting reactant in the combustion reaction that moves the car.

Before we leave the example illustrated in Figure 3.17, let•s summarize the data:

= 2 mol O2

7 mol O2 - 5 mol O2

10 H2O and 2 O2 (no H2 molecules)10 H2 and 7 O2

After reactionBefore reaction

� FIGURE 3.17 Limiting reactant.
Because H2 is completely consumed, it is
the limiting reactant. Because some O 2 is
left over after the reaction is complete, O 2
is the excess reactant. The amount of H 2O
formed depends on the amount of limiting
reactant, H2.

G O  F I G U R E

If O2 had been the limiting
reactant, how many moles 
of H2O would have formed?

2 H2(g) � O2(g) ¡ 2 H2O(g)

Initial quantities: 10 mol 7 mol 0 mol
Change (reaction): - 10 mol - 5 mol +10 mol
Final quantities: 0 mol 2 mol 10 mol

The second line in the table (Change) summarizes the amounts of reactants con-
sumed (where this consumption is indicated by the minus signs) and the amount of the
product formed (indicated by the plus sign). These quantities are restricted by the quan-
tity of the limiting reactant and depend on the coefficients in the balanced equation.
The mole ratio conforms to the ratio of the coefficients in the
balanced equation, 2:1:2. The final quantities, which depend on the initial quantities
and their changes, are found by adding the initial quantity and change quantity for each
column. None of the limiting reactant (H2) remains at the end of the reaction. What re-
mains is 2 mol O2 (excess reactant) and 10 mol H2O (product).

H2:O2:H2O = 10:5:10

The number of moles of H2 needed for complete consumption of
3.0 mol of N2 is: Moles H2 = (3.0 mol N2)¢

3 mol H2

1 mol N2
� = 9.0 mol H2

Because only 6.0 mol H2 is available, we will run out of H2 before
the N2 is gone, which tells us that H2 is the limiting reactant.
Therefore, we use the quantity of H2 to calculate the quantity of
NH3 produced:

Moles NH3 = (6.0 mol H2)¢
2 mol NH3

3 mol H2
� = 4.0 mol NH3

SAMPLE EXERCISE 3.18 Calculating the Amount of Product Formed from a Limiting Reactant

Analyze We are asked to calculate the number of moles of product,
NH3, given the quantities of each reactant, N2 and H2, available in a
reaction. This is a limiting reactant problem.

Plan If we assume one reactant is completely consumed, we can cal-
culate how much of the second reactant is needed. By comparing the
calculated quantity of the second reactant with the amount available,
we can determine which reactant is limiting. We then proceed with
the calculation, using the quantity of the limiting reactant.

The most important commercial process for converting N2 from the air into nitrogen-containing com-
pounds is based on the reaction of N2 and H2 to form ammonia (NH3):

How many moles of can be formed from 3.0 mol of N2 and 6.0 mol of H2?

SOLUTION

NH3

N2(g) + 3 H2(g) ¡ 2 NH3(g)

Solve
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Comment The table on the right summarizes 
this example:

SAMPLE EXERCISE 3.19 Calculating the Amount of Product Formed
from a Limiting Reactant

The reaction

is used to produce electricity in a hydrogen fuel cell. Suppose a fuel cell contains 150 g of H2(g)
and 1500 g of O2(g) (each measured to two significant figures). How many grams of water can
form?

SOLUTION
Analyze We are asked to calculate the amount of a product, given the amounts of two reac-
tants, so this is a limiting reactant problem.

Plan To identify the limiting reactant, we can calculate the number of moles of each reactant
and compare their ratio with the ratio of coefficients in the balanced equation. We then use the
quantity of the limiting reactant to calculate the mass of water that forms.

Solve From the balanced equation, we have the stoichiometric relations

Using the molar mass of each substance, we calculate the number of moles of each reactant:

The coefficients in the balanced equation indicate that the reaction requires 2 mol of H2 for
every 1 mol of O2. Therefore, for all the O2 to completely react, we would need

. Since there are only 75 mol of H2, all of the O2 cannot react, so it is
the excess reactant, and H2 must be the limiting reactant. (Notice that the limiting reactant
is not merely the one present in the lowest amount.)

We use the given quantity of H2 (the limiting reactant) to calculate the quantity of water
formed. We could begin this calculation with the given H2 mass, 150 g, but we can save a step
by starting with the moles of H2, 75 mol, we just calculated:

= 1400 g H2O = 1.4 * 102 g H2O (two significant figures)

 Grams H2O = (75 mol H2)¢
2 mol H2O

2 mol H2
� ¢

18.0 g H2O

1 mol H2O
�

2 * 47 = 94 mol of H2

 Moles O2 = (1500 g O2)¢
1 mol O2

32.0 g O2
� = 47 mol O2

 Moles H2 = (150 g H2)¢
1 mol H2

2.00 g H2
� = 75 mol H2

2 mol H2 � 1 mol O2 � 2 mol H2O

2 H2(g) + O2(g) ¡ 2 H2O(g)

PRACTICE EXERCISE
(a) When 1.50 mol of Al and 3.00 mol of Cl2 combine in the reaction ,
which is the limiting reactant? (b) How many moles of AlCl3 are formed? (c) How many moles of the excess
reactant remain at the end of the reaction?
Answers: (a) Al, (b) 1.50 mol,(c) 0.75 mol Cl2

2 Al(s) + 3 Cl2(g) ¡ 2 AlCl3(s)

N2(g) � 3 H2(g) ¡ 2 NH3(g)

Initial quantities: 3.0 mol 6.0 mol 0 mol
Change (reaction): - 2.0 mol - 6.0 mol +4.0 mol
Final quantities: 1.0 mol 0 mol 4.0 mol

Notice that we can calculate not only the number of moles of NH3
formed but also the number of moles of each reactant remaining after
the reaction. Notice also that although the initial number of moles of
H2 is greater than the final number of moles of N2, the H2 is neverthe-
less the limiting reactant because of its larger coefficient in the bal-
anced equation.

Check The Change row of the summary table shows that the mole
ratio of reactants consumed and product formed, 2:6:4, conforms to
the coefficients in the balanced equation, 1:3:2. Because H2 is the lim-
iting reactant, it is completely consumed in the reaction, leaving 0 mol
at the end. Because 6.0 mol H2 has two significant figures, our answer
has two significant figures.
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Check The magnitude of the answer seems reasonable based on the amounts of the reac-
tants. The units are correct, and the number of significant figures (two) corresponds to those
in the values given in the problem statement.

Comment The quantity of the limiting reactant, H2, can also be used to determine the quan-
tity of O2 used:

The mass of O2 remaining at the end of the reaction equals the starting amount minus the
amount consumed:

.

PRACTICE EXERCISE
When a 2.00-g strip of zinc metal is placed in an aqueous solution containing 2.50 g of silver
nitrate, the reaction is

(a) Which reactant is limiting? (b) How many grams of Ag form? (c) How many grams of
Zn(NO3)2 form? (d) How many grams of the excess reactant are left at the end of the reaction?
Answers: (a) AgNO3, (b) 1.59 g,(c) 1.39 g,(d) 1.52 g Zn

Theoretical Yields
The quantity of product calculated to form when all of a limiting reactant is consumed
is called the theoretical yield. The amount of product actually obtained, called the
actual yield,is almost always less than (and can never be greater than) the theoretical
yield. There are many reasons for this difference. Part of the reactants may not react, for
example, or they may react in a way different from that desired (side reactions). In addi-
tion, it is not always possible to recover all of the product from the reaction mixture. The
percent yieldof a reaction relates actual and theoretical yields:

[3.14]

SAMPLE EXERCISE 3.20 Calculating Theoretical Yield and Percent Yield

Adipic acid, H2C6H8O4, used to produce nylon, is made commercially by a reaction between
cyclohexane (C6H12) and O2:

(a) Assume that you carry out this reaction with 25.0 g of cyclohexane and that cyclohexane is
the limiting reactant. What is the theoretical yield of adipic acid? (b) If you obtain 33.5 g of
adipic acid, what is the percent yield for the reaction?

SOLUTION
Analyze We are given a chemical equation and the quantity of the limiting reactant (25.0 g of
C6H12). We are asked to calculate the theoretical yield of a product H2C6H8O4 and the percent
yield if only 33.5 g of product is obtained.

Plan

(a) The theoretical yield, which is the calculated quantity of adipic acid formed, can be calcu-
lated using the sequence of conversions shown in Figure 3.16.
(b) The percent yield is calculated by using Equation 3.14 to compare the given actual yield
(33.5 g) with the theoretical yield.

Solve

(a) The theoretical yield is

= 43.5 g H2C6H8O4

 Grams H2C6H8O4 = (25.0 g C6H12)¢
1 mol C6H12

84.0 g C6H12
� ¢

2 mol H2C6H8O4

2 mol C6H12
� ¢

146.0 g H2C6H8O4

1 mol H2C6H8O4
�

2 C6H12(l) + 5 O2(g) ¡ 2 H2C6H8O4(l) + 2 H2O(g)

Percent yield=
actual yield

theoretical yield
* 100%

Zn(s) + 2 AgNO3(aq) ¡ 2 Ag(s) + Zn(NO3)2(aq)

1500 g- 1200 g= 300 g

= 1.2 * 103 g H2O

 Grams O2 = (75 mol H2)¢
1 mol O2

2 mol H2
� ¢

32.0 g O2
1 mol O2

�
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(b)

Check We can check our answer in (a) by doing a ballpark calculation. From the balanced
equation we know that each mole of cyclohexane gives 1 mol adipic acid. We have

mol hexane, so we expect 0.3 mol adipic acid, which equals about
, about the same magnitude as the 43.5 g obtained in the more detailed cal-

culation given previously. In addition, our answer has the appropriate units and significant fig-
ures. In (b) the answer is less than 100%, as it must be from the definition of percent yield.

PRACTICE EXERCISE
Imagine you are working on ways to improve the process by which iron ore containing Fe2O3
is converted into iron:

(a) If you start with 150 g of Fe2O3 as the limiting reactant, what is the theoretical yield of Fe?
(b) If your actual yield is 87.9 g, what is the percent yield?
Answers: (a) 105 g Fe,(b) 83.7%

Fe2O3(s) + 3 CO(g) ¡ 2 Fe(s) + 3 CO2(g)

0.3 * 150 = 45 g
25>84 L  25>75 = 0.3

Percent yield=
actual yield

theoretical yield
* 100% =

33.5 g

43.5 g
* 100% = 77.0%

2. Calculations in which you must show your workIn ques-
tions of this kind, you may receive partial credit even if you do
not arrive at the correct answer, depending on whether the
instructor can follow your line of reasoning. It is important,
therefore, to be neat and organized in your calculations. Pay
particular attention to what information is given and to what
your unknown is. Think about how you can get from the given
information to your unknown.

You may want to write a few words or a diagram on the test
paper to indicate your approach. Then write out your calcula-
tions as neatly as you can. Show the units for every number you
write down, and use dimensional analysis as much as you can,
showing how units cancel.

3. Questions requiring drawingsQuestions of this kind will
come later in the course, but it is useful to talk about them here.
(You should review this box before each exam to remind your-
self of good exam-taking practices.) Be sure to label your draw-
ing as completely as possible.

4. Other types of questionsOther exam questions you might
encounter include true-false questions and ones in which you
are given a list and asked to indicate which members of the list
match some criterion given in the question. Often students an-
swer such questions incorrectly because, in their haste, they
misunderstand the nature of the question. Whatever the form of
the question, ask yourself this: What is the instructor testing
here? What material am I supposed to know that this question
covers?

Finally, if you find that you simply do not understand how to
arrive at a reasoned response to a question, do not linger over the
question. Put a check next to it and go on to the next one. If time per-
mits, you can come back to the unanswered questions, but lingering
over a question when nothing is coming to mind is wasting time you
may need to finish the exam.

HOW TO TAKE A TEST

At about this time in your study of chemistry, you are
likely to face your first hour-long examination. The

best way to prepare is to study, do homework dili-
gently, and get help from the instructor on any ma-

terial that is unclear or confusing. (See the advice
for learning and studying chemistry presented in the preface of the
book.) We present here some general guidelines for taking tests.

Depending on the nature of your course, the exam could consist
of a variety of different types of questions.

1. Multiple-choice questionsIn large-enrollment courses, the
most common kind of test question is the multiple-choice ques-
tion. You are given the problem and presented with four or five
answers from which you must select the correct one. The first
thing to realize is that the instructor has written the question so
that at first glance all the answers appear to be correct. (There
would be little point in offering choices you could tell were
wrong even without knowing much about the concept being
tested.) Thus, you should not jump to the conclusion that be-
cause one of the choices looks correct, it must be correct.

If a multiple-choice question involves a calculation, do the
calculation, check your work, and only thencompare your an-
swer with the choices. If you find a match, you have probably
found the correct answer. Keep in mind, though, that your in-
structor has anticipated the most common errors you might
make in solving a given problem and has probably listed the in-
correct answers resulting from those errors. Always double-
check your reasoning and use dimensional analysis to arrive at
the correct numeric answer and the correct units.

In multiple-choice questions that do not involve calcula-
tions, if you are not sure of the correct choice, eliminate all the
choices you know for sure to be incorrect. The reasoning you
use in eliminating incorrect choices will help you in reasoning
about which of the remaining choices is correct.

S T R AT E G I E S  I N  C H E M I S T RY
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CHAPTER SUMMARY AND KEY TERMS

INTRODUCTION AND SECTION 3.1 The study of the quantitative
relationships between chemical formulas and chemical equations is
known as stoichiometry . One of the important concepts of stoichiom-
etry is the law of conservation of mass, which states that the total mass
of the products of a chemical reaction is the same as the total mass of
the reactants. The same numbers of atoms of each type are present be-
fore and after a chemical reaction. A balanced chemical equation
shows equal numbers of atoms of each element on each side of the
equation. Equations are balanced by placing coefficients in front of the
chemical formulas for the reactants andproducts of a reaction,notby
changing the subscripts in chemical formulas.

SECTION 3.2 Among the reaction types described in this chapter
are (1) combination reactions , in which two reactants combine to
form one product; (2) decomposition reactions , in which a single re-
actant forms two or more products; and (3) combustion reactions in
oxygen, in which a hydrocarbon or related compound reacts with O2
to form CO2 and H2O.

SECTION 3.3 Much quantitative information can be determined
from chemical formulas and balanced chemical equations by using
atomic weights. The formula weight of a compound equals the sum of
the atomic weights of the atoms in its formula. If the formula is a mo-
lecular formula, the formula weight is also called the molecular
weight . Atomic weights and formula weights can be used to determine
the elemental composition of a compound.

SECTION 3.4 A mole of any substance is Avogadro•s number
( ) of formula units of that substance. The mass of a mole
of atoms, molecules, or ions (the molar mass ) equals the formula
weight of that material expressed in grams. The mass of one molecule
of H2O, for example, is 18 amu, so the mass of 1 mol of H2O is 18 g.
That is, the molar mass of H2O is 18 g>mol.

SECTION 3.5 The empirical formula of any substance can be deter-
mined from its percent composition by calculating the relative number
of moles of each atom in 100 g of the substance. If the substance is mo-
lecular in nature, its molecular formula can be determined from the
empirical formula if the molecular weight is also known.

SECTIONS 3.6 AND 3.7 The mole concept can be used to calculate
the relative quantities of reactants and products in chemical reactions.
The coefficients in a balanced equation give the relative numbers of
moles of the reactants and products. To calculate the number of grams
of a product from the number of grams of a reactant, first convert
grams of reactant to moles of reactant. Then use the coefficients in the
balanced equation to convert the number of moles of reactant to moles
of product. Finally, convert moles of product to grams of product.

A limiting reactant is completely consumed in a reaction. When
it is used up, the reaction stops, thus limiting the quantities of products
formed. The theoretical yield of a reaction is the quantity of product
calculated to form when all of the limiting reactant reacts. The actual
yield of a reaction is always less than the theoretical yield. The percent
yield compares the actual and theoretical yields.

6.02 * 1023

KEY SKILLS
€ Balance chemical equations. (Section 3.1)

€ Predict the products of simple combination, decomposition, and combustion reactions. (Section 3.2)

€ Calculate formula weights. (Section 3.3)

€ Convert grams to moles and moles to grams using molar masses. (Section 3.4)

€ Convert number of molecules to moles and moles to number of molecules using Avogadro•s number. (Section 3.4)

€ Calculate the empirical and molecular formulas of a compound from percentage composition and molecular weight. (Section 3.5)

€ Calculate amounts, in grams or moles, of reactants and products for a reaction. (Section 3.6)

€ Calculate the percent yield of a reaction. (Section 3.7)

KEY EQUATIONS

€ [3.10] This is the formula to calculate the mass percentage
of each element in a compound. The sum of all the
percentages of all the elements in a compound
should add up to 100%.

€ [3.14] This is the formula to calculate the percent yield of a
reaction. The percent yield can never be more than
100%.

% yield =
(actual yield)

(theoretical yield)
* 100%

% element=

a
number of atoms
of that element

b a
atomic weight

of element
b

(formula weight of compound)
* 100%
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EXERCISES
VISUALIZING CONCEPTS

3.1 The reaction between reactant A (blue spheres) and reactant B
(red spheres) is shown in the following diagram:

Based on this diagram, which equation best describes the reac-
tion? [Section 3.1]

(a)
(b)
(c)
(d)

3.2 Under appropriate experimental conditions, H2 and CO un-
dergo a combination reaction to form CH3OH. The following
drawing represents a sample of H2. Make a corresponding
drawing of the CO needed to react completely with the H2.
How did you arrive at the number of CO molecules in your
drawing? [Section 3.2]

3.3 The following diagram represents the collection of elements
formed by a decomposition reaction.(a) If the blue spheres
represent N atoms and the red ones represent O atoms, what
was the empirical formula of the original compound? (b)
Could you draw a diagram representing the molecules of the
compound that had been decomposed? Why or why not?
[Section 3.2]

3.4 The following diagram represents the collection of CO2 and
H2O molecules formed by complete combustion of a hydro-
carbon. What is the empirical formula of the hydrocarbon?
[Section 3.2]

A + B2 ¡ AB2

2 A + B4 ¡ 2 AB2

A2 + 4 B ¡ 2 AB2

A2 + B ¡ A2B

3.5 Glycine, an amino acid used by organisms to make proteins, is
represented by the following molecular model.
(a) Write its molecular formula.
(b) Determine its molar mass.
(c) Calculate the mass of 3 moles of glycine.
(d) Calculate the percent nitrogen by mass in glycine. [Sec-

tions 3.3 and 3.5]

3.6 The following diagram represents a high-temperature reac-
tion between CH4 and H2O. Based on this reaction, how many
moles of each product can be obtained starting with 4.0 mol
CH4? [Section 3.6]

3.7 Nitrogen (N2) and hydrogen (H2) react to form ammonia
(NH3). Consider the mixture of N2 and H2 shown in the ac-
companying diagram. The blue spheres represent N, and the
white ones represent H. Draw a representation of the product
mixture, assuming that the reaction goes to completion. How
did you arrive at your representation? What is the limiting
reactant in this case? [Section 3.7]

3.8 Nitrogen monoxide and oxygen react to form nitrogen diox-
ide. Consider the mixture of NO and O2 shown in the accom-
panying diagram. The blue spheres represent N, and the red
ones represent O.(a) Draw a representation of the product
mixture, assuming that the reaction goes to completion. What
is the limiting reactant in this case? (b) How many NO2 mole-
cules would you draw as products if the reaction had a percent
yield of 75%? [Section 3.7]
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BALANCING CHEMICAL EQUATIONS (section 3.1)

(d)
(e)
(f)

(g)

3.13 Write balanced chemical equations to correspond to each of
the following descriptions:(a) Solid calcium carbide, CaC2,
reacts with water to form an aqueous solution of calcium hy-
droxide and acetylene gas, C2H2. (b) When solid potassium
chlorate is heated, it decomposes to form solid potassium
chloride and oxygen gas.(c) Solid zinc metal reacts with sulfu-
ric acid to form hydrogen gas and an aqueous solution of zinc
sulfate. (d) When liquid phosphorus trichloride is added
to water, it reacts to form aqueous phosphorous acid,
H3PO3(aq), and aqueous hydrochloric acid.(e) When hydro-
gen sulfide gas is passed over solid hot iron(III) hydroxide, the
resultant reaction produces solid iron(III) sulfide and gaseous
water.

3.14 Write balanced chemical equations to correspond to each of
the following descriptions:(a) When sulfur trioxide gas reacts
with water, a solution of sulfuric acid forms.(b) Boron sulfide,
B2S3(s), reacts violently with water to form dissolved boric
acid, H3BO3, and hydrogen sulfide gas.(c) Phosphine, PH3(g),
combusts in oxygen gas to form water vapor and solid
tetraphosphorus decaoxide.(d) When solid mercury(II) ni-
trate is heated, it decomposes to form solid mercury(II) oxide,
gaseous nitrogen dioxide, and oxygen.(e)Copper metal reacts
with hot concentrated sulfuric acid solution to form aqueous
copper(II) sulfate, sulfur dioxide gas, and water.

CO2(g) + H2O(g) + N2(g)
C2H5NH2(g) + O2(g) ¡

Ag2NO3(s) + Na2CO3(aq)
AgNO3(aq) + Na2CO3(aq) ¡
Al(OH)3(s) + H2SO4(aq) ¡ Al2(SO4)3(aq) + H2O(l)
Ca3P2(s) + H2O(l) ¡ Ca(OH)2(aq) + PH3(g)3.9 (a) What scientific principle or law is used in the process of

balancing chemical equations? (b) In balancing equations,
why should you not change subscripts in chemical formulas?
(c) How would you write out liquid water, water vapor, aque-
ous sodium chloride, and solid sodium chloride in chemical
equations?

3.10 (a)What is the difference between adding a subscript 2 to the
end of the formula for CO to give CO2 and adding a coeffi-
cient in front of the formula to give 2 CO? (b) Is the following
chemical equation, as written, consistent with the law of con-
servation of mass?

Why or why not?

3.11 Balance the following equations:
(a)
(b)
(c)
(d)
(e)
(f)

(g)

3.12 Balance the following equations:
(a)
(b)
(c) NH4NO3(s) ¡ N2(g) + O2(g) + H2O(g)

TiCl4(l) + H2O(l) ¡ TiO2(s) + HCl(aq)
Li(s) + N2(g) ¡ Li3N(s)

MgSO4(aq) + (NH4)2SO4(aq)
Mg3N2(s) + H2SO4(aq) ¡

Fe2(SO4)3(aq) + H2O(l)
Fe(OH)3(s) + H2SO4(aq) ¡
C5H10O2(l) + O2(g) ¡ CO2(g) + H2O(g)
Al4C3(s) + H2O(l) ¡ Al(OH)3(s) + CH4(g)
CH4(g) + Cl2(g) ¡ CCl4(l) + HCl(g)
N2O5(g) + H2O(l) ¡ HNO3(aq)
CO(g) + O2(g) ¡ CO2(g)

Mg3(PO4)2(s) + 6 H2O(l)

3 Mg(OH)2(s) + 2 H3PO4(aq) ¡

PATTERNS OF CHEMICAL REACTIVITY (section 3.2)

3.15 (a) When the metallic element sodium combines with the
nonmetallic element bromine, Br2(l), how can you determine
the chemical formula of the product? How do you know
whether the product is a solid, liquid, or gas at room tempera-
ture? Write the balanced chemical equation for the reaction.
(b) When a hydrocarbon burns in air, what reactant besides
the hydrocarbon is involved in the reaction? What products
are formed? Write a balanced chemical equation for the com-
bustion of benzene, C6H6(l), in air.

3.16 (a)Determine the chemical formula of the product formed
when the metallic element aluminum combines with the non-
metallic element bromine, Br2. Write the balanced chemical
equation for the reaction.(b) What products form when a
compound containing C, H, and O is completely combusted
in air? Write a balanced chemical equation for the combustion
of acetone, C3H6O(l), in air.

3.17 Write a balanced chemical equation for the reaction that oc-
curs when (a) Mg(s) reacts with Cl2(g); (b) barium carbonate
decomposes into barium oxide and carbon dioxide gas when
heated;(c) the hydrocarbon styrene, C8H8(l), is combusted in
air; (d) dimethylether, CH3OCH3(g), is combusted in air.

3.18 Write a balanced chemical equation for the reaction that oc-
curs when (a) calcium metal undergoes a combination reac-
tion with O2(g); (b) copper(II) hydroxide decomposes into
copper(II) oxide and water when heated;(c) heptane,
C7H16(l), burns in air;(d) methyl tert-butyl ether, C5H12O(l),
burns in air.

3.19 Balance the following equations and indicate whether they
are combination, decomposition, or combustion reactions:
(a)
(b)
(c)
(d)
(e)

3.20 Balance the following equations and indicate whether they are
combination, decomposition, or combustion reactions:
(a)
(b)
(c)
(d)
(e) Al(s) + Cl2(g) ¡ AlCl3(s)

C7H8O2(l) + O2(g) ¡ CO2(g) + H2O(g)
Mg(s) + N2(g) ¡ Mg3N2(s)
C2H4(g) + O2(g) ¡ CO2(g) + H2O(g)
PbCO3(s) ¡ PbO(s) + CO2(g)

K2O(s) + H2O(l) ¡ KOH(aq)
N2(g) + H2(g) ¡ NH3(g)
C5H6O(l) + O2(g) ¡ CO2(g) + H2O(g)
NH4NO3(s) ¡ N2O(g) + H2O(g)
C3H6(g) + O2(g) ¡ CO2(g) + H2O(g)



Exercises 107

FORMULA WEIGHTS (section 3.3)

3.21 Determine the formula weights of each of the following com-
pounds:(a) nitric acid, HNO3; (b) KMnO4; (c) Ca3(PO4)2; (d)
quartz, SiO2; (e)gallium sulfide,(f) chromium(III) sulfate,(g)
phosphorus trichloride.

3.22 Determine the formula weights of each of the following com-
pounds:(a) nitrous oxide, N2O, known as laughing gas and
used as an anesthetic in dentistry;(b) benzoic acid, HC7H5O2,
a substance used as a food preservative;(c) Mg(OH)2, the ac-
tive ingredient in milk of magnesia;(d) urea, (NH2)2CO, a
compound used as a nitrogen fertilizer;(e) isopentyl acetate,
CH3CO2C5H11, responsible for the odor of bananas.

3.23 Calculate the percentage by mass of oxygen in the following
compounds: (a) morphine, C17H19NO3; (b) codeine,
C18H21NO3 (c) cocaine, C17H21NO4; (d) tetracycline,
C22H24N2O8; (e) digitoxin, C41H64O13; (f) vancomycin,
C66H75Cl2N9O24.

3.24 Calculate the percentage by mass of the indicated element in
the following compounds:(a) carbon in acetylene, C2H2, a gas
used in welding;(b) hydrogen in ascorbic acid, HC6H7O6, also
known as vitamin C;(c) hydrogen in ammonium sulfate,
(NH4)2SO4, a substance used as a nitrogen fertilizer;(d) plat-
inum in PtCl2(NH3)2, a chemotherapy agent called cisplatin;
(e) oxygen in the female sex hormone estradiol, C18H24O2;
(f) carbon in capsaicin, C18H27NO3, the compound that gives
the hot taste to chili peppers.

3.25 Based on the following structural formulas, calculate the per-
centage of carbon by mass present in each compound:

H C

O

H H

H H

Benzaldehyde
(almond fragrance)H

C

C C

C

C C

(a)

3.26 Calculate the percentage of carbon by mass in each of the
compounds represented by the following models:

N

(a) (b)

(d)(c)

S

Isopentyl acetate
(banana flavor)

(c) H3C

H3C

CH3C

H

H

C

H

H

C O C

H O

(b) HO C

O

H3CO H

H H

Vanillin
(vanilla flavor)H

C

C C

C

C C

AVOGADRO•S NUMBER AND THE MOLE (section 3.4)

3.27 (a) What is Avogadro•s number, and how is it related to the
mole?(b) What is the relationship between the formula weight
of a substance and its molar mass?

3.28 (a)What is the mass, in grams, of a mole of ? (b) How
many carbon atoms are present in a mole of ?

3.29 Without doing any detailed calculations (but using a periodic
table to give atomic weights), rank the following samples in
order of increasing number of atoms:

molecules.

3.30 Without doing any detailed calculations (but using a periodic
table to give atomic weights), rank the following samples in
order of increasing number of atoms: molecules of
H2O2, 2.0 mol CH4, 16 g O2.

3.31 What is the mass, in kilograms, of an Avogadro•s number of
people, if the average mass of a person is 160 lb? How does this
compare with the mass of Earth, ?

3.32 If Avogadro•s number of pennies is divided equally among the
300 million men, women, and children in the United States,

5.98 * 1024 kg

9.0 * 1023

 23 g Na, 6.0* 1023N2

0.50 mol H2O,

12C

12C

how many dollars would each receive? How does this compare
with the gross domestic product (GDP) of the United States,
which was $14.4 trillion in 2008? (The GDP is the total market
value of the nation•s goods and services.)

3.33 Calculate the following quantities:
(a) mass, in grams, of 0.105 mole of sucrose (C12H22O11)
(b) moles of Zn(NO3)2 in 143.50 g of this substance
(c) number of molecules in 
(d) number of N atoms in 0.410 mol NH3

3.34 Calculate the following quantities:
(a) mass, in grams, of mol of CdS
(b) number of moles of in 86.6 g of this substance
(c) number of molecules in 
(d) number of O atoms in 

3.35 (a) What is the mass, in grams, of mol of ammo-
nium phosphate?

(b) How many moles of chloride ions are in 0.2550 g of alu-
minum chloride?

2.50 * 10- 3

6.25 * 10- 3 mol Al(NO3)3

8.447* 10- 2 mol C6H6

NH4Cl
1.50 * 10- 2

1.0 * 10- 6 mol CH3CH2OH
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(c) What is the mass, in grams, of molecules of
caffeine, C8H10N4O2?

(d) What is the molar mass of cholesterol if 0.00105 mol has a
mass of 0.406 g?

3.36 (a) What is the mass, in grams, of 1.223 mol of iron(III)
sulfate?

(b) How many moles of ammonium ions are in 6.955 g of
ammonium carbonate?

(c) What is the mass, in grams, of molecules of
aspirin, C9H8O4?

(d) What is the molar mass of diazepam (Valium®) if 0.05570
mol has a mass of 15.86 g?

3.37 The molecular formula of allicin, the compound responsible
for the characteristic smell of garlic, is C6H10OS2. (a) What is
the molar mass of allicin? (b) How many moles of allicin are
present in 5.00 mg of this substance? (c) How many molecules
of allicin are in 5.00 mg of this substance? (d) How many S
atoms are present in 5.00 mg of allicin?

3.38 The molecular formula of aspartame, the artificial sweetener
marketed as NutraSweet®, is C14H18N2O5. (a) What is the
molar mass of aspartame? (b) How many moles of aspartame
are present in 1.00 mg of aspartame? (c) How many molecules

1.50 * 1021

7.70 * 1020 of aspartame are present in 1.00 mg of aspartame? (d) How
many hydrogen atoms are present in 1.00 mg of aspartame?

3.39 A sample of glucose, C6H12O6, contains carbon
atoms.(a) How many atoms of hydrogen does it contain?
(b) How many molecules of glucose does it contain? (c) How
many moles of glucose does it contain? (d) What is the mass of
this sample in grams?

3.40 A sample of the male sex hormone testosterone, C19H28O2,
contains hydrogen atoms.(a) How many atoms
of carbon does it contain? (b) How many molecules of testos-
terone does it contain? (c) How many moles of testosterone
does it contain? (d) What is the mass of this sample in grams?

3.41 The allowable concentration level of vinyl chloride, C2H3Cl, in
the atmosphere in a chemical plant is . How
many moles of vinyl chloride in each liter does this represent?
How many molecules per liter?

3.42 At least 25 mg of tetrahydrocannabinol (THC), the active
ingredient in marijuana, is required to produce intoxication.
The molecular formula of THC is C21H30O2. How many
moles of THC does this 25 mg represent? How many
molecules?

2.0 * 10- 6 g>L

3.88 * 1021

1.250* 1021

EMPIRICAL FORMULAS (section 3.5)

3.43 Give the empirical formula of each of the following com-
pounds if a sample contains (a) 0.0130 mol C, 0.0390 mol H,
and 0.0065 mol O;(b) 11.66 g iron and 5.01 g oxygen;(c)
40.0% C, 6.7% H, and 53.3% O by mass.

3.44 Determine the empirical formula of each of the following
compounds if a sample contains (a) 0.104 mol K, 0.052 mol C,
and 0.156 mol O;(b) 5.28 g Sn and 3.37 g F;(c) 87.5% N and
12.5% H by mass.

3.45 Determine the empirical formulas of the compounds with the
following compositions by mass:
(a) 10.4% C, 27.8% S, and 61.7% Cl
(b) 21.7% C, 9.6% O, and 68.7% F
(c) 32.79% Na, 13.02% Al, and the remainder F

3.46 Determine the empirical formulas of the compounds with the
following compositions by mass:
(a) 55.3% K, 14.6% P, and 30.1% O
(b) 24.5% Na, 14.9% Si, and 60.6% F
(c) 62.1% C, 5.21% H, 12.1% N, and the remainder O

3.47 A compound whose empirical formula is XF3 consists of 65%
F by mass. What is the atomic mass of X?

3.48 The compound XCl4 contains 75.0% Cl by mass. What is the
element X?

3.49 What is the molecular formula of each of the following
compounds?
(a) empirical formula CH2,
(b) empirical formula NH2Cl,

3.50 What is the molecular formula of each of the following
compounds?
(a) empirical formula HCO2,
(b) empirical formula C2H4O,

3.51 Determine the empirical and molecular formulas of each of
the following substances:
(a) Styrene, a compound substance used to make Styrofoam®

cups and insulation, contains 92.3% C and 7.7% H by
mass and has a molar mass of 104 g>mol.

molar mass= 88 g>mol
molar mass= 90.0 g>mol

molar mass= 51.5 g>mol
molar mass= 84 g>mol

(b) Caffeine, a stimulant found in coffee, contains 49.5% C,
5.15% H, 28.9% N, and 16.5% O by mass and has a molar
mass of 195 g>mol.

(c) Monosodium glutamate (MSG), a flavor enhancer in cer-
tain foods, contains 35.51% C, 4.77% H, 37.85% O,
8.29% N, and 13.60% Na, and has a molar mass of
169 g>mol.

3.52 Determine the empirical and molecular formulas of each of
the following substances:
(a) Ibuprofen, a headache remedy, contains 75.69% C, 8.80%

H, and 15.51% O by mass, and has a molar mass of
206 g>mol.

(b) Cadaverine, a foul-smelling substance produced by the
action of bacteria on meat, contains 58.55% C, 13.81% H,
and 27.40% N by mass; its molar mass is 102.2 g>mol.

(c) Epinephrine (adrenaline), a hormone secreted into the
bloodstream in times of danger or stress, contains 59.0% C,
7.1% H, 26.2% O, and 7.7% N by mass; its MW is about
180 amu.

3.53 (a) Combustion analysis of toluene, a common organic sol-
vent, gives 5.86 mg of CO2 and 1.37 mg of H2O. If the com-
pound contains only carbon and hydrogen, what is its
empirical formula? (b) Menthol, the substance we can smell in
mentholated cough drops, is composed of C, H, and O. A
0.1005-g sample of menthol is combusted, producing 0.2829 g
of CO2 and 0.1159 g of H2O. What is the empirical formula for
menthol? If menthol has a molar mass of 156 g>mol, what is
its molecular formula?

3.54 (a)The characteristic odor of pineapple is due to ethyl bu-
tyrate, a compound containing carbon, hydrogen, and oxygen.
Combustion of 2.78 mg of ethyl butyrate produces 6.32 mg of
CO2 and 2.58 mg of H2O. What is the empirical formula of the
compound? (b) Nicotine, a component of tobacco, is com-
posed of C, H, and N. A 5.250-mg sample of nicotine was
combusted, producing 14.242 mg of CO2 and 4.083 mg of
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H2O. What is the empirical formula for nicotine? If nicotine
has a molar mass of , what is its molecular
formula?

3.55 Valproic acid, used to treat seizures and bipolar disorder, is
composed of C, H, and O. A 0.165-g sample is combusted in
an apparatus such as that shown in Figure 3.14. The gain in
mass of the H2O absorber is 0.166 g, whereas that of the CO2
absorber is 0.403 g. What empirical formula for valproic acid
do these results indicate? Is this empirical formula consistent
with the molecular model shown here?

3.56 Propenoic acid, as shown here,

160;  5 g>mol
is a reactive organic liquid used in the manufacture of plastics,
coatings, and adhesives. An unlabeled container is thought to
contain this acid. A 0.2033-g sample is combusted in an appa-
ratus such as that shown in Figure 3.14. The gain in mass of
the H2O absorber is 0.102 g, whereas that of the CO2 absorber
is 0.374 g. Is this analysis consistent with the contents of the
container being propenoic acid?

3.57 Washing soda, a compound used to prepare hard water for
washing laundry, is a hydrate, which means that a certain
number of water molecules are included in the solid structure.
Its formula can be written as , where x is the
number of moles of H2O per mole of Na2CO3. When a 2.558-g
sample of washing soda is heated at 25 °C, all the water of
hydration is lost, leaving 0.948 g of Na2CO3. What is the value
of x?

3.58 Epsom salts, a strong laxative used in veterinary medicine, is a
hydrate, which means that a certain number of water mole-
cules are included in the solid structure. The formula for
Epsom salts can be written as , where x indi-
cates the number of moles of H2O per mole of MgSO4. When
5.061 g of this hydrate is heated to 250 °C, all the water of
hydration is lost, leaving 2.472 g of MgSO4. What is the
value ofx?

MgSO4
#xH2O

Na2CO3
#xH2O

CALCULATIONS BASED ON CHEMICAL EQUATIONS (section 3.6)

3.59 Why is it essential to use balanced chemical equations when
determining the quantity of a product formed from a given
quantity of a reactant?

3.60 What parts of balanced chemical equations give information
about the relative numbers of moles of reactants and products
involved in a reaction?

3.61 Hydrofluoric acid, HF(aq), cannot be stored in glass bottles
because compounds called silicates in the glass are attacked by
the HF(aq). Sodium silicate (Na2SiO3), for example, reacts as
follows:

(a) How many moles of HF are needed to react with 0.300
mol of Na2SiO3?

(b) How many grams of NaF form when 0.500 mol of HF
reacts with excess Na2SiO3?

(c) How many grams of Na2SiO3 can react with 0.800 g
of HF?

3.62 The reaction between potassium superoxide, KO2, and CO2,

is used as a source of O2 and absorber of CO2 in self-contained
breathing equipment used by rescue workers.

4 KO2 + 2 CO2 ¡ 2K2CO3 + 3 O2

 H2SiF6(aq) + 2 NaF(aq) + 3 H2O(l)
Na2SiO3(s) + 8 HF(aq) ¡

(a) How many moles of O2 are produced when 0.400 mol of
KO2 reacts in this fashion?

(b) How many grams of KO2 are needed to form 7.50 g of O2?
(c) How many grams of CO2 are used when 7.50 g of O2 are

produced?

3.63 Several brands of antacids use Al(OH)3 to react with stomach
acid, which contains primarily HCl:

(a) Balance this equation.
(b) Calculate the number of grams of HCl that can react with

0.500 g of Al(OH)3.
(c) Calculate the number of grams of AlCl3 and the number

of grams of H2O formed when 0.500 g of Al(OH)3 reacts.
(d) Show that your calculations in parts (b) and (c) are con-

sistent with the law of conservation of mass.

Al(OH)3(s) + HCl(aq) ¡ AlCl3(aq) + H2O(l)
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3.64 An iron ore sample contains Fe2O3 together with other sub-
stances. Reaction of the ore with CO produces iron metal:

(a) Balance this equation.
(b) Calculate the number of grams of CO that can react with

0.350 kg of Fe2O3.
(c) Calculate the number of grams of Fe and the number of

grams of CO2 formed when 0.350 kg of Fe2O3 reacts.
(d) Show that your calculations in parts (b) and (c) are con-

sistent with the law of conservation of mass.

3.65 Aluminum sulfide reacts with water to form aluminum hy-
droxide and hydrogen sulfide.(a) Write the balanced chemical
equation for this reaction.(b) How many grams of aluminum
hydroxide are obtained from 14.2 g of aluminum sulfide?

3.66 Calcium hydride reacts with water to form calcium hydroxide
and hydrogen gas.(a) Write a balanced chemical equation for
the reaction.(b) How many grams of calcium hydride are
needed to form 4.500 g of hydrogen?

3.67 Automotive air bags inflate when sodium azide, NaN3, rapidly
decomposes to its component elements:

(a) How many moles of N2 are produced by the decomposi-
tion of 1.50 mol of NaN3?

(b) How many grams of NaN3 are required to form 10.0 g of
nitrogen gas?

(c) How many grams of NaN3 are required to produce
10.0 of nitrogen gas, about the size of an automotive
air bag, if the gas has a density of 1.25 g>L?

3.68 The complete combustion of octane, C8H18, the main compo-
nent of gasoline, proceeds as follows:

(a) How many moles of O2 are needed to burn 1.50 mol of
C8H18?

(b) How many grams of O2 are needed to burn 10.0 g of
C8H18?

(c) Octane has a density of 0.692 g>mL at 20 °C. How many
grams of O2 are required to burn 15.0 gal of C8H18 (the
capacity of an average fuel tank)?

2 C8H18(l) + 25 O2(g) ¡ 16 CO2(g) + 18 H2O(g)

ft3

2 NaN3(s) ¡ 2 Na(s) + 3 N2(g)

Fe2O3(s) + CO(g) ¡ Fe(s) + CO2(g)

(d) How many grams of CO2 are produced when 15.0 gal of
C8H18are combusted?

3.69 A piece of aluminum foil 1.00 cm square and 0.550 mm thick
is allowed to react with bromine to form aluminum bromide.

(a) How many moles of aluminum were used? (The density
of aluminum is .) (b) How many grams of
aluminum bromide form, assuming the aluminum reacts
completely?

3.70 Detonation of nitroglycerin proceeds as follows:

(a) If a sample containing 2.00 mL of nitroglycerin 
is detonated, how many total moles of gas are

produced? (b) If each mole of gas occupies 55 L under the
conditions of the explosion, how many liters of gas are
produced? (c) How many grams of N2 are produced in the
detonation?

1.592 g>mL)
(density=

12 CO2(g) + 6 N2(g) + O2(g) + 10 H2O(g)
4 C3H5N3O9(l) ¡

2.699 g>cm3

LIMITING REACTANTS (section 3.7)

3.71 (a) Define the terms limiting reactantand excess reactant. (b)
Why are the amounts of products formed in a reaction deter-
mined only by the amount of the limiting reactant? (c) Why
should you base your choice of which compound is the limit-
ing reactant on its number of initial moles, not on its initial
mass in grams?

3.72 (a)Define the terms theoretical yield, actual yield,andpercent
yield. (b) Why is the actual yield in a reaction almost always
less than the theoretical yield? (c) Can a reaction ever have
110% actual yield?

3.73 A manufacturer of bicycles has 4815 wheels, 2305 frames, and
2255 handlebars.(a) How many bicycles can be manufactured
using these parts? (b) How many parts of each kind are left
over? (c) Which part limits the production of bicycles?

3.74 A bottling plant has 126,515 bottles with a capacity of 355 mL,
108,500 caps, and 48,775 L of beverage.(a) How many bottles

can be filled and capped? (b) How much of each item is left
over? (c) Which component limits the production?

3.75 Sodium hydroxide reacts with carbon dioxide as follows:

Which is the limiting reactant when 1.85 mol NaOH and 1.00
mol CO2 are allowed to react? How many moles of Na2CO3
can be produced? How many moles of the excess reactant re-
main after the completion of the reaction?

3.76 Aluminum hydroxide reacts with sulfuric acid as follows:

Which is the limiting reactant when 0.500 mol Al(OH)3 and
0.500 mol H2SO4 are allowed to react? How many moles of
Al2(SO4)3can form under these conditions? How many moles of
the excess reactant remain after the completion of the reaction?

Al2(SO4)3(aq) + 6 H2O(l)
2 Al(OH)3(s) + 3 H2SO4(aq) ¡

2 NaOH(s) + CO2(g) ¡ Na2CO3(s) + H2O(l)
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3.77 The fizz produced when an Alka-Seltzer® tablet is dissolved in
water is due to the reaction between sodium bicarbonate
(NaHCO3) and citric acid (H3C6H5O7):

In a certain experiment 1.00 g of sodium bicarbonate and
1.00 g of citric acid are allowed to react.(a)Which is the limit-
ing reactant? (b) How many grams of carbon dioxide form?
(c) How many grams of the excess reactant remain after the
limiting reactant is completely consumed?

3.78 One of the steps in the commercial process for converting
ammonia to nitric acid is the conversion of NH3 to NO:

In a certain experiment, 2.00 g of NH3 reacts with 2.50 g of O2
(a) Which is the limiting reactant? (b) How many grams of
NO and of H2O form? (c) How many grams of the excess reac-
tant remain after the limiting reactant is completely con-
sumed?(d) Show that your calculations in parts (b) and
(c) are consistent with the law of conservation of mass.

3.79 Solutions of sodium carbonate and silver nitrate react to form
solid silver carbonate and a solution of sodium nitrate. A solu-
tion containing 3.50 g of sodium carbonate is mixed with one
containing 5.00 g of silver nitrate. How many grams of sodium

4 NH3(g) + 5 O2(g) ¡ 4 NO(g) + 6 H2O(g)

 3 CO2(g) + 3 H2O(l) + Na3C6H5O7(aq)

3 NaHCO3(aq) + H3C6H5O7(aq) ¡

carbonate, silver nitrate, silver carbonate, and sodium nitrate
are present after the reaction is complete?

3.80 Solutions of sulfuric acid and lead(II) acetate react to form
solid lead(II) sulfate and a solution of acetic acid. If 5.00 g of
sulfuric acid and 5.00 g of lead(II) acetate are mixed, calculate
the number of grams of sulfuric acid, lead(II) acetate, lead(II)
sulfate, and acetic acid present in the mixture after the reac-
tion is complete.

3.81 When benzene (C6H6) reacts with bromine (Br2), bromoben-
zene (C6H5Br) is obtained:

(a) When 30.0 g of benzene reacts with 65.0 g of bromine,
what is the theoretical yield of bromobenzene? (b) If the ac-
tual yield of bromobenzene is 42.3 g, what is the percentage
yield?

3.82 When ethane (C2H6) reacts with chlorine (Cl2), the main
product is C2H5Cl, but other products containing Cl, such as
C2H4Cl2, are also obtained in small quantities. The formation
of these other products reduces the yield of C2H5Cl.(a)Calcu-
late the theoretical yield of C2H5Cl when 125 g of C2H6 reacts
with 255 g of Cl2, assuming that C2H6 and Cl2 react only to
form C2H2Cl and HCl. (b) Calculate the percent yield of
C2H5Cl if the reaction produces 206 g of C2H5Cl.

3.83 Hydrogen sulfide is an impurity in natural gas that must be re-
moved. One common removal method is called the Claus
process, which relies on the reaction:

Under optimal conditions the Claus process gives 98% yield of
S8 from H2S. If you started with 30.0 grams of H2S and 50.0
grams of O2, how many grams of S8 would be produced, as-
suming 98% yield?

3.84 When hydrogen sulfide gas is bubbled into a solution of
sodium hydroxide, the reaction forms sodium sulfide and
water. How many grams of sodium sulfide are formed if 1.25 g
of hydrogen sulfide is bubbled into a solution containing 2.00 g
of sodium hydroxide, assuming that the sodium sulfide is
made in 92.0% yield?

8 H2S(g) + 4 O2(g) ¡ S8(l) + 8 H2O(g)

C6H6 + Br2 ¡ C6H5Br + HBr

ADDITIONAL EXERCISES

3.85 Write the balanced chemical equations for (a) the complete
combustion of acetic acid (CH3COOH), the main active ingre-
dient in vinegar;(b) the decomposition of solid calcium hydrox-
ide into solid calcium(II) oxide (lime) and water vapor;(c) the
combination reaction between nickel metal and chlorine gas.

3.86 If , and 1.5 mol 
are completely combusted in oxygen, which produces

the largest number of moles of H2O? Which produces the
least? Explain.

3.87 The effectiveness of nitrogen fertilizers depends on both their
ability to deliver nitrogen to plants and the amount of nitro-
gen they can deliver. Four common nitrogen-containing
fertilizers are ammonia, ammonium nitrate, ammonium
sulfate, and urea [(NH2)2CO]. Rank these fertilizers in terms
of the mass percentage nitrogen they contain.

3.88 (a)The molecular formula of acetylsalicylic acid (aspirin), one
of the most common pain relievers, is C9H8O4. How many
moles of C9H8O4 are in a 0.500-g tablet of aspirin? (b) How

COCH3

CH3CH21.5 mol C2H5OH, 1.5 mol C3H8

many molecules of C9H8O4 are in this tablet? (c) How many
carbon atoms are in the tablet?

3.89 Very small crystals composed of 1000 to 100,000 atoms,
called quantum dots, are being investigated for use in elec-
tronic devices.
(a) A quantum dot was made of solid silicon in the shape of

a sphere, with a diameter of 4 nm. Calculate the mass 
of the quantum dot, using the density of silicon

.
(b) How many silicon atoms are in the quantum dot?
(c) The density of germanium is . If you made a

4-nm quantum dot of germanium, how many Ge atoms
would it contain? Assume the dot is spherical.

3.90 (a)One molecule of the antibiotic penicillin G has a mass of
. What is the molar mass of penicillin G? 

(b) Hemoglobin, the oxygen-carrying protein in red blood
cells, has four iron atoms per molecule and contains 0.340%
iron by mass. Calculate the molar mass of hemoglobin.

5.342* 10- 21 g

5.325 g>cm3

(2.3 g>cm3)
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3.91 Serotonin is a compound that conducts nerve impulses in the
brain. It contains 68.2 mass percent C, 6.86 mass percent H,
15.9 mass percent N, and 9.08 mass percent O. Its molar mass
is 176 g>mol. Determine its molecular formula.

3.92 The koala dines exclusively on eucalyptus leaves. Its digestive
system detoxifies the eucalyptus oil, a poison to other ani-
mals. The chief constituent in eucalyptus oil is a substance
called eucalyptol, which contains 77.87% C, 11.76% H, and
the remainder O.(a) What is the empirical formula for this
substance? (b) A mass spectrum of eucalyptol shows a peak
at about 154 amu. What is the molecular formula of the
substance?

3.93 Vanillin, the dominant flavoring in vanilla, contains C, H, and
O. When 1.05 g of this substance is completely combusted,
2.43 g of CO2 and 0.50 g of H2O are produced. What is the
empirical formula of vanillin?

[3.94] An organic compound was found to contain only C, H, and
Cl. When a 1.50-g sample of the compound was completely
combusted in air, 3.52 g of CO2 was formed. In a separate ex-
periment the chlorine in a 1.00-g sample of the compound
was converted to 1.27 g of AgCl. Determine the empirical for-
mula of the compound.

[3.95] A compound, KBrOx, where x is unknown, is analyzed and
found to contain 52.92% Br. What is the value ofx?

[3.96] An element X forms an iodide (Xl3) and a chloride (XCl3). The
iodide is quantitatively converted to the chloride when it is
heated in a stream of chlorine:

If 0.5000 g of Xl3 is treated, 0.2360 g of XCl3 is obtained.(a)
Calculate the atomic weight of the element X.(b) Identify the
element X.

3.97 A method used by the U.S. Environmental Protection Agency
(EPA) for determining the concentration of ozone in air is to
pass the air sample through a •bubblerŽ containing sodium io-
dide, which removes the ozone according to the following
equation:

(a) How many moles of sodium iodide are needed to remove
?(b) How many grams of sodium io-

dide are needed to remove 1.3 mg of O3?

3.98 A chemical plant uses electrical energy to decompose aqueous
solutions of NaCl to give Cl2, H2, and NaOH:

 2 NaOH(aq) + H2(g) + Cl2(g)
2 NaCl(aq) + 2 H2O(l) ¡

5.95 * 10- 6 mol of O3

 O2(g) + I2(s) + 2 NaOH(aq)
O3(g) + 2 NaI(aq) + H2O(l) ¡

2 XI3 + 3 Cl2 ¡ 2 XCl3 + 3 I2

If the plant produces (1500 metric tons) of Cl2
daily, estimate the quantities of H2 and NaOH produced.

3.99 The fat stored in a camel•s hump is a source of both energy and
water. Calculate the mass of H2O produced by metabolism of 1.0
kg of fat, assuming the fat consists entirely of tristearin
(C57H110O6), a typical animal fat, and assuming that during me-
tabolism, tristearin reacts with O2 to form only CO2 and H2O.

[3.100] When hydrocarbons are burned in a limited amount of air,
both CO and CO2 form. When 0.450 g of a particular hydro-
carbon was burned in air, 0.467 g of CO, 0.733 g of CO2, and
0.450 g of H2O were formed.(a) What is the empirical for-
mula of the compound? (b) How many grams of O2 were used
in the reaction? (c) How many grams would have been re-
quired for complete combustion?

3.101 A mixture of N2(g) and H2(g) reacts in a closed container to
form ammonia, NH3(g). The reaction ceases before either re-
actant has been totally consumed. At this stage 3.0 mol N2, 3.0
mol H2, and 3.0 mol NH3 are present. How many moles of N2
and H2 were present originally?

[3.102] A mixture containing KClO3, K2CO3, KHCO3, and KCl was
heated, producing CO2, O2, and H2O gases according to the
following equations:

The KCl does not react under the conditions of the reaction. If
100.0 g of the mixture produces 1.80 g of H2O, 13.20 g of CO2,
and 4.00 g of O2, what was the composition of the original
mixture? (Assume complete decomposition of the mixture.)

3.103 When a mixture of 10.0 g of acetylene (C2H2); and 10.0 g of
oxygen (O2) is ignited, the resultant combustion reaction pro-
duces CO2 and H2O.(a)Write the balanced chemical equation
for this reaction.(b) Which is the limiting reactant? (c) How
many grams of C2H2, O2, CO2, and H2O are present after the
reaction is complete?

3.104 Aspirin (C9H8O4) is produced from salicylic acid (C7H6O3)
and acetic anhydride (C4H6O3):

(a) How much salicylic acid is required to produce
of aspirin, assuming that all of the salicylic acid

is converted to aspirin? (b) How much salicylic acid would be
required if only 80% of the salicylic acid is converted to
aspirin? (c) What is the theoretical yield of aspirin if 185 kg of
salicylic acid is allowed to react with 125 kg of acetic anhy-
dride? (d) If the situation described in part (c) produces
182 kg of aspirin, what is the percentage yield?

1.5 * 102 kg

C7H6O3 + C4H6O3 ¡ C9H8O4 + HC2H3O2

 K2CO3(s) ¡ K2O(s) + CO2(g)

 2 KHCO3(s) ¡ K2O(s) + H2O(g) + 2 CO2(g)

 2 KClO3(s) ¡ 2 KCl(s) + 3 O2(g)

1.5 * 106 kg
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INTEGRATIVE EXERCISES

These exercises require skills from earlier chapters as well as skills from
the present chapter.

3.105 Consider a sample of calcium carbonate in the form of a cube
measuring 2.005 in. on each edge. If the sample has a density
of , how many oxygen atoms does it contain?

3.106 (a)You are given a cube of silver metal that measures 1.000 cm
on each edge. The density of silver is . How many
atoms are in this cube? (b) Because atoms are spherical, they
cannot occupy all of the space of the cube. The silver atoms
pack in the solid in such a way that 74% of the volume of the
solid is actually filled with the silver atoms. Calculate the vol-
ume of a single silver atom.(c) Using the volume of a silver
atom and the formula for the volume of a sphere, calculate the
radius in angstroms of a silver atom.

3.107 (a) If an automobile travels 225 mi with a gas mileage of
20.5 mi>gal, how many kilograms of CO2 are produced? As-
sume that the gasoline is composed of octane, C8H18(l), whose
density is 0.69 g>mL.(b) Repeat the calculation for a truck that
has a gas mileage of 5 mi>gal.

3.108 € Section 2.9introduced the idea of structural isomerism,
with 1-propanol and 2-propanol as examples. Determine
which of these properties would distinguish these two sub-
stances:(a) boiling point; (b) combustion analysis results;
(c) molecular weight;(d) density at a given temperature and
pressure. You can check on the properties of these two com-
pounds in Wolfram Alpha(http://www.wolframalpha.com/)
or the CRC Handbook of Chemistry and Physics.

3.109 A particular coal contains 2.5% sulfur by mass. When this coal
is burned at a power plant, the sulfur is converted into sulfur
dioxide gas, which is a pollutant. To reduce sulfur dioxide
emissions, calcium oxide (lime) is used. The sulfur dioxide re-
acts with calcium oxide to form solid calcium sulfite.(a)Write
the balanced chemical equation for the reaction.(b) If the coal
is burned in a power plant that uses 2000 tons of coal per day,
what mass of calcium oxide is required daily to eliminate the
sulfur dioxide? (c) How many grams of calcium sulfite are
produced daily by this power plant?

3.110 Copper is an excellent electrical conductor widely used in
making electric circuits. In producing a printed circuit board
for the electronics industry, a layer of copper is laminated on a
plastic board. A circuit pattern is then printed on the board
using a chemically resistant polymer. The board is then
exposed to a chemical bath that reacts with the exposed cop-
per, leaving the desired copper circuit, which has been pro-
tected by the overlaying polymer. Finally, a solvent removes

10.5 g>cm3

2.71 g>cm3

the polymer. One reaction used to remove the exposed copper
from the circuit board is

A plant needs to produce 5000 circuit boards, each with a sur-
face area measuring The boards are covered
with a 0.65-mm layer of copper. In subsequent processing,
85% of the copper is removed. Copper has a density of

. Calculate the masses of Cu(NH3)4Cl2 and NH3
needed to produce the circuit boards, assuming that the reac-
tion used gives a 97% yield.

3.111 Hydrogen cyanide, HCN, is a poisonous gas. The lethal dose is
approximately 300 mg HCN per kilogram of air when inhaled.
(a) Calculate the amount of HCN that gives the lethal dose in
a small laboratory room measuring . The
density of air at 26 °C is .(b) If the HCN is
formed by reaction of NaCN with an acid such as H2SO4, what
mass of NaCN gives the lethal dose in the room?

(c) HCN forms when synthetic fibers containing Orlon® or
Acrilan® burn. Acrilan® has an empirical formula of
CH2CHCN, so HCN is 50.9% of the formula by mass. A rug
measures and contains 30 oz of Acrilan® fibers per
square yard of carpet. If the rug burns, will a lethal dose of
HCN be generated in the room? Assume that the yield of HCN
from the fibers is 20% and that the carpet is 50% consumed.

3.112 The source of oxygen that drives the internal combustion en-
gine in an automobile is air. Air is a mixture of gases, principally

and . In the cylinder of an automobile
engine, nitrogen can react with oxygen to produce nitric oxide
gas, NO. As NO is emitted from the tailpipe of the car, it can
react with more oxygen to produce nitrogen dioxide gas. (a)
Write balanced chemical equations for both reactions. (b) Both
nitric oxide and nitrogen dioxide are pollutants that can lead to
acid rain and global warming; collectively, they are called •NOxŽ
gases. In 2007, the United States emitted an estimated 22 million
tons of nitrogen dioxide into the atmosphere. How many grams
of nitrogen dioxide is this? (c) The production of NOx gases is
an unwanted side reaction of the main engine combustion
process that turns octane, C8H18, into CO2 and water. If 85% of
the oxygen in an engine is used to combust octane and the re-
mainder used to produce nitrogen dioxide, calculate how many
grams of nitrogen dioxide would be produced during the com-
bustion of 500 grams of octane.

O2( ' 20%)N2( ' 79%)

12 * 15 ft

2 NaCN(s) + H2SO4(aq) ¡ Na2SO4(aq) + 2 HCN(g)

0.00118 g>cm3
12 * 15 * 8.0 ft

8.96 g>cm3

2.0 in. * 3.0 in.

2 Cu(NH3)4Cl(aq)

Cu(s) + Cu(NH3)4Cl2(aq) + 4 NH3(aq) ¡
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4.3 ACIDS, BASES, AND NEUTRALIZATION REACTIONS
We explore reactions in which protons, ions, are transferred
from one reactant to another.

4.4 OXIDATION-REDUCTION REACTIONS
We examine reactions in which electrons are transferred from one
reactant to another.

H+

WHAT•S AHEAD
4.1 GENERAL PROPERTIES OF AQUEOUS SOLUTIONS
We begin by examining whether substances dissolved in water
exist as ions, molecules, or a mixture of the two.

4.2 PRECIPITATION REACTIONS
We identify reactions in which soluble reactants yield an insoluble
product.

CAVERNS SUCH AS THIS FORM when underground
rivers erode limestone bedrock through to the surface.
These caverns, called cenotes, are but one of many ways
in which chemical reactions that occur in water shape our
planet and impact our lives.



4.5 CONCENTRATIONS OF SOLUTIONS
We learn how the amount of a compound dissolved in a given
volume of a solution can be expressed as a concentration .
Concentration can be defined in a number of ways, the most
commonly used being moles of compound per liter of solution
(molarity).

4.6 SOLUTION STOICHIOMETRY 
AND CHEMICAL ANALYSIS
We see how the concepts of stoichiometry and concentration can
be used to calculate amounts or concentrations of substances in
solution through a process called titration.

REACTIONS
IN AQUEOUS
SOLUTION
WATER COVERS NEARLY TWO-THIRDSof our planet, and this
simple substance has been the key to much of Earth•s
evolutionary history. Life almost certainly originated in
water, and the need for water by all forms of life has
helped determine diverse biological structures.
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Given the importance of water for life, it should come as no surprise that development
of civilizations has been closely tied to reliable sources of fresh water. During the first
millennium, Mayan civilization was one of the most advanced on Earth. Mayan 
city-states covered much of the Yucatan peninsula in what is now easternmost Mexico.
The northern half of the peninsula is a flat shelf of land composed largely of carbonate
rocks, such as limestone. Because there are no rivers and very few lakes, the Mayans
depended on sinkholes called cenotes, for their fresh water (� FIGURE 4.1).

Chemical reactions that occur in water are responsible for creation of cenotes.
When carbon dioxide, CO2, dissolves in water, the resulting solution is slightly acidic
and reacts with CaCO3 in the limestone:

[4.1]

A solution in which water is the dissolving medium is called an aqueous solution .
In this chapter we examine chemical reactions that take place in aqueous solutions. In
addition, we extend the concepts of stoichiometry learned in Chapter 3 by considering
how solution concentrations are expressed and used.

CaCO31s2 + H2O1l2 + CO21aq2 ¡ Ca1HCO3221aq2
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4.1 | GENERAL PROPERTIES OF
AQUEOUS SOLUTIONS

A solutionis a homogeneous mixture of two or more substances.€ (Section 1.2)The
substance present in the greatest quantity is usually called the solvent , and the other
substances are called solutes ; they are said to be dissolved inthe solvent. When a small
amount of sodium chloride (NaCl) is dissolved in a large quantity of water, for example,
water is the solvent and sodium chloride is the solute.

Electrolytic Properties
At a young age we learn not to bring electrical devices into the bathtub so as not to elec-
trocute ourselves. That•s a useful lesson because most of the water you encounter in
daily life is electrically conducting. Pure water, however, is a very poor conductor of elec-
tricity. The conductivity of bathwater originates from the substances dissolved in the
water, not from the water itself.

Not all substances that dissolve in water make the resulting solution conducting.
Imagine preparing two aqueous solutions„one by dissolving a teaspoon of table salt
(sodium chloride) in a cup of water and the other by dissolving a teaspoon of table
sugar (sucrose) in a cup of water (� FIGURE 4.2). Both solutions are clear and color-
less, but they possess very different electrical conductivities: the salt solution is a good
conductor of electricity, whereas the sugar solution is not.

In order for the bulb in the device of Figure 4.2 to light up, there must be a current
(that is, a flowof electrically charged particles) between two electrodes immersed in the
solution. The conductivity of pure water is not sufficient to complete the electrical cir-
cuit and light the bulb. The situation changes when ions are present in solution because
the ions carry electrical charge from one electrode to the other, completing the circuit.
Thus, the conductivity of NaCl solutions indicates the presence of ions. The lack of con-
ductivity of sucrose solutions indicates the absence of ions. When NaCl dissolves in
water, the solution contains and ions, each surrounded by water molecules.
When sucrose (C12H22O11) dissolves in water, the solution contains only neutral sucrose
molecules surrounded by water molecules.

Cl-Na+

CO2

�

�

�

�

�
�

� 2

H2O

HCO3
�

HCO3
�

CaCO3 Ca2�

H �

H �

Acidic water reacts with 
CaCO3, dissolving limestone 
and forming a cenote

2Atmospheric CO2 dissolves 
in groundwater, forming H+

and HCO3
…

1

� FIGURE 4.1 Cenote formation.
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Pure water,
H2O(l )

does not conduct electricity

Sucrose solution,
C12H22O11(aq)
Nonelectrolyte

does not conduct electricity

Sodium chloride solution,
NaCl( aq)
Electrolyte

conducts electricity

Not lit Not lit Lit � FIGURE 4.2
Electrical
conductivities of
water and two
aqueous solutions.

A substance (such as NaCl) whose aqueous solutions contain ions is called an
electrolyte . A substance (such as C12H22O11) that does not form ions in solution is
called a nonelectrolyte . The different classifications of NaCl and C12H22O11 arise
largely because NaCl is ionic, whereas C12H22O11 is molecular.

Ionic Compounds in Water
Recall from Figure 2.21 that solid NaCl consists of an orderly arrangement of and

ions. When NaCl dissolves in water, each ion separates from the solid structure and
disperses throughout the solution [� FIGURE 4.3(a)]. The ionic solid dissociatesinto its
component ions as it dissolves.

Cl-
Na+

(a) Ionic compounds like sodium chloride,
 NaCl, form ions when they dissolve

Ionic compound
dissolves in water

Na�
Cl�

Methanol

(b) Molecular substances like methanol,
 CH3OH, dissolve without forming ions

H2O molecules 
separate Na+ and Cl…

ions from solid NaCl

1

H2O molecules surround 
Na+ and Cl… ions

2

Na+ and Cl… ions 
disperse
throughout the 
solution

3

� FIGURE 4.3 Dissolution in water. (a) When an ionic compound, such as sodium chloride, NaCl, dissolves in water, H 2O molecules
separate, surround, and uniformly disperse the ions into the liquid. (b) Molecular substances that dissolve in water, such as m ethanol, CH3OH,
usually do so without forming ions. We can think of this as a simple mixing of two molecular species. In both (a) and (b) the w ater molecules have
been moved apart so that the solute particles can be seen clearly.

G O  F I G U R E

Which solution, NaCl( aq) or CH3OH(aq), conducts electricity?
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Water is a very effective solvent for ionic compounds. Although H2O is an electri-
cally neutral molecule, the O atom is rich in electrons and has a partial negative charge,
denoted by . Each H atom has a partial positive charge, denoted by . Cations are
attracted by the negative end of H2O, and anions are attracted by the positive end.

As an ionic compound dissolves, the ions become surrounded by H2O molecules, as
shown in Figure 4.3(a). The ions are said to be solvated. In chemical equations, we de-
note solvated ions by writing them as and , where aqis an abbreviation
for •aqueous.Ž€ (Section 3.1)Solvation helps stabilize the ions in solution and pre-
vents cations and anions from recombining. Furthermore, because the ions and their
shells of surrounding water molecules are free to move about, the ions become dis-
persed uniformly throughout the solution.

We can usually predict the nature of the ions in a solution of an ionic compound
from the chemical name of the substance. Sodium sulfate (Na2SO4), for example, disso-
ciates into sodium ions and sulfate ions . You must remember the
formulas and charges of common ions (Tables 2.4 and 2.5) to understand the forms in
which ionic compounds exist in aqueous solution.

G I V E  I T  S O M E  T H O U G H T

What dissolved species are present in a solution of 
a. KCN,
b. NaClO4?

Molecular Compounds in Water
When a molecular compound dissolves in water, the solution usually consists of intact
molecules dispersed throughout the solution. Consequently, most molecular com-
pounds are nonelectrolytes. As we have seen, table sugar (sucrose) is a nonelectrolyte. As
another example, a solution of methanol (CH3OH) in water consists entirely of CH3OH
molecules dispersed in the water [Figure 4.3(b)].

A few molecular substances have aqueous solutions that contain ions. Acids are the
most important of these solutions. For example, when HCl(g) dissolves in water to form
hydrochloric acid, HCl(aq), it ionizes; that is, it dissociates into and ions.

Strong and Weak Electrolytes
Electrolytes differ in the extent to which they conduct electricity.Strong electrolytes
are those solutes that exist in solution completely or nearly completely as ions. Essen-
tially all water-soluble ionic compounds (such as NaCl) and a few molecular com-
pounds (such as HCl) are strong electrolytes.Weak electrolytes are those solutes that
exist in solution mostly in the form of neutral molecules with only a small fraction in
the form of ions. For example, in a solution of acetic acid (CH3COOH) most of the
solute is present as CH3COOH(aq) molecules. Only a small fraction (about 1%) of the
CH3COOH has dissociated into and ions.*

We must be careful not to confuse the extent to which an electrolyte dissolves (its
solubility) with whether it is strong or weak. For example, CH3COOH is extremely sol-
uble in water but is a weak electrolyte. Ca(OH)2, on the other hand, is not very soluble
in water, but the amount that does dissolve dissociates almost completely. Thus,
Ca(OH)2 is a strong electrolyte.

When a weak electrolyte, such as acetic acid, ionizes in solution, we write the reac-
tion in the form

[4.2]

The half-arrows pointing in opposite directions mean that the reaction is significant
in both directions. At any given moment some CH3COOH molecules are ionizing to

CH3COOH(aq2 � CH3COO- 1aq2 + H+1aq2

CH3COO- 1aq2H+(aq)

Cl- 1aq2H+(aq)

1SO4
2- 21Na+2

Cl- 1aq2Na+(aq)

d+d-

*The chemical formula of acetic acid is sometimes written HC2H3O2 so that the formula looks like that of
other common acids such as HCl. The formula CH3COOH conforms to the molecular structure of acetic acid,
with the acidic H on the O atom at the end of the formula.

d�

d�

d�
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form and ions but and ions are recombining to form
CH3COOH. The balance between these opposing processes determines the relative
numbers of ions and neutral molecules. This balance produces a state ofchemical
equilibrium in which the relative numbers of each type of ion or molecule in the reac-
tion are constant over time. Chemists use half-arrows pointing in opposite directions to
represent the ionization of weak electrolytes and a single arrow to represent the ioniza-
tion of strong electrolytes. Because HCl is a strong electrolyte, we write the equation for
the ionization of HCl as

[4.3]

The absence of a left-pointing arrow indicates that the and ions have no
tendency to recombine to form HCl molecules.

In the following sections we will look at how a compound•s composition lets us pre-
dict whether it is a strong electrolyte, weak electrolyte, or nonelectrolyte. For the mo-
ment, you need only to remember that water-soluble ionic compounds are strong
electrolytes. Ionic compounds can usually be identified by the presence of both metals
and nonmetals [for example, NaCl, FeSO4, and Al(NO3)3]. Ionic compounds containing
the ammonium ion, [for example, NH4Br and (NH4)2CO3], are exceptions to this
rule of thumb.

G I V E  I T  S O M E  T H O U G H T

Which solute will cause the lightbulb in Figure 4.2 to glow most brightly, CH 3OH,
NaOH, or CH3COOH?

SAMPLE EXERCISE 4.1 Relating Relative Numbers of Anions
and Cations to Chemical Formulas

The accompanying diagram represents an aqueous solution of either MgCl2, KCl, or K2SO4.
Which solution does the drawing best represent?

NH4
+

Cl-H+

HCl1aq2 ¡ H+1aq2 + Cl- 1aq2

CH3COO-H+CH3COO-H+

2�

2�

2�2�

�

�

�

�

�

� �

�

SOLUTION
Analyze We are asked to associate the charged spheres in the diagram with ions present in a
solution of an ionic substance.

Plan We examine each ionic substance given to determine the relative numbers and charges
of its ions. We then correlate these ionic species with the ones shown in the diagram.

Solve The diagram shows twice as many cations as anions, consistent with the formulation
K2SO4.

Check Notice that the net charge in the diagram is zero, as it must be if it is to represent an
ionic substance.

PRACTICE EXERCISE
If you were to draw diagrams representing aqueous solutions of(a) NiSO4, (b) Ca(NO3)2,
(c) Na3PO4, (d) Al2(SO4)3, how many anions would you show if each diagram contained six
cations?
Answers: (a) 6,(b) 12,(c) 2,(d) 9

4.2 | PRECIPITATION REACTIONS
� FIGURE 4.4 shows two clear solutions being mixed. One solution contains potas-
sium iodide, KI, dissolved in water and the other contains lead nitrate, Pb(NO3)2, dis-
solved in water. The reaction between these two solutes produces a water-insoluble
yellow solid. Reactions that result in the formation of an insoluble product are called
precipitation reactions . A precipitate is an insoluble solid formed by a reaction in
solution. In Figure 4.4 the precipitate is lead iodide (PbI2), a compound that has a very
low solubility in water:

[4.4]

The other product of this reaction, potassium nitrate (KNO3), remains in solution.

Pb1NO3221aq2 + 2 KI1aq2 ¡ PbI21s2 + 2 KNO31aq2
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PbI2(s) � 2 KI(aq)2 KI(aq) � Pb(NO 3)2(aq)
ProductsReactants

Pb2�

Pb2� (aq) and I…(aq) combine
to form precipitate

K�

NO3
�

I�

� FIGURE 4.4 A precipitation reaction.

Precipitation reactions occur when pairs of oppositely charged ions attract each
other so strongly that they form an insoluble ionic solid. To predict whether certain
combinations of ions form insoluble compounds, we must consider some guidelines
concerning the solubilities of common ionic compounds.

Solubility Guidelines for Ionic Compounds
Thesolubility of a substance at a given temperature is the amount of the substance that
can be dissolved in a given quantity of solvent at the given temperature. In our discus-
sions, any substance with a solubility less than will be referred to as insoluble.
In those cases the attraction between the oppositely charged ions in the solid is too great
for the water molecules to separate the ions to any significant extent; the substance re-
mains largely undissolved.

Unfortunately, there are no rules based on simple physical properties such as ionic
charge to guide us in predicting whether a particular ionic compound will be soluble.
Experimental observations, however, have led to guidelines for predicting solubility for
ionic compounds. For example, experiments show that all common ionic compounds
that contain the nitrate anion, , are soluble in water.� TABLE 4.1 summarizes the
solubility guidelines for common ionic compounds. The table is organized according to
the anion in the compound, but it also reveals many important facts about cations. Note
that all common ionic compounds of the alkali metal ions (group 1A of the periodic table)
and of the ammonium ion are soluble in water.1NH4

+2

NO3
-

0.01 mol/L

G O  F I G U R E

Which ions remain in solution after PbI 2 precipitation is complete?
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SAMPLE EXERCISE 4.2 Using Solubility Rules

Classify these ionic compounds as soluble or insoluble in water:(a) sodium carbonate,
Na2CO3, (b) lead sulfate, PbSO4.

SOLUTION
Analyze We are given the names and formulas of two ionic compounds and asked to predict
whether they are soluble or insoluble in water.

Plan We can use Table 4.1 to answer the question. Thus, we need to focus on the anion in
each compound because the table is organized by anions.

Solve
(a) According to Table 4.1, most carbonates are insoluble. But carbonates of the alkali metal
cations (such as sodium ion) are an exception to this rule and are soluble. Thus, Na2CO3 is
soluble in water.
(b) Table 4.1 indicates that although most sulfates are water soluble, the sulfate of is an
exception. Thus, PbSO4 is insoluble in water.

PRACTICE EXERCISE
Classify the following compounds as soluble or insoluble in water:(a) cobalt(II) hydroxide,
(b) barium nitrate,(c) ammonium phosphate.
Answers: (a) insoluble,(b) soluble,(c) soluble

Pb2+

TABLE 4.1 € Solubility Guidelines for Common Ionic Compounds in Water

Soluble Ionic Compounds Important Exceptions

Compounds containing NO3
- None

CH3COO- None
Cl- Compounds of , , and Pb2+Hg2

2+Ag+

Br- Compounds of , , and Pb2+Hg2
2+Ag+

I - Compounds of , , and Pb2+Hg2
2+Ag+

SO4
2- Compounds of , , , and Pb2+Hg2

2+Ba2+Sr2+

Insoluble Ionic Compounds Important Exceptions

Compounds containing S2- Compounds of , the alkali metal cations, , , and Ba2+Sr2+Ca2+NH4
+

CO3
2- Compounds of and the alkali metal cationsNH4

+

PO4
3- Compounds of and the alkali metal cationsNH4

+

OH- Compounds of , the alkali metal cations, , , and Ba2+Sr2+Ca2+NH4
+

To predict whether a precipitate forms when we mix aqueous solutions of two
strong electrolytes, we must (1) note the ions present in the reactants, (2) consider the
possible cation-anion combinations, and (3) use Table 4.1 to determine if any of these
combinations is insoluble. For example, will a precipitate form when solutions of
Mg(NO3)2 and NaOH are mixed? Both substances are soluble ionic compounds and
strong electrolytes. Mixing the solutions first produces a solution containing ,

, , and ions. Will either cation interact with either anion to form an
insoluble compound? Knowing from Table 4.1 that Mg(NO3)2 and NaOH are both sol-
uble in water, our only possibilities are with and with . From
Table 4.1 we see that hydroxides are generally insoluble. Because is not an exception,
Mg(OH)2 is insoluble and thus forms a precipitate. NaNO3, however, is soluble, so 
and remain in solution. The balanced equation for the precipitation reaction is

[4.5]

Exchange (Metathesis) Reactions
Notice in Equation 4.5 that the reactant cations exchange anions„ ends up with

, and ends up with . The chemical formulas of the products are based on
the charges of the ions„two ions are needed to give a neutral compound with ,Mg2+OH-

NO3
-Na+OH-

Mg2+

Mg1NO3221aq2 + 2 NaOH1aq2 ¡ Mg1OH221s2 + 2 NaNO31aq2

NO3
-

Na+
Mg2+

NO3
-Na+OH-Mg2+

OH-Na+NO3
-

Mg2+



and one ion is needed to give a neutral compound with € (Section 2.7)The
equation can be balanced only after the chemical formulas of the products have been
determined.

Reactions in which cations and anions appear to exchange partners conform to the
general equation

[4.6]

Example:

Such reactions are called either exchange reactions or metathesis reactions (meh-
TATH-eh-sis, Greek for •to transposeŽ). Precipitation reactions conform to this pattern,
as do many neutralization reactions between acids and bases, as we will see in
Section 4.3.

To complete and balance the equation for a metathesis reaction, we follow
these steps:

1. Use the chemical formulas of the reactants to determine which ions are present.
2. Write the chemical formulas of the products by combining the cation from one

reactant with the anion of the other, using the ionic charges to determine the
subscripts in the chemical formulas.

3. Check the water solubilities of the products. For a precipitation reaction to occur, at
least one product must be insoluble in water.

4. Balance the equation.

AgNO31aq2 + KCl1aq2 ¡ AgCl1s2 + KNO31aq2

AX + BY ¡ AY + BX

Na+.NO3
-

122 CHAPTER 4 Reactions in Aqueous Solution

SAMPLE EXERCISE 4.3 Predicting a Metathesis Reaction

(a) Predict the identity of the precipitate that forms when aqueous solutions of BaCl2 and
K2SO4 are mixed.(b) Write the balanced chemical equation for the reaction.

SOLUTION
Analyze We are given two ionic reactants and asked to predict the insoluble product that
they form.

Plan We need to write the ions present in the reactants and exchange the anions between
the two cations. Once we have written the chemical formulas for these products, we can use
Table 4.1 to determine which is insoluble in water. Knowing the products also allows us to
write the equation for the reaction.

Solve
(a) The reactants contain , , , and ions. Exchanging the anions gives us
BaSO4 and KCl. According to Table 4.1, most compounds of are soluble but those of

are not. Thus, BaSO4 is insoluble and will precipitate from solution. KCl is soluble.
(b) From part (a) we know the chemical formulas of the products, BaSO4 and KCl. The bal-
anced equation is

PRACTICE EXERCISE
(a) What compound precipitates when aqueous solutions of Fe2(SO4)3 and LiOH are mixed?
(b) Write a balanced equation for the reaction.(c) Will a precipitate form when solutions of
Ba(NO3)2 and KOH are mixed?

Answers: (a)Fe(OH)3, (b)
, (c) no (both possible products, Ba(OH)2 and KNO3, are water soluble)3 Li2SO41aq2

Fe21SO4231aq2 + 6 LiOH1aq2 ¡ 2 Fe1OH231s2+

BaCl21aq2 + K2SO41aq2 ¡ BaSO41s2 + 2 KCl1aq2

Ba2+
SO4

2-
SO4

2-K+Cl-Ba2+

Ionic Equations
In writing equations for reactions in aqueous solution, it is often useful to indicate
whether the dissolved substances are present predominantly as ions or as molecules.
Let•s reconsider the precipitation reaction between Pb(NO3)2 and 2 KI:

An equation written in this fashion, showing the complete chemical formulas of reac-
tants and products, is called a molecular equation because it shows chemical formulas

Pb1NO3221aq2 + 2 KI1aq2 ¡ PbI21s2 + 2 KNO31aq2
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without indicating ionic character. Because Pb(NO3)2, KI, and KNO3 are all water-
soluble ionic compounds and therefore strong electrolytes, we can write the equation in
a form that indicates which species exist as ions in the solution:

[4.7]

An equation written in this form, with all soluble strong electrolytes shown as ions, is
called a complete ionic equation .

Notice that and appear on both sides of Equation 4.7. Ions that
appear in identical forms on both sides of a complete ionic equation, called spectator
ions , play no direct role in the reaction. When spectator ions are omitted from the
equation (they cancel out like algebraic quantities), we are left with the net ionic
equation , which is one that includes only the ions and molecules directly involved in
the reaction:

[4.8]

Because charge is conserved in reactions, the sum of the ionic charges must be
the same on both sides of a balanced net ionic equation. In this case the charge of
the cation and the two charges of the anions add to zero, the charge of the electri-
cally neutral product.If every ion in a complete ionic equation is a spectator, no reac-
tion occurs.

G I V E  I T  S O M E  T H O U G H T

Which ions, if any, are spectator ions in the reaction
?

Net ionic equations illustrate the similarities between various reactions involving
electrolytes. For example, Equation 4.8 expresses the essential feature of the precipita-
tion reaction between any strong electrolyte containing (aq) and any strong elec-
trolyte containing (aq): The ions combine to form a precipitate of PbI2. Thus, a net
ionic equation demonstrates that more than one set of reactants can lead to the same
net reaction. For example, aqueous solutions of KI and MgI2 share many chemical sim-
ilarities because both contain ions. Either solution when mixed with a Pb(NO3)2
solution produces PbI2(s). The complete ionic equation, on the other hand, identifies
the actual reactants that participate in a reaction.

The following steps summarize the procedure for writing net ionic equations:

1. Write a balanced molecular equation for the reaction.
2. Rewrite the equation to show the ions that form in solution when each soluble

strong electrolyte dissociates into its ions.Only strong electrolytes dissolved in aque-
ous solution are written in ionic form.

3. Identify and cancel spectator ions.

I -

I -
Pb2+

AgCl(s) + NaNO3(aq)
AgNO3(aq) + NaCl(aq) ¡

1-
2+

Pb2+1aq2 + 2 I- 1aq2 ¡ PbI21s2

NO3
- 1aq2K+(aq)

PbI21s2 + 2 K+1aq2 + 2 NO3
- 1aq2

Pb2+1aq2 + 2 NO3
- 1aq2 + 2 K+1aq2 + 2 I- 1aq2 ¡

SAMPLE EXERCISE 4.4 Writing a Net Ionic Equation

Write the net ionic equation for the precipitation reaction that occurs when aqueous solutions
of calcium chloride and sodium carbonate are mixed.

SOLUTION
Analyze Our task is to write a net ionic equation for a precipitation reaction, given the
names of the reactants present in solution.

Plan We write the chemical formulas of the reactants and products and then determine
which product is insoluble. We then write and balance the molecular equation. Next, we write
each soluble strong electrolyte as separated ions to obtain the complete ionic equation. Finally,
we eliminate the spectator ions to obtain the net ionic equation.

Solve Calcium chloride is composed of calcium ions, , and chloride ions, ; hence, an
aqueous solution of the substance is CaCl2(aq). Sodium carbonate is composed of ions and

ions; hence, an aqueous solution of the compound is Na2CO3(aq). In the molecularCO3
2-

Na+
Cl-Ca2+
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� FIGURE 4.5 Vinegar and lemon juice
are common household acids. Ammonia
and baking soda (sodium bicarbonate)
are common household bases.

Acetic acid, CH3COOH

Nitric acid, HNO 3

Hydrochloric acid, HCl

H

Cl

N

O

C

� FIGURE 4.6 Molecular models of
three common acids.

equations for precipitation reactions, the anions and cations appear to exchange partners. Thus,
we put and together to give CaCO3 and and together to give NaCl.Accord-
ing to the solubility guidelines in Table 4.1, CaCO3 is insoluble and NaCl is soluble. The balanced
molecular equation is

In a complete ionic equation,only dissolved strong electrolytes (such as soluble ionic com-
pounds) are written as separate ions. As the (aq) designations remind us, CaCl2, Na2CO3, and
NaCl are all dissolved in the solution. Furthermore, they are all strong electrolytes. CaCO3 is an
ionic compound, but it is not soluble. We do not write the formula of any insoluble compound
as its component ions. Thus, the complete ionic equation is

and are spectator ions. Canceling them gives the following net ionic equation:

Check We can check our result by confirming that both the elements and the electric charge
are balanced. Each side has one Ca, one C, and three O, and the net charge on each side equals 0.

Comment If none of the ions in an ionic equation is removed from solution or changed in
some way, all ions are spectator ions and a reaction does not occur.

PRACTICE EXERCISE
Write the net ionic equation for the precipitation reaction that occurs when aqueous solutions
of silver nitrate and potassium phosphate are mixed.

Answer:

4.3 | ACIDS, BASES, AND NEUTRALIZATION
REACTIONS

Many acids and bases are industrial and household substances (� FIGURE 4.5), and
some are important components of biological fluids. Hydrochloric acid, for example, is
an important industrial chemical and the main constituent of gastric juice in your
stomach. Acids and bases are also common electrolytes.

Acids
As noted in Section 2.8,acids are substances that ionize in aqueous solution to form hy-
drogen ions . Because a hydrogen atom consists of a proton and an electron,
is simply a proton. Thus, acids are often called proton donors. Molecular models of three
common acids are shown in � FIGURE 4.6.

Protons in aqueous solution are solvated by water molecules, just as other cations
are [Figure 4.3(a)]. In writing chemical equations involving protons in water, therefore,
we write .

Molecules of different acids ionize to form different numbers of ions. Both HCl
and HNO3 are monoproticacids, yielding one per molecule of acid. Sulfuric acid,
H2SO4, is a diproticacid, one that yields two per molecule of acid. The ionization of
H2SO4 and other diprotic acids occurs in two steps:

[4.9]

[4.10]

Although H2SO4 is a strong electrolyte, only the first ionization (Equation 4.9) is
complete. Thus, aqueous solutions of sulfuric acid contain a mixture of ,

and .
The molecule CH3COOH (acetic acid) that we have mentioned frequently is the

primary component in vinegar. Acetic acid has four hydrogens, as Figure 4.6 shows, but
only one of them, the H in the COOH group, is ionized in water. The three other hydro-
gens are bound to carbon and do not break their bonds in water.C¬ H

SO4
2- 1aq2HSO4

- 1aq2,
H+1aq2

HSO4
- 1aq2 � H+1aq2 + SO4

2- 1aq2

H2SO41aq2 ¡ H+1aq2 + HSO4
- 1aq2

H+
H+

H+
H+1aq2

H+H+1aq2

3 Ag+1aq2 + PO4
3- 1aq2 ¡ Ag3PO41s2

Ca2+1aq2 + CO3
2- 1aq2 ¡ CaCO31s2

Na+Cl-
CaCO31s2 + 2 Na+1aq2 + 2 Cl- 1aq2

Ca2+1aq2 + 2 Cl- 1aq2 + 2 Na+1aq2 + CO3
2- 1aq2 ¡

CaCl21aq2 + Na2CO31aq2 ¡ CaCO31s2 + 2 NaCl1aq2

Cl-Na+CO3
2-Ca2+
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G I V E  I T  S O M E  T H O U G H T

The structural formula of citric acid, a main component of citrus
fruits, is

How many can be generated by each citric acid molecule 
dissolved in water?

Bases
Bases are substances that accept (react with) ions. Bases produce hydroxide ions

when they dissolve in water. Ionic hydroxide compounds, such as NaOH, KOH,
and Ca(OH)2, are among the most common bases. When dissolved in water, they disso-
ciate into ions, introducing ions into the solution.

Compounds that do not contain ions can also be bases. For example, ammo-
nia (NH3) is a common base. When added to water, it accepts an ion from a water
molecule and thereby produces an ion (� FIGURE 4.7):

[4.11]

Ammonia is a weak electrolyte because only about 1% of the NH3 forms and
ions.

Strong and Weak Acids and Bases
Acids and bases that are strong electrolytes (completely ionized in solution) are strong
acids and strong bases . Those that are weak electrolytes (partly ionized) are weak
acids andweak bases . When reactivity depends only on concentration, strong
acids are more reactive than weak acids. The reactivity of an acid, however, can depend
on the anion as well as on concentration. For example, hydrofluoric acid (HF) is
a weak acid (only partly ionized in aqueous solution), but it is very reactive and vigor-
ously attacks many substances, including glass. This reactivity is due to the combined
action of and .

� TABLE 4.2 lists the strong acids and bases we are most likely to encounter. You
need to commit this information to memory in order to correctly identify strong elec-
trolytes and write net ionic equations. The brevity of this list tells us that most acids are
weak. (For H2SO4, as we noted earlier, only the first proton completely ionizes.) The
only common strong bases are the common soluble metal hydroxides. Most other metal
hydroxides are insoluble in water. The most common weak base is NH3, which reacts
with water to form ions (Equation 4.11).OH-

F- 1aq2H+1aq2

H+1aq2

H+1aq2

OH-
NH4

+

NH31aq2 + H2O1l2 � NH4
+1aq2 + OH- 1aq2

OH-
H+

OH-
OH-

1OH- 2
H+

H+(aq)

C COOH

COOH

COOH

H

HO

H

C

C

H

H
H2O OH�NH 3

� �

NH 4
�

� FIGURE 4.7 Hydrogen ion transfer.
An H2O molecule acts as a proton donor
(acid), and NH3 acts as a proton acceptor
(base). Only a fraction of the NH3 molecules
react with H2O. Consequently, NH3 is a
weak electrolyte.

TABLE 4.2 € Common Strong Acids and Bases

Strong Acids Strong Bases

Hydrochloric, HCl Group 1A metal hydroxides [LiOH, NaOH, KOH, RbOH, CsOH]
Hydrobromic, HBr Heavy group 2A metal hydroxides [Ca(OH)2, Sr(OH)2, Ba(OH)2]
Hydroiodic, HI
Chloric, HClO3

Perchloric, HClO4

Nitric, HNO3

Sulfuric, H2SO4
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TABLE 4.3 € Summary of the Electrolytic Behavior of Common 
Soluble Ionic and Molecular Compounds

Strong Electrolyte Weak Electrolyte Nonelectrolyte

Ionic All None None
Molecular Strong acids (see Table 4.2)Weak acids, weak basesAll other compounds

G I V E  I T  S O M E  T H O U G H T

Why isn•t Al(OH)3 classified as a strong base?

SAMPLE EXERCISE 4.5 Comparing Acid Strengths

The following diagrams represent aqueous solutions of acids HX, HY, and HZ, with water
molecules omitted for clarity. Rank the acids from strongest to weakest.

SOLUTION
Analyze We are asked to rank three acids from strongest to weakest, based on schematic
drawings of their solutions.

Plan We can determine the relative numbers of uncharged molecular species in the diagrams.
The strongest acid is the one with the most ions and fewest undissociated molecules in
solution. The weakest acid is the one with the largest number of undissociated molecules.

Solve The order is . HY is a strong acid because it is totally ionized (no HY
molecules in solution), whereas both HX and HZ are weak acids, whose solutions consist of a
mixture of molecules and ions. Because HZ contains more ions and fewer molecules than
HX, it is a stronger acid.

PRACTICE EXERCISE
Imagine a diagram showing 10 ions and 10 ions. If this solution were mixed with the
one pictured above for HY, what species would be present in a diagram that represents the
combined solutions after any possible reaction?
Answer: The diagram would show 10 ions, 2 ions, 8 ions, and 8 H2O molecules.

Identifying Strong and Weak Electrolytes
If we remember the common strong acids and bases (Table 4.2) and also remember that
NH3 is a weak base, we can make reasonable predictions about the electrolytic strength of
a great number ofwater-solublesubstances.� TABLE 4.3 summarizes our observations
about electrolytes. To classify a soluble substance as strong electrolyte, weak electrolyte,
or nonelectrolyte, we work our way down and across this table. We first ask whether the
substance is ionic or molecular. If it is ionic, it is a strong electrolyte. The second column
of Table 4.3 tells us that all ionic compounds are strong electrolytes. If the substance is
molecular, we ask whether it is an acid or a base. (It is an acid if it either has H first in the
chemical formula or contains a COOH group.) If it is an acid, we use Table 4.2 to deter-
mine whether it is a strong or weak electrolyte: All strong acids are strong electrolytes,
and all weak acids are weak electrolytes. If an acid is not listed in Table 4.2, it is probably
a weak acid and therefore a weak electrolyte.

Y-OH-Na+

OH-Na+

H+

HY 7 HZ 7 HX

H+

�

��

�

�

�
�

�
�

� �

�

�

�

�

�

�

�

�

�
�

�

�
�

�

�

HX HY HZ
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If our substance is a base, we use Table 4.2 to determine whether it is a strong base.
NH3 is the only molecular base that we consider in this chapter, and Table 4.3 tells us it
is a weak electrolyte. Finally, any molecular substance that we encounter in this chapter
that is not an acid or NH3 is probably a nonelectrolyte.

SAMPLE EXERCISE 4.6 Identifying Strong, Weak, and Nonelectrolytes

Classify these dissolved substances as strong, weak, or nonelectrolyte: CaCl2, HNO3, C2H5OH
(ethanol), HCOOH (formic acid), KOH.

SOLUTION
Analyze We are given several chemical formulas and asked to classify each substance as a
strong electrolyte, weak electrolyte, or nonelectrolyte.

Plan The approach we take is outlined in Table 4.3. We can predict whether a substance is
ionic or molecular based on its composition. As we saw in Section 2.7, most ionic compounds
we encounter in this text are composed of a metal and a nonmetal, whereas most molecular
compounds are composed only of nonmetals.

Solve Two compounds fit the criteria for ionic compounds: CaCl2 and KOH. Because Table
4.3 tells us that all ionic compounds are strong electrolytes, that is how we classify these two
substances. The three remaining compounds are molecular. Two, HNO3 and HCOOH, are
acids. Nitric acid, HNO3, is a common strong acid, as shown in Table 4.2, and therefore is a
strong electrolyte. Because most acids are weak acids, our best guess would be that HCOOH is
a weak acid (weak electrolyte). This is correct. The remaining molecular compound, C2H5OH,
is neither an acid nor a base, so it is a nonelectrolyte.

Comment Although C2H5OH has an OH group, it is not a metal hydroxide and so not a
base. Rather, it is a member of a class of organic compounds that have C„OH bonds, which
are known as alcohols.€ (Section 2.9)Organic compounds containing the COOH group
are called carboxylic acids (Chapter 16). Molecules that have this group are weak acids.

PRACTICE EXERCISE
Consider solutions in which 0.1 mol of each of the following compounds is dissolved in 1 L of
water: Ca(NO3)2 (calcium nitrate), C6H12O6 (glucose), NaCH3COO (sodium acetate), and
CH3COOH (acetic acid). Rank the solutions in order of increasing electrical conductivity,
based on the fact that the greater the number of ions in solution, the greater the conductivity.

Answers: C6H12O6 (weak electrolyte, existing mainly in
the form of molecules with few ions) (strong electrolyte that provides two
ions, and (strong electrolyte that provides three ions,
and )

Neutralization Reactions and Salts
The properties of acidic solutions are quite different from those of basic solutions. Acids
have a sour taste, whereas bases have a bitter taste.* Acids change the colors of certain
dyes in a way that differs from the way bases affect the same dyes. This is the principle
behind the indicator known as litmus paper (� FIGURE 4.8). In addition, acidic and
basic solutions differ in chemical properties in several other important ways that we
explore in this chapter and in later chapters.

When a solution of an acid and a solution of a base are mixed, a neutralization
reaction occurs. The products of the reaction have none of the characteristic properties
of either the acidic solution or the basic solution. For example, when hydrochloric acid
is mixed with a solution of sodium hydroxide, the reaction is

[4.12]
(acid) (base) (water) (salt)

HCl1aq2 + NaOH1aq2 ¡ H2O1l2 + NaCl (aq)

2 NO3
-

Ca2+CH3COO- 2 6 Ca1NO322Na+
6 NaCH3COO

1nonelectrolyte2 6 CH3COOH

Base turns litmus 
paper blue

Acid turns litmus 
paper red

� FIGURE 4.8 Litmus paper. Litmus
paper is coated with dyes that change color
in response to exposure to either acids or
bases.

*Tasting chemical solutions is not a good practice. However, we have all had acids such as ascorbic acid (vita-
min C), acetylsalicylic acid (aspirin), and citric acid (in citrus fruits) in our mouths, and we are familiar with
their characteristic sour taste. Soaps, which are basic, have the characteristic bitter taste of bases.



Water and table salt, NaCl, are the products of the reaction. By analogy to this reaction,
the term salt has come to mean any ionic compound whose cation comes from a base
(for example, from NaOH) and whose anion comes from an acid (for example,
from HCl). In general,a neutralization reaction between an acid and a metal hydroxide
produces water and a salt.

Because HCl, NaOH, and NaCl are all water-soluble strong electrolytes, the
complete ionic equation associated with Equation 4.12 is

[4.13]
Therefore, the net ionic equation is

[4.14]

Equation 4.14 summarizes the main feature of the neutralization reaction between any
strong acid and any strong base: and ions combine to form H2O.

� FIGURE 4.9 shows the neutralization reaction between hydrochloric acid and
the water-insoluble base Mg(OH)2:

Molecular equation:
[4.15]

Net ionic equation:
[4.16]

Notice that the ions (this time in a solid reactant) and ions combine to form
H2O. Because the ions exchange partners, neutralization reactions between acids and
metal hydroxides are metathesis reactions.

H+OH-

Mg1OH221s2 + 2 H+1aq2 ¡ Mg2+1aq2 + 2 H2O1l2

Mg1OH221s2 + 2 HCl1aq2 ¡ MgCl21aq2 + 2 H2O1l2

OH- 1aq2H+(aq)

H+1aq2 + OH- 1aq2 ¡ H2O1l2

H2O1l2 + Na+1aq2 + Cl- 1aq2

H+1aq2 + Cl- 1aq2 + Na+1aq2 + OH- 1aq2 ¡

Cl-Na+
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MgCl 2(aq) � 2 H2O(l )Mg(OH) 2(s) � 2 HCl(aq)

+

ProductsReactants

H� (aq) combines with
hydroxide ions in Mg(OH) 2(s),

forming H 2O(l)

Mg(OH) 2

H�

Mg2�

Cl… Cl…

H2O

� FIGURE 4.9 Neutralization reaction between Mg(OH) 2(s) and hydrochloric acid. Milk of magnesia is a suspension of water-insoluble
magnesium hydroxide, Mg(OH)2(s), in water. When sufficient hydrochloric acid, HCl( aq), is added a reaction ensues that leads to an aqueous
solution containing Mg 2+(aq) and Cl…(aq) ions.

G O  F I G U R E

Adding just a few drops of hydrochloric acid would not be sufficient to dissolve all the Mg(OH) 2(s). Why not?
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SAMPLE EXERCISE 4.7 Writing Chemical Equations for a Neutralization Reaction

For the reaction between aqueous solutions of acetic acid (CH3COOH) and barium hydroxide, Ba(OH)2,
write (a) the balanced molecular equation,(b) the complete ionic equation,(c) the net ionic equation.

(a) The salt contains the cation of the base and the anion
of the acid . Thus, the salt formula is Ba(CH3COO)2.
According to Table 4.1, this compound is soluble in water. The
unbalanced molecular equation for the neutralization reaction is

1CH3COO- 2
1Ba2+2

CH3COOH1aq2 + Ba1OH221aq2 ¡ H2O1l2 + Ba1CH3COO221aq2

To balance this equation, we must provide two molecules of
CH3COOH to furnish the two ions and to supply
the two ions needed to combine with the two ions of
the base. The balanced molecular equation is

OH-H+
CH3COO-

2 H2O1l2 + Ba1CH3COO221aq2
2 CH3COOH1aq2 + Ba1OH221aq2 ¡

(b) To write the complete ionic equation, we identify the strong
electrolytes and break them into ions. In this case Ba(OH)2 and
Ba(CH3COO)2 are both water-soluble ionic compounds and
hence strong electrolytes. Thus, the complete ionic equation is 2 H2O1l2 + Ba2+1aq2 + 2 CH3COO- 1aq2

2 CH3COOH1aq2 + Ba2+1aq2 + 2 OH- 1aq2 ¡

(c) Eliminating the spectator ion, Ba2+, and simplifying coeffi-
cients gives the net ionic equation:

CH3COOH 1aq2 + OH- 1aq2 ¡ H2O1l2 + CH3COO- 1aq2
2 CH3COOH1aq2 + 2 OH- 1aq2 ¡ 2 H2O1l2 + 2 CH3COO- 1aq2

PRACTICE EXERCISE
For the reaction of phosphorous acid (H3PO3) and potassium hydroxide (KOH), write (a) the balanced
molecular equation and (b) the net ionic equation.

Answers: (a) ,
(b) . (H3PO3 is a weak acid and therefore a weak
electrolyte, whereas KOH, a strong base, and K3PO3, an ionic compound, are strong electrolytes.)

H3PO31aq2 + 3 OH- 1aq2 ¡ 3 H2O1l2 + PO3
3- 1aq2

H3PO31aq2 + 3 KOH1aq2 ¡ 3 H2O1l2 + K3PO31aq2

Neutralization Reactions with Gas Formation
Many bases besides react with to form molecular compounds. Two of these
that you might encounter in the laboratory are the sulfide ion and the carbonate ion.
Both of these anions react with acids to form gases that have low solubilities in water.
Hydrogen sulfide (H2S), the substance that gives rotten eggs their foul odor, forms when
an acid such as HCl(aq) reacts with a metal sulfide such as Na2S:

Molecular equation:

[4.17]

Net ionic equation:

[4.18]

Carbonates and bicarbonates react with acids to form CO2(g). Reaction of
or with an acid first gives carbonic acid (H2CO3). For example, when hy-
drochloric acid is added to sodium bicarbonate, the reaction is

[4.19]HCl1aq2 + NaHCO31aq2 ¡ NaCl1aq2 + H2CO31aq2

HCO3
-

CO3
2-

2 H+1aq2 + S2- 1aq2 ¡ H2S1g2

2 HCl1aq2 + Na2S1aq2 ¡ H2S1g2 + 2 NaCl1aq2

H+OH-

SOLUTION
Analyze We are given the chemical formulas for an acid and a
base and asked to write a balanced molecular equation, a complete
ionic equation, and a net ionic equation for their neutralization
reaction.

Plan As Equation 4.12 and the italicized statement that follows it
indicate, neutralization reactions form two products, H2O and a
salt. We examine the cation of the base and the anion of the acid to
determine the composition of the salt.

Solve

Check We can determine whether the molecular equation is bal-
anced by counting the number of atoms of each kind on both sides
of the arrow (10 H, 6 O, 4 C, and 1 Ba on each side). However, it
is often easier to check equations by counting groups: There are 

2 CH3COO groups, as well as 1 Ba, and 4 additional H atoms and 2
additional O atoms on each side of the equation. The net ionic
equation checks out because the numbers of each kind of element
and the net charge are the same on both sides of the equation.
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Antacids

Your stomach secretes acids to help digest foods. These
acids, which include hydrochloric acid, contain about

0.1 mol of per liter of solution. The stomach and
digestive tract are normally protected from the

corrosive effects of stomach acid by a mucosal
lining. Holes can develop in this lining, however, allowing the acid to
attack the underlying tissue, causing painful damage. These holes,
known as ulcers, can be caused by the secretion of excess acids or by
a weakness in the digestive lining. Studies indicate, however, that
many ulcers are caused by bacterial infection. Between 10 and 20%
of Americans suffer from ulcers at some point in their lives. Many

H+

� FIGURE 4.10 Antacids. These products all serve as acid-
neutralizing agents in the stomach.

TABLE 4.4 € Some Common Antacids

Commercial Name Acid-Neutralizing Agents

Alka-Seltzer® NaHCO3

Amphojel® Al(OH)3

Di-Gel® Mg(OH)2 and CaCO3
Milk of Magnesia Mg(OH)2

Maalox® Mg(OH)2 and Al(OH)3
Mylanta® Mg(OH)2 and Al(OH)3
Rolaids® NaAl(OH)2CO3

Tums® CaCO3

CHEMISTRY PUT TO WORK

Carbonic acid is unstable. If present in solution in sufficient concentrations, it
decomposes to H2O and CO2, which escapes from the solution as a gas:

[4.20]

The overall reaction is summarized by the equations

Molecular equation:

[4.21]

Net ionic equation:

[4.22]

Both NaHCO3(s) and Na2CO3(s) are used as neutralizers in acid spills, either salt is
added until the fizzing caused by CO2(g) formation stops. Sometimes sodium bicarbon-
ate is used as an antacid to soothe an upset stomach. In that case the reacts with
stomach acid to form CO2(g).

G I V E  I T  S O M E  T H O U G H T

By analogy to examples given in the text, predict what gas forms when
Na2SO3(s) reacts with HCl(aq).

HCO3
-

H2O1l2 + CO21g2H+1aq2 + HCO3
- 1aq2 ¡

NaCl1aq2 + H2O1l2 + CO21g2HCl1aq2 + NaHCO31aq2 ¡

H2CO31aq2 ¡ H2O1l2 + CO21g2

others experience occasional indigestion or heartburn due to diges-
tive acids entering the esophagus.

We can address the problem of excess stomach acid in two ways:
(1) removing the excess acid or (2) decreasing the production of acid.
Substances that remove excess acid are called antacids, whereas
those that decrease acid production are called acid inhibitors.
� FIGURE 4.10 shows several common over-the-counter antacids,
which usually contain hydroxide, carbonate, or bicarbonate ions
(� TABLE 4.4). Antiulcer drugs, such as Tagamet® and Zantac®, are
acid inhibitors. They act on acid-producing cells in the lining of the
stomach. Formulations that control acid in this way are now available
as over-the-counter drugs.

RELATED EXERCISE: 4.95
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4.4 | OXIDATION-REDUCTION REACTIONS
In precipitation reactions, cations and anions come together to form an insoluble ionic
compound. In neutralization reactions, ions and ions come together to form
H2O molecules. Now let•s consider a third kind of reaction, one in which electrons are
transferred from one reactant to another. Such reactions are called either oxidation-
reduction reactions or redox reactions . In this chapter we concentrate on redox reac-
tions where one of the reactants is a metal in its elemental form.

Oxidation and Reduction
One of the most familiar redox reactions is corrosionof a metal (� FIGURE 4.11). In
some instances corrosion is limited to the surface of the metal, with the green coating
that forms on copper roofs and statues being one such case. In other instances the cor-
rosion goes deeper, eventually compromising the structural integrity of the metal. Iron
rusting is an important example.

Corrosion is the conversion of a metal into a metal compound by a reaction between
the metal and some substance in its environment. When a metal corrodes, each metal
atom loses electrons and so forms a cation, which can combine with an anion to form an
ionic compound. The green coating on the Statue of Liberty contains Cu2+ combined
with carbonate and hydroxide anions, rust contains Fe3+ combined with oxide and
hydroxide anions, and silver tarnish contains Ag+ combined with sulfide anions.

When an atom, ion, or molecule becomes more positively charged (that is, when it
loses electrons), we say that it has been oxidized.Loss of electrons by a substance is called
oxidation . The term oxidationis used because the first reactions of this sort to be stud-
ied were reactions with oxygen. Many metals react directly with O2 in air to form metal
oxides. In these reactions the metal loses electrons to oxygen, forming an ionic com-
pound of the metal ion and oxide ion. The familiar example of rusting involves the reac-
tion between iron metal and oxygen in the presence of water. In this process Fe is
oxidized(loses electrons) to form .

The reaction between iron and oxygen tends to be relatively slow, but other metals,
such as the alkali and alkaline earth metals, react quickly upon exposure to air.
� FIGURE 4.12 shows how the bright metallic surface of calcium tarnishes as CaO
forms in the reaction

[4.23]

In this reaction Ca is oxidized to Ca2+ and neutral O2 is transformed to ions. When
an atom, ion, or molecule becomes more negatively charged (gains electrons), we say
that it is reduced. The gain of electrons by a substance is calledreduction . When one reac-
tant loses electrons (that is, when it is oxidized), another reactant must gain them. In
other words, oxidation of one substance must be accompanied by reduction of some
other substance.

O2-

2 Ca1s2 + O21g2 ¡ 2 CaO1s2

Fe3+

OH-H+

(a) (b) (c)

� FIGURE 4.11 Familiar corrosion products. (a) A green coating forms when copper is oxidized. (b) Rust forms when iron corrodes.
(c) A black tarnish forms as silver corrodes.
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Oxidation Numbers
Before we can identify an oxidation-reduction reaction, we must have a bookkeeping
system„a way of keeping track of electrons gained by the substance being reduced and
electrons lost by the substance being oxidized. The concept of oxidation numbers (also
calledoxidation states) was devised as a way of doing this. Each atom in a neutral sub-
stance or ion is assigned an oxidation number . For monatomic ions the oxidation num-
ber is the same as the charge. For neutral molecules and polyatomic ions, the oxidation
number of a given atom is a hypothetical charge. This charge is assigned by artificially
dividing up the electrons among the atoms in the molecule or ion. We use the following
rules for assigning oxidation numbers:

1. For an atom in itselemental form, the oxidation number is always zero.Thus, each
H atom in the H2 molecule has an oxidation number of 0 and each P atom in the
P4 molecule has an oxidation number of 0.

2. For anymonatomic ionthe oxidation number equals the ionic charge.Thus, has
an oxidation number of , has an oxidation number of , and so forth. In
ionic compounds the alkali metal ions (group 1A) always have a charge and
therefore an oxidation number of . The alkaline earth metals (group 2A) are al-
ways , and aluminum (group 3A) is always in ionic compounds. (In writing
oxidation numbers we will write the sign before the number to distinguish them
from the actual electronic charges, which we write with the number first.)

3. Nonmetalsusually have negative oxidation numbers, although they can sometimes
be positive:

(a) The oxidation number ofoxygenis usually in both ionic and molecular com-
pounds. The major exception is in compounds called peroxides, which contain
the ion, giving each oxygen an oxidation number of .

(b) The oxidation number ofhydrogenis usually when bonded to nonmetals and
when bonded to metals.

(c) The oxidation number offluorine is in all compounds. The other halogens
have an oxidation number of in most binary compounds. When combined
with oxygen, as in oxyanions, however, they have positive oxidation states.

4. The sum of the oxidation numbersof all atoms in a neutral compound is zero. The
sum of the oxidation numbers in a polyatomic ion equals the charge of the ion.For
example, in the hydronium ion the oxidation number of each hydrogen is 

and that of oxygen is . Thus, the sum of the oxidation numbers is
, which equals the net charge of the ion. This rule is useful in

obtaining the oxidation number of one atom in a compound or ion if you know the
oxidation numbers of the other atoms, as illustrated in Sample Exercise 4.8.

3(+1) + 1- 2) = +1
- 2+1

H3O
+

- 1
- 1

- 1
+1

- 1O2
2-

- 2

+3+2
+1

1+
- 2S2-+1

K+

O2(g) is reduced
(gains electrons)

2 CaO(s)2 Ca(s) � O2(g)

ProductsReactants

Ca(s) is oxidized
(loses electrons)

Ca2�  and O2�  ions
combine to form CaO(s)

e�

e�

e�

� FIGURE 4.12 Oxidation of calcium metal by molecular oxygen. The oxidation involves transfer of electrons from the
calcium metal to the O 2, leading to formation of CaO.
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It•s important to remember that in every oxidation-reduction reaction, the oxida-
tion numbers of at least two atoms must change. The oxidation number increases for
any atom that is oxidized and decreases for any atom that is reduced.

G I V E  I T  S O M E  T H O U G H T

What is the oxidation number of nitrogen (a) in aluminum nitride, AlN, and (b) in
nitric acid, HNO3?

SAMPLE EXERCISE 4.8 Determining Oxidation Numbers

Determine the oxidation number of sulfur in (a) H2S,(b) S8, (c) SCl2, (d) Na2SO3, (e) .

SOLUTION
Analyze We are asked to determine the oxidation number of sulfur in two molecular species,
in the elemental form, and in two substances containing ions.

Plan In each species the sum of oxidation numbers of all the atoms must equal the charge on
the species. We will use the rules outlined previously to assign oxidation numbers.

Solve
(a) When bonded to a nonmetal, hydrogen has an oxidation number of (rule 3b). Because
the H2S molecule is neutral, the sum of the oxidation numbers must equal zero (rule 4). Let-
ting x equal the oxidation number of S, we have . Thus, S has an oxidation
number of .
(b) Because this is an elemental form of sulfur, the oxidation number of S is 0 (rule 1).
(c) Because this is a binary compound, we expect chlorine to have an oxidation number of
(rule 3c). The sum of the oxidation numbers must equal zero (rule 4). Letting x equal the
oxidation number of S, we have . Consequently, the oxidation number of S
must be .
(d) Sodium, an alkali metal, always has an oxidation number of in its compounds (rule 2).
Oxygen has a common oxidation state of (rule 3a). Letting x equal the oxidation number
of S, we have . Therefore, the oxidation number of S in this com-
pound is .
(e)The oxidation state of O is (rule 3a). The sum of the oxidation numbers equals , the
net charge of the ion (rule 4). Thus, we have . From this relation we
conclude that the oxidation number of S in this ion is .

Comment These examples illustrate that the oxidation number of a given element depends
on the compound in which it occurs. The oxidation numbers of sulfur, as seen in these exam-
ples, range from to .

PRACTICE EXERCISE
What is the oxidation state of the boldfaced element in (a) P2O5, (b) NaH, (c)
(d) SnBr4, (e) BaO2?
Answers: (a) , (b) , (c) , (d) , (e)

Oxidation of Metals by Acids and Salts
The reaction between a metal and either an acid or a metal salt conforms to the general
pattern

[4.24]

Examples:

These reactions are called displacement reactions because the ion in solution is
displaced(replaced) through oxidation of an element.

Mn1s2 + Pb1NO3221aq2 ¡ Mn1NO3221aq2 + Pb1s2

Zn1s2 + 2 HBr1aq2 ¡ ZnBr21aq2 + H21g2

A + BX ¡ AX + B

- 1+4+6- 1+5

Cr2O7
2- ,

+6- 2

+6
x + 41- 22 = - 2SO4

2-
- 2- 2

+4
21+12 + x + 31- 22 = 0

- 2
+1

+2
x + 21- 12 = 0

- 1

- 2
21+12 + x = 0

+1

SO4
2-
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Many metals undergo displacement reactions with acids, producing salts and
hydrogen gas. For example, magnesium metal reacts with hydrochloric acid to form
magnesium chloride and hydrogen gas (� FIGURE 4.13):

The oxidation number of Mg changes from 0 to , an increase that indicates the atom
has lost electrons and has therefore been oxidized. The oxidation number of in the
acid decreases from to 0, indicating that this ion has gained electrons and has there-
fore been reduced. Chlorine has an oxidation number of both before and after the
reaction, indicating that it is neither oxidized nor reduced. In fact the Cl…ions are spec-
tator ions, dropping out of the net ionic equation:

[4.26]

Metals can also be oxidized by aqueous solutions of various salts. Iron metal, for
example, is oxidized to by aqueous solutions of such as Ni(NO3)2(aq):

Molecular equation: [4.27]

Net ionic equation: [4.28]

The oxidation of Fe to in this reaction is accompanied by the reduction of
to Ni. Remember:Whenever one substance is oxidized, another substance must be reduced.

Ni2+Fe2+

Fe1s2 + Ni2+1aq2 ¡ Fe2+1aq2 + Ni1s2

Fe1s2 + Ni1NO3221aq2 ¡ Fe1NO3221aq2 + Ni1s2

Ni2+Fe2+

Mg1s2 + 2 H+1aq2 ¡ Mg2+1aq2 + H21g2

- 1
+1

H+
+2

Mg(s) � 2 HCl(aq) MgCl2(aq) � H2(g)

� 1 � 1 00Oxidation number � 2 � 1

[4.25]

e�

e�

e�

H � (aq) is reduced
(gains electrons)

H�

Mg2�

H2

MgCl�

�

�

Mg(s) is oxidized
(loses electrons)

H2(g) � MgCl 2(aq)2 HCl( aq) � Mg( s)
Oxidation
number

� 1 � 2 � 10� 1 0

ProductsReactants

� FIGURE 4.13 Reaction of magnesium metal with hydrochloric acid. The metal is readily oxidized by the acid, producing hydrogen
gas, H2(g), and MgCl2(aq).
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SAMPLE EXERCISE 4.9 Writing Equations for Oxidation-Reduction
Reactions

Write the balanced molecular and net ionic equations for the reaction of aluminum with
hydrobromic acid.

SOLUTION
Analyze We must write two equations„molecular and net ionic„for the redox reaction
between a metal and an acid.

Plan Metals react with acids to form salts and H2 gas. To write the balanced equations, we
must write the chemical formulas for the two reactants and then determine the formula of the
salt, which is composed of the cation formed by the metal and the anion of the acid.

Solve The reactants are Al and HBr. The cation formed by Al is , and the anion from
hydrobromic acid is . Thus, the salt formed in the reaction is AlBr3. Writing the reactants
and products and then balancing the equation gives the molecular equation:

Both HBr and AlBr3 are soluble strong electrolytes. Thus, the complete ionic equation is

Because is a spectator ion, the net ionic equation is

Comment The substance oxidized is the aluminum metal because its oxidation state changes
from 0 in the metal to in the cation, thereby increasing in oxidation number. The is
reduced because its oxidation state changes from in the acid to 0 in H2.

PRACTICE EXERCISE
(a)Write the balanced molecular and net ionic equations for the reaction between magnesium
and cobalt(II) sulfate.(b) What is oxidized and what is reduced in the reaction?

Answers: (a) ;
, (b) Mg is oxidized and is reduced.

The Activity Series
Can we predict whether a certain metal will be oxidized either by an acid or by a partic-
ular salt? This question is of practical importance as well as chemical interest. According
to Equation 4.27, for example, it would be unwise to store a solution of nickel nitrate in
an iron container because the solution would dissolve the container. When a metal is ox-
idized, it forms various compounds. Extensive oxidation can lead to the failure of metal
machinery parts or the deterioration of metal structures.

Different metals vary in the ease with which they are oxidized. Zn is oxidized by
aqueous solutions of , for example, but Ag is not. Zn, therefore, loses electrons
more readily than Ag; that is, Zn is easier to oxidize than Ag.

A list of metals arranged in order of decreasing ease of oxidation, such as
� TABLE 4.5, is called an activity series . The metals at the top of the table, such as the
alkali metals and the alkaline earth metals, are most easily oxidized; that is, they react
most readily to form compounds. They are called the active metals. The metals at the
bottom of the activity series, such as the transition elements from groups 8B and 1B, are
very stable and form compounds less readily. These metals, which are used to make
coins and jewelry, are called noble metalsbecause of their low reactivity.

The activity series can be used to predict the outcome of reactions between metals
and either metal salts or acids.Any metal on the list can be oxidized by the ions of elements
below it. For example, copper is above silver in the series. Thus, copper metal is oxidized
by silver ions:

[4.29]Cu1s2 + 2 Ag+1aq2 ¡ Cu2+1aq2 + 2 Ag1s2

Cu2+

Co2+Mg2+1aq2 + Co1s2Mg1s2 + Co2+1aq2 ¡
Mg1s2 + CoSO41aq2 ¡ MgSO41aq2 + Co1s2

+1
H++3

2 Al1s2 + 6 H+1aq2 ¡ 2 Al3+1aq2 + 3 H21g2

Br-

2 Al1s2 + 6 H+1aq2 + 6 Br- 1aq2 ¡ 2 Al3+1aq2 + 6 Br- 1aq2 + 3 H21g2

2 Al1s2 + 6 HBr1aq2 ¡ 2 AlBr31aq2 + 3 H21g2

Br-
Al3+
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The oxidation of copper to copper ions is accompanied by the reduction of silver ions to
silver metal.The silver metal is evident on the surface of the copper wire in � FIGURE 4.14.
The copper(II) nitrate produces a blue color in the solution, as can be seen most clearly in
the photograph on the right of Figure 4.14.

G I V E  I T  S O M E  T H O U G H T

Does a reaction occur (a) when an aqueous solution of NiCl2(aq) is added to a
test tube containing strips of metallic zinc, and (b) when NiCl 2(aq) is added to a
test tube containing Zn(NO3)2(aq)?

Only metals above hydrogen in the activity series are able to react with acids to
form H2. For example, Ni reacts with HCl(aq) to form H2:

[4.30]

Because elements below hydrogen in the activity series are not oxidized by , Cu
does not react with HCl(aq). Interestingly, copper does react with nitric acid, as shown
in Figure 1.11, but the reaction is not oxidation of Cu by ions. Instead, the metal is
oxidized to by the nitrate ion, accompanied by the formation of brown nitrogen
dioxide, NO2(g):

[4.31]

As the copper is oxidized in this reaction, , where the oxidation number of nitro-
gen is , is reduced to NO2, where the oxidation number of nitrogen is . We will
examine reactions of this type in Chapter 20.

+4+5
NO3

-

Cu1s2 + 4 HNO31aq2 ¡ Cu1NO3221aq2 + 2 H2O1l2 + 2 NO21g2

Cu2+
H+

H+

Ni1s2 + 2 HCl1aq2 ¡ NiCl21aq2 + H21g2

TABLE 4.5 € Activity Series of Metals in Aqueous Solution

Metal Oxidation Reaction

E
as

e 
of

 o
xi

da
tio

n 
in

cr
ea

se
s

Lithium Li1s2 ¡ Li+1aq2 + e-

Potassium K1s2 ¡ K+1aq2 + e-

Barium Ba1s2 ¡ Ba2+1aq2 + 2e-

Calcium Ca1s2 ¡ Ca2+1aq2 + 2e-

Sodium Na1s2 ¡ Na+1aq2 + e-

Magnesium Mg1s2 ¡ Mg2+1aq2 + 2e-

Aluminum Al1s2 ¡ Al3+1aq2 + 3e-

Manganese Mn1s2 ¡ Mn2+1aq2 + 2e-

Zinc Zn1s2 ¡ Zn2+1aq2 + 2e-

Chromium Cr1s2 ¡ Cr3+1aq2 + 3e-

Iron Fe1s2 ¡ Fe2+1aq2 + 2e-

Cobalt Co1s2 ¡ Co2+1aq2 + 2e-

Nickel Ni1s2 ¡ Ni2+1aq2 + 2e-

Tin Sn1s2 ¡ Sn2+1aq2 + 2e-

Lead Pb1s2 ¡ Pb2+1aq2 + 2e-

Hydrogen H21g2 ¡ 2 H+1aq2 + 2e-

Copper Cu1s2 ¡ Cu2+1aq2 + 2e-

Silver Ag1s2 ¡ Ag+1aq2 + e-

Mercury Hg1l2 ¡ Hg2+1aq2 + 2e-

Platinum Pt1s2 ¡ Pt2+1aq2 + 2e-

Gold Au1s2 ¡ Au3+1aq2 + 3e-
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e�

e�

Cu(s) is oxidized
(loses electrons)

Ag � (aq) is reduced
(gains electrons)

Cu(NO 3)2(aq) � 2 Ag(s)2 AgNO 3(aq) � Cu(s)

ProductsReactants

NO3
�Ag �

Ag

NO3
� Cu2�

Cu

+
+

� FIGURE 4.14 Reaction of copper
metal with silver ion. When copper metal is
placed in a solution of silver nitrate, a redox
reaction forms silver metal and a blue
solution of copper(II) nitrate.

SAMPLE EXERCISE 4.10 Determining When an Oxidation-Reduction
Reaction Can Occur

Will an aqueous solution of iron(II) chloride oxidize magnesium metal? If so, write the
balanced molecular and net ionic equations for the reaction.

SOLUTION
Analyze We are given two substances„an aqueous salt, FeCl2, and a metal, Mg„and asked
if they react with each other.

Plan A reaction occurs if the reactant that is a metal in its elemental form (Mg) is located
above the reactant that is a metal in its oxidized form (Fe2+) in Table 4.5. If the reaction occurs,
the ion in FeCl2 is reduced to Fe, and the Mg is oxidized to .

Solve Because Mg is above Fe in the table, the reaction occurs. To write the formula for the
salt produced in the reaction, we must remember the charges on common ions. Magnesium is
always present in compounds as ; the chloride ion is . The magnesium salt formed in
the reaction is MgCl2, meaning the balanced molecular equation is

Both FeCl2 and MgCl2 are soluble strong electrolytes and can be written in ionic form, which
shows us that is a spectator ion in the reaction. The net ionic equation is

The net ionic equation shows that Mg is oxidized and is reduced in this reaction.

Check Note that the net ionic equation is balanced with respect to both charge and mass.

PRACTICE EXERCISE
Which of the following metals will be oxidized by Pb(NO3)2: Zn, Cu, Fe?
Answer: Zn and Fe

Fe2+

Mg1s2 + Fe2+1aq2 ¡ Mg2+1aq2 + Fe1s2

Cl-

Mg1s2 + FeCl21aq2 ¡ MgCl21aq2 + Fe1s2

Cl-Mg2+

Mg2+Fe2+
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€ Are they acids and bases?

€ If the reactants are electrolytes, will metathesis produce a
precipitate? Water? A gas?

€ If metathesis cannot occur, can the reactants engage in an
oxidation-reduction reaction? This requires that there be both a
reactant that can be oxidized and a reactant that can be reduced.

By asking questions such as these, you should be able to predict
what happens during the reaction. You might not always be entirely
correct, but if you keep your wits about you, you will not be far off.
As you gain experience, you will begin to look for reactants that
might not be immediately obvious, such as water from the solution
or oxygen from the atmosphere.

One of the greatest tools available to chemists is experimenta-
tion. If you perform an experiment in which two solutions are mixed,
you can make observations that help you understand what is hap-
pening. For example, using Table 4.1 to predict whether a precipitate
will form is not nearly as exciting as seeing the precipitate form, as in
Figure 4.4. Careful observations in the laboratory portion of the
course will make your lecture material easier to master.

ANALYZING CHEMICAL REACTIONS

In this chapter you have been introduced to a great
number of chemical reactions. A major difficulty stu-

dents face in trying to master material of this sort is
gaining a •feelŽ for what happens when chemicals

react. In fact, you might marvel at the ease with
which your professor or teaching assistant can figure out the results
of a chemical reaction. One of our goals in this textbook is to help
you become more adept at predicting the outcomes of reactions.
The key to gaining this •chemical intuitionŽ is understanding how to
categorize reactions.

Attempting to memorize individual reactions would be a futile
task. It is far more fruitful to recognize patterns to determine the gen-
eral category of a reaction, such as metathesis or oxidation-reduction.
Thus, when you are faced with the challenge of predicting the out-
come of a chemical reaction, ask yourself the following questions:

€ What are the reactants?

€ Are they electrolytes or nonelectrolytes?

S T R AT E G I E S  I N  C H E M I S T RY

Many of the early studies on gold arose from alchemy, in which
people attempted to turn cheap metals, such as lead, into gold. Al-
chemists discovered that gold can be dissolved in a 3:1 mixture of
concentrated hydrochloric and nitric acids, known as aqua regia
(•royal waterŽ). The action of the nitric acid on gold is similar to that
on copper (Equation 4.31) in that the nitrate ion, rather than , ox-
idizes the metal to . The ions interact with to form
highly stable ions. The net ionic equation is

All the gold ever mined would fit in a cube 21 m on a side and
weighing about 1.6 × 108 kg. More than 90% of this amount has been
produced since the 1848 California gold rush. Annual worldwide
production of gold is about 2.4 × 106 kg. By contrast 16,000 times
more aluminum, over 3.97 × 1010kg, are produced annually.

Roughly three-quarters of gold production goes to make jew-
elry, where it is often alloyed with other metals. Approximately 12%
of gold production is used to meet a variety of industrial applica-
tions, most notably in electronic devices where its excellent conduc-
tivity and corrosion resistance make it a valuable component.
A typical touch-tone telephone contains 33 gold-plated contacts.
Gold is also used in computers and other microelectronic devices
where fine gold wire is used to link components.

Because of its resistance to corrosion, gold is an ideal metal for
dental crowns and caps, which accounts for about of the annual
use of the element. The pure metal is too soft to use in dentistry, so it
is combined with other metals to form alloys.

RELATED EXERCISE:4.91

3%

AuCl4
- 1aq2 + 2 H2O1l2 + NO1g2

Au1s2 + NO3
- 1aq2 + 4 H+1aq2 + 4 Cl- 1aq2 ¡

AuCl4
-

Au3+Cl-Au3+
H+

THE AURA OF GOLD

Throughout history, people have cherished gold, fought
for it, and even died for it.

The physical and chemical properties of gold
make it special. First, its intrinsic beauty and rar-

ity make it precious. Second, it is soft and can be
easily formed into jewelry, coins, and other objects. Third, it is one of
the least active metals (Table 4.5). It is not oxidized in air and does
not react with water (� FIGURE 4.15), with basic solutions, or with
most acidic solutions.

A CLOSER LOOK

� FIGURE 4.15 The chemical inertness
of gold. Two, stamped, weighed, and
priced (in the 1800's) gold bars recently
recovered from a steamship that sank off
the coast of Central America in 1857.
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4.5 | CONCENTRATIONS OF SOLUTIONS
Scientists use the term concentration to designate the amount of solute dissolved in a
given quantity of solvent or quantity of solution. The greater the amount of solute
dissolved in a certain amount of solvent, the more concentrated the resulting solution.
In chemistry we often need to express the concentrations of solutions quantitatively.

Molarity
Molarity (symbol M) expresses the concentration of a solution as the number of moles
of solute in a liter of solution (soln):

[4.32]

A 1.00 molar solution (written 1.00 M) contains 1.00 mol of solute in every liter of solu-
tion. � FIGURE 4.16 shows the preparation of 250.0 mL of a 1.00 M solution of CuSO4.
The molarity of the solution is .

G I V E  I T  S O M E  T H O U G H T

Which is more concentrated, a solution prepared by dissolving 21.0 g of NaF
(0.500 mol) in enough water to make 500 mL of solution or a solution prepared
by dissolving 10.5 g (0.250 mol) of NaF in enough water to make 100 mL of
solution?

10.250 mol CuSO42>10.250 L soln2 = 1.00M

Molarity =
moles solute

volume of solution in liters

Weigh out 39.9 g 
(0.250 mol) CuSO4

1 Put CuSO4 (solute) into 
250-mL volumetric flask; 
add water and swirl to 
dissolve solute

2 Add water until solution 
just reaches calibration 
mark on neck of flask

3
� FIGURE 4.16 Preparing
0.250 L of a 1.00 M solution of
CuSO4.

SAMPLE EXERCISE 4.11 Calculating Molarity

Calculate the molarity of a solution made by dissolving 23.4 g of sodium sulfate (Na2SO4) in enough water to form 125 mL of solution.

SOLUTION
Analyze We are given the number of grams of solute (23.4 g), its
chemical formula (Na2SO4), and the volume of the solution (125
mL) and asked to calculate the molarity of the solution.

Plan We can calculate molarity using Equation 4.32. To do so, we
must convert the number of grams of solute to moles and the vol-
ume of the solution from milliliters to liters.
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Expressing the Concentration of an Electrolyte
When an ionic compound dissolves, the relative concentrations of the ions in the solu-
tion depend on the chemical formula of the compound. For example, a 1.0 M solution
of NaCl is 1.0 M in ions and 1.0 M in ions, and a 1.0 M solution of Na2SO4 is
2.0M in ions and 1.0 M in ions. Thus, the concentration of an electrolyte
solution can be specified either in terms of the compound used to make the solution
(1.0M Na2SO4) or in terms of the ions in the solution (2.0 M and 1.0 M ).SO4

2-Na+

SO4
2-Na+

Cl-Na+

Solve The number of moles of Na2SO4 is

obtained by using its molar mass: Moles Na2SO4 = 123.4 g Na2SO42¢
1 mol Na2SO4

142 g Na2SO4
� = 0.165 mol Na2SO4

Converting the volume of the solution to liters:Liters soln = 1125 mL2¢
1 L

1000 mL
� = 0.125 L

Thus, the molarity is Molarity =
0.165 mol Na2SO4

0.125 L soln
= 1.32

mol Na2SO4

L soln
= 1.32M

PRACTICE EXERCISE
Calculate the molarity of a solution made by dissolving 5.00 g of glucose (C6H12O6) in sufficient water to form exactly 100 mL of solution.
Answer: 0.278M

SAMPLE EXERCISE 4.12 Calculating Molar Concentrations of Ions

What is the molar concentration of each ion present in a 0.025 M aqueous solution of calcium
nitrate?

SOLUTION:
Analyze We are given the concentration of the ionic compound used to make the solution
and asked to determine the concentrations of the ions in the solution.

Plan We can use the subscripts in the chemical formula of the compound to determine the
relative ion concentrations.

Solve Calcium nitrate is composed of calcium ions and nitrate ions , so its
chemical formula is Ca(NO3)2. Because there are two ions for each ion, each mole
of Ca(NO3)2 that dissolves dissociates into 1 mol of and 2 mol of . Thus, a solution 
that is 0.025 M in Ca(NO3)2 is 0.025 M in and in :

Check The concentration of ions is twice that of ions, as the subscript 2 after the
in the chemical formula Ca(NO3)2 suggests it should be.

PRACTICE EXERCISE
What is the molar concentration of ions in a 0.015 M solution of potassium carbonate?
Answer:

Interconverting Molarity, Moles, and Volume
If we know any two of the three quantities in Equation 4.32, we can calculate the third.
For example, if we know the molarity of an HNO3 solution to be 0.200 M, which means
0.200 mol of HNO3 per liter of solution, we can calculate the number of moles of solute
in a given volume, say 2.0 L. Molarity therefore is a conversion factor between volume of
solution and moles of solute:

Moles HNO3 = 12.0 L soln2¢
0.200 mol HNO3

1 L soln
� = 0.40 mol HNO3

0.030M
K+

NO3
-

Ca2+NO3
-

mol NO3
-

L
= ¢

0.025 mol Ca1NO322

L
� ¢

2 mol NO3
-

1 mol Ca1NO322
� = 0.050M

NO3
-2 * 0.025M = 0.050MCa2+

NO3
-Ca2+

Ca2+NO3
-

1NO3
- 21Ca2+2

Check Because the numerator is only slightly larger than the
denominator, it is reasonable for the answer to be a little over 1 M.
The units are appropriate for molarity, and three signifi-

cant figures are appropriate for the answer because each of the
initial pieces of data had three significant figures.

1mol>L2
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To illustrate the conversion of moles to volume, let•s calculate the volume of 0.30 M
HNO3 solution required to supply 2.0 mol of HNO3:

In this case we must use the reciprocal of molarity in the conversion:

SAMPLE EXERCISE 4.13 Using Molarity to Calculate Grams of Solute

How many grams of Na2SO4 are required to make 0.350 L of 0.500 M Na2SO4?

SOLUTION
Analyze We are given the volume of the solution (0.350 L), its concentration (0.500 M), and
the identity of the solute Na2SO4 and asked to calculate the number of grams of the solute in
the solution.

Plan We can use the definition of molarity (Equation 4.32) to determine the number of
moles of solute, and then convert moles to grams using the molar mass of the solute.

Solve Calculating the moles of Na2SO4 using the molarity and volume of solution gives

Because each mole of Na2SO4 has a mass of 142 g, the required number of grams of Na2SO4 is

Check The magnitude of the answer, the units, and the number of significant figures are all
appropriate.

PRACTICE EXERCISE
(a) How many grams of Na2SO4 are there in 15 mL of 0.50 M Na2SO4?(b) How many milli-
liters of 0.50 M Na2SO4 solution are needed to provide 0.038 mol of this salt?
Answers: (a) 1.1 g,(b) 76 mL

Dilution
Solutions used routinely in the laboratory are often purchased or prepared in concen-
trated form (called stock solutions). Solutions of lower concentrations can then be
obtained by adding water, a process called dilution .*

Let•s see how we can prepare a dilute solution from a concentrated one. Suppose we
want to prepare 250.0 mL (that is, 0.2500 L) of 0.100 M CuSO4 solution by diluting a
1.00M CuSO4 stock solution. The main point to remember is that when solvent is
added to a solution, the number of moles of solute remains unchanged:

[4.33]Moles solute before dilution= moles solute after dilution

Grams Na2SO4 = 10.175 mol Na2SO42¢
142 g Na2SO4

1 mol Na2SO4
� = 24.9 g Na2SO4

= 0.175 mol Na2SO4

= 10.350 L soln2¢
0.500 mol Na2SO4

1 L soln
�

 Moles Na2SO4 = liters soln* MNa2SO4

MNa2SO4
=

moles Na2SO4

liters soln

MNa2SO4
=

moles Na2SO4

liters soln

Liters = moles * 1>M = moles * liters>mole.

Liters soln= 12.0 mol HNO32¢
1 L soln

0.30 mol HNO3
� = 6.7 L soln

*In diluting a concentrated acid or base, the acid or base should be added to water and then further diluted by
adding more water. Adding water directly to concentrated acid or base can cause spattering because of the
intense heat generated.
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Because we know both the volume (250 mL) and the concentration (0.100 mol>L) of the
dilute solution, we can calculate the number of moles of CuSO4 it contains:

The volume of stock solution needed to provide 0.0250 mol CuSO4 is therefore:

� FIGURE 4.17 shows the dilution carried out in the laboratory. Notice that the
diluted solution is less intensely colored than the concentrated one.

G I V E  I T  S O M E  T H O U G H T

How is the molarity of a 0.50 M KBr solution changed when water is added to
double its volume?

In laboratory situations, calculations of this sort are often made with an equation
derived by remembering that the number of moles of solute is the same in both the con-
centrated and dilute solutions and that :

[4.34]

Although we derived Equation 4.34 in terms of liters, any volume unit can be used
as long as it is used on both sides of the equation. For example, in the calculation we did
for the CuSO4 solution, we have

Solving for Vconcgives as before.Vconc = 25.0 mL

11.00M21Vconc2 = 10.100M21250. mL2

Mconc * Vconc = Mdil * Vdil

 Moles solute in conc soln= moles solute in dilute soln

moles = molarity * liters

Liters of conc soln= 10.0250 mol CuSO42¢
1 L soln

1.00 mol CuSO4
� = 0.0250 L

= 0.0250 mol CuSO4

 Moles CuSO4 in dilute soln= 10.2500 L soln2¢
0.100 mol CuSO4

L soln
�

Draw 25.0 mL of 
1.00M stock 
solution into pipet

1 Add concentrated 
solution in pipet to 
250…mL volumetric 
flask

2 Dilute with water 
until solution reaches 
calibration mark on 
neck of flask and mix 
to create 0.100 M
solution

3

� FIGURE 4.17 Preparing 250 mL of 0.100 M CuSO4 by dilution of 1.00 M CuSO4.
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marathoner named Hillary Bellamy, running in the Marine Corps
marathon in 2003, collapsed near mile 22 and died the next day. One
physician who treated her said that she died from hyponatremia-
induced brain swelling, the result of drinking too much water before
and during the race.

The normal blood sodium level is 135 to 145 mM (millimolar).
When that level drops to 125 mM, dizziness and confusion set in.
A concentration below 120 mM can be critical. Dangerously low lev-
els can occur in any active athlete who is sweating out salt (NaCl) at
the same time that excessive amounts of NaCl-free water are being
drunk to compensate for water loss. The condition affects women
more than men because of differences in body composition and pat-
terns of metabolism. Drinking a sport drink that contains some elec-
trolytes helps to prevent hyponatremia.

RELATED EXERCISES:4.63, 4.64

DRINKING TOO MUCH WATER
CAN KILL YOU

For a long time dehydration was considered a poten-
tial danger for people engaged in extended vigorous

activity. Thus, athletes were encouraged to drink
lots of water while engaged in active sport. The

trend toward extensive hydration has spread throughout society, so
that today many people carry water bottles everywhere and dutifully
keep well hydrated.

In some circumstances, however, drinking too much water is a
greater danger than not drinking enough. Excess water consumption
can lead to hyponatremia, a condition in which the concentration of
sodium ion in the blood is too low. In the past decade at least four
marathon runners have died from hyponatremia-related trauma,
and dozens more have become seriously ill. For example, a first-time

CHEMISTRY AND LIFE

SAMPLE EXERCISE 4.14 Preparing a Solution by Dilution

How many milliliters of 3.0 M H2SO4 are needed to make 450 mL of 0.10 M H2SO4?

SOLUTION
Analyze We need to dilute a concentrated solution. We are given the molarity of a more
concentrated solution (3.0 M) and the volume and molarity of a more dilute one containing
the same solute (450 mL of 0.10 M solution). We must calculate the volume of the concen-
trated solution needed to prepare the dilute solution.

Plan We can calculate the number of moles of solute, H2SO4, in the dilute solution and then
calculate the volume of the concentrated solution needed to supply this amount of solute.
Alternatively, we can directly apply Equation 4.34. Let•s compare the two methods.

Solve Calculating the moles of H2SO4 in the dilute solution:

Calculating the volume of the concentrated solution that contains 0.045 mol H2SO4:

Converting liters to milliliters gives 15 mL.
If we apply Equation 4.34, we get the same result:

Either way, we see that if we start with 15 mL of 3.0 M H2SO4 and dilute it to a total volume of
450 mL, the desired 0.10 M solution will be obtained.

Check The calculated volume seems reasonable because a small volume of concentrated
solution is used to prepare a large volume of dilute solution.

Comment The first approach can also be used to find the final concentration when two
solutions of different concentrations are mixed, whereas the second approach, using Equation
4.34, can be used only for diluting a concentrated solution with pure solvent.

PRACTICE EXERCISE
(a) What volume of 2.50 M lead(II) nitrate solution contains 0.0500 mol of ? (b) How
many milliliters of 5.0 M K2Cr2O7 solution must be diluted to prepare 250 mL of 0.10 M solu-
tion?(c) If 10.0 mL of a 10.0 M stock solution of NaOH is diluted to 250 mL, what is the con-
centration of the resulting stock solution?
Answers: (a) , (b) 5.0 mL,(c) 0.40M0.0200 L= 20.0 mL

Pb2+

1Vconc2 =
10.10M21450 mL2

3.0M
= 15 mL

13.0M21Vconc2 = 10.10M21450 mL2

L conc soln= 10.045 mol H2SO42¢
1 L soln

3.0 mol H2SO4
� = 0.015 L soln

= 0.045 mol H2SO4

 Moles H2SO4 in dilute solution= 10.450 L soln2¢
0.10 mol H2SO4

1 L soln
�
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4.6 | SOLUTION STOICHIOMETRY AND
CHEMICAL ANALYSIS

In Chapter 3 we learned that given the chemical equation for a reaction and the amount of
one reactant consumed in the reaction, you can calculate the quantities of other reactants
and products. In this section we extend this concept to reactions involving solutions.

Recall that the coefficients in a balanced equation give the relative number of moles
of reactants and products.€ (Section 3.6)To use this information, we must convert
the masses of substances involved in a reaction into moles. When dealing with pure sub-
stances, as we were in Chapter 3, we use molar mass to convert between grams and
moles of the substances. This conversion is not valid when working with a solution be-
cause both solute and solvent contribute to its mass. However, if we know the solute
concentration, we can use molarity and volume to determine the number of moles
(moles ).� FIGURE 4.18 summarizes this approach to using stoi-
chiometry for the reaction between a pure substance and a solution.

SAMPLE EXERCISE 4.15 Using Mass Relations in a 
Neutralization Reaction

How many grams of Ca(OH)2 are needed to neutralize 25.0 mL of 0.100 M HNO3?

SOLUTION
Analyze The reactants are an acid, HNO3, and a base, Ca(OH)2. The volume and molarity of
HNO3 are given, and we are asked how many grams of Ca(OH)2 are needed to neutralize this
quantity of HNO3.

Plan Following the steps outlined by the green arrows in Figure 4.18, we use the molarity and
volume of the HNO3 solution (substance B in Figure 4.18) to calculate the number of moles of
HNO3. We then use the balanced equation to relate moles of HNO3 to moles of Ca(OH)2
(substance A). Finally, we use the molar mass to convert moles to grams of Ca(OH)2:

Solve The product of the molar concentration of a solution and its volume in liters gives the
number of moles of solute:

= 2.50 * 10- 3 mol HNO3

 Moles HNO3 = VHNO3
* MHNO3

= 10.0250 L2¢
0.100 mol HNO3

L
�

VHNO3
* MHNO3

Q mol HNO3 Q mol Ca1OH22 Q g Ca1OH22

solute = M * V

Molarity of
solution containing

substance B

Volume of
solution containing

substance B

Use molar
mass of A

Use coef“cients from
balanced equation

Use volume
of solution

containing B

Use molarity
of solution

containing B

Moles of
substance A

Moles of
substance B

Grams of
substance A� FIGURE 4.18 Procedure

for solving stoichiometry
problems involving reactions
between a pure substance
A and a solution containing a
known concentration of
substance B. Starting from a
known mass of substance A,
we follow the red arrows to
determine either the volume of
the solution containing B (if the
molarity of B is known) or the
molarity of the solution
containing B (if the volume of B
is known). Starting from either
a known volume or known
molarity of the solution
containing B, we follow the
green arrows to determine
the mass of substance A.
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Because this is a neutralization reaction, HNO3 and Ca(OH)2 react to form H2O and the salt
containing and :

Thus, . Therefore,

Check The answer is reasonable because a small volume of dilute acid requires only a small
amount of base to neutralize it.

PRACTICE EXERCISE
(a) How many grams of NaOH are needed to neutralize 20.0 mL of 0.150 M H2SO4 solution?
(b) How many liters of 0.500 M HCl(aq) are needed to react completely with 0.100 mol of
Pb(NO3)2(aq), forming a precipitate of PbCl2(s)?
Answers: (a) 0.240 g,(b) 0.400 L

Titrations
To determine the concentration of a particular solute in a solution, chemists often carry
out a titration , which involves combining a solution where the solute concentration is
not known with a reagent solution of known concentration, called a standard solution .
Just enough standard solution is added to completely react with the solute in the
solution of unknown concentration. The point at which stoichiometrically equivalent
quantities are brought together is known as the equivalence point .

Titrations can be conducted using neutralization, precipitation, or oxidation-
reduction reactions.� FIGURE 4.19 illustrates a typical neutralization titration, one be-
tween a HCl solution of unknown concentration and a NaOH solution we know to have a
concentration of 0.100 M (our standard solution). To determine the HCl concentration,
we first add a specific volume of the HCl solution, 20.0 mL in this example, to a flask. Next

= 0.0926 g Ca1OH22

 Grams Ca(OH)2 = 12.50 * 10- 3 mol HNO32¢
1 mol Ca(OH)2
2 mol HNO3

� ¢
74.1 g Ca(OH)2
1 mol Ca(OH)2

�

2 mol HNO3 � mol Ca1OH22

2 HNO31aq2 + Ca1OH221s2 ¡ 2 H2O1l2 + Ca1NO3221aq2

NO3
-Ca2+

Final volume
reading

Solution becomes 
basic on passing 
equivalence point, 
triggering indicator 
color changeBuretInitial volume

reading

20.0 mL of acid 
solution added to 
flask

1 A few drops of 
acid…base indicator 
added

2 Standard NaOH 
solution added 
from buret

3 4

� FIGURE 4.19 Procedure for titrating an acid against a standard solution of NaOH.
The acid…base indicator, phenolphthalein, is colorless in acidic solution but takes on a pink color 
in basic solution.

G O  F I G U R E

How would the volume of standard solution added change if that solution 
were Ba(OH)2(aq) instead of NaOH(aq)?
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a few drops of an acid…base indicator are added. The acid…base indicator is a dye that
changes color on passing the equivalence point.* For example, the dye phenolphthalein is
colorless in acidic solution but pink in basic solution. The standard solution is then slowly
added until the solution turns pink, telling us that the neutralization reaction between
HCl and NaOH is complete. The standard solution is added from a buretso that we can
accurately determine the added volume of NaOH solution. Knowing the volumes of both
solutions and the concentration of the standard solution we can calculate the concentra-
tion of the unknown solution as diagrammed in � FIGURE 4.20.

Volume
standard solution
needed to reach

equivalence point

Concentration (molarity)
of unknown solution

Use molarity of
standard solution

Use coef“cients
from balanced

equation

Use volume of
unknown solution

Moles solute
in unknown

solution

Moles solute
in standard

solution

� FIGURE 4.20 Procedure for
determining the concentration of a
solution from titration with a standard
solution.

SAMPLE EXERCISE 4.16 Determining Solution Concentration by an
Acid…Base Titration

One commercial method used to peel potatoes is to soak them in a NaOH solution for a short
time, then remove them and spray off the peel. The NaOH concentration is normally 3 to 6 M,
and the solution must be analyzed periodically. In one such analysis, 45.7 mL of 0.500 M
H2SO4 is required to neutralize 20.0 mL of NaOH solution. What is the concentration of the
NaOH solution?

SOLUTION
Analyze We are given the volume (45.7 mL) and molarity (0.500 M) of an H2SO4 solution
(the standard solution) that reacts completely with 20.0 mL of NaOH solution. We are asked to
calculate the molarity of the NaOH solution.

Plan Following the steps of Figure 4.20, we use the H2SO4 volume and molarity to calculate
the number of moles of H2SO4. Then we can use this quantity and the balanced equation for
the reaction to calculate moles of NaOH. Finally, we can use moles of NaOH and the NaOH
volume to calculate NaOH molarity.

Solve The number of moles of H2SO4 is the product of the volume and molarity of this
solution:

Acids react with metal hydroxides to form water and a salt. Thus, the balanced equation for the
neutralization reaction is

According to the balanced equation, . Therefore,

= 4.56 * 10- 2 mol NaOH

 Moles NaOH= 12.28 * 10- 2 mol H2SO42¢
2 mol NaOH
1 mol H2SO4

�

1 mol H2SO4 � 2 mol NaOH

H2SO41aq2 + 2 NaOH1aq2 ¡ 2 H2O1l2 + Na2SO41aq2

= 2.28 * 10- 2 mol H2SO4

 Moles H2SO4 = 145.7 mL soln2¢
1 L soln

1000 mL soln
� ¢

0.500 mol H2SO4

L soln
�

*More precisely, the color change of an indicator signals the end point of the titration, which if the proper indicator
is chosen lies very near the equivalence point. Acid…base titrations are discussed in more detail in Section 17.3.
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Knowing the number of moles of NaOH in 20.0 mL of solution allows us to calculate the
molarity of this solution:

PRACTICE EXERCISE
What is the molarity of an NaOH solution if 48.0 mL neutralizes 35.0 mL of 0.144 M H2SO4?

Answer: 0.210M

= 2.28
mol NaOH

L soln
= 2.28M

 Molarity NaOH =
mol NaOH

L soln
= ¢

4.56 * 10- 2 mol NaOH
20.0 mL soln

� ¢
1000 mL soln

1 L soln
�

SAMPLE EXERCISE 4.17 Determining the Quantity of Solute by Titration

The quantity of in a municipal water supply is determined by titrating the sample with
. The precipitation reaction taking place during the titration is

The end point in this type of titration is marked by a change in color of a special type of indi-
cator.(a) How many grams of chloride ion are in a sample of the water if 20.2 mL of 0.100 M

is needed to react with all the chloride in the sample? (b) If the sample has a mass of
10.0 g, what percent does it contain?

SOLUTION
Analyze We are given the volume (20.2 mL) and molarity (0.100 M) of a solution of and
the chemical equation for reaction of this ion with . We are asked to calculate the number
of grams of in the sample and the mass percent of in the sample.

(a) Plan We can use the procedure outlined by the green arrows in Figure 4.18. We begin by
using the volume and molarity of to calculate the number of moles of used in the
titration. We then use the balanced equation to determine the moles of in the sample and
from that the grams of .

Solve

From the balanced equation we see that . Using this information and
the molar mass of Cl, we have

(b) Plan To calculate the percentage of in the sample, we compare the number of grams
of in the sample, with the original mass of the sample, 10.0 g.

Solve

Comment Chloride ion is one of the most common ions in water and sewage. Ocean water
contains Whether water containing tastes salty depends on the other ions
present. If the only accompanying ions are , a salty taste may be detected with as little as

.Cl-0.03%
Na+

Cl-Cl- .1.92%

Percent Cl- =
7.17 * 10- 2 g

10.0 g
* 100% = 0.717% Cl-

7.17 * 10- 2g,Cl-
Cl-

= 7.17 * 10- 2 g Cl-

 Grams Cl- = 12.02 * 10- 3 mol Ag+ 2¢
1 mol Cl-

1 mol Ag+
� ¢

35.5 g Cl-

mol Cl-
�

1 mol Ag+ � 1 mol Cl-

= 2.02 * 10- 3 mol Ag+

 Moles Ag+ = 120.2 mL soln 2¢
1 L soln 

1000 mL soln 
� ¢

0.100 mol Ag+

L soln 
�

Cl-
Cl-

Ag+Ag+

Cl-Cl-
Cl-

Ag+

Cl-
Ag+

Ag+1aq2 + Cl- 1aq2 ¡ AgCl1s2

Ag+
Cl-
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PRACTICE EXERCISE
A sample of an iron ore is dissolved in acid, and the iron is converted to . The sample is
then titrated with 47.20 mL of 0.02240 M solution. The oxidation-reduction reaction
that occurs during titration is

(a) How many moles of were added to the solution? (b) How many moles of were
in the sample? (c) How many grams of iron were in the sample? (d) If the sample had a mass of
0.8890 g, what is the percentage of iron in the sample?
Answers: (a) , (b) , (c) 0.2952 g,(d)

SAMPLE INTEGRATIVE EXERCISE Putting Concepts Together

Note: Integrative exercises require skills from earlier chapters as well as ones from the present
chapter.

A sample of 70.5 mg of potassium phosphate is added to 15.0 mL of 0.050 M silver
nitrate, resulting in the formation of a precipitate.(a) Write the molecular equation for the
reaction.(b) What is the limiting reactant in the reaction? (c) Calculate the theoretical yield, in
grams, of the precipitate that forms.

SOLUTION

(a) Potassium phosphate and silver nitrate are both ionic compounds. Potassium phosphate
contains and ions, so its chemical formula is K3PO4. Silver nitrate contains and

ions, so its chemical formula is AgNO3. Because both reactants are strong electrolytes,
the solution contains , , , and ions before the reaction occurs. According to
the solubility guidelines in Table 4.1, and form an insoluble compound, so Ag3PO4
will precipitate from the solution. In contrast, and will remain in solution because
KNO3 is water soluble. Thus, the balanced molecular equation for the reaction is

(b) To determine the limiting reactant, we must examine the number of moles of each reac-
tant.€ (Section 3.7)The number of moles of K3PO4 is calculated from the mass of the sam-
ple using the molar mass as a conversion factor.€ (Section 3.4)The molar mass of K3PO4 is

. Converting milligrams to grams and then to
moles, we have

We determine the number of moles of AgNO3 from the volume and molarity of the solution.
(Section 4.5) Converting milliliters to liters and then to moles, we have

Comparing the amounts of the two reactants, we find that there are
times as many moles of AgNO3 as there are moles of

K3PO4. According to the balanced equation, however, 1 mol K3PO4 requires 3 mol AgNO3.
Thus, there is insufficient AgNO3 to consume the K3PO4, and AgNO3 is the limiting reactant.

(c) The precipitate is Ag3PO4, whose molar mass is 
To calculate the number of grams of Ag3PO4 that could be produced in this reaction (the
theoretical yield), we use the number of moles of the limiting reactant, converting mol

. We use the coefficients in the balanced equation to
convert moles of AgNO3 to moles Ag3PO4, and we use the molar mass of Ag3PO4 to convert the
number of moles of this substance to grams.

The answer has only two significant figures because the quantity of AgNO3 is given to only two
significant figures.

17.5 * 10- 4 mol AgNO32¢
1 mol Ag3PO4

3 mol AgNO3
� ¢

418.7 g Ag3PO4

1 mol Ag3PO4
� = 0.10 g Ag3PO4

AgNO3 Q mol Ag3PO4 Q g Ag3PO4

31107.92 + 31.0+ 4116.02 = 418.7 g>mol.

17.5 * 10- 42>13.32 * 10- 42 = 2.3

(15.0 mL2¢
10- 3 L
1 mL

� ¢
0.050 mol AgNO3

L
� = 7.5 * 10- 4mol AgNO3

(70.5 mg K3PO42¢
10- 3 g K3PO4

1 mg K3PO4
� ¢

1 mol K3PO4

212.3 g K3PO4
� = 3.32 * 10- 4mol K3PO4

3139.12 + 31.0 + 4116.02 = 212.3 g/mol

K3PO41aq2 + 3 AgNO31aq2 ¡ Ag3PO41s2 + 3 KNO31aq2

NO3
-K+

PO4
3-Ag+

NO3
-Ag+PO4

3-K+
NO3

-
Ag+PO4

3-K+

33.21%5.286* 10- 3 mol Fe2+1.057* 10- 3 mol MnO4
-

Fe2+MnO4
-

MnO4
- 1aq2 + 5 Fe2+1aq2 + 8 H+1aq2 ¡ Mn2+1aq2 + 5 Fe3+1aq2 + 4 H2O1l2

MnO4
-

Fe2+
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CHAPTER SUMMARY AND KEY TERMS

INTRODUCTION AND SECTION 4.1 Solutions in which water is
the dissolving medium are called aqueous solutions . The component
of the solution that is present in the greatest quantity is the solvent.
The other components are solutes .

Any substance whose aqueous solution contains ions is called an
electrolyte . Any substance that forms a solution containing no ions is
a nonelectrolyte . Electrolytes that are present in solution entirely as
ions are strong electrolytes , whereas those that are present partly as
ions and partly as molecules are weak electrolytes . Ionic compounds
dissociate into ions when they dissolve, and they are strong elec-
trolytes. The solubility of ionic substances is made possible by
solvation , the interaction of ions with polar solvent molecules. Most
molecular compounds are nonelectrolytes, although some are weak
electrolytes, and a few are strong electrolytes. When representing the
ionization of a weak electrolyte in solution, half-arrows in both direc-
tions are used, indicating that the forward and reverse reactions can
achieve a chemical balance called a chemical equilibrium .

SECTION 4.2 Precipitation reactions are those in which an insolu-
ble product, called a precipitate , forms. Solubility guidelines help
determine whether or not an ionic compound will be soluble in water.
(The solubility of a substance is the amount that dissolves in a given
quantity of solvent.) Reactions such as precipitation reactions, in
which cations and anions appear to exchange partners, are called
exchange reactions , or metathesis reactions .

Chemical equations can be written to show whether dissolved
substances are present in solution predominantly as ions or molecules.
When the complete chemical formulas of all reactants and products
are used, the equation is called a molecular equation . A complete
ionic equation shows all dissolved strong electrolytes as their compo-
nent ions. In a net ionic equation , those ions that go through the reac-
tion unchanged (spectator ions ) are omitted.

SECTION 4.3 Acids and bases are important electrolytes.Acids are
proton donors; they increase the concentration of in aqueous
solutions to which they are added.Bases are proton acceptors; they
increase the concentration of in aqueous solutions. Those
acids and bases that are strong electrolytes are called strong acids and
strong bases , respectively. Those that are weak electrolytes are weak
acids andweak bases . When solutions of acids and bases are mixed,
a neutralization reaction occurs. The neutralization reaction between
an acid and a metal hydroxide produces water and a salt . Gases can

OH- 1aq2

H+1aq2

also be formed as a result of neutralization reactions. The reaction of a
sulfide with an acid forms H2S(g); the reaction between a carbonate
and an acid forms CO2(g).

SECTION 4.4 Oxidation is the loss of electrons by a substance,
whereas reduction is the gain of electrons by a substance.Oxidation
numbers keep track of electrons during chemical reactions and are
assigned to atoms using specific rules. The oxidation of an element
results in an increase in its oxidation number, whereas reduction is
accompanied by a decrease in oxidation number. Oxidation is always
accompanied by reduction, giving oxidation-reduction , or redox ,
reactions .

Many metals are oxidized by O2, acids, and salts. The redox reac-
tions between metals and acids as well as those between metals and
salts are called displacement reactions . The products of these dis-
placement reactions are always an element (H2 or a metal) and a salt.
Comparing such reactions allows us to rank metals according to their
ease of oxidation. A list of metals arranged in order of decreasing ease
of oxidation is called an activity series . Any metal on the list can be
oxidized by ions of metals (or ) below it in the series.

SECTION 4.5 The concentration of a solution expresses the
amount of a solute dissolved in the solution. One of the common ways
to express the concentration of a solute is in terms of molarity. The
molarity of a solution is the number of moles of solute per liter of
solution. Molarity makes it possible to interconvert solution volume
and number of moles of solute. Solutions of known molarity can be
formed either by weighing out the solute and diluting it to a known
volume or by the dilution of a more concentrated solution of known
concentration (a stock solution). Adding solvent to the solution
(the process of dilution) decreases the concentration of the solute
without changing the number of moles of solute in the solution

.

SECTION 4.6 In the process called titration , we combine a solution
of known concentration (a standard solution ) with a solution of
unknown concentration to determine the unknown concentration or
the quantity of solute in the unknown. The point in the titration at
which stoichiometrically equivalent quantities of reactants are brought
together is called the equivalence point . An indicator can be used to
show the end point of the titration, which coincides closely with the
equivalence point.

1Mconc * Vconc = Mdil * Vdil2

H+

KEY SKILLS
€ Recognize compounds as acids or bases, and as strong, weak, or nonelectrolytes. (Sections 4.1 and 4.3)
€ Recognize reactions by type and be able to predict the products of simple acid…base, precipitation, and redox reactions. (Sections 4.2…4.4)
€ Be able to calculate molarity and use it to convert between moles of a substance in solution and volume of the solution. (Section 4.5)
€ Understand how to carry out a dilution to achieve a desired solution concentration. (Section 4.5)
€ Understand how to perform and interpret the results of a titration. (Section 4.6)

KEY EQUATIONS

€ [4.32] Molarity is the most commonly used unit of
concentration in chemistry.

€ [4.34] When adding solvent to a concentrated solution to
make a dilute solution, molarities and volumes of
both concentrated and dilute solutions can be
calculated if three of the quantities are known.

Mconc * Vconc = Mdil * Vdil

Molarity =
moles solute

volume of solution in liters
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GENERAL PROPERTIES OF AQUEOUS SOLUTIONS (section 4.1)

4.11 When asked what causes electrolyte solutions to conduct elec-
tricity, a student responds that it is due to the movement of
electrons through the solution. Is the student correct? If not,
what is the correct response?

4.12 When methanol, CH3OH, is dissolved in water, a nonconduct-
ing solution results. When acetic acid, CH3COOH, dissolves in
water, the solution is weakly conducting and acidic in nature.
Describe what happens upon dissolution in the two cases, and
account for the different results.

4.13 We have learned in this chapter that many ionic solids dissolve
in water as strong electrolytes, that is, as separated ions in so-
lution. What properties of water facilitate this process? Would
you expect ionic compounds to be soluble in elemental liquids
like bromine or mercury, just as they are in water? Explain.

4.14 What does it mean to say that ions are solvated when an ionic
substance dissolves in water?

4.15 Specify what ions are present in solution upon dissolving each
of the following substances in water:(a) ZnCl2, (b) HNO3,
(c) (NH4)2SO4, (d) Ca(OH)2.

4.16 Specify what ions are present upon dissolving each of the fol-
lowing substances in water:(a) MgI2, (b) Al(NO3)3,
(c) HClO4, (d) NaCH3COO.

4.17 Formic acid, HCOOH, is a weak electrolyte. What solute par-
ticles are present in an aqueous solution of this compound?
Write the chemical equation for the ionization of HCOOH.

4.18 Acetone, CH3COCH3, is a nonelectrolyte; hypochlorous acid,
HClO, is a weak electrolyte; and ammonium chloride, NH4Cl,
is a strong electrolyte.(a) What are the solute particles present
in aqueous solutions of each compound? (b) If 0.1 mol of each
compound is dissolved in solution, which one contains
0.2 mol of solute particles, which contains 0.1 mol of solute
particles, and which contains somewhere between 0.1 and
0.2 mol of solute particles?

4.1 Which of the following schematic drawings best describes a
solution of Li2SO4 in water (water molecules not shown for
simplicity)? [Section 4.1]

4.2 Aqueous solutions of three different substances, AX, AY, and AZ,
are represented by the three accompanying diagrams. Identify
each substance as a strong electrolyte, weak electrolyte, or non-
electrolyte. [Section 4.1]

4.3 Use the molecular representations shown here to classify each
compound as either a nonelectrolyte, a weak electrolyte, or a
strong electrolyte (see inside back cover for element color
scheme). [Sections 4.1 and 4.3]

(a) (b) (c)

�

�

�

�

�

�

�

�
�

�

AX AY AZ

(a) (b) (c)

(a) (b) (c)

2�
2�

2�
2�2�

2�

2�

2�

2�

2�

2�
2�

�

�
�

�

�
�

�

�
�

�

�
�

�

�

�

4.4 A 0.1 M solution of acetic acid, CH3COOH, causes the light-
bulb in the apparatus of Figure 4.2 to glow about as brightly as
a 0.001 M solution of HBr. How do you account for this fact?
[Section 4.1]

4.5 You are presented with a white solid and told that due to care-
less labeling it is not clear if the substance is barium chloride,
lead chloride, or zinc chloride. When you transfer the solid to
a beaker and add water, the solid dissolves to give a clear solu-
tion. Next a Na2SO4(aq) solution is added and a white precip-
itate forms. What is the identity of the unknown white solid?
[Section 4.2]

4.6 We have seen that ions in aqueous solution are stabilized
by the attractions between the ions and the water molecules.
Why then do some pairs of ions in solution form precipitates?
[Section 4.2]

4.7 Which of the following ions will alwaysbe a spectator ion in a
precipitation reaction? (a) , (b) , (c) , (d) ,
(e) Explain briefly. [Section 4.2]

4.8 The labels have fallen off three bottles containing powdered
samples of metals; one contains zinc, one lead, and the other
platinum. You have three solutions at your disposal: 1 M
sodium nitrate, 1 M nitric acid, and 1 M nickel nitrate. How
could you use these solutions to determine the identities of
each metal powder? [Section 4.4]

4.9 Explain how a redox reaction involves electrons in the same
way that a neutralization reaction involves protons. [Sections
4.3 and 4.4]

4.10 If you want to double the concentration of a solution, how
could you do it? [Section 4.5]

SO4
2- .

S2-NH4
+NO3

-Cl-

Add
Na2SO4(aq)

Add
H2O

EXERCISES
VISUALIZING CONCEPTS
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PRECIPITATION REACTIONS (section 4.2)

4.19 Using solubility guidelines, predict whether each of the fol-
lowing compounds is soluble or insoluble in water:(a) MgBr2,
(b) PbI2, (c) (NH4)2CO3, (d) Sr(OH)2, (e) ZnSO4.

4.20 Predict whether each of the following compounds is soluble
in water: (a) AgI, (b) Na2CO3, (c) BaCl2, (d) Al(OH)3,
(e) Zn(CH3COO)2.

4.21 Will precipitation occur when the following solutions are
mixed? If so, write a balanced chemical equation for the reac-
tion. (a) Na2CO3 and AgNO3, (b) NaNO3 and NiSO4,
(c) FeSO4 and Pb(NO3)2.

4.22 Identify the precipitate (if any) that forms when the following
solutions are mixed, and write a balanced equation for each
reaction.(a) NaCH3COO and HCl,(b) KOH and Cu(NO3)2,
(c) Na2S and CdSO4.

4.23 Name the spectator ions in any reactions that may be involved
when each of the following pairs of solutions are mixed.
(a) Na2CO3(aq) and MgSO4(aq)
(b) Pb(NO3)2(aq) and Na2S(aq)
(c) (NH4)3PO4(aq) and CaCl2(aq)

4.24 Write balanced net ionic equations for the reactions that occur
in each of the following cases. Identify the spectator ion or
ions in each reaction.

(a)
(b)
(c)

4.25 Separate samples of a solution of an unknown salt are treated
with dilute solutions of HBr, H2SO4, and NaOH. A precipitate
forms in all three cases. Which of the following cations could
the solution contain: , , ?

4.26 Separate samples of a solution of an unknown ionic com-
pound are treated with dilute AgNO3, Pb(NO3)2, and BaCl2.
Precipitates form in all three cases. Which of the following
could be the anion of the unknown salt: , , ?

4.27 You know that an unlabeled bottle contains a solution of one
of the following: AgNO3, CaCl2, or Al2(SO4)3. A friend sug-
gests that you test a portion of the solution with Ba(NO3)2
and then with NaCl solutions. Explain how these two tests
together would be sufficient to determine which salt is present
in the solution.

4.28 Three solutions are mixed together to form a single solution.
One contains 0.2 mol Pb(CH3COO)2, the second contains
0.1 mol Na2S, and the third contains 0.1 mol CaCl2. (a) Write
the net ionic equations for the precipitation reaction or
reactions that occur.(b) What are the spectator ions in the
solution?

NO3
-CO3

2-Br-

Ba2+Pb2+K+

Fe1NO3221aq2 + KOH1aq2 ¡
Ba1NO3221aq2 + K2SO41aq2 ¡
Cr21SO4231aq2 + 1NH422CO31aq2 ¡

ACIDS, BASES, AND NEUTRALIZATION REACTIONS (section 4.3)

4.29 Which of the following solutions has the largest concentration
of solvated protons:(a) 0.2M LiOH, (b) 0.2M HI, (c) 1.0M
methyl alcohol (CH3OH)? Explain

4.30 Which of the following solutions is the most basic? (a) 0.6M
NH3, (b) 0.150M KOH, (c) 0.100M Ba(OH)2. Explain.

4.31 What is the difference between (a) a monoprotic acid and a
diprotic acid,(b) a weak acid and a strong acid,(c) an acid and
a base?

4.32 Explain the following observations:(a) NH3 contains no 
ions, and yet its aqueous solutions are basic;(b) HF is called a
weak acid, and yet it is very reactive;(c) although sulfuric acid
is a strong electrolyte, an aqueous solution of H2SO4 contains
more ions than ions.

4.33 Is there any correlation between the anions that form when
each of the strong acids in Table 4.2 dissociates and the anions
that normally form soluble ionic compounds (Table 4.1)?
Which anions if any are exceptions to the general trend?

4.34 What is the relationship between the solubility rules in Table
4.1 and the list of strong bases in Table 4.2? Another way of
asking this question is, why is Cd(OH)2, for example, not
listed as a strong base in Table 4.2?

4.35 Label each of the following substances as an acid, base, salt, or
none of the above. Indicate whether the substance exists in
aqueous solution entirely in molecular form, entirely as ions,
or as a mixture of molecules and ions.(a) HF, (b) acetonitrile,
CH3CN,(c) NaClO4, (d) Ba(OH)2.

4.36 An aqueous solution of an unknown solute is tested with litmus
paper and found to be acidic. The solution is weakly conducting
compared with a solution of NaCl of the same concentration.

SO4
2-HSO4

-

OH-

Which of the following substances could the unknown be:
KOH, NH3, HNO3, KClO2, H3PO3, CH3COCH3 (acetone)?

4.37 Classify each of the following substances as a nonelectrolyte,
weak electrolyte, or strong electrolyte in water:(a) H2SO3,
(b) C2H5OH (ethanol),(c) NH3, (d) KClO3, (e) Cu(NO3)2.

4.38 Classify each of the following aqueous solutions as a nonelec-
trolyte, weak electrolyte, or strong electrolyte:(a) LiClO4,
(b) HClO, (c) CH3CH2CH2OH (propanol), (d) HClO3,
(e) CuSO4, (f) C12H22O11(sucrose).

4.39 Complete and balance the following molecular equations, and
then write the net ionic equation for each:
(a)
(b)
(c)

4.40 Write the balanced molecular and net ionic equations for each
of the following neutralization reactions:
(a) Aqueous acetic acid is neutralized by aqueous barium

hydroxide.
(b) Solid chromium(III) hydroxide reacts with nitrous acid.
(c) Aqueous nitric acid and aqueous ammonia react.

4.41 Write balanced molecular and net ionic equations for the fol-
lowing reactions, and identify the gas formed in each:(a) solid
cadmium sulfide reacts with an aqueous solution of sulfuric
acid;(b) solid magnesium carbonate reacts with an aqueous
solution of perchloric acid.

4.42 Because the oxide ion is basic, metal oxides react readily
with acids.(a) Write the net ionic equation for the following
reaction:

FeO1s2 + 2 HClO41aq2 ¡ Fe1ClO4221aq2 + H2O1l2

Al1OH231s2 + HNO31aq2 ¡
Cu1OH221s2 + HClO41aq2 ¡
HBr1aq2 + Ca1OH221aq2 ¡
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(b) Based on the equation in part (a), write the net ionic
equation for the reaction that occurs between NiO(s) and an
aqueous solution of nitric acid.

4.43 Magnesium carbonate, magnesium oxide, and magnesium
hydroxide are all white solids that react with acidic solutions.
(a) Write a balanced molecular equation and a net ionic
equation for the reaction that occurs when each substance re-
acts with a hydrochloric acid solution.(b) By observing the
reactions in part (a) could you distinguish any of the three

magnesium substances from the other two? If so how? (c) If
excess HCl(aq) is added, would the clear solutions left behind
after the reaction is complete contain the same or different
ions in each case?

4.44 As K2O dissolves in water, the oxide ion reacts with water mol-
ecules to form hydroxide ions. Write the molecular and net
ionic equations for this reaction. Based on the definitions of
acid and base, what ion is the base in this reaction? What is the
acid? What is the spectator ion in the reaction?

OXIDATION-REDUCTION REACTIONS (section 4.4)

4.45 Define oxidation and reduction in terms of(a) electron trans-
fer and (b) oxidation numbers.

4.46 Can oxidation occur without oxygen? Can oxidation occur
without reduction?

4.47 Which region of the periodic table shown here contains the
most readily oxidized elements? Which region contains the
least readily oxidized?

4.48 Determine the oxidation number of sulfur in each of the fol-
lowing substances:(a) barium sulfate, BaSO4, (b) sulfurous
acid, H2SO3, (c) strontium sulfide, SrS,(d) hydrogen sulfide,
H2S.(e) Based on these compounds what is the range of oxi-
dation numbers seen for sulfur? Is there any relationship be-
tween the range of accessible oxidation states and sulfur•s
position on the periodic table?

4.49 Determine the oxidation number for the indicated element in
each of the following substances:(a) S in SO2, (b) C in COCl2,
(c) Mn in KMnO4, (d) Br in HBrO, (e) As in As4, (f) O in
K2O2.

4.50 Determine the oxidation number for the indicated element
in each of the following compounds:(a) Co in LiCoO2, (b) Al
in NaAlH4, (c) C in CH3OH (methanol),(d) N in GaN,(e)Cl in
HClO2, (f) Cr in BaCrO4.

4.51 Which element is oxidized and which is reduced in the follow-
ing reactions?
(a)
(b)

(c)
(d)

4.52 Which of the following are redox reactions? For those that are,
indicate which element is oxidized and which is reduced. For
those that are not, indicate whether they are precipitation or
neutralization reactions.
(a) P4(s) 10 HClO(aq) 6 H2O(l)

4 H3PO4(aq) 10 HCl(aq)
(b) Br2(l) 2 K(s) 2 KBr(s)¡+

+
¡++

PbS1s2 + 4 H2O21aq2 ¡ PbSO41s2 + 4 H2O1l2
Cl21aq2 + 2 NaI1aq2 ¡ I21aq2 + 2 NaCl1aq2

3 Fe1s2 + 2 Al1NO3231aq2
3 Fe1NO3221aq2 + 2 Al1s2 ¡
N21g2 + 3 H21g2 ¡ 2 NH31g2

A

B C

D

(c) CH3CH2OH(l) 3 O2(g) 3 H2O(l) 2 CO2(g)
(d) ZnCl2(aq) 2 NaOH(aq) Zn(OH)2(s) 2 NaCl(aq)

4.53 Write balanced molecular and net ionic equations for the reac-
tions of(a) manganese with dilute sulfuric acid,(b) chromium
with hydrobromic acid,(c) tin with hydrochloric acid,(d) alu-
minum with formic acid, HCOOH.

4.54 Write balanced molecular and net ionic equations for the re-
actions of(a) hydrochloric acid with nickel,(b) dilute sulfuric
acid with iron, (c) hydrobromic acid with magnesium,
(d) acetic acid, CH3COOH, with zinc.

4.55 Using the activity series (Table 4.5), write balanced chemical
equations for the following reactions. If no reaction occurs,
simply write NR.(a) Iron metal is added to a solution of cop-
per(II) nitrate;(b) zinc metal is added to a solution of magne-
sium sulfate;(c) hydrobromic acid is added to tin metal;
(d) hydrogen gas is bubbled through an aqueous solution of
nickel(II) chloride;(e) aluminum metal is added to a solution
of cobalt(II) sulfate.

4.56 Using the activity series (Table 4.5), write balanced chemical
equations for the following reactions. If no reaction occurs,
simply write NR.(a) Nickel metal is added to a solution of
copper(II) nitrate;(b) a solution of zinc nitrate is added to a
solution of magnesium sulfate;(c) hydrochloric acid is added
to gold metal;(d) chromium metal is immersed in an aqueous
solution of cobalt(II) chloride;(e) hydrogen gas is bubbled
through a solution of silver nitrate.

4.57 The metal cadmium tends to form ions. The following
observations are made: (i) When a strip of zinc metal is placed
in CdCl2(aq), cadmium metal is deposited on the strip. (ii)
When a strip of cadmium metal is placed in Ni(NO3)2(aq),
nickel metal is deposited on the strip.(a)Write net ionic equa-
tions to explain each of the preceding observations.(b) What
can you conclude about the position of cadmium in the activ-
ity series? (c) What experiments would you need to perform to
locate more precisely the position of cadmium in the activity
series?

4.58 (a)Use the following reactions to prepare an activity series for
the halogens:

(b) Relate the positions of the halogens in the periodic table
with their locations in this activity series.(c) Predict whether a
reaction occurs when the following reagents are mixed:
Cl2(aq) and KI(aq); Br2(aq) and LiCl(aq).

Cl21aq2 + 2 NaBr1aq2 ¡ 2 NaCl1aq2 + Br21aq2

Br21aq2 + 2 NaI1aq2 ¡ 2 NaBr1aq2 + I21aq2

Cd2+

+¡+
+¡+
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CONCENTRATIONS OF SOLUTIONS (section 4.5)

4.59 (a) Is the concentration of a solution an intensive or an exten-
sive property? (b) What is the difference between 0.50 mol
HCl and 0.50 M HCl?

4.60 (a)Suppose you prepare 500 mL of a 0.10 M solution of some
salt and then spill some of it. What happens to the concentra-
tion of the solution left in the container? (b) Suppose you pre-
pare 500 mL of a 0.10 M aqueous solution of some salt and let
it sit out, uncovered, for a long time, and some water evapo-
rates. What happens to the concentration of the solution left
in the container? (c) A certain volume of a 0.50 M solution
contains 4.5 g of a salt. What mass of the salt is present in the
same volume of a 2.50 M solution?

4.61 (a) Calculate the molarity of a solution that contains 0.175 mol
ZnCl2 in exactly 150 mL of solution.(b) How many moles of
HCl are present in 35.0 mL of a 4.50 M solution of nitric acid?
(c) How many milliliters of 6.00 M NaOH solution are needed
to provide 0.325 mol of NaOH?

4.62 (a)Calculate the molarity of a solution made by dissolving
12.5 grams of Na2CrO4 in enough water to form exactly
550 mL of solution.(b) How many moles of KBr are present in
150 mL of a 0.275 M solution?(c) How many milliliters of
6.1M HCl solution are needed to obtain 0.100 mol of HCl?

4.63 The average adult human male has a total blood volume of
5.0 L. If the concentration of sodium ion in this average indi-
vidual is 0.135 M, what is the mass of sodium ion circulating
in the blood?

4.64 A person suffering from hyponatremia has a sodium ion con-
centration in the blood of 0.118 M and a total blood volume of
4.6 L. What mass of sodium chloride would need to be added
to the blood to bring the sodium ion concentration up to
0.138M, assuming no change in blood volume?

4.65 The concentration of alcohol (CH3CH2OH) in blood, called
the •blood alcohol concentrationŽ or BAC, is given in units of
grams of alcohol per 100 mL of blood. The legal definition of
intoxication, in many states of the United States, is that the
BAC is 0.08 or higher. What is the concentration of alcohol, in
terms of molarity, in blood if the BAC is 0.08?

4.66 The average adult male has a total blood volume of 5.0 L. After
drinking a few beers, he has a BAC of 0.10 (see Exercise 4.65).
What mass of alcohol is circulating in his blood?

4.67 Calculate (a) the number of grams of solute in 0.250 L of
0.175M KBr, (b) the molar concentration of a solution con-
taining 14.75 g of Ca(NO3)2 in 1.375 L,(c) the volume of
1.50M Na3PO4 in milliliters that contains 2.50 g of solute.

4.68 (a) How many grams of solute are present in 15.0 mL of
0.736M K2Cr2O7?(b) If 14.00 g of (NH4)2SO4 is dissolved in
enough water to form 250 mL of solution, what is the molarity
of the solution? (c) How many milliliters of 0.0455 M CuSO4
contain 3.65 g of solute?

4.69 (a) Which will have the highest concentration of potassium
ion: 0.20 M KCl, 0.15 M K2CrO4, or 0.080 M K3PO4? (b)
Which will contain the greater number of moles of potassium
ion: 30.0 mL of 0.15 M K2CrO4 or 25.0 mL of 0.080 M K3PO4?

4.70 In each of the following pairs, indicate which has the higher
concentration of ion:(a) 0.10M BaI2 or 0.25 M KI solution,
(b) 100 mL of 0.10 M KI solution or 200 mL of 0.040 M ZnI2
solution,(c) 3.2M HI solution or a solution made by dissolv-
ing 145 g of NaI in water to make 150 mL of solution.

4.71 Indicate the concentration of each ion or molecule present in
the following solutions:(a) 0.25M NaNO3, (b)
MgSO4, (c) 0.0150M C6H12O6, (d) a mixture of 45.0 mL of
0.272M NaCl and 65.0 mL of 0.0247 M (NH4)2CO3. Assume
that the volumes are additive.

4.72 Indicate the concentration of each ion present in the solution
formed by mixing (a) 42.0 mL of 0.170 M NaOH and 37.6 mL
of 0.400 M NaOH, (b) 44.0 mL of 0.100 M and Na2SO4 and
25.0 mL of 0.150 M KCl, (c) 3.60 g KCl in 75.0 mL of 0.250 M
CaCl2 solution. Assume that the volumes are additive.

4.73 (a)You have a stock solution of 14.8 M NH3. How many milli-
liters of this solution should you dilute to make 1000.0 mL of
0.250M NH3?(b) If you take a 10.0-mL portion of the stock
solution and dilute it to a total volume of 0.500 L, what will be
the concentration of the final solution?

4.74 (a)How many milliliters of a stock solution of 6.0 M HNO3
would you have to use to prepare 110 mL of 0.500 M HNO3?
(b) If you dilute 10.0 mL of the stock solution to a final vol-
ume of 0.250 L, what will be the concentration of the diluted
solution?

4.75 (a) Starting with solid sucrose, C12H22O11, describe how
you would prepare 250 mL of a 0.250 M sucrose solution.
(b) Describe how you would prepare 350.0 mL of 0.100 M
C12H22O11starting with 3.00 L of 1.50 M C12H22O11.

4.76 (a)How would you prepare 175.0 mL of 0.150 M AgNO3 solu-
tion starting with pure AgNO3? (b) An experiment calls for
you to use 100 mL of 0.50 M HNO3 solution. All you have
available is a bottle of 3.6 M HNO3. How would you prepare
the desired solution?

4.77 Pure acetic acid, known as glacial acetic acid, is a liquid with
a density of at . Calculate the molarity of a
solution of acetic acid made by dissolving 20.00 mL of glacial
acetic acid at in enough water to make 250.0 mL of
solution.

4.78 Glycerol, C3H8O3, is a substance used extensively in the manu-
facture of cosmetics, foodstuffs, antifreeze, and plastics. Glyc-
erol is a water-soluble liquid with a density of at

. Calculate the molarity of a solution of glycerol made by
dissolving 50.000 mL glycerol at in enough water to
make 250.00 mL of solution.

15 °C
15 °C

1.2656 g>mL

25 °C

25 °C1.049 g>mL

1.3 * 10- 2 M

I-

SOLUTION STOICHIOMETRY AND CHEMICAL ANALYSIS (section 4.6)

4.79 What mass of KCl is needed to precipitate the silver ions from
15.0 mL of 0.200 M AgNO3 solution?

4.80 What mass of NaOH is needed to precipitate the ions
from 35.0 mL of 0.500 M Cd(NO3)2 solution?

Cd2+

4.81 (a)What volume of 0.115 M HClO4 solution is needed to neu-
tralize 50.00 mL of 0.0875 M NaOH? (b) What volume of
0.128M HCl is needed to neutralize 2.87 g of Mg(OH)2?(c) If
25.8 mL of AgNO3 is needed to precipitate all the ions in aCl-
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785-mg sample of KCl (forming AgCl), what is the molarity of
the AgNO3 solution?(d) If 45.3 mL of 0.108 M HCl solution is
needed to neutralize a solution of KOH, how many grams of
KOH must be present in the solution?

4.82 (a)How many milliliters of 0.120 M HCl are needed to com-
pletely neutralize 50.0 mL of 0.101 M Ba(OH)2 solution?
(b) How many milliliters of 0.125 M H2SO4 are needed to
neutralize 0.200 g of NaOH? (c) If 55.8 mL of BaCl2 solution is
needed to precipitate all the sulfate ion in a 752-mg sample
of Na2SO4, what is the molarity of the solution? (d) If 42.7 mL
of 0.208 M HCl solution is needed to neutralize a solution
of Ca(OH)2, how many grams of Ca(OH)2 must be in the
solution?

4.83 Some sulfuric acid is spilled on a lab bench. You can neutralize
the acid by sprinkling sodium bicarbonate on it and then
mopping up the resultant solution. The sodium bicarbonate
reacts with sulfuric acid as follows:

Sodium bicarbonate is added until the fizzing due to the for-
mation of CO2(g) stops. If 27 mL of 6.0 M H2SO4 was spilled,
what is the minimum mass of NaHCO3 that must be added to
the spill to neutralize the acid?

4.84 The distinctive odor of vinegar is due to acetic acid,
CH3COOH, which reacts with sodium hydroxide in the
following fashion:

If 3.45 mL of vinegar needs 42.5 mL of 0.115 M NaOH to
reach the equivalence point in a titration, how many grams of
acetic acid are in a 1.00-qt sample of this vinegar?

4.85 A 4.36-g sample of an unknown alkali metal hydroxide is dis-
solved in 100.0 mL of water. An acid…base indicator is added
and the resulting solution is titrated with 2.50 M HCl(aq)

H2O1l2 + NaC2H3O21aq2
CH3COOH1aq2 + NaOH1aq2 ¡

Na2SO41aq2 + 2 H2O1l2 + 2 CO21g2
2 NaHCO31s2 + H2SO41aq2 ¡

solution. The indicator changes color signaling that the equiv-
alence point has been reached after 17.0 mL of the hydrochlo-
ric acid solution has been added.(a)What is the molar mass of
the metal hydroxide? (b) What is the identity of the alkali
metal cation: Li+, Na+, K+, Rb+, or Cs+?

4.86 An 8.65-g sample of an unknown group 2A metal hydroxide is
dissolved in 85.0 mL of water. An acid…base indicator is added
and the resulting solution is titrated with 2.50 M HCl(aq) so-
lution. The indicator changes color signaling that the equiva-
lence point has been reached after 56.9 mL of the hydrochloric
acid solution has been added.(a) What is the molar mass of
the metal hydroxide? (b) What is the identity of the metal
cation: Ca2+, Sr2+, Ba2+?

4.87 A solution of 100.0 mL of 0.200 M KOH is mixed with a solu-
tion of 200.0 mL of 0.150 M NiSO4. (a) Write the balanced
chemical equation for the reaction that occurs.(b) What pre-
cipitate forms? (c) What is the limiting reactant? (d) How
many grams of this precipitate form? (e) What is the concen-
tration of each ion that remains in solution?

4.88 A solution is made by mixing 15.0 g of Sr(OH)2 and 55.0 mL
of 0.200 M HNO3. (a) Write a balanced equation for the reac-
tion that occurs between the solutes.(b) Calculate the concen-
tration of each ion remaining in solution.(c) Is the resultant
solution acidic or basic?

4.89 A 0.5895-g sample of impure magnesium hydroxide is dis-
solved in 100.0 mL of 0.2050 M HCl solution. The excess acid
then needs 19.85 mL of 0.1020 M NaOH for neutralization.
Calculate the percent by mass of magnesium hydroxide in the
sample, assuming that it is the only substance reacting with
the HCl solution.

4.90 A 1.248-g sample of limestone rock is pulverized and then
treated with 30.00 mL of 1.035 M HCl solution. The excess
acid then requires 11.56 mL of 1.010 M NaOH for neutraliza-
tion. Calculate the percent by mass of calcium carbonate in
the rock, assuming that it is the only substance reacting with
the HCl solution.

ADDITIONAL EXERCISES

4.91 Gold is one of the few metals that can be obtained by panning,
where a simple pan is used to separate gold from other de-
posits found in or near a stream bed. What two properties of
gold make it possible to find gold, but not metals like copper,
silver, lead, and aluminum, by panning?

4.92 The accompanying photo shows the reaction between a solu-
tion of Cd(NO3)2 and one of Na2S. What is the identity of the
precipitate? What ions remain in solution? Write the net ionic
equation for the reaction.
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Solution Solute Color of Solution

A Na2CrO4 Yellow
B (NH4)2C2O4 Colorless
C AgNO3 Colorless
D CaCl2 Colorless

4.93 Suppose you have a solution that might contain any or all of
the following cations: , , , and . Addition of
HCl solution causes a precipitate to form. After filtering off
the precipitate, H2SO4 solution is added to the resulting solu-
tion and another precipitate forms. This is filtered off, and a
solution of NaOH is added to the resulting solution. No pre-
cipitate is observed. Which ions are present in each of the
precipitates? Which of the four ions listed above must be
absent from the original solution?

4.94 You choose to investigate some of the solubility guidelines for
two ions not listed in Table 4.1, the chromate ion ( )
and the oxalate ion ( ). You are given 0.01 M solutions
(A, B, C, D) of four water-soluble salts:

C2O4
2-

CrO4
2-

Mn2+Sr2+Ag+Ni2+
4.97 Consider the following reagents: zinc, copper, mercury (den-

sity 13.6 g>mL), silver nitrate solution, nitric acid solution.
(a) Given a 500-mL Erlenmeyer flask and a balloon can you
combine two or more of the foregoing reagents to initiate a
chemical reaction that will inflate the balloon? Write a bal-
anced chemical equation to represent this process. What is the
identity of the substance that inflates the balloon? (b) What is
the theoretical yield of the substance that fills the balloon? 
(c) Can you combine two or more of the foregoing reagents to
initiate a chemical reaction that will produce metallic silver?
Write a balanced chemical equation to represent this process.
What ions are left behind in solution? (d) What is the theoret-
ical yield of silver?

[4.98] Lanthanum metal forms cations with a charge of . Con-
sider the following observations about the chemistry of lan-
thanum: When lanthanum metal is exposed to air, a white
solid (compound A) is formed that contains lanthanum and
one other element. When lanthanum metal is added to water,
gas bubbles are observed and a different white solid (com-
pound B) is formed. Both A and B dissolve in hydrochloric
acid to give a clear solution. When either of these solutions is
evaporated, a soluble white solid (compound C) remains. If
compound C is dissolved in water and sulfuric acid is added, a
white precipitate (compound D) forms.(a) Propose identities
for the substances A, B, C, and D.(b) Write net ionic equations
for all the reactions described.(c) Based on the preceding
observations, what can be said about the position of lan-
thanum in the activity series (Table 4.5)?

4.99 A 35.0-mL sample of 1.00 M KBr and a 60.0-mL sample of
0.600M KBr are mixed. The solution is then heated to evapo-
rate water until the total volume is 50.0 mL. What is the
molarity of the KBr in the final solution?

4.100 Using modern analytical techniques, it is possible to detect
sodium ions in concentrations as low as . What is
this detection limit expressed in (a) molarity of ,(b)
ions per cubic centimeter?

Na+Na+
50 pg>mL

3+

35.0 g Zn 42.0 g Cu 6.55 mL Hg

150 mL of 0.750 M AgNO 3(aq) 150 mL of 3.00 M HNO 3(aq)

Expt
Number

Solutions
Mixed Result

1 A + B No precipitate, yellow solution
2 A + C Red precipitate forms
3 A + D Yellow precipitate forms
4 B + C White precipitate forms
5 B + D White precipitate forms
6 C + D White precipitate forms

When these solutions are mixed, the following observations
are made:

(a) Write a net ionic equation for the reaction that occurs in
each of the experiments.(b) Identify the precipitate formed, if
any, in each of the experiments.

4.95 Antacids are often used to relieve pain and promote healing in
the treatment of mild ulcers. Write balanced net ionic equa-
tions for the reactions between the HCl(aq) in the stomach
and each of the following substances used in various antacids:
(a) Al(OH)3(s), (b) Mg(OH)2(s), (c) MgCO3(s), (d)
NaAl(CO3)(OH) 2(s), (e) CaCO3(s).

[4.96] The commercial production of nitric acid involves the follow-
ing chemical reactions:

(a) Which of these reactions are redox reactions? (b) In each
redox reaction identify the element undergoing oxidation and
the element undergoing reduction.

 3 NO21g2 + H2O1l2 ¡ 2 HNO31aq2 + NO1g2

 2 NO1g2 + O21g2 ¡ 2 NO21g2

 4 NH31g2 + 5 O21g2 ¡ 4 NO1g2 + 6 H2O1g2
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4.101 Hard water contains , , and , which interfere
with the action of soap and leave an insoluble coating on the
insides of containers and pipes when heated. Water softeners
replace these ions with .(a) If 1500 L of hard water con-
tains 0.020 M and 0.0040 M , how many moles of

are needed to replace these ions? (b) If the sodium is
added to the water softener in the form of NaCl, how many
grams of sodium chloride are needed?

4.102 Tartaric acid, H2C4H4O6, has two acidic hydrogens. The acid is
often present in wines and precipitates from solution as the
wine ages. A solution containing an unknown concentration
of the acid is titrated with NaOH. It requires 24.65 mL of
0.2500M NaOH solution to titrate both acidic protons in
50.00 mL of the tartaric acid solution. Write a balanced net
ionic equation for the neutralization reaction, and calculate
the molarity of the tartaric acid solution.

Na+
Mg2+Ca2+

Na+

Fe2+Mg2+Ca2+ 4.103 (a) A strontium hydroxide solution is prepared by dissolving
10.45 g of Sr(OH)2 in water to make 50.00 mL of solution.
What is the molarity of this solution? (b) Next the strontium
hydroxide solution prepared in part (a) is used to titrate a ni-
tric acid solution of unknown concentration. Write a balanced
chemical equation to represent the reaction between stron-
tium hydroxide and nitric acid solutions.(c) If 23.9 mL of
the strontium hydroxide solution was needed to neutralize a
31.5 mL aliquot of the nitric acid solution, what is the concen-
tration (molarity) of the acid?

[4.104] A solid sample of Zn(OH)2 is added to 0.350 L of 0.500 M
aqueous HBr. The solution that remains is still acidic. It is then
titrated with 0.500 M NaOH solution, and it takes 88.5 mL of
the NaOH solution to reach the equivalence point. What mass
of Zn(OH)2 was added to the HBr solution?

INTEGRATIVE EXERCISES

4.105 Suppose you have 5.00 g of powdered magnesium metal,
1.00 L of 2.00 M potassium nitrate solution, and 1.00 L of 2.00 M
silver nitrate solution.(a) Which one of the solutions will react
with the magnesium powder? (b) What is the net ionic equation
that describes this reaction? (c) What volume of solution is
needed to completely react with the magnesium? (d) What is the
molarity of the Mg2+ ions in the resulting solution?

4.106 (a) By titration, 15.0 mL of 0.1008 M sodium hydroxide is
needed to neutralize a 0.2053-g sample of an organic acid.
What is the molar mass of the acid if it is monoprotic? (b) An
elemental analysis of the acid indicates that it is composed of

, , and by mass. What is its molecu-
lar formula?

4.107 A 3.455-g sample of a mixture was analyzed for barium ion
by adding a small excess of sulfuric acid to an aqueous solu-
tion of the sample. The resultant reaction produced a precip-
itate of barium sulfate, which was collected by filtration,
washed, dried, and weighed. If 0.2815 g of barium sulfate
was obtained, what was the mass percentage of barium in
the sample?

4.108 A tanker truck carrying of concentrated sulfuric
acid solution tips over and spills its load. If the sulfuric acid is

H2SO4 by mass and has a density of , how
many kilograms of sodium carbonate must be added to neu-
tralize the acid?

4.109 A sample of 5.53 g of Mg(OH)2 is added to 25.0 mL of 0.200
M HNO3. (a) Write the chemical equation for the reaction
that occurs.(b) Which is the limiting reactant in the reaction?
(c) How many moles of Mg(OH)2, HNO3, and Mg(NO3)2 are
present after the reaction is complete?

1.84 g>mL95.0%

5.0 * 103 kg

23.5% O70.6% C5.89% H

4.110 A sample of 1.50 g of lead(II) nitrate is mixed with 125 mL of
0.100M sodium sulfate solution.(a) Write the chemical equa-
tion for the reaction that occurs.(b) Which is the limiting
reactant in the reaction? (c) What are the concentrations of all
ions that remain in solution after the reaction is complete?

[4.111] The average concentration of bromide ion in seawater is
65 mg of bromide ion per kg of seawater. What is the molarity
of the bromide ion if the density of the seawater is

[4.112] The mass percentage of chloride ion in a 25.00-mL sample of
seawater was determined by titrating the sample with silver
nitrate, precipitating silver chloride. It took 42.58 mL of
0.2997M silver nitrate solution to reach the equivalence point
in the titration. What is the mass percentage of chloride ion in
the seawater if its density is ?

4.113 The arsenic in a 1.22-g sample of a pesticide was converted to
by suitable chemical treatment. It was then titrated

using to form Ag3AsO4 as a precipitate.(a) What is the
oxidation state of As in ? (b) Name Ag3AsO4 by anal-
ogy to the corresponding compound containing phosphorus
in place of arsenic.(c) If it took 25.0 mL of 0.102 M to
reach the equivalence point in this titration, what is the mass
percentage of arsenic in the pesticide?

[4.114] The newest US standard for arsenate in drinking water, man-
dated by the Safe Drinking Water Act, required that by January
2006, public water supplies must contain no greater than
10 parts per billion (ppb) arsenic. If this arsenic is present as
arsenate, , what mass of sodium arsenate would be
present in a 1.00-L sample of drinking water that just meets
the standard? Parts per billion is defined on a mass basis as

ppb =
g solute

g solution
* 109.

AsO4
3-

Ag+

AsO4
3-

Ag+
AsO4

3-

1.025 g>mL

1.025 g>mL?
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[4.115] Federal regulations set an upper limit of 50 parts per million
(ppm) of NH3 in the air in a work environment [that is, 50
molecules of NH3(g) for every million molecules in the air].
Air from a manufacturing operation was drawn through a so-
lution containing of 0.0105 M HCl. The NH3
reacts with HCl as follows:

NH31aq2 + HCl1aq2 ¡ NH4Cl1aq2

1.00 * 102 mL

After drawing air through the acid solution for 10.0 min at a
rate of , the acid was titrated. The remaining acid
needed 13.1 mL of 0.0588 M NaOH to reach the equivalence
point. (a) How many grams of NH3 were drawn into the acid
solution?(b) How many ppm of NH3 were in the air? (Air has
a density of and an average molar mass of
under the conditions of the experiment.) (c) Is this manufac-
turer in compliance with regulations?

29.0 g>mol1.20 g>L

10.0 L/min



another or transferred between systems and surroundings. The
energy possessed by a system is called its internal energy.
Internal energy is a state function, a quantity whose value
depends only on the current state of a system, not on how the
system came to be in that state.

5.3 ENTHALPY
Next, we encounter a state function called enthalpy that is useful
because the change in enthalpy measures the quantity of heat
energy gained or lost by a system in a process occurring under
constant pressure.

WHAT•S AHEAD
5.1 THE NATURE OF ENERGY
We begin by considering the nature of energy and the forms it
takes, notably kinetic energy and potential energy. We discuss the
units used in measuring energy and the fact that energy can be
used to do work or to transfer heat. To study energy changes, we
focus on a particular part of the universe, which we call the
system. Everything else is called the surroundings.

5.2 THE FIRST LAW OF THERMODYNAMICS
We then explore the first law of thermodynamics : Energy cannot
be created or destroyed but can be transformed from one form to

5
BIOENERGY . The sugars in sugarcane,
produced from CO 2, H2O, and sunshine via
photosynthesis, can be converted into
ethanol, which is used as an alternative to
gasoline. In certain climates, such as that in
Brazil, the sugarcane crop replenishes itself
rapidly, making cane-based ethanol a
sustainable fuel source.



5.4 ENTHALPIES OF REACTION
We see that the enthalpy change associated with a chemical
reaction is the enthalpies of the products minus the enthalpies of
the reactants. This quantity is directly proportional to the amount
of reactant consumed in the reaction.

5.5 CALORIMETRY
We next examine calorimetry, an experimental technique used to
measure heat changes in chemical processes.

5.6 HESS•S LAW
We observe that the enthalpy change for a given reaction can be
calculated using appropriate enthalpy changes for related
reactions. To do so, we apply Hess•s law.

5.7 ENTHALPIES OF FORMATION
Then we discuss how to establish standard values for enthalpy
changes in chemical reactions and how to use them to calculate
enthalpy changes for reactions.

5.8 FOODS AND FUELS
Finally, we examine foods and fuels as sources of energy and
discuss some related health and social issues.
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conversation, from science to politics to economics to environmental issues. The
production of energy is a major factor in the growth of national economies, especially
rapidly developing countries such as China, India, and Brazil. The chapter-opening
photograph highlights the efforts in Brazil to use their bountiful and fast-growing
sugarcane crop as a source of ethanol. A major part of the Brazilian economy has
depended on the use of ethanol instead of petroleum-based fuels in transportation
and industry.

With the exception of the energy from the Sun, most of the energy used in our daily
lives comes from chemical reactions. The combustion of gasoline, the production of
electricity from coal, the heating of homes by natural gas, and the use of batteries to power
electronic devices are all examples of how chemistry is used to produce energy. In
addition, chemical reactions provide the energy that sustains living systems. Plants, such as
the sugarcane in the chapter-opening photograph, use solar energy to carry out
photosynthesis, allowing them to grow. The plants in turn provide food from which we
humans derive the energy needed to move, maintain body temperature, and carry out all

THERMO-
CHEMISTRY
CHANCES ARE YOU•VE HEARD THE word energy today, perhaps in one
of your courses, in the news, in conversation, or possibly in all
these instances. Our modern society depends on energy for its
existence. The issues surrounding energy„its sources,
production, distribution, and consumption„pervade a lot of our
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other bodily functions. What exactly is energy, though, and what principles are involved in
its production, consumption, and transformation from one form to another?

In this chapter we begin to explore energy and its changes. We are motivated not
only by the impact of energy on so many aspects of our daily lives but also by the fact
that if we are to properly understand chemistry, we must understand the energy
changes that accompany chemical reactions.

The study of energy and its transformations is known as thermodynamics (Greek:
thérme-, •heatŽ;dy•namis,•powerŽ). This area of study began during the Industrial
Revolution in order to develop the relationships among heat, work, and fuels in steam
engines. In this chapter we will examine the relationships between chemical reactions and
energy changes that involve heat. This portion of thermodynamics is called
thermochemistry . We will discuss additional aspects of thermodynamics in Chapter 19.

5.1 | THE NATURE OF ENERGY
The concept of matter has always been easy to grasp because matter can be seen and
touched. By contrast, although the concept of energy is a familiar one, it is challenging
to deal with in a precise way.Energy is commonly defined as the capacity to do work or
transfer heat.This definition requires us to understand the concepts of work and heat.
Work is the energy used to cause an object to move against a force,andheat is the energy
used to cause the temperature of an object to increase(� FIGURE 5.1). Let•s begin our
study of thermochemistry by examining the ways in which matter can possess energy
and how that energy can be transferred from one piece of matter to another.

Kinetic Energy and Potential Energy
Objects, whether they are baseballs or molecules, can possess kinetic energy , the energy
of motion. The magnitude of the kinetic energy,Ek, of an object depends on its mass,m,
and speed,v:

[5.1]

We see that the kinetic energy of an object increases as its speed increases. For example,
a car moving at 55 miles per hour (mph) has greater kinetic energy than it does at
25 mph. For a given speed the kinetic energy increases with increasing mass. Thus, a
large truck traveling at 55 mph has greater kinetic energy than a small sedan traveling at
the same speed because the truck has the greater mass. In chemistry, we are interested in
the kinetic energy of atoms and molecules. Although too small to be seen, these particles
have mass and are in motion and, therefore, possess kinetic energy.

All other kinds of energy„the energy stored in a stretched spring, in a weight held
above your head, or in a chemical bond, for example„are potential energy. An object
haspotential energy by virtue of its position relative to other objects. Potential energy
is, in essence, the •storedŽ energy that arises from the attractions and repulsions an
object experiences in relation to other objects.

We are all familiar with instances in which potential energy is converted into kinetic
energy. For example, think of a cyclist poised at the top of a hill (� FIGURE 5.2). Be-
cause of the attractive force of gravity, the potential energy of the cyclist and her bicycle
is greater at the top of the hill than at the bottom. As a result, the bicycle easily moves
down the hill with increasing speed. As it does so, the potential energy initially stored in
it is converted into kinetic energy. The potential energy decreases as the bicycle rolls
down the hill, but its kinetic energy increases as the speed increases (Equation 5.1).

We will soon see that this interconversion of energy, with one form decreasing while
the other increases, is the first cornerstone of thermodynamics.

Gravitational forces play a negligible role in the ways that atoms and molecules in-
teract with one another. Forces that arise from electrical charges are more important
when dealing with atoms and molecules. One of the most important forms of potential
energy in chemistry is electrostatic potential energy, Eel, which arises from the interactions
between charged particles. This energy is proportional to the electrical charges on the

Ek = 1
2 mv2

Work done by pitcher on 
ball to make ball move

Heat added by burner to 
water makes water 
temperature rise

(a)

(b)

� FIGURE 5.1 Work and heat, two
forms of energy. (a)Work is energy used to
cause an object to move. (b) Heat is energy
used to cause the temperature of an object
to increase.

G O  F I G U R E

Why is a pitcher able to throw a
baseball faster than he could
throw a bowling ball?
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two interacting objects,Q1 andQ2, and inversely proportional to the distance,d, sepa-
rating them:

[5.2]

Here is simply a constant of proportionality, . [C is the coulomb, a
unit of electrical charge € (Section 2.2), and J is the joule, a unit of energy we will dis-
cuss soon.] At the molecular level, the electrical charges Q1 andQ2 are typically on the
order of magnitude of the charge of the electron .

Equation 5.2 shows that the electrostatic potential energy goes to zero as d becomes
infinite; in other words, the zero of electrostatic potential energy is defined as infinite
separation of the charged particles.� FIGURE 5.3 illustrates how Eel behaves for

(1.60 * 10- 19 C)

8.99 * 109 J-m>C2k

Eel =
kQ1Q2

d

High potential energy,
zero kinetic energy

Decreasing potential energy,
increasing kinetic energy

� FIGURE 5.2 Potential energy and
kinetic energy. The potential energy initially
stored in the motionless bicycle at the top of
the hill is converted to kinetic energy as the
bicycle moves down the hill and loses
potential energy.

G O  F I G U R E

Suppose the bicyclist is coasting (not pedaling) at constant speed on a flat
road and begins to go up a hill. If she does not start pedaling, what hap-
pens to her speed? Why?

Separation
distance

Eel > 0

Eel = 0

Eel < 0
Q1 Q2

Q1 Q2

Like charges
(repulsion)

�

Opposite charges
(attraction)

Smaller separation, greater 
repulsion, higher Eel

Greater separation, less 
repulsion, lower Eel

Greater separation, 
less attraction, higher 
(less negative) Eel

Smaller separation, greater 
attraction, lower Eel

� FIGURE 5.3 Electrostatic potential
energy. At finite separation distances for
two charged particles, Eel is positive for like
charges and negative for opposite charges.
As the particles move farther apart, 
their electrostatic potential energy
approaches zero.

G O  F I G U R E

A positively charged particle and a negatively charged particle are initially
far apart. What happens to their electrostatic potential energy as they are
brought closer together?
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charges of the same and different sign. When Q1 andQ2 have the same sign (for exam-
ple, both positive), the two charged particles repel each other, and a repulsive force
pushes them apart. In this case,Eel is positive, and the potential energy decreases as the
particles move farther and farther apart. When Q1 andQ2 have opposite signs, the par-
ticles attract each other, and an attractive force pulls them toward each other. In this
case,Eel is negative, and the potential energy increases (becomes less negative) as the
particles move apart.

These trends in electrostatic potential energy are used often in chemistry, as we will
see later in the text.

One of our goals in chemistry is to relate the energy changes seen in the macro-
scopic world to the kinetic or potential energy of substances at the molecular level.
Many substances„fuels, for example„release chemical energywhen they react, energy
due to the potential energy stored in the arrangements of their atoms. The energy a sub-
stance possesses because of its temperature (its thermal energy) is associated with the
kinetic energy of the molecules in the substance.

G I V E  I T  S O M E  T H O U G H T

When the cyclist and bicycle in Figure 5.2 come to a stop at the bottom of the
hill, (a) is the potential energy the same as it was at the top of the hill? (b) Is the
kinetic energy the same as it was at the top of the hill?

Units of Energy
The SI unit for energy is the joule (pronounced •joolŽ), J, in honor of James Joule
(1818…1889), a British scientist who investigated work and heat: .
Equation 5.1 shows that a mass of 2 kg moving at a speed of possesses a kinetic
energy of 1 J:

Because a joule is not a large amount of energy, we often use kilojoules(kJ) in discussing
the energies associated with chemical reactions.

Traditionally, energy changes accompanying chemical reactions have been ex-
pressed in calories, a non…SI unit still widely used in chemistry, biology, and
biochemistry. A calorie (cal) was originally defined as the amount of energy required to
raise the temperature of 1 g of water from to . A calorie is now defined in
terms of the joule:

A related energy unit used in nutrition is the nutritional Calorie(note the capital C):
.

System and Surroundings
When analyzing energy changes, we need to focus on a limited and well-defined part of
the universe to keep track of the energy changes that occur. The portion we single out
for study is called the system ; everything else is called the surroundings . When we
study the energy change that accompanies a chemical reaction in the laboratory, the re-
actants and products constitute the system. The container and everything beyond it are
considered the surroundings.

Systems may be open, closed, or isolated. An opensystem is one in which matter
and energy can be exchanged with the surroundings. An uncovered pot of boiling water
on a stove, such as in Figure 5.1(b), is an open system: Heat comes into the system from
the stove, and water is released to the surroundings as steam.

The systems we can most readily study in thermochemistry are called closed
systems„systems that can exchange energy but not matter with their surroundings. For
example, consider a mixture of hydrogen gas, H2, and oxygen gas, O2, in a cylinder fitted
with a piston (� FIGURE 5.4). The system is just the hydrogen and oxygen; the cylinder,

1 Cal = 1000 cal= 1 kcal

1 cal = 4.184 J (exactly)

15.5 °C14.5 °C

Ek = 1
2 mv2 = 1

2 (2 kg)(1 m>s)2 = 1 kg-m2>s2 = 1 J

1 m>s
1 J = 1 kg-m2>s2

System�  H2(g) and O2(g)

Surroundings �  cylinder,
piston, and everything beyond

Matter can not enter 
or leave system

Energy can enter or 
leave system as heat or 
as work done on piston

� FIGURE 5.4 A closed system.

G O  F I G U R E

If the piston is pulled upward so
that it sits halfway between the
position shown and the top of the
cylinder, is the system still closed?
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piston, and everything beyond them (including us) are the surroundings. If the gases
react to form water, energy is liberated:

Although the chemical form of the hydrogen and oxygen atoms in the system is changed
by this reaction, the system has not lost or gained mass, which means it has not ex-
changed any matter with its surroundings. However, it can exchange energy with its
surroundings in the form ofworkandheat.

An isolatedsystem is one in which neither energy nor matter can be exchanged with
the surroundings. An insulated thermos containing hot coffee approximates an isolated
system. We know, however, that the coffee eventually cools, so it is not perfectly isolated.

G I V E  I T  S O M E  T H O U G H T

Is a human being an isolated, closed, or open system?

Transferring Energy: Work and Heat
Figure 5.1 illustrates the two ways we experience energy changes in our everyday lives„
in the form of work and in the form of heat. In Figure 5.1(a) work is done as energy is
transferred from the pitcher•s arm to the ball, directing it toward the plate at high speed.
In Figure 5.1(b) energy is transferred in the form of heat. Causing the motion of an ob-
ject against a force and causing a temperature change are the two general ways that
energy can be transferred into or out of a system.

A force is any push or pull exerted on an object. We define work,w, as the energy
transferred when a force moves an object. The magnitude of this work equals the prod-
uct of the force,F,and the distance,d, the object moves:

[5.3]

We perform work, for example, when we lift an object against the force of gravity. If we
define the object as the system, then we„as part of the surroundings„are performing
work on that system, transferring energy to it.

The other way in which energy is transferred is as heat.Heat is the energy trans-
ferred from a hotter object to a colder one. A combustion reaction, such as the burning
of natural gas illustrated in Figure 5.1(b), releases the chemical energy stored in the mol-
ecules of the fuel.€ (Section 3.2)If we define the substances involved in the reaction
as the system and everything else as the surroundings, we find that the released energy
causes the temperature of the system to increase. Energy in the form of heat is then
transferred from the hotter system to the cooler surroundings.

SAMPLE EXERCISE 5.1 Describing and Calculating Energy Changes

A bowler lifts a 5.4-kg (12-lb) bowling ball from ground level to a height of 1.6 m (5.2 ft) and
then drops it.(a) What happens to the potential energy of the ball as it is raised? (b) What
quantity of work, in J, is used to raise the ball? (c) After the ball is dropped, it gains kinetic en-
ergy. If all the work done in part (b) has been converted to kinetic energy by the time the ball
strikes the ground, what is the ball•s speed just before it hits the ground? (Note: The force due
to gravity is , where m is the mass of the object and gis the gravitational constant;

.)

SOLUTION
Analyze We need to relate the potential energy of the bowling ball to its position relative to
the ground. We then need to establish the relationship between work and the change in the
ball•s potential energy. Finally, we need to connect the change in potential energy when the ball
is dropped with the kinetic energy attained by the ball.

Plan We can calculate the work done in lifting the ball by using Equation 5.3: .
The kinetic energy of the ball just before it hits the ground equals its initial potential energy.
We can use the kinetic energy and Equation 5.1 to calculate the speed,v, just before impact.

w = F * d

g = 9.8 m>s2
F = m * g

w = F * d

2 H2(g) + O2(g) ¡ 2 H2O(g) + energy
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Solve
(a) Because the ball is raised above the ground, its potential energy relative to the ground
increases.
(b) The ball has a mass of 5.4 kg and is lifted 1.6 m. To calculate the work performed to raise
the ball, we use Equation 5.3 and for the force that is due to gravity:

Thus, the bowler has done 85 J of work to lift the ball to a height of 1.6 m.
(c) When the ball is dropped, its potential energy is converted to kinetic energy. We assume
that the kinetic energy just before the ball hits the ground is equal to the work done in part (b),
85 J:

We can now solve this equation for v:

Check Work must be done in (b) to increase the potential energy of the ball, which is in
accord with our experience. The units are appropriate in (b) and (c). The work is in units of
J and the speed in units of . In (c) we carry an additional digit in the intermediate calcula-
tion involving the square root, but we report the final value to only two significant figures, as
appropriate.

Comment A speed of is roughly 2 mph, so the bowling ball has a speed greater than 
10 mph just before impact.

PRACTICE EXERCISE
What is the kinetic energy, in J, of(a) an Ar atom moving at a speed of ,(b) a mole of
Ar atoms moving at ? (Hint: .)
Answers: (a) , (b) 8.4 * 103J1.4 * 10- 20J

1 amu = 1.66 * 10- 27 kg650 m>s
650 m>s

1 m>s

m>s

v = 2 31.5 m2>s2 = 5.6 m>s

v2 = a
2Ek

m
b = a

2(85 kg-m2>s2)

5.4 kg
b = 31.5 m2>s2

Ek = 1
2 mv2 = 85 J= 85 kg-m2>s2

w = F * d = m * g * d = (5.4 kg)(9.8 m>s2)(1.6 m) = 85 kg-m2>s2 = 85 J

F = m * g

5.2 | THE FIRST LAW OF THERMODYNAMICS
We have seen that the potential energy of a system can be converted into kinetic energy,
and vice versa. We have also seen that energy can be transferred back and forth between
a system and its surroundings in the forms of work and heat. All of these conversions
and transfers proceed in accord with one of the most important observations in science:
Energy can be neither created nor destroyed. Any energy that is lost by a system must be
gained by the surroundings, and vice versa. This important observation„that energy is
conserved„is known as the first law of thermodynamics . To apply this law quantita-
tively, let•s first define the energy of a system more precisely.

Internal Energy
We will use the first law of thermodynamics to analyze energy changes in chemical sys-
tems. In order to do so, we must consider all the sources of kinetic and potential energy
in the system we are studying. We define the internal energy , E,of a system as the sum
of all the kinetic and potential energies of the components of the system. For the system
in Figure 5.4, for example, the internal energy includes not only the motions and inter-
actions of the H2 and O2 molecules but also the motions and interactions of the nuclei
and electrons. We generally do not know the numerical value of a system•s internal en-
ergy. In thermodynamics, we are mainly concerned with the changein E(and, as we shall
see, changes in other quantities as well) that accompanies a change in the system.

Imagine that we start with a system with an initial internal energy Einitial. The
system then undergoes a change, which might involve work being done or heat being
transferred. After the change, the final internal energy of the system is Efinal. We define
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the changein internal energy, denoted ¢E (read •delta EŽ),* as the difference between
Efinal andEinitial:

[5.4]

We generally can•t determine the actual values ofEfinal andEinitial for any system of practical
interest. Nevertheless, one of the beautiful aspects of the first law of thermodynamics is that
we need only the value of¢Ein order to apply the law. We can often determine the value of
¢Eeven though we don•t know the specific values ofEfinal andEinitial.

Thermodynamic quantities such as have three parts: (1) a number and (2) a unit,
which together give the magnitude of the change, and (3) a sign that gives the direction. A
positivevalue of results when , indicating that the system has gained en-
ergy from its surroundings. A negativevalue of¢Eresults when Efinal 6 Einitial, indicating
that the system has lost energy to its surroundings. Notice that we are taking the point of
view of the system rather than that of the surroundings in discussing the energy changes.
We need to remember, however, that any increase in the energy of the system is accompa-
nied by a decrease in the energy of the surroundings, and vice versa. These features of
energy changes are summarized in � FIGURE 5.5.

In a chemical reaction, the initial state of the system refers to the reactants and the
final state refers to the products. In the reaction

for instance, the initial state is the and the final state is the 2 H2O(l).
When hydrogen and oxygen form water at a given temperature, the system loses energy to
the surroundings. Because energy is lost from the system, the internal energy of the prod-
ucts (final state) is less than that of the reactants (initial state), and for the process is
negative. Thus, the energy diagramin � FIGURE 5.6 shows that the internal energy of the
mixture of H2 and O2 is greater than that of the H2O produced in the reaction.

Relating � E to Heat and Work
As we noted in Section 5.1, a system may exchange energy with its surroundings in two
general ways: as heat or as work. The internal energy of a system changes in magnitude
as heat is added to or removed from the system or as work is done on or by the system.
If we think of internal energy as the system•s bank account of energy, we see that
deposits or withdrawals can be made either in increments of heat or in increments of

¢ E

2 H2(g) + O2(g)

2 H2(g) + O2(g) ¡ 2 H2O(l)

Efinal 7 Einitial¢ E

¢ E

¢ E = Efinal - Einitial

*The symbol¢ is commonly used to denotechange.For example, a change in height,h, can be represented by
¢h.

Energy lost to surroundings,
internal energy of system 
decreases, � E negative

Energy gained from surroundings,
internal energy of system 
increases, � E positive

Initial state
of system

Einitial

EfinalFinal state
of system

In
te

rn
al

 e
ne

rg
y,

 E

Einitial

Efinal

Final state
of systemLoss of energy from system 

represented by blue arrow 
pointing downward from initial 
state to final state

Gain of energy by system 
represented by red arrow 
pointing upward from initial 
state to final state

� FIGURE 5.5 Changes in internal
energy.

G O  F I G U R E

What is the value of ¢E if Efinal equals Einitial?

� E �  0

H2(g), O2(g)
Initial
state

Final
state

Einitial  greater than Efinal , energy
released from system to surrounding
during reaction, � E �  0

H2O(l)

In
te

rn
al

 e
ne

rg
y,

 E

� FIGURE 5.6 Energy diagram for the
reaction .2 H2(g) � O2(g) ¡ 2 H2O(l )

G O  F I G U R E

The internal energy for Mg( s) and
Cl2(g) is greater than that of
MgCl2(s). Sketch an energy dia-
gram that represents the reaction

.Mg(s) � Cl2(g)MgCl2(s) ¡
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work. Deposits increase the energy of the system (positive ), whereas withdrawals
decrease the energy of the system (negative ).

We can use these ideas to write a useful algebraic expression of the first law of thermo-
dynamics. When a system undergoes any chemical or physical change, the accompanying
change in internal energy, , is the sum of the heat added to or liberated from the system,
q,and the work done on or by the system,w:

[5.5]

When heat is added to a system or work is done on a system, its internal energy increases.
Therefore, when heat is transferred to the system from the surroundings,qhas a positive
value. Adding heat to the system is like making a deposit to the energy account„the en-
ergy of the system increases (� FIGURE 5.7). Likewise, when work is done on the
system by the surroundings,w has a positive value. Conversely, both the heat lost by
the system to the surroundings and the work done by the system on the surroundings
have negative values; that is, they lower the internal energy of the system. They are en-
ergy withdrawals and lower the amount of energy in the system•s account.

The sign conventions for q, w,and are summarized in � TABLE 5.1. Notice that
any energy entering the system as either heat or work carries a positive sign.

¢ E

¢ E = q + w

¢ E

¢ E
¢ E

System is interior of vault

Energy deposited into system
� E �  0

Energy withdrawn from system
� E �  0

q �  0
w �  0

q �  0
w �  0

Internal
energy

Internal
energy

Internal
energy

HHHHHHHeHeHeHeHeeeeaaatat gaiiiiiiiiiiiiinnnennenenenneennennn ddd WoWoWoWooooooorrrkrrrrrr  donee onononnn sss sysysysyssyy teteteeet mmmmm

Heat lllllllooosossssssso tt
oWoWooWoWooorkkrkkkk ddonnnonnnnnononne by system

Heat los
ork done on system

Heat gain

� FIGURE 5.7 Sign conventions for
heat and work. Heat, q, gained by a system
and work, w, done on a system are both
positive quantities, corresponding to
•depositsŽ of internal energy into the system.
Conversely, heat transferred from the system
to the surroundings and work done by the
system on the surroundings are both
•withdrawalsŽ of internal energy from the
system.

G O  F I G U R E

Suppose a system receives a •depositŽ of work from the surroundings and
loses a •withdrawalŽ of heat to the surroundings. Can we determine the sign
of ¢E for this process?

TABLE 5.1 € Sign Conventions for q, w, and � E

For q means system gainsheat+ means system losesheat-
For w means work done onsystem+ means work done bysystem-
For ¢ E meansnet gainof energy by system+ meansnet lossof energy by system-
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SAMPLE EXERCISE 5.2 Relating Heat and Work to Changes
of Internal Energy

Gases A(g) and B(g) are confined in a cylinder-and-piston arrangement like that in Figure 5.4
and react to form a solid product C(s): . As the reaction occurs, the
system loses 1150 J of heat to the surroundings. The piston moves downward as the gases react
to form a solid. As the volume of the gas decreases under the constant pressure of the atmos-
phere, the surroundings do 480 J of work on the system. What is the change in the internal
energy of the system?

SOLUTION
Analyze The question asks us to determine ¢E,given information about q andw.

Plan We first determine the signs ofq and w (Table 5.1) and then use Equation 5.5,
to calculate ¢E.

Solve Heat is transferred from the system to the surroundings, and work is done on the sys-
tem by the surroundings, so q is negative and w is positive: and . Thus,

The negative value of tells us that a net quantity of 670 J of energy has been transferred
from the system to the surroundings.

Comment You can think of this change as a decrease of 670 J in the net value of the system•s
energy bank account (hence, the negative sign); 1150 J is withdrawn in the form of heat while
480 J is deposited in the form of work. Notice that as the volume of the gases decreases, work is
being done onthe system bythe surroundings, resulting in a deposit of energy.

PRACTICE EXERCISE
Calculate the change in the internal energy for a process in which a system absorbs 140 J of
heat from the surroundings and does 85 J of work on the surroundings.
Answer: +55 J

¢ E

¢ E = q + w = ( - 1150 J)+ (480 J)= - 670 J

w = 480 kJq = - 1150 J

¢ E = q + w,

A(g) + B(g) ¡ C(s)

Endothermic and Exothermic Processes
Because transfer of heat to and from the system is central to our discussion in this chap-
ter, we have some special terminology to indicate the direction of transfer. When a
process occurs in which the system absorbs heat, the process is called endothermic
(endo- means •intoŽ). During an endothermic process, such as the melting of ice, heat
flows into the system from its surroundings [� FIGURE 5.8(a)]. If we, as part of the sur-
roundings, touch a container in which ice is melting, the container feels cold to us
because heat has passed from our hand to the container.

A process in which the system loses heat is called exothermic (exo- means •out
ofŽ). During an exothermic process, such as the combustion of gasoline, heat exitsor
flows outof the system into the surroundings [Figure 5.8(b)].

G I V E  I T  S O M E  T H O U G H T

When H2(g) and O2(g) react to form H2O(l), heat is released to the surroundings.
Consider the reverse reaction, namely, the formation of H 2(g) and O2(g) from
H2O(l): . Is this reaction exothermic or endothermic?
(Hint: Refer to Figure 5.6)

State Functions
Although we usually have no way of knowing the precise value of the internal energy of
a system,E, it does have a fixed value for a given set of conditions. The conditions that
influence internal energy include the temperature and pressure. Furthermore, the inter-
nal energy of a system is proportional to the total quantity of matter in the system
because energy is an extensive property.€ (Section 1.3)

Suppose we define our system as 50 g of water at (� FIGURE 5.9). The sys-
tem could have reached this state by cooling 50 g of water from to or by
melting 50 g of ice and subsequently warming the water to The internal energy of25 °C.

25 °C100 °C
25 °C

2 H2O(l) ¡ 2 H2(g) + O2(g)
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the water at is the same in either case. Internal energy is an example of a state
function , a property of a system that is determined by specifying the system•s condition,
or state (in terms of temperature, pressure, and so forth).The value of a state function de-
pends only on the present state of the system, not on the path the system took to reach that
state.BecauseEis a state function, depends only on the initial and final states of the
system, not on how the change occurs.

An analogy may help you understand the difference between quantities that are
state functions and those that are not. Suppose you drive from Chicago, which is 596 ft
above sea level, to Denver, which is 5280 ft above sea level. No matter which route you
take, the altitude change is 4684 ft. The distance you travel, however, depends on your
route. Altitude is analogous to a state function because the change in altitude is inde-
pendent of the path taken. Distance traveled is not a state function.

Some thermodynamic quantities, such as E, are state functions. Other quantities,
such as q andw, are not. This means that, although does not depend on
how the change occurs, the specific amounts of heat and work produced depend on the
way in which the change occurs, analogous to the choice of travel route between Chicago
and Denver. Nevertheless, if changing the path by which a system goes from an initial
state to a final state increases the value ofq, that path change will also decrease the value
of w by exactly the same amount. The result is that is the same for the two paths.¢ E

¢ E = q + w

¢ E

25 °C

50 g
H2O(l)
25 �CInitially hot water

cools to water at 25 �C;
once this temperature 
is reached, system has
internal energy E

Ice warms up to water
at 25 �C; once this
temperature is reached,
system has internal
energy E

50 g
H2O(s)
0 �C

50 g
H2O(l )
100�C

� FIGURE 5.9 Internal
energy, E, a state function. Any
state function depends only on
the present state of the system
and not on the path by which the
system arrived at that state.

)b()a(

Heat flows from surroundings into 
system (endothermic reaction),
temperature of surroundings drops, 
thermometer reads temperature well 
below room temperature

System: reactants + products

Surroundings: solvent, 
initially at room temperature

Heat flows (violently) from system into 
surroundings (exothermic reaction),
temperature of surroundings increases

System:  reactants

Surroundings:
air around reactants

� FIGURE 5.8 Endothermic and
exothermic reactions. (a) When ammonium
thiocyanate and barium hydroxide
octahydrate are mixed at room temperature,
the temperature drops. (b) The reaction of
powdered aluminum with Fe 2O3 (the thermite
reaction) proceeds vigorously, releasing heat
and forming Al2O3 and molten iron.
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We can illustrate this principle using a flashlight battery as our system. As the bat-
tery is discharged, its internal energy decreases as the energy stored in the battery is
released to the surroundings. In � FIGURE 5.10, we consider two possible ways of dis-
charging the battery at constant temperature. If a wire shorts out the battery, no work is
accomplished because nothing is moved against a force. All the energy lost from
the battery is in the form of heat. (The wire gets warmer and releases heat to the
surroundings.) If the battery is used to make a motor turn, the discharge pro-
duces work. Some heat is released, but not as much as when the battery is
shorted out. We see that the magnitudes ofq andw must be different for these
two cases. If the initial and final states of the battery are identical in the two
cases, however, then must be the same in both cases because is
a state function. Remember:¢E depends only on the initial and final states of
the system, not on the specific path taken from the initial to the final state.

G I V E  I T  S O M E  T H O U G H T

In what ways is the balance in your checkbook a state function?

5.3 | ENTHALPY
The chemical and physical changes that occur around us, such as photosynthesis
in the leaves of a plant, evaporation of water from a lake, or a reaction in an open
beaker in a laboratory, occur under the essentially constant pressure of Earth•s
atmosphere.* These changes can result in the release or absorption of heat and
can be accompanied by work done by or on the system. In exploring these
changes, we have a number of experimental means to measure the flow of heat
into and out of the system, and we therefore focus much of our discussion on
what we can learn from the heat flow. (Of course, in order to apply the first law of ther-
modynamics to these processes, we still need to account for any work that accompanies
the process.)

A system that consists of a gas confined to a container can be characterized by
several different properties. Among the most important are the pressureof the gas,P,
and the volumeof the container,V. Like internal energy E, both P and V are state
functions„they depend only on the current state of the system and not on the path
taken to that state.

We can combine these three state functions„E, P,and V„to define a new state
function called enthalpy (from the Greek enthalpein,•to warmŽ). This new function is
particularly useful for discussing heat flow in processes that occur under constant (or
nearly constant) pressure. Enthalpy, which we denote by the symbol H, is defined as the
internal energy plus the product of the pressure and volume of the system:

[5.6]

G I V E  I T  S O M E  T H O U G H T

Given the definition of enthalpy in Equation 5.6, why must H be a state function?

You might be asking yourself why it is convenient to define a new function H. To
answer that question, recall from Equation 5.5 that ¢E involves not only the heat q
added to or removed from the system but also the work w done by or on the system.
Most commonly, the only kind of work produced by chemical or physical changes open
to the atmosphere is the mechanical work associated with a change in volume. For
example, when the reaction of zinc metal with hydrochloric acid solution,

[5.7]Zn(s) + 2 H+(aq) ¡ Zn2+(aq) + H2(g)

H = E + PV

¢ E¢ E = q + w

Energy lost only as heat

Energy lost as both heat and work

Charged battery

Discharged battery

Energy
lost by
battery

Heat

Heat

Work
� E

(b)(a)

� FIGURE 5.10 Internal energy is a
state function, but heat and work are not.
(a) A battery shorted out by a wire loses
energy to the surroundings only as heat; no
work is performed. (b) A battery discharged
through a motor loses energy as work (to
make the fan turn) and also loses some
energy as heat. The value of ¢E is the same
for both processes even though the values of
q and w in (a) are different from those in (b).

G O  F I G U R E

If the battery is defined as the
system, what is the sign on w in
part (b)?

*You are probably familiar with the notion of atmospheric pressure from a previous course in chemistry. We
will discuss it in detail in Chapter 10. Here we need realize only that the atmosphere exerts a pressure on the
surface of Earth that is nearly constant.
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is run at constant pressure in the apparatus illustrated in � FIGURE 5.11, the piston
moves up or down to maintain a constant pressure in the vessel. If we assume for sim-
plicity that the piston has no mass, the pressure in the apparatus is the same as
atmospheric pressure. As the reaction proceeds, H2 gas forms, and the piston rises. The
gas within the flask is thus doing work on the surroundings by lifting the piston against
the force of atmospheric pressure.

The work involved in the expansion or compression of gases is called pressure-
volume work (or P-Vwork). When pressure is constant in a process, as in our preceding
example, the sign and magnitude of the pressure-volume work are given by

[5.8]

where Pis pressure and - Vinitial is the change in volume of the system. The
negative sign in Equation 5.8 is necessary to conform to the sign conventions of Table
5.1. The pressure P is always either a positive number or zero. If the volume of the sys-
tem expands, then is positive as well. Because the expanding system does work on
the surroundings,w is negative„energy leaves the system as work. Notice that if the gas
is compressed, is negative (the volume decreases), and Equation 5.8 indicates that w
is positive, meaning work is done on the system by the surroundings. The •A Closer
LookŽ box discusses pressure-volume work in detail, but all you need to keep in mind
for now is Equation 5.8, which applies to processes occurring at constant pressure.

G I V E  I T  S O M E  T H O U G H T

If a system does not change its volume during the course of a process, does it
do pressure-volume work?

Let•s now return to our discussion of enthalpy. When a change occurs at constant
pressure, the change in enthalpy, , is given by the relationship

[5.9]
= ¢ E + P¢ V (constant pressure)

¢ H = ¢ (E + PV)

¢ H

¢ V

¢ V

¢ V = Vfinal

w = - P ¢ V

H2 gas
plus original
atmosphere

Zn(s)

HCl( aq)

Piston

Zn(s) HCl( aq)

Zn(s) �  2 H� (aq) Zn2� (aq) �  H2(g)

Increase in volume means system
does pressure-volume work

� FIGURE 5.11 A system that does work on its surroundings.

G O  F I G U R E

If the amount of zinc used in the reaction is increased, will more work be
done by the system? Is there additional information you need in order to
answer this question?



SECTION 5.3 Enthalpy 171

SAMPLE EXERCISE 5.3 Determining the Sign of ¢H

Indicate the sign of the enthalpy change, , in these processes carried out under atmospheric
pressure and indicate whether each process is endothermic or exothermic:(a) An ice cube
melts;(b) 1 g of butane (C4H10) is combusted in sufficient oxygen to give complete combus-
tion to CO2 and H2O.

SOLUTION
Analyze Our goal is to determine whether ¢H is positive or negative for each process. Be-
cause each process occurs at constant pressure, the enthalpy change equals the quantity of heat
absorbed or released,¢H qP.

Plan We must predict whether heat is absorbed or released by the system in each process.
Processes in which heat is absorbed are endothermic and have a positive sign for ¢H; those in
which heat is released are exothermic and have a negative sign for ¢H.

Solve In (a) the water that makes up the ice cube is the system. The ice cube absorbs heat
from the surroundings as it melts, so ¢H is positive and the process is endothermic. In (b) the
system is the 1 g of butane and the oxygen required to combust it. The combustion of butane
in oxygen gives off heat, so ¢H is negative and the process is exothermic.

PRACTICE EXERCISE
Molten gold poured into a mold solidifies at atmospheric pressure. With the gold defined as
the system, is the solidification an exothermic or endothermic process?
Answer: In order to solidify, the gold must cool to below its melting temperature. It cools by
transferring heat to its surroundings. The air around the sample would feel hot because heat is
transferred to it from the molten gold, meaning the process is exothermic.

You may notice that solidification of a liquid is the reverse of the melting we analyzed in
the exercise. As we will see, reversing the direction of a process changes the sign of the heat
transferred.

=

¢ H

Heat gain

Heat loss

� H �  0
(Endothermic)

� H �  0
(Exothermic)

H

H

(a)

(b)

Constant pressure
maintained in system

� H is amount of heat that
flows into or out of system
under constant pressure

� FIGURE 5.12 Endothermic and
exothermic processes. (a) An endothermic
process (¢H 7 0) deposits heat into the
system. (b) An exothermic process (¢H 6 0)
withdraws heat from the system.

That is, the change in enthalpy equals the change in internal energy plus the product of
the constant pressure times the change in volume.

Recall that (Equation 5.5) and that the work involved in the expansion
or compression of a gas is w …P¢V (at constant pressure). Substituting for 
and for into Equation 5.9, we have

[5.10]

The subscript P on q indicates that the process occurs at constant pressure. Thus,the
change in enthalpy equals the heat qP gained or lost at constant pressure.BecauseqP is
something we can either measure or readily calculate and because so many physical and
chemical changes of interest to us occur at constant pressure, enthalpy is a more useful
function for most reactions than is internal energy. In addition, for most reactions the
difference in and is small because is small.

When is positive (that is, when qP is positive), the system has gained heat from
the surroundings (Table 5.1), which means the process is endothermic. When is
negative, the system has released heat to the surroundings, which means the process is
exothermic. To continue the bank analogy of Figure 5.7, under constant pressure an en-
dothermic process deposits energy in the system in the form of heat and an exothermic
process withdraws energy in the form of heat (� FIGURE 5.12).

BecauseH is a state function, (which equals qP) depends only on the initial and
final states of the system, not on how the change occurs. At first glance this statement
might seem to contradict our discussion in Section 5.2, in which we said that q is not a
state function. There is no contradiction, however, because the relationship between 
andqP has the special limitations that only P-Vwork is involved and that the pressure is
constant.

G I V E  I T  S O M E  T H O U G H T

What common laboratory measuring device will we likely always use in
experiments that measure enthalpy changes?

¢ H

¢ H

¢ H
¢ H

P ¢ V¢ E¢ H

¢ H = ¢ E + P ¢ V = (qP + w) - w = qP

¢ Eq + w
P ¢ V- w=

¢ E = q + w
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ENERGY, ENTHALPY, AND P-V WORK

In chemistry we are interested mainly in two types of
work: electrical work and mechanical work done by

expanding gases. We focus here on the latter, called
pressure-volume, or P-V,work. Expanding gases in

the cylinder of an automobile engine do P-V
work on the piston; this work eventually turns the wheels. Expanding
gases from an open reaction vessel do P-V work on the atmosphere.
This work accomplishes nothing in a practical sense, but we must
keep track of all work, useful or not, when monitoring energy
changes in a system.

Let•s consider a gas confined to a cylinder with a movable piston
of cross-sectional area A (� FIGURE 5.13). A downward force Facts
on the piston. The pressure, P,on the gas is the force per area:

. We assume that the piston is massless and that the only
pressure acting on it is the atmospheric pressurethat is due to Earth•s
atmosphere, which we assume to be constant.

P = F>A

Cross-sectional
area � AInitial

state

Gas enclosed
in cylinder

Final
state

Volume
change

P � F/A P � F/A

� V� h

System does work w = …P� V
on surroundings as gas expands, 
pushing piston up distance � h

A CLOSER LOOK

� FIGURE 5.13 Pressure-volume work. The amount of work
done by the system on the surroundings is .w = - P ¢ V

5.4 | ENTHALPIES OF REACTION
Because , the enthalpy change for a chemical reaction is given by

[5.16]

The enthalpy change that accompanies a reaction is called either the enthalpy of reac-
tion or the heat of reactionand is sometimes written , where •rxnŽ is a commonly
used abbreviation for •reaction.Ž

When we give a numerical value for ¢Hrxn, we must specify the reaction involved.
For example, when 2 mol H2(g) burn to form 2 mol H2O(g) at a constant pressure, the
system releases 483.6 kJ of heat. We can summarize this information as

[5.17]2 H2(g) + O2(g) ¡ 2 H2O(g)   ¢ H = - 483.6 kJ

¢ Hrxn

¢ H = Hproducts - Hreactants

¢ H = Hfinal - Hinitial

Suppose the gas expands and the piston moves a distance .
From Equation 5.3, the magnitude of the work done by the system is

[5.11]

We can rearrange the definition of pressure, , to .
The volume change, , resulting from the movement of the piston
is the product of the cross-sectional area of the piston and the distance
it moves: . Substituting into Equation 5.11 gives

Because the system (the confined gas) does work on the sur-
roundings, the work is a negative quantity:

[5.12]

Now, if P-Vwork is the only work that can be done, we can substitute
Equation 5.12 into Equation 5.5 to give

[5.13]

When a reaction is carried out in a constant-volume container
, therefore, the heat transferred equals the change in internal

energy:

[5.14]

The subscript V indicates that the volume is constant.
Most reactions are run under constant pressure, so that Equa-

tion 5.13 becomes

[5.15]

We see from Equation 5.9 that the right side of Equation 5.15
is the enthalpy change under constant-pressure conditions.
Thus, , as we saw in Equation 5.10.

In summary, the change in internal energy is equal to the
heat gained or lost at constant volume, and the change in
enthalpy is equal to the heat gained or lost at constant
pressure. The difference between and is the amount of
P-V work done by the system when the process occurs at

constant pressure, The volume change accompanying many
reactions is close to zero, which makes and, therefore, the
difference between and small. Under most circumstances, it
is generally satisfactory to use as the measure of energy changes
during most chemical processes.

RELATED EXERCISES:5.35, 5.36, 5.37, 5.38

¢ H
¢ H¢ E

P ¢ V
- P ¢ V.

¢ H¢ E

¢ H = qP

qP = ¢ E + P ¢ V  (constant pressure)

¢ E = qP - P ¢ V

¢ E = q - P¢ V = q - P(0) = qV  (constant volume)

(¢ V = 0)

¢ E = q + w = q - P ¢ V

w = - P ¢ V

= P * ¢ V
 Magnitude of work= F * ¢ h = P * A * ¢ h

¢ V = A * ¢ h

¢ V
F = P * AP = F>A

Magnitude of work= force * distance= F * ¢ h

¢ h
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The negative sign for ¢H tells us that this reaction is exothermic. Notice that is re-
ported at the end of the balanced equation, without explicitly specifying the amounts of
chemicals involved. In such cases the coefficients in the balanced equation represent the
number of moles of reactants and products producing the associated enthalpy change.
Balanced chemical equations that show the associated enthalpy change in this way are
calledthermochemical equations.

The exothermic nature of this reaction is also shown in the enthalpy diagramin
� FIGURE 5.14. Notice that the enthalpy of the reactants is greater (more positive) than
the enthalpy of the products. Thus,¢H Hproducts- Hreactantsis negative.

G I V E  I T  S O M E  T H O U G H T

If the reaction to form water were written , would
you expect the same value of ¢H as in Equation 5.17? Why or why not?

The reaction of hydrogen with oxygen is highly exothermic and occurs rapidly once
it starts. It can occur with explosive violence, as demonstrated by the explosions of the
German airship Hindenburgin 1937 (� FIGURE 5.15) and the U.S. space shuttle
Challengerin 1986.

H2(g) + 1
2 O2(g) ¡ H2O(g)

=

¢ H

2 H2(g) �  O2(g)

2 H2O(g)

2 H2(g) �  O2(g) 2 H2O(g)

� H � 0
(exothermic)

E
nt

ha
lp

y

O2

H2
H2O

H2(g) �  O2(g) Violent reaction to
form H2O(g)

Explosion and flame
indicate system releases
heat to surroundings

� FIGURE 5.14 Exothermic reaction of
hydrogen with oxygen. When a mixture of
H2(g) and O2(g) is ignited to form H2O(g), the
resultant explosion produces a ball of flame.
Because the system releases heat to the
surroundings, the reaction is exothermic as
indicated in the enthalpy diagram.

� FIGURE 5.15 The burning of the
hydrogen-filled airship Hindenburg. This
tragedy, in Lakehurst, New Jersey, on May 6,
1937, led to the discontinuation of hydrogen
as a buoyant gas in such craft. Modern-day
airships are filled with helium, which is not as
buoyant as hydrogen but is not flammable.
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The following guidelines are helpful when using thermochemical equations and
enthalpy diagrams:

1. Enthalpy is an extensive property.The magnitude of is proportional to the
amount of reactant consumed in the process. For example, 890 kJ of heat is pro-
duced when 1 mol of CH4 is burned in a constant-pressure system:

[5.18]

Because the combustion of 1 mol of CH4 with 2 mol of O2 releases 890 kJ of
heat, the combustion of 2 mol of CH4 with 4 mol of O2 releases twice as much heat,
1780 kJ.

2. The enthalpy change for a reaction is equal in magnitude, but opposite in sign,
to ¢H for the reverse reaction.For example,¢H for the reverse of Equation 5.18
is :

[5.19]

When we reverse a reaction, we reverse the roles of the products and the reactants.
From Equation 5.16, we see that reversing the products and reactants leads to the
same magnitude of¢H but a change in sign (� FIGURE 5.16).

3. The enthalpy change for a reaction depends on the states of the reactants and
products. If the product in Equation 5.18 were H2O(g) instead of H2O(l),
would be instead of . Less heat would be available for transfer to the
surroundings because the enthalpy of H2O(g) is greater than that of H2O(l). One
way to see this is to imagine that the product is initially liquid water. The liquid water
must be converted to water vapor, and the conversion of 2 mol H2O(l) to 2 mol
H2O(g) is an endothermic process that absorbs 88 kJ:

[5.20]

Thus, it is important to specify the states of the reactants and products in thermo-
chemical equations. In addition, we will generally assume that the reactants and
products are both at the same temperature, , unless otherwise indicated.

SAMPLE EXERCISE 5.4 Relating ¢H to Quantities of Reactants 
and Products

How much heat is released when 4.50 g of methane gas is burned in a constant-pressure
system? (Use the information given in Equation 5.18.)

SOLUTION
Analyze Our goal is to use a thermochemical equation to calculate the heat produced when
a specific amount of methane gas is combusted. According to Equation 5.18, 890 kJ is released
by the system when 1 mol CH4 is burned at constant pressure.

Plan Equation 5.18 provides us with a stoichiometric conversion factor: (1 mol
. Thus, we can convert moles of CH4 to kJ of energy. First, however, we must

convert grams of CH4 to moles of CH4. Thus, the conversion sequence is grams
(unknown to be found).

Solve By adding the atomic weights of C and 4 H, we have We can
use the appropriate conversion factors to convert grams of CH4 to moles of CH4 to kilojoules:

The negative sign indicates that the system released 250 kJ into the surroundings.

PRACTICE EXERCISE
Hydrogen peroxide can decompose to water and oxygen by the reaction

Calculate the quantity of heat released when 5.00 g of H2O2(l) decomposes at constant
pressure.
Answer: - 14.4 kJ

2 H2O2(l) ¡ 2 H2O(l) + O2(g)   ¢ H = - 196 kJ

Heat = (4.50 g CH4)a
1 mol CH4

16.0 g CH4
b a

- 890 kJ

1 mol CH4
b = - 250 kJ

1 mol CH4 = 16.0 CH4.

CH4 (given):  moles CH4 :  kJ

CH4 � - 890 kJ)

25 °C

2 H2O(l) ¡ 2 H2O(g)  ¢ H = +88 kJ

- 890 kJ- 802 kJ
¢ Hrxn

CO2(g) + 2 H2O(l) ¡ CH4(g) + 2 O2(g)  ¢ H = +890 kJ

+890 kJ

CH4(g) + 2 O2(g) ¡ CO2(g) + 2 H2O(l)  ¢ H = - 890 kJ

¢ H

CO2(g) �  2 H2O(l)

� H2 �
890 kJ

� H1 �
	 890 kJ

CH4(g) �  2 O2(g)
E

nt
ha

lp
y

� FIGURE 5.16 ¢H for a reverse
reaction. Reversing a reaction changes the
sign but not the magnitude of the enthalpy
change: .¢ H2 = - ¢ H1
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In many situations we will find it valuable to know the sign and magnitude of the
enthalpy change associated with a given chemical process. As we see in the following sec-
tions, can be either determined directly by experiment or calculated from known
enthalpy changes of other reactions.

5.5 | CALORIMETRY
The value of can be determined experimentally by measuring the heat flow accom-
panying a reaction at constant pressure. Typically, we can determine the magnitude of
the heat flow by measuring the magnitude of the temperature change the heat flow pro-
duces. The measurement of heat flow is calorimetry ; a device used to measure heat flow
is a calorimeter .

Heat Capacity and Specific Heat
The more heat an object gains, the hotter it gets. All substances change temperature
when they are heated, but the magnitude of the temperature change produced by a given
quantity of heat varies from substance to substance. The temperature change experi-
enced by an object when it absorbs a certain amount of heat is determined by its heat
capacity , denoted C. The heat capacity of an object is the amount of heat required to
raise its temperature by 1 K (or ). The greater the heat capacity, the greater the heat
required to produce a given increase in temperature.

For pure substances the heat capacity is usually given for a specified amount of the sub-
stance. The heat capacity of one mole of a substance is called its molar heat capacity , Cm.
The heat capacity of one gram of a substance is called its specific heat capacity,or merely its
specific heat . The specific heat,Cs, of a substance can be determined experimentally by

1 °C

¢ H

¢ H

first law of thermodynamics tells us that the total energy of the sys-
tem plus the surroundings does not change; energy is conserved.)

Enthalpy change is not the only consideration in the spontane-
ity of reactions, however, nor is it a foolproof guide. For example,
even though ice melting is an endothermic process,

this process is spontaneous at temperatures above the freezing point
of water . The reverse process, water freezing, is spontaneous at
temperatures below . Thus, we know that ice at room tempera-
ture melts and water put into a freezer at turns into ice. Both
processes are spontaneous under different conditions even though
they are the reverse of one another. In Chapter 19 we will address the
spontaneity of processes more fully. We will see why a process can be
spontaneous at one temperature but not at another, as is the case for
the conversion of water to ice.

Despite these complicating factors, you should pay attention
to the enthalpy changes in reactions. As a general observation,
when the enthalpy change is large, it is the dominant factor in de-
termining spontaneity. Thus, reactions for which is largeand
negativetend to be spontaneous. Reactions for which is large
andpositivetend to be spontaneous only in the reverse direction.

RELATED EXERCISES:5.47, 5.48

¢ H
¢ H

- 20 °C
0 °C

(0 °C)

H2O(s) ¡  H2O(l)   ¢ H = +6.01 kJ

USING ENTHALPY AS A GUIDE

If you hold a brick in the air and let it go, you know what
happens: It falls as the force of gravity pulls it toward

Earth. A process that is thermodynamically favored
to happen, such as a brick falling to the ground, is

called a spontaneousprocess. A spontaneous
process can be either fast or slow; the rate at which processes occur is
not governed by thermodynamics.

Chemical processes can be thermodynamically favored, or
spontaneous, too. By spontaneous, however, we do not mean that the
reaction will form products without any intervention. That can be
the case, but often some energy must be imparted to get the process
started. The enthalpy change in a reaction gives one indication as to
whether the reaction is likely to be spontaneous. The combustion of
H2(g) and O2(g), for example, is highly exothermic:

Hydrogen gas and oxygen gas can exist together in a volume indefi-
nitely without noticeable reaction occurring. Once the reaction is
initiated, however, energy is rapidly transferred from the system (the
reactants) to the surroundings as heat. The system thus loses en-
thalpy by transferring the heat to the surroundings. (Recall that the

H2(g) + 1
2 O2(g) ¡ H2O(g)   ¢ H = - 242 kJ

S T R AT E G I E S  I N  C H E M I S T RY
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measuring the temperature change, , that a known mass m of the substance undergoes
when it gains or loses a specific quantity of heat q:

[5.21]

For example, 209 J is required to increase the temperature of 50.0 g of water by 1.00 K.
Thus, the specific heat of water is

A temperature change in kelvins is equal in magnitude to the temperature change in de-
grees Celsius: in in .€ (Section 1.4)Therefore, this specific heat for
water can also be reported as 4.18 J>g-°C.

Because the specific heat values for a given substance can vary slightly with temper-
ature, the temperature is often precisely specified. The 4.18 J>g-K value we use here for
water, for instance, is for water initially at 14.5 °C (� FIGURE 5.17). Water•s specific
heat at this temperature is used to define the calorie at the value given in Section 5.1:

exactly.
When a sample absorbs heat (positive q), its temperature increases (positive ).

Rearranging Equation 5.21, we get

[5.22]

Thus, we can calculate the quantity of heat a substance gains or loses by using its specific
heat together with its measured mass and temperature change.

� TABLE 5.2 lists the specific heats of several substances. Notice that the specific heat
of liquid water is higher than those of the other substances listed. The high specific heat of
water affects Earth•s climate because it makes the temperatures of the oceans relatively re-
sistant to change.

G I V E  I T  S O M E  T H O U G H T

Which substance in Table 5.2 undergoes the greatest temperature change when
the same mass of each substance absorbs the same quantity of heat?

q = Cs * m * ¢ T

¢ T
1 cal = 4.184 J

°CK = ¢ T¢ T

Cs =
209 J

(50.0 g)(1.00 K)
= 4.18 J>g-K

Cs =
q

m * ¢ T

Specific heat=
(quantity of heat transferred)

(grams of substance)* (temperature change)

¢ T

1.000 g H2O(l )
T �  15.5 °C

1.000 g H2O(l )
T �  14.5 °C

� 4.184 J (1 cal)
of heat

� FIGURE 5.17 Specific heat of water.

G O  F I G U R E

Is the process shown in the figure
endothermic or exothermic?

TABLE 5.2 € Specific Heats of Some Substances at 298 K

Elements Compounds

Substance Specific Heat (J/ g-K) Substance Specific Heat (J/ g-K)

N2(g) 1.04 H2O(l) 4.18

Al(s) 0.90 CH4(g) 2.20

Fe(s) 0.45 CO2(g) 0.84

Hg(l) 0.14 CaCO3(s) 0.82

SAMPLE EXERCISE 5.5 Relating Heat, Temperature Change, and Heat Capacity

(a) How much heat is needed to warm 250 g of water (about 1 cup) from (about room temperature)
to (near its boiling point)? (b) What is the molar heat capacity of water?

SOLUTION

98 °C
22 °C

Analyze In part (a) we must find the quantity of heat (q) needed
to warm the water, given the mass of water (m), its temperature
change (¢T), and its specific heat (Cs). In part (b) we must calculate

the molar heat capacity (heat capacity per mole,Cm) of water from
its specific heat (heat capacity per gram).
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(a) The water undergoes a temperature change of ¢ T = 98 °C- 22 °C= 76 °C= 76 K

Using Equation 5.22, we have

= (4.18 J>g-K)(250 g)(76 K)= 7.9 * 104 J
q = Cs * m * ¢ T

(b) The molar heat capacity is the heat capacity of one mole of sub-
stance. Using the atomic weights of hydrogen and oxygen, we have 1 mol H2O = 18.0 g H2O

From the specific heat given in part (a), we have Cm = a4.18
J

g-K
b a

18.0 g

1 mol
b = 75.2 J>mol-K

Plan (a) Given Cs, m,and , we can calculate the quantity of heat,q,using Equation 5.22.(b) We can use
the molar mass of water and dimensional analysis to convert from heat capacity per gram to heat capacity
per mole.

¢ T

Glass stirrer

Cork stopper

Two Styrofoam ®

cups nested together

Reaction mixture
in solution

Thermometer

� FIGURE 5.18 Coffee-cup
calorimeter. This simple apparatus is used
to measure temperature changes of
reactions at constant pressure.

PRACTICE EXERCISE
(a) Large beds of rocks are used in some solar-heated homes to store heat. Assume that the specific heat of
the rocks is . Calculate the quantity of heat absorbed by 50.0 kg of rocks if their temperature in-
creases by 12.0 °C.(b) What temperature change would these rocks undergo if they emitted 450 kJ of heat?
Answers: (a) J,(b) 11 K decrease 11 °C decrease=4.9 *  105

0.82 J>g-K

Constant-Pressure Calorimetry
The techniques and equipment employed in calorimetry depend on the nature of the
process being studied. For many reactions, such as those occurring in solution, it is easy
to control pressure so that is measured directly. Although the calorimeters used for
highly accurate work are precision instruments, a simple •coffee-cupŽ calorimeter
(� FIGURE 5.18) is often used in general chemistry laboratories to illustrate the princi-
ples of calorimetry. Because the calorimeter is not sealed, the reaction occurs under the
essentially constant pressure of the atmosphere.

Imagine adding two aqueous solutions, each containing a reactant, to a coffee-cup
calorimeter. Once mixed, the reactants can react to form products. In this case there is
no physical boundary between the system and the surroundings. The reactants and
products of the reaction are the system, and the water in which they are dissolved is part
of the surroundings. (The calorimeter apparatus is also part of the surroundings.) If we
assume that the calorimeter is perfectly insulated, then any heat released or absorbed by
the reaction will raise or lower the temperature of the water in the solution. Thus, we
measure the temperature change of the solution and assume that any changes are due to
heat transferred from the reaction to the water (for an exothermic process) or trans-
ferred from the water to the reaction (endothermic). In other words, by monitoring the
temperature of the solution, we are seeing the flow of heat between the system (the reac-
tants and products in the solution) and the surroundings (the water that forms the bulk
of the solution).

For an exothermic reaction, heat is •lostŽ by the reaction and •gainedŽ by the water
in the solution, so the temperature of the solution rises. The opposite occurs for an en-
dothermic reaction: Heat is gained by the reaction and lost by the water in the solution,
and the temperature of the solution decreases. The heat gained or lost by the solution,
qsoln, is therefore equal in magnitude but opposite in sign to the heat absorbed or re-
leased by the reaction,qrxn: . The value ofqsoln is readily calculated from
the mass of the solution, its specific heat, and the temperature change:

[5.23]

For dilute aqueous solutions we usually assume that the specific heat of the solution is
the same as that of water, .

Equation 5.23 makes it possible to calculate qrxn from the temperature change of
the solution in which the reaction occurs. A temperature increase (¢T 7 0) means the
reaction is exothermic .(qrxn 6 0)

4.18 J>g-K

qsoln = (specific heat of solution)* (grams of solution)* ¢ T = - qrxn

qsoln = - qrxn

¢ H

G O  F I G U R E

Propose a reason for why two
Styrofoam ® cups are often used
instead of just one.

Solve
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Bomb Calorimetry (Constant-Volume Calorimetry)
An important type of reaction studied using calorimetry is combustion, in which a
compound reacts completely with excess oxygen.€ (Section 3.2)Combustion reac-
tions are most accurately studied using a bomb calorimeter (� FIGURE 5.19). The
substance to be studied is placed in a small cup within an insulated sealed vessel called a
bomb. The bomb, which is designed to withstand high pressures, has an inlet valve for
adding oxygen and electrical leads. After the sample has been placed in the bomb, the
bomb is sealed and pressurized with oxygen. It is then placed in the calorimeter and cov-
ered with an accurately measured quantity of water. The combustion reaction is
initiated by passing an electrical current through a fine wire in contact with the sample.
When the wire becomes sufficiently hot, the sample ignites.

The heat released when combustion occurs is absorbed by the water and the various
components of the calorimeter (which all together make up the surroundings), causing
the water temperature to rise. The change in water temperature caused by the reaction is
measured very precisely.

SAMPLE EXERCISE 5.6 Measuring ¢H Using a Coffee-Cup Calorimeter

Because the total volume of the solution is 100 mL, its mass is (100 mL)(1.0 g>mL) = 100 g

The temperature change is ¢ T = 27.5 °C- 21.0 °C= 6.5 °C= 6.5 K
Using Equation 5.23, we have

= - (4.18 J>g-K)(100 g)(6.5 K)= - 2.7 * 103 J = - 2.7 kJ
qrxn = - Cs * m * ¢ T

Because the process occurs at constant pressure, ¢ H = qP = - 2.7 kJ

To express the enthalpy change on a molar basis, we use the fact that
the number of moles of HCl is given by the product of the volume

and concentration of the
HCl solution:

(1.0M = 1.0 mol>L)(50 mL = 0.050 L)
(0.050 L)(1.0 mol>L) = 0.050 mol

Thus, the enthalpy change per mole of HCl is ¢ H = - 2.7 kJ>0.050 mol= - 54 kJ>mol

Check ¢H is negative (exothermic), which is expected for the reaction of an acid with a base and
evidenced by the fact that the reaction causes the temperature of the solution to increase. The magnitude of
the molar enthalpy change seems reasonable.

PRACTICE EXERCISE
When 50.0 mL of 0.100 M AgNO3 and 50.0 mL of 0.100 M HCl are mixed in a constant-pressure calorime-
ter, the temperature of the mixture increases from 22.30 °C to 23.11 °C. The temperature increase is caused
by the following reaction:

Calculate ¢H for this reaction in AgNO3, assuming that the combined solution has a mass of 100.0
g and a specific heat of 4.18 J>g °C.
Answer: - 68,000 J>mol = - 68 kJ>mol

kJ>mol

AgNO3(aq) + HCl(aq) ¡ AgCl(s) + HNO3(aq)

When a student mixes 50 mL of 1.0 M HCl and 50 mL of 1.0 M
NaOH in a coffee-cup calorimeter, the temperature of the resultant
solution increases from 21.0 °C to 27.5 °C. Calculate the enthalpy
change for the reaction in HCl, assuming that the calorimeter

loses only a negligible quantity of heat, that the total volume of the
solution is 100 mL, that its density is , and that its specific
heat is .4.18 J>g-K

1.0 g/mL

kJ>mol

SOLUTION
Analyze Mixing solutions of HCl and NaOH results in an acid…base reaction:

We need to calculate the heat produced per mole of HCl, given the temperature increase of the solution, the
number of moles of HCl and NaOH involved, and the density and specific heat of the solution.

Plan The total heat produced can be calculated using Equation 5.23. The number of moles of HCl
consumed in the reaction must be calculated from the volume and molarity of this substance, and this
amount is then used to determine the heat produced per mol HCl.

HCl(aq) + NaOH(aq) ¡ H2O(l) + NaCl(aq)

Solve
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Water

� 	

� FIGURE 5.19 Bomb calorimeter.

G O  F I G U R E

Why is a stirrer used in calorimeters?
To calculate the heat of combustion from the measured temperature increase, we

must know the total heat capacity of the calorimeter,Ccal. This quantity is determined
by combusting a sample that releases a known quantity of heat and measuring the tem-
perature change. For example, combustion of exactly 1 g of benzoic acid, C6H5COOH,
in a bomb calorimeter produces 26.38 kJ of heat. Suppose 1.000 g of benzoic acid is
combusted in a calorimeter, leading to a temeperature increase of . The heat
capacity of the calorimeter is then . Once we
know Ccal, we can measure temperature changes produced by other reactions, and from
these we can calculate the heat evolved in the reaction,qrxn:

[5.24]

Measurements made with a bomb calorimeter are generally more precise than those
made with a coffee-cup calorimeter.

qrxn = - Ccal * ¢ T

Ccal =  26.38 kJ>4.857 °C=  5.431 kJ>°C
4.857 °C

For combustion of the 4.00-g sample of methylhydrazine, the
temperature change of the calorimeter is ¢ T = (39.50 °C- 25.00 °C)= 14.50 °C

We can use and the value for Ccal to calculate the heat of
reaction (Equation 5.24):

¢ T
qrxn = - Ccal * ¢ T = - (7.794 kJ>°C)(14.50 °C)= - 113.0 kJ

We can readily convert this value to the heat of reaction for a
mole of CH6N2: a

- 113.0 kJ

4.00 g CH6N2
b * a

46.1 g CH6N2

1 mol CH6N2
b = - 1.30 * 103 kJ>mol CH6N2

SOLUTION
Analyze We are given a temperature change and the total heat capacity of the calorimeter. We are also
given the amount of reactant combusted. Our goal is to calculate the enthalpy change per mole for combus-
tion of the reactant.

Plan We will first calculate the heat evolved for the combustion of the 4.00-g sample. We will then convert
this heat to a molar quantity.

Solve

Check The units cancel properly, and the sign of the answer is negative as it should be for an exothermic
reaction. The magnitude of the answer seems reasonable.

PRACTICE EXERCISE
A 0.5865-g sample of lactic acid (HC3H5O3) is burned in a calorimeter whose heat capacity is .
The temperature increases from 23.10 °C to 24.95 °C. Calculate the heat of combustion of lactic acid (a) per
gram and (b) per mole.

Answers: (a) , (b) - 1370 kJ>mol- 15.2 kJ>g

4.812 kJ>°C

The combustion of methylhydrazine (CH6N2), a liquid rocket fuel,
produces N2(g), CO2(g), and H2O(l):

When 4.00 g of methylhydrazine is combusted in a bomb calorime-
ter, the temperature of the calorimeter increases from 25.00 °C to

39.50 °C. In a separate experiment the heat capacity of the calorime-
ter is measured to be 7.794 kJ>°C. Calculate the heat of reaction for
the combustion of a mole of CH6N2.2 CH6N2(l) + 5 O2(g) ¡ 2 N2(g) + 2 CO2(g) + 6 H2O(l)

Because reactions in a bomb calorimeter are carried out at constant volume, the
heat transferred corresponds to the change in internal energy, , rather than the
change in enthalpy, (Equation 5.14). For most reactions, however, the difference be-
tween and is very small. For the reaction discussed in Sample Exercise 5.7, for
example, the difference between and is about „a difference of less than

. It is possible to correct the measured heat changes to obtain values, and these
form the basis of the tables of enthalpy used in the following sections. We need not con-
cern ourselves with how these small corrections are made.

¢ H0.1%
1 kJ>mol¢ H¢ E

¢ H¢ E
¢ H

¢ E
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tion is predominantly water, so the process is the endothermic con-
version of liquid water into water vapor:

The speed with which evaporative cooling occurs decreases as the at-
mospheric humidity increases, which is why we feel more sweaty and
uncomfortable on hot, humid days.

When the hypothalamus senses that body temperature has risen
too high, it increases heat loss from the body in two principal ways.
First, it increases blood flow near the skin surface, which allows for
increased radiational and convective cooling. The reddish, •flushedŽ
appearance of a hot individual is the result of this increased subsur-
face blood flow. Second, the hypothalamus stimulates secretion of
perspiration from the sweat glands, which increases evaporative
cooling. During extreme activity, the amount of liquid secreted as
perspiration can be as high as 2 to 4 liters per hour. As a result, the
body•s water supply must be replenished during these periods. If the
body loses too much liquid through perspiration, it will no longer be
able to cool itself and blood volume decreases, which can lead to ei-
ther heat exhaustionor the more serious and potentially fatal heat
stroke,during which the body temperature can rise to as high as

to ( ). However, replenishing water with-
out replenishing the electrolytes lost during perspiration can also
lead to serious problems, as pointed out in the •Chemistry and LifeŽ
box in Section 4.5.

When body temperature drops too low, the hypothalamus de-
creases blood flow to the skin surface, thereby decreasing heat loss. It
also triggers small involuntary contractions of the muscles; the
biochemical reactions that generate the energy to do this work also
generate heat for the body. When these contractions get large
enough„as when the body feels a chill„a shiverresults. If the body
is unable to maintain a temperature above ( ), the very
dangerous condition called hypothermiacan result.

The ability of the human body to maintain its temperature by
•tuningŽ the amount of heat it transfers to and from its surroundings
is truly remarkable. If you take courses in human anatomy and phys-
iology, you will see many other applications of thermochemistry and
thermodynamics to the ways in which the human body works.

95 °F35 °C

106 °F to 113 °F45 °C41 °C

H2O(l) ¡ H2O(g)  ¢ H = + 44.0 kJ

THE REGULATION OF BODY
TEMPERATURE

For most of us, being asked the question •Are you
running a fever?Ž was one of our first introductions

to medical diagnosis. Indeed, a deviation in body
temperature of only a few degrees indicates

something amiss. In the laboratory you may have observed how diffi-
cult it is to maintain a solution at a constant temperature. Yet our
bodies maintain a near-constant temperature in spite of widely vary-
ing weather, levels of physical activity, and periods of high metabolic
activity (such as after a meal).

Maintaining a near-constant temperature is one of the primary
physiological functions of the human body. Normal body tempera-
ture generally ranges from to ( ). This
very narrow range is essential to proper muscle function and to con-
trol of the rates of the biochemical reactions in the body. You will
learn more about the effects of temperature on reaction rates in
Chapter 14.

The portion of the human brain stem called the hypothalamus
regulates body temperature„in essence, the hypothalamus acts as a
thermostat for the body. When body temperature rises above the
normal range, the hypothalamus triggers mechanisms to lower the
temperature. It likewise triggers mechanisms to increase the temper-
ature if body temperature drops too low.

To understand how the body•s heating and cooling mecha-
nisms operate, we can view the body as a thermodynamic system.
The body increases its internal energy content by ingesting foods
from the surroundings. The foods, such as glucose (C6H12O6), are
metabolized„a process that is essentially controlled oxidation to
CO2 and H2O:

Roughly of the energy produced is ultimately used to do work
in the form of muscle contractions and nerve cell activities. The
remainder is released as heat, part of which is used to maintain
body temperature. When the body produces too much heat, as in
times of heavy physical exertion, it dissipates the excess to the sur-
roundings.

Heat is transferred from the body to its surroundings primarily
by radiation, convection,andevaporation. Radiation is the direct loss
of heat from the body to cooler surroundings, much as a hot stovetop
radiates heat to its surroundings. Convection is heat loss by virtue of
heating air that is in contact with the body. The heated air rises and is
replaced with cooler air, and the process continues. Warm clothing,
which usually consists of insulating layers of material with •dead airŽ
in between, decreases convective heat loss in cold weather. Evapora-
tive cooling occurs when perspiration is generated at the skin surface
by the sweat glands (� FIGURE 5.20). Heat is removed from the
body as the perspiration evaporates into the surroundings. Perspira-

40%

¢ H = - 2803 kJ

C6H12O6(s) + 6 O2(g) ¡ 6 CO2(g) + 6 H2O(l)

96.5 °F to 99 °F37.2 °C35.8 °C

CHEMISTRY AND LIFE

� FIGURE 5.20 Perspiration!
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5.6 | HESS•S LAW
It is often possible to calculate the for a reaction from the tabulated values
of other reactions. Thus, it is not necessary to make calorimetric measurements for
all reactions.

Because enthalpy is a state function, the enthalpy change, , associated with
any chemical process depends only on the amount of matter that undergoes
change and on the nature of the initial state of the reactants and the final state of
the products. This means that whether a particular reaction is carried out in one
step or in a series of steps, the sum of the enthalpy changes associated with the in-
dividual steps must be the same as the enthalpy change associated with the
one-step process. As an example, combustion of methane gas, CH4(g), to form
CO2(g) and H2O(l) can be thought of as occurring in one step, as represented on
the left in � FIGURE 5.21, or in two steps, as represented on the right in Figure
5.21: (1) combustion of CH4(g) to form CO2(g) and H2O(g) and (2) condensation
of H2O(g) to form H2O(l). The enthalpy change for the overall process is the sum
of the enthalpy changes for these two steps:

The net equation is

Hess•s law states that if a reaction is carried out in a series of steps, for the over-
all reaction equals the sum of the enthalpy changes for the individual steps. The overall
enthalpy change for the process is independent of the number of steps and independent
of the path by which the reaction is carried out. This law is a consequence of the fact that
enthalpy is a state function. We can therefore calculate for any process as long as we
find a route for which is known for each step. This means that a relatively small
number of experimental measurements can be used to calculate for a vast number
of reactions.

Hess•s law provides a useful means of calculating energy changes that are difficult to
measure directly. For instance, it is impossible to measure directly the enthalpy for the
combustion of carbon to form carbon monoxide. Combustion of 1 mol of carbon with
0.5 mol of O2 produces both CO and CO2, leaving some carbon unreacted. However,
solid carbon and carbon monoxide can both be completely burned in O2 to produce
CO2. We can therefore use the enthalpy changes of these reactions to calculate the heat
of combustion of carbon.

G I V E  I T  S O M E  T H O U G H T

What effect do these changes have on ¢H for a reaction: 
a. reversing the reaction, 
b. multiplying the coefficients of the equation for the reaction by 2?

SAMPLE EXERCISE 5.8 Using Hess•s Law to Calculate ¢H

The enthalpy of reaction for the combustion of C to CO2 is , and the
enthalpy for the combustion of CO to CO2 is :

Using these data, calculate the enthalpy for the combustion of C to CO:

(3)    C(s) + 1
2 O2(g) ¡ CO(g)   ¢ H = ?

(2) CO(g) + 1
2 O2(g) ¡ CO2(g)  ¢ H = - 283.0 kJ

(1)    C(s) + O2(g) ¡ CO2(g)  ¢ H = - 393.5 kJ

- 283.0 kJ>mol CO
- 393.5 kJ>mol C

¢ H
¢ H

¢ H

¢ H

CH4(g) + 2 O2(g) ¡ CO2(g) + 2 H2O(l)  ¢ H = - 890 kJ

¢ H = - 890 kJ

 CH4(g) + 2 O2(g) + 2 H2O(g) ¡ CO2(g) + 2 H2O(l) + 2 H2O(g)

 (Add)    2 H2O(g) ¡ 2 H2O(l)  ¢ H = -  88 kJ

 CH4(g) + 2 O2(g) ¡ CO2(g) + 2 H2O(g)  ¢ H = - 802 kJ

¢ H

¢ H¢ H

CO2(g) �  2 H2O(l )

� 890 kJ
� 802 kJ

� 88 kJ

CH4(g) �  2 O2(g)

CO2(g) �  2 H2O(g)

E
nt

ha
lp

y

� FIGURE 5.21 Enthalpy diagram for
combustion of 1 mol of methane. The
enthalpy change of the one-step reaction
equals the sum of the enthalpy changes of
the reaction run in two steps: 

.= - 802 kJ + (- 88 kJ)- 890 kJ

G O  F I G U R E

What process corresponds to the
enthalpy change?- 88 kJ
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SOLUTION
Analyze We are given two thermochemical equations, and our goal is to combine them in
such a way as to obtain the third equation and its enthalpy change.

Plan We will use Hess•s law. In doing so, we first note the numbers of moles of substances
among the reactants and products in the target equation, (3). We then manipulate equations
(1) and (2) to give the same number of moles of these substances, so that when the resulting
equations are added, we obtain the target equation. At the same time, we keep track of the
enthalpy changes, which we add.

Solve To use equations (1) and (2), we arrange them so that C(s) is on the reactant side and
CO(g) is on the product side of the arrow, as in the target reaction, equation (3). Because equa-
tion (1) has C(s) as a reactant, we can use that equation just as it is. We need to turn equation
(2) around, however, so that CO(g) is a product. Remember that when reactions are turned
around, the sign of is reversed. We arrange the two equations so that they can be added to
give the desired equation:

When we add the two equations, CO2(g) appears on both sides of the arrow and therefore
cancels out. Likewise, is eliminated from each side.

PRACTICE EXERCISE
Carbon occurs in two forms, graphite and diamond. The enthalpy of the combustion of
graphite is , and that of diamond is :

Calculate ¢H for the conversion of graphite to diamond:

Answer: +1.9 kJ

C(graphite) ¡ C(diamond)  ¢ H = ?

 C(diamond) + O2(g) ¡ CO2(g)  ¢ H = - 395.4 kJ
 C(graphite) + O2(g) ¡ CO2(g)  ¢ H = - 393.5 kJ

- 395.4 kJ>mol- 393.5 kJ>mol

1
2 O2(g)

 C(s) + 1
2 O2(g) ¡ CO(g)      ¢ H = - 110.5 kJ

 CO2(g) ¡ CO(g) + 1
2 O2(g)      - ¢ H = 283.0 kJ

 C(s) + O2(g) ¡ CO2(g)      ¢ H = - 393.5 kJ

¢ H

SAMPLE EXERCISE 5.9 Using Three Equations with Hess•s Law
to Calculate ¢H

Calculate for the reaction

given the following chemical equations and their respective enthalpy changes:

SOLUTION
Analyze We are given a chemical equation and asked to calculate its using three chemi-
cal equations and their associated enthalpy changes.

Plan We will use Hess•s law, summing the three equations or their reverses and multiplying
each by an appropriate coefficient so that they add to give the net equation for the reaction of
interest. At the same time, we keep track of the values, reversing their signs if the reactions
are reversed and multiplying them by whatever coefficient is employed in the equation.

Solve Because the target equation has C2H2 as a product, we turn the first equation around;
the sign of is therefore changed. The desired equation has 2 C(s) as a reactant, so we mul-
tiply the second equation and its by 2. Because the target equation has H2 as a reactant, we
keep the third equation as it is. We then add the three equations and their enthalpy changes in
accordance with Hess•s law:

 2 C(s) + H2(g) ¡ C2H2(g)       ¢ H = 226.8 kJ 

  H2(g) + 1
2 O2(g) ¡ H2O(l)       ¢ H = - 285.8 kJ

 2 C(s) + 2 O2(g) ¡ 2 CO2(g)      ¢ H = - 787.0 kJ

 2 CO2(g) + H2O(l) ¡ C2H2(g) + 5
2 O2(g)   ¢ H = 1299.6 kJ

¢ H
¢ H

¢ H

¢ H

 H2(g) + 1
2 O2(g) ¡ H2O(l)      ¢ H = - 285.8 kJ

 C(s) + O2(g) ¡ CO2(g)      ¢ H = - 393.5 kJ

 C2H2(g) + 5
2 O2(g) ¡ 2 CO2(g) + H2O(l)  ¢ H = - 1299.6 kJ

2 C(s) + H2(g) ¡ C2H2(g)

¢ H
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When the equations are added, there are 2 CO2, , and H2O on both sides of the arrow.
These are canceled in writing the net equation.

Check The procedure must be correct because we obtained the correct net equation. In cases
like this you should go back over the numerical manipulations of the values to ensure that
you did not make an inadvertent error with signs.

PRACTICE EXERCISE
Calculate for the reaction

given the following information:

Answer: - 304.1 kJ

 O2(g) ¡ 2 O(g)          ¢ H = 495.0 kJ

 O3(g) ¡ 3
2 O2(g)          ¢ H = - 142.3 kJ

 NO(g) + O3(g) ¡ NO2(g) + O2(g)  ¢ H = - 198.9 kJ

NO(g) + O(g) ¡ NO2(g)

¢ H

¢ H

5
2 O2

The key point of these examples is that H is a state function, so for a
particular set of reactants and products, is the same whether the reac-
tion takes place in one step or in a series of steps. We reinforce this point by
giving one more example of an enthalpy diagram and Hess•s law. Again
we use combustion of methane to form CO2 and H2O, our reaction from
Figure 5.21. This time we envision a different two-step path, with the
initial formation of CO, which is then combusted to CO2 (� FIGURE
5.22). Even though the two-step path is different from that in Figure
5.21, the overall reaction again has . Because H is a state
function, both paths mustproduce the same value of . In Figure 5.22,
that means . We will soon see that breaking up re-
actions in this way allows us to derive the enthalpy changes for reactions
that are hard to carry out in the laboratory.

5.7 | ENTHALPIES OF FORMATION
We can use the methods just discussed to calculate enthalpy changes for a great many
reactions from tabulated values. For example, extensive tables exist ofenthalpies of
vaporization( for converting liquids to gases),enthalpies of fusion( for melting
solids),enthalpies of combustion( for combusting a substance in oxygen), and so
forth. A particularly important process used for tabulating thermochemical data is the
formation of a compound from its constituent elements. The enthalpy change associated
with this process is called the enthalpy of formation (or heat of formation), , where
the subscript f indicates that the substance has been formedfrom its constituent elements.

The magnitude of any enthalpy change depends on the temperature, pressure, and
state (gas, liquid, or solid crystalline form) of the reactants and products. To compare
enthalpies of different reactions, we must define a set of conditions, called a standard
state,at which most enthalpies are tabulated. The standard state of a substance is its pure
form at atmospheric pressure (1 atm) and the temperature of interest, which we usually
choose to be 298 K ( ).* Thestandard enthalpy change of a reaction is defined as
the enthalpy change when all reactants and products are in their standard states. We de-
note a standard enthalpy change as ¢H°, where the superscript indicates standard-state
conditions.

The standard enthalpy of formation of a compound,¢ , is the change in en-
thalpy for the reaction that forms one mole of the compound from its elements with all
substances in their standard states:

If: elements (in standard state) compound (1 mol in standard state)
Then: ¢H ¢H°f=

¡

H°f

°

25 °C

¢ Hf

¢ H
¢ H¢ H

¢ H

¢ H1 = ¢ H2 + ¢ H3

¢ H
¢ H1 = - 890 kJ

¢ H

CO2(g) �  2 H2O(l )

� H1 �
� 890 kJ

� H2 � � 607 kJ

� H3 � � 283 kJ

CH4(g) �  2 O2(g)

E
nt

ha
lp

y

CO(g) �  2 H2O(l ) �      O2(g)1
2

� FIGURE 5.22 Enthalpy diagram
illustrating Hess•s law. The net reaction is
the same as in Figure 5.21, but here we
imagine different reactions in our two-step
version. As long as we can write a series of
equations that add up to the equation we
need, and as long as we know a value for ¢H
for all intermediate reactions, we can
calculate the overall ¢H.

G O  F I G U R E

Suppose the overall reaction were
modified to produce 2 H 2O(g)
rather than 2 H 2O(l). Would any of
the values of ¢H in the diagram
stay the same?

*The definition of the standard state for gases has been changed to 1 bar , a slightly lower
pressure than 1 atm. For most purposes, this change makes very little difference in the standard enthalpy changes.

(1 atm = 1.013 bar)
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We usually report values at 298 K. If an element exists in more than one form
under standard conditions, the most stable form of the element is usually used for the
formation reaction. For example, the standard enthalpy of formation for ethanol,
C2H5OH, is the enthalpy change for the reaction

[5.25]

The elemental source of oxygen is O2, not O or O3, because O2 is the stable form of oxy-
gen at 298 K and atmospheric pressure. Similarly, the elemental source of carbon is
graphite and not diamond because graphite is the more stable (lower-energy) form at
298 K and atmospheric pressure (see Practice Exercise 5.8). Likewise, the most stable
form of hydrogen under standard conditions is H2(g), so this is used as the source of
hydrogen in Equation 5.25.

The stoichiometry of formation reactions always indicates that one mole of the
desired substance is produced, as in Equation 5.25. As a result, standard enthalpies of
formation are reported in of the substance being formed. Some values are given
in � TABLE 5.3, and a more extensive table is provided in Appendix C.

By definition,the standard enthalpy of formation of the most stable form of any ele-
ment is zerobecause there is no formation reaction needed when the element is already
in its standard state. Thus, the values of for C(graphite), H2(g), O2(g), and the stan-
dard states of other elements are zero by definition.

G I V E  I T  S O M E  T H O U G H T

Ozone, O3(g), is a form of elemental oxygen produced during electrical
discharge. Is ¢ for O3(g) necessarily zero?

SAMPLE EXERCISE 5.10 Equations Associated with Enthalpies
of Formation

For which of these reactions at 25 does the enthalpy change represent a standard enthalpy
of formation? For each that does not, what changes are needed to make it an equation whose

is an enthalpy of formation?

(a)
(b)
(c)

SOLUTION
Analyze The standard enthalpy of formation is represented by a reaction in which each
reactant is an element in its standard state and the product is one mole of the compound.

C6H12O6(s) ¡ 6 C(diamond) + 6 H2(g) + 3 O2(g)
2 K(l) + Cl2(g) ¡ 2 KCl(s)
2 Na(s) + 1

2 O2(g) ¡ Na2O(s)

¢ H

°C

H°f

¢ H°f

kJ>mol

2 C(graphite) + 3 H2(g) + 1
2 O2(g) ¡ C2H5OH(l) ¢ H°f = - 277.7 kJ

¢ H°f

TABLE 5.3 € Standard Enthalpies of Formation, , at 298 K¢ H°f

Substance Formula ¢ H°f  (kJ/ mol) Substance Formula ¢ H°f  (kJ/ mol)

Acetylene C2H2(g) 226.7 Hydrogen chloride HCl(g) - 92.30
Ammonia NH3(g) - 46.19 Hydrogen fluoride HF(g) - 268.60
Benzene C6H6(l) 49.0 Hydrogen iodide HI( g) 25.9

Calcium carbonate CaCO3(s) - 1207.1 Methane CH4(g) - 74.80
Calcium oxide CaO(s) - 635.5 Methanol CH3OH(l) - 238.6
Carbon dioxide CO2(g) - 393.5 Propane C3H8(g) - 103.85
Carbon monoxide CO(g) - 110.5 Silver chloride AgCl(s) - 127.0
Diamond C(s) 1.88 Sodium bicarbonate NaHCO3(s) - 947.7
Ethane C2H6(g) - 84.68 Sodium carbonate Na2CO3(s) - 1130.9
Ethanol C2H5OH(l) - 277.7 Sodium chloride NaCl(s) - 410.9
Ethylene C2H4(g) 52.30 Sucrose C12H22O11(s) - 2221
Glucose C6H12O6(s) - 1273 Water H2O(l) - 285.8
Hydrogen bromide HBr(g) - 36.23 Water vapor H2O(g) - 241.8
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Plan We need to examine each equation to determine (1) whether the reaction is one in
which one mole of substance is formed from the elements, and (2) whether the reactant
elements are in their standard states.

Solve In (a) 1 mol Na2O is formed from the elements sodium and oxygen in their proper
states, solid Na and O2 gas, respectively. Therefore, the enthalpy change for reaction (a) corre-
sponds to a standard enthalpy of formation.

In (b) potassium is given as a liquid. It must be changed to the solid form, its standard
state at room temperature. Furthermore, two moles of product are formed, so the enthalpy
change for the reaction as written is twice the standard enthalpy of formation of KCl(s). The
equation for the formation reaction of 1 mol of KCl(s) is

Reaction (c) does not form a substance from its elements. Instead, a substance decom-
poses to its elements, so this reaction must be reversed. Next, the element carbon is given as
diamond, whereas graphite is the standard state of carbon at room temperature and 1 atm
pressure. The equation that correctly represents the enthalpy of formation of glucose from its
elements is

PRACTICE EXERCISE
Write the equation corresponding to the standard enthalpy of formation of liquid carbon
tetrachloride (CCl4).
Answer:

Using Enthalpies of Formation to Calculate 
Enthalpies of Reaction
We can use Hess•s law and tabulations of values, such as those in Table 5.3 and
Appendix C, to calculate the standard enthalpy change for any reaction for which we
know the values for all reactants and products. For example, consider the combus-
tion of propane gas, C3H8(g), to CO2(g) and H2O(l) under standard conditions:

We can write this equation as the sum of three formation equations:

C3H8(g) + 5 O2(g) ¡ 3 CO2(g) + 4 H2O(l)

¢ H°f

¢ H°f

C(graphite) + 2 Cl2(g) ¡ CCl4(l)

6 C(graphite) + 6 H2(g) + 3 O2(g) ¡ C6H12O6(s)

K(s) + 1
2 Cl2(g) ¡ KCl(s)

[5.26]

[5.27]

[5.28]

[5.29] C3H8(g) + 5O2(g) ¡ 3CO2(g) + 4H2O(l)  ^ H°rxn = ^ H1 + ^ H2 + ^ H3

 4 H2(g) + 2 O2(g) ¡ 4 H2O(l)  ¢ H3 = 4¢ H°f  [H2O(l)]  

 3 C(s) + 3 O2(g) ¡ 3 CO2(g)  ¢ H2 = 3¢ H°f  [CO2(g)]

 C3H8(g) ¡ 3 C(s) + 4 H2(g)  ¢ H1 = - ¢ H°f  [C3H8(g)]

(Note that it is sometimes useful to add subscripts to the enthalpy changes, as we have
done here, to keep track of the associations between reactions and their values.)

Notice that we have used Hess•s law to write the standard enthalpy change for Equa-
tion 5.29 as the sum of the enthalpy changes for Equations 5.26 through 5.28. We can
use values from Table 5.3 to calculate :

[5.30]

� FIGURE 5.23, an enthalpy diagram for Equation 5.29, shows our propane com-
bustion reaction broken down to the three reactions. Several aspects of this calculation
depend on the guidelines we discussed in Section 5.4.

1. Decomposition. Equation 5.26 is the reverse of the formation reaction for
C3H8(g), so the enthalpy change for this decomposition reaction is the negative of
the¢ value for the propane formation reaction: .- ¢ H°f  [C3H8(g)]H°f

= - ( - 103.85 kJ)+ 3(- 393.5 kJ)+ 4(- 285.8 kJ)= - 2220 kJ

= - ¢ H°f  [C3H8(g)] + 3¢ H°f  [CO2(g)] + 4¢ H°f  [H2O(l)]

¢ H°rxn = ¢ H1 + ¢ H2 + ¢ H3

¢ H°rxn

¢ H
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2. Formation of CO2. Equation 5.27 is the formation reaction for 3 mol of CO2(g).
Because enthalpy is an extensive property, the enthalpy change for this step is

.

3. Formation of H2O. The enthalpy change for Equation 5.28, formation of 4 mol of
H2O, is . The reaction specifies that H2O(l) is produced, so be care-
ful to use the value of for H2O(l) and not the value for H2O(g).

Note that in this analysis we assume that the stoichiometric coefficients in the balanced
equation represent moles. For Equation 5.29, therefore, represents the
enthalpy change for the reaction of 1 mol C3H8and 5 mol O2 to form 3 mol CO2and 4 mol
H2O. The product of the number of moles and the enthalpy change in has the units
kJ: . We therefore report in kJ.

We can break down any reaction into formation reactions as we have done here.
When we do, we obtain the general result that the standard enthalpy change of a reac-
tion is the sum of the standard enthalpies of formation of the products minus the
standard enthalpies of formation of the reactants:

[5.31]

The symbol (sigma) means •the sum of,Ž and n andm are the stoichiometric co-
efficients of the relevant chemical equation. The first term on the right in Equation 5.31
represents the formation reactions of the products, which are written in the •forwardŽ
direction in the chemical equation, that is, elements reacting to form products. This
term is analogous to Equations 5.27 and 5.28. The second term on the right in Equation
5.31 represents the reverse of the formation reactions of the reactants, analogous to
Equation 5.26, which is why this term is preceded by a minus sign.

©

¢ H°rxn = ©n¢ H°f (products) - © m¢ H°f (reactants)

¢ H°rxn(number of moles)* (¢ H°f  in kJ>mol) = kJ
kJ>mol

¢ H°rxn = - 2220 kJ

¢ H°f

4¢ H°f  [H2O(l)]

3¢ H°f  [CO2(g)]

H2 1181 kJ

H°rxn 2220 kJ

H3 1143 kJ
3  Formation of 4 H2O

3 C (graphite)  4 H2(g)  5 O2(g)

Elements

C3H8(g)  5 O2(g)

Reactants

3 CO2(g)  4 H2O(l)

Products

3 CO2(g)  4 H2(g)  2 O2(g)

E
nt

ha
lp

y

2  Formation of 3 CO2

Decomposition
to elements

H1 103.85 kJ

1

Green arrows show multi-step 
route to same products

Blue arrow shows direct route 
to products CO2(g) and H2O(l)

� FIGURE 5.23 Enthalpy diagram for propane combustion.
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SAMPLE EXERCISE 5.11 Calculating an Enthalpy of Reaction from Enthalpies of Formation

(a) We know that a combustion reaction involves O2(g) as a
reactant. Thus, the balanced equation for the combustion
reaction of 1 mol C6H6(l) is C6H6(l) + 15

2  O2(g) ¡ 6 CO2(g) + 3 H2O(l)

We can calculate for this reaction by using Equation 5.31
and data in Table 5.3. Remember to multiply the 
value for each substance in the reaction by that substance•s
stoichiometric coefficient. Recall also that for any
element in its most stable form under standard conditions, so

:¢ H°f [O2(g)] = 0

¢ H°f = 0

¢ H°f
¢ H°

= - 3267 kJ
= ( - 2361 - 857.4- 49.0) kJ

= [6( - 393.5 kJ)+ 3(- 285.8 kJ)]- [(49.0 kJ)+ 15
2  (0 kJ)]

¢ H°rxn = [6¢ H°f (CO2) + 3¢ H°f (H2O)] - [ ¢ H°f (C6H6) + 15
2 ¢ H°f (O2)]

(b) From the example worked in the text,
for the combustion of 1 mol of propane. In part (a) of this ex-
ercise we determined that for the
combustion of 1 mol benzene. To determine the heat of com-
bustion per gram of each substance, we use the molar masses
to convert moles to grams:

¢ H° = - 3267 kJ

¢ H° = - 2220 kJ

 C6H6(l): ( - 3267 kJ>mol)(1 mol>78.1 g)= - 41.8 kJ>g
 C3H8(g): ( - 2220 kJ>mol)(1 mol>44.1 g)= - 50.3 kJ>g

Comment Both propane and benzene are hydrocarbons. As a rule, the energy obtained from the combus-
tion of a gram of hydrocarbon is between 40 and 50 kJ.

PRACTICE EXERCISE
Use Table 5.3 to calculate the enthalpy change for the combustion of 1 mol of ethanol:

Answer: - 1367 kJ

C2H5OH(l) + 3 O2(g) ¡ 2 CO2(g) + 3 H2O(l)

SAMPLE EXERCISE 5.12 Calculating an Enthalpy of Formation Using an Enthalpy of Reaction

The standard enthalpy change for the reaction is 178.1 kJ. Use Table 5.3
to calculate the standard enthalpy of formation of CaCO3(s).

SOLUTION

CaCO3(s) ¡ CaO(s) + CO2(g)

Analyze Our goal is to obtain [CaCO3(s)].¢ H°f

Plan We begin by writing the expression for the standard enthalpy
change for the reaction: ¢ H°rxn = ¢ Hf°[CaO(s)] + ¢ Hf°[CO2(g)] - ¢ Hf°[CaCO3(s)]

Solve Inserting the given and the known values from
Table 5.3 or Appendix C, we have

¢ H°f¢ H°rxn
¢ Hf°[CaCO3(s)]- 393.5 kJ-178.1= - 635.5 kJ

Solving for ¢ [CaCO3(s)] givesH°f ¢ Hf°[CaCO3(s)] = - 1207.1 kJ>mol

Check We expect the enthalpy of formation of a stable solid such 
as calcium carbonate to be negative, as obtained.

PRACTICE EXERCISE
Given the following standard enthalpy change, use the standard enthalpies of formation in Table 5.3 to cal-
culate the standard enthalpy of formation of CuO(s):

Answer: - 156.1 kJ>mol

CuO(s) + H2(g) ¡ Cu(s) + H2O(l)  ¢ H° = - 129.7 kJ

(a) Calculate the standard enthalpy change for the combustion of 1 mol of benzene, C6H6(l), to CO2(g)
and H2O(l). (b) Compare the quantity of heat produced by combustion of 1.00 g propane with that
produced by 1.00 g benzene.

SOLUTION
Analyze (a) We are given a reaction [combustion of C6H6(l) to
form CO2(g) and H2O(l)] and asked to calculate its standard en-
thalpy change, .(b) We then need to compare the quantity of

heat produced by combustion of 1.00 g C6H6 with that produced by
1.00 g C3H8, whose combustion was treated previously in the text.
(See Equations 5.29 and 5.30.)¢ H°

Plan (a) We need to write the balanced equation for the combus-
tion of C6H6. We then look up values in Appendix C or in
Table 5.3 and apply Equation 5.31 to calculate the enthalpy change
for the reaction.(b) We use the molar mass of C6H6 to change the

enthalpy change per mole to that per gram. We similarly use the
molar mass of C3H8 and the enthalpy change per mole calculated in
the text previously to calculate the enthalpy change per gram of that
substance.

¢ H°f

Solve



� FIGURE 5.24 Nutrition label for
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5.8 | FOODS AND FUELS
Most chemical reactions used for the production of heat are combustion reactions. The
energy released when one gram of any substance is combusted is the fuel value of the
substance. The fuel value of any food or fuel can be measured by calorimetry.

Foods
Most of the energy our bodies need comes from carbohydrates and fats. The carbohy-
drates known as starches are decomposed in the intestines into glucose, C6H12O6.
Glucose is soluble in blood, and in the human body it is known as blood sugar. It is
transported by the blood to cells where it reacts with O2 in a series of steps, eventually
producing CO2(g), H2O(l), and energy:

Because carbohydrates break down rapidly, their energy is quickly supplied to the body.
However, the body stores only a very small amount of carbohydrates. The average fuel
value of carbohydrates is .*

Like carbohydrates, fats produce CO2 and H2O when metabolized. The reaction of
tristearin, C57H110O6, a typical fat, is

The body uses the chemical energy from foods to maintain body temperature (see
the •Chemistry and LifeŽ box in Section 5.5), to contract muscles, and to construct and
repair tissues. Any excess energy is stored as fats. Fats are well suited to serve as the
body•s energy reserve for at least two reasons: (1) They are insoluble in water, which fa-
cilitates storage in the body, and (2) they produce more energy per gram than either
proteins or carbohydrates, which makes them efficient energy sources on a mass basis.
The average fuel value of fats is .

The combustion of carbohydrates and fats in a bomb calorimeter gives the same
products as when they are metabolized in the body. The metabolism of proteins pro-
duces less energy than combustion in a calorimeter because the products are different.
Proteins contain nitrogen, which is released in the bomb calorimeter as N2. In the body
this nitrogen ends up mainly as urea, (NH2)2CO. Proteins are used by the body mainly
as building materials for organ walls, skin, hair, muscle, and so forth. On average, the
metabolism of proteins produces , the same as for carbohydrates.

Fuel values for some common foods are shown in � TABLE 5.4. Labels on pack-
aged foods show the amounts of carbohydrate, fat, and protein contained in an average
serving, as well as the amount of energy supplied by a serving (� FIGURE 5.24).

17 kJ>g (4 kcal>g)

38 kJ>g (9 kcal>g)

¢ H° = - 75,520 kJ2 C57H110O6(s) + 163 O2(g) ¡ 114 CO2(g) + 110 H2O(l)

17 kJ>g (4 kcal>g)

C6H12O6(s) + 6 O2(g) ¡ 6 CO2(g) + 6 H2O(l)  ¢ H° = - 2803 kJ

*Although fuel values represent the heat releasedin a combustion reaction, fuel values are reported as positive
numbers.

Nutrition Facts
Vitamin D Milk

Serving Size 1 cup (236mL)

Amount Per Serving
Calories 150

Total Fat 8g
 Saturated Fat 5g
Trans Fat 0g

Cholesterol 35mg
Sodium 125mg
Total Carbohydrate 12g
 Dietary Fiber 0g
 Sugars 12g
Protein 8g

Calories from Fat 70
% Daily Value*   

12%
25%

11%
5%
4%
0%

* Percent Daily Values are based on a 2,000
calorie diet. Your daily values may be higher
or lower depending on your calorie needs.

Total fat
 Sat Fat
Cholesterol
Sodium
Total Carbohydrate
 Dietary Fiber

Ingredients: Grade A Pasteurized Milk, Vitamin D3.

Less than
Less than
Less than
Less than

65g
20g
300mg
2,400g
300g
25g

80g
25g
300mg
2,400g
375g
30g

Calories: 2,000 2,500

Vitamin A 6%
Calcium 30%
Vitamin D 25%

Vitamin C 4%
Iron 0%

G O  F I G U R E

Which value would change most if
this label were for skim milk in-
stead of whole milk: grams of fat,
grams of total carbohydrate, or
grams of protein?

TABLE 5.4 € Compositions and Fuel Values of Some Common Foods

Approximate Composition (% by mass) Fuel Value

Carbohydrate Fat Protein kJ/ g kcal/ g (Cal/ g)

Carbohydrate 100 „ „ 17 4
Fat „ 100 „ 38 9
Protein „ „ 100 17 4
Apples 13 0.5 0.4 2.5 0.59
Beer• 1.2 „ 0.3 1.8 0.42
Bread 52 3 9 12 2.8
Cheese 4 37 28 20 4.7
Eggs 0.7 10 13 6.0 1.4
Fudge 81 11 2 18 4.4
Green beans 7.0 „ 1.9 1.5 0.38
Hamburger „ 30 22 15 3.6
Milk (whole) 5.0 4.0 3.3 3.0 0.74
Peanuts 22 39 26 23 5.5
•Beer typically contains 3.5% ethanol, which has fuel value.
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The amount of energy our bodies require varies considerably, depending on such
factors as weight, age, and muscular activity. About 100 kJ per kilogram of body mass
per day is required to keep the body functioning at a minimal level. An average 70-kg
(154-lb) person expends about when doing light work, and strenuous activity
often requires or more. When the fuel value, or caloric content, of the food
we ingest exceeds the energy we expend, our body stores the surplus as fat.

G I V E  I T  S O M E  T H O U G H T

Which releases the greatest amount of energy per gram when metabolized:
carbohydrates, proteins, or fats?

SAMPLE EXERCISE 5.13 Comparing Fuel Values

Celery contains carbohydrates in the form of starch and cellulose, which have essentially the
same fuel values when combusted in a bomb calorimeter. When we eat celery, however, our
bodies receive fuel value from the starch only. What can we conclude about the difference be-
tween starch and cellulose as foods?

SOLUTION
If cellulose does not provide fuel value, we must conclude that it is not converted in the body
into CO2 and H2O, as starch is. A slight but critical difference in the structures of starch and
cellulose explains why only starch is broken down into glucose in the body. Cellulose passes
through without undergoing significant chemical change. It serves as fiber, or roughage, in the
diet but provides no caloric value.

PRACTICE EXERCISE
The nutrition label on a bottle of canola oil indicates that 10 g of the oil has a fuel value of
86 kcal. A similar label on a bottle of pancake syrup indicates that 60 mL (about 60 g) has a fuel
value of 200 kcal. Account for the difference.
Answer: The oil has a fuel value of , whereas the syrup has a fuel value of about

. The higher fuel value for the canola oil arises because the oil is essentially pure fat,
whereas the syrup is a solution of sugars (carbohydrates) in water. The oil has a higher fuel
value per gram; in addition, the syrup is diluted by water.

3.3 kcal>g
8.6 kcal>g

2000 kJ>hr
800 kJ>hr

SAMPLE EXERCISE 5.14 Estimating the Fuel Value of a Food from
Its Composition

(a) A 28-g (1-oz) serving of a popular breakfast cereal served with 120 mL of skim milk pro-
vides 8 g protein, 26 g carbohydrates, and 2 g fat. Using the average fuel values of these
substances, estimate the fuel value (caloric content) of this serving.(b) A person of average
weight uses about when running or jogging. How many servings of this cereal pro-
vide the fuel value requirements to run 3 mi?

SOLUTION
(a) Analyze The fuel value of the serving will be the sum of the fuel values of the protein,
carbohydrates, and fat.

Plan We are given the masses of the protein, carbohydrates, and fat contained in a serving.
We can use the data in Table 5.4 to convert these masses to their fuel values, which we can sum
to get the total fuel value.

Solve

This corresponds to 160 kcal:

Recall that the dietary Calorie is equivalent to 1 kcal. Thus, the serving provides 160 Cal.

(b) Analyze Here we are faced with the reverse problem, calculating the quantity of food that
provides a specific fuel value.

(650 kJ)a
1 kcal
4.18 kJ

b = 160 kcal

(2 g fat)a
38 kJ

1 g fat
b = 650 kJ (to two significant figures)

(8 g protein)a
17 kJ

1 g protein
b + (26 g carbohydrate)a

17 kJ

1 g carbohydrate
b +

100 Cal/mi
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Plan The problem statement provides a conversion factor between Calories and miles. The
answer to part (a) provides us with a conversion factor between servings and Calories.

Solve We can use these factors in a straightforward dimensional analysis to determine the
number of servings needed, rounded to the nearest whole number:

PRACTICE EXERCISE
(a) Dry red beans contain 62% carbohydrate, 22% protein, and 1.5% fat. Estimate the fuel
value of these beans.(b) During a very light activity, such as reading or watching television, the
average adult expends about . How many minutes of such activity can be sustained by
the energy provided by a serving of chicken noodle soup containing 13 g protein, 15 g carbo-
hydrate, and 5 g fat?
Answers: (a) , (b) 100 min15 kJ>g

7 kJ>min

Servings= (3 mi)a
100 Cal

1 mi
b a

1 serving

160 Cal
b = 2 servings

Fuels
During the complete combustion of fuels, carbon is converted to CO2 and hydrogen is
converted to H2O, both of which have large negative enthalpies of formation. Conse-
quently, the greater the percentage of carbon and hydrogen in a fuel, the higher its fuel
value. In � TABLE 5.5, for example, compare the compositions and fuel values of bitu-
minous coal and wood. The coal has a higher fuel value because of its greater carbon
content.

In 2008 the United States consumed of energy. This value corre-
sponds to an average daily energy consumption per person of , roughly
100 times greater than the per capita food-energy needs. Although the population of the
United States is only about of the world•s population, the United States accounts
for nearly 20% of the world•s total energy consumption.� FIGURE 5.25 illustrates the
sources of this energy.

Coal, petroleum, and natural gas, which are the world•s major sources of energy, are
known as fossil fuels . All have formed over millions of years from the decomposition of
plants and animals and are being depleted far more rapidly than they are being formed.

Natural gas consists of gaseous hydrocarbons, compounds of hydrogen and carbon.
It contains primarily methane (CH4), with small amounts of ethane (C2H6), propane
(C3H8), and butane (C4H10). We determined the fuel value of propane in Sample Exercise
5.11.Petroleum is a liquid composed of hundreds of compounds, most of which are hy-
drocarbons, with the remainder being chiefly organic compounds containing sulfur,
nitrogen, or oxygen.Coal , which is solid, contains hydrocarbons of high molecular weight
as well as compounds containing sulfur, oxygen, or nitrogen. Coal is the most abundant

4.5%

9.4 *  105 kJ
1.05 * 1017 kJ

TABLE 5.5 € Fuel Values and Compositions of Some Common Fuels

Approximate Elemental 
Composition (mass %)

C H O Fuel Value (kJ/ g)

Wood (pine) 50 6 44 18
Anthracite coal (Pennsylvania) 82 1 2 31
Bituminous coal (Pennsylvania) 77 5 7 32
Charcoal 100 0 0 34
Crude oil (Texas) 85 12 0 45
Gasoline 85 15 0 48
Natural gas 70 23 0 49
Hydrogen 0 100 0 142

Renewable
energy (7.4%)

Natural gas (24.0%)

Petroleum
(37.6%)

Nuclear
(8.5%)

Coal
(22.6%)

� FIGURE 5.25 Energy consumption in
the United States. In 2008 the United
States consumed a total of of
energy.

1.05 * 1017 kJ
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fossil fuel; current reserves are projected to last for well over 100 years at current consump-
tion rates. However, the use of coal presents a number of problems.

Coal is a complex mixture of substances, and it contains components that cause air
pollution. When coal is combusted, the sulfur it contains is converted mainly to sulfur
dioxide, SO2, a troublesome air pollutant. Because coal is a solid, recovery from its under-
ground deposits is expensive and often dangerous. Furthermore, coal deposits are not
always close to locations of high-energy use, so there are often substantial shipping costs.

Fossil fuels release energy in combustion reactions, which ideally produce only CO2
and H2O. The production of CO2 has become a major issue that involves science and
public policy because of concerns that increasing concentrations of atmospheric CO2
are causing global climate changes. In December 2009 the United Nations held a Cli-
mate Change Conference in Copenhagen, Denmark, that attracted about 15,000
participants from nearly 200 countries, including many government leaders. Much of
the discussion at this conference involved the impact of atmospheric CO2 and ways in
which alternative energy sources could be implemented. We will discuss the environ-
mental aspects of atmospheric CO2 in Chapter 18.

G I V E  I T  S O M E  T H O U G H T

Much current research is directed toward using hydrogen gas, H 2(g), as a fuel.
What intrinsic advantage does hydrogen as a fuel have with respect to the
current climate-change debate?

Other Energy Sources
Nuclear energyis the energy released in either the splitting or the fusion (combining) of
atomic nuclei. Nuclear power is currently used to produce about 21% of the electric
power in the United States and makes up about 8.5% of the total U.S. energy production
(Figure 5.25). Nuclear energy is, in principle, free of the polluting emissions that are a
major problem with fossil fuels. However, nuclear power plants produce radioactive
waste products, and their use has therefore been controversial. We will discuss issues re-
lated to the production of nuclear energy in Chapter 21.

Fossil fuels and nuclear energy are nonrenewablesources of energy„they are lim-
ited resources that we are consuming at a much greater rate than they can be
regenerated. Eventually these fuels will be expended, although estimates vary greatly as
to when this will occur. Because nonrenewable energy sources will eventually be used up,
a great deal of research is being conducted on renewable energy sources , sources that
are essentially inexhaustible. Renewable energy sources include solar energyfrom the
Sun,wind energyharnessed by windmills,geothermal energyfrom the heat stored inside
Earth,hydroelectric energyfrom flowing rivers, and biomass energyfrom crops and bio-
logical waste matter. Currently, renewable sources provide about 7.4% of the U.S. annual
energy consumption, with hydroelectric and biomass sources the major contributors.

Fulfilling our future energy needs will depend on developing technology to harness
solar energy with greater efficiency. Solar energy is the world•s largest energy source. On
a clear day about 1 kJ of solar energy reaches each square meter of Earth•s surface every
second. The average solar energy falling on only of U.S. land area is equivalent to
all the energy this nation currently uses. Harnessing this energy is difficult because it is
dilute (that is, distributed over a wide area) and varies with time of day and weather
conditions. The effective use of solar energy will depend on the development of some
means of storing and distributing it. Any practical means for doing this will almost cer-
tainly involve an endothermic chemical process that can be later reversed to release heat.
One such reaction is

This reaction proceeds in the forward direction at high temperatures, which can be ob-
tained in a solar furnace. The CO and H2 formed in the reaction could then be stored
and allowed to react later, with the heat released being put to useful work.

CH4(g) + H2O(g) + heat · CO(g) + 3 H2(g)

0.1%
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processes, and growing it requires the use of fertilizers. It is estimated
that the energy returnon corn-based bioethanol is only 34%„that is,
for each 1.00 J of energy expended to produce the corn, 1.34 J of en-
ergy is produced in the form of bioethanol. Second, the use of corn as
a starting material for making bioethanol competes with its use as an
important component of the food chain (the so-called •food versus
fuelŽ debate). In particular, the diversion of corn crops to bioethanol
production has led to higher prices for food, including beef (corn is
used as feed for cattle). Much current research focuses on the forma-
tion of bioethanol from cellulosicplants, plants that contain the
complex carbohydrate cellulose. Cellulose is not readily metabolized
(Sample Exercise 5.13) and so does not compete with the food sup-
ply. However, the chemistry for converting cellulose to ethanol is
much more complex than that for converting corn. Cellulosic
bioethanol could be produced from very fast growing nonfood
plants, such as prairie grasses and switchgrass, which readily renew
themselves without the use of fertilizers.

As shown in the chapter-opening photograph, the Brazilian
bioethanol industry uses sugarcane as its feedstock. Sugarcane grows
much faster than corn and without the need for fertilizers or tending.
Because of these differences, the energy return for sugarcane is much
higher than the energy return for corn. It is estimated that for each
1.0 J of energy expended in growing and processing sugarcane, 8.0 J
of energy is produced as bioethanol. Because the climate in Brazil is
ideal for growing cane, the Brazilian government started investing in
the 1970s in ways to utilize sugarcane as a major fuel source.

Other biofuels that are also becoming a major part of the world
economy include biodiesel,a substitute for petroleum-derived diesel
fuel. Biodiesel is typically produced from crops that have a high oil
content, such as soybeans and canola. It can also be produced from
animal fats and waste vegetable oil from the food and restaurant
industry.

Biofuels are combusted in the presence of O2(g) to produce
CO2(g), H2O(g), and energy in the form of heat, much as hydrocar-
bon fuels do. Because
CO2(g) is a product,
the use of biofuels is
part of the interna-
tional debate about
carbon dioxide and
climate change. We
will discuss this issue
further in Chapter 18.

RELATED EXERCISES:
5.89, 5.90, 5.111, 5.119

The Scientific and Political Challenges
of Biofuels

One of the biggest challenges facing us in the twenty-
first century is production of abundant sources of

energy, both food and fuels. World population
more than doubled from 1960 to 2000, from

about 3 billion to more than 6 billion people. It continues to grow at
a rate of about 750 million per decade„at the end of 2009, the global
population was about 6.8 billion people. A growing world popula-
tion puts greater demands on the global food supply, especially in
Asia and Africa, which together make up more than 75% of the world
population.

A growing population also increases demands on the produc-
tion of fuels for transportation, industry, electricity, heating, and
cooling. Further, many of the most populous nations, such as China
and India, have seen dramatic increases in the quality of life among
their citizens. As these countries have modernized, their per capita
consumption of energy„for automobiles, new industries, modern
housing, and technology advances„has increased significantly. In
China, for instance, per capita energy consumption roughly doubled
between 1990 and 2010 (although it is still less than 20% of U.S. per
capita energy consumption).

Global fuel energy consumption in 2009 was more than
, a staggeringly large number that is projected to grow to

more than by 2030. More than 80% of current energy re-
quirements comes from combustion of nonrenewable fossil fuels,
especially petroleum. Depletion has generally increased the cost of
petroleum-based fuels. In addition, the exploration of new petro-
leum sources often involves environmentally sensitive regions, such
as the Arctic National Wildlife Refuge. Thus, increasing the supplies
of petroleum becomes a major political and economic issue.

Global dependence on petroleum is in large part because 
it provides liquid fuels, such as gasoline, that are critical to supply-
ing transportation needs. One of the most promising……but
controversial……alternatives to petroleum-based fuels is biofuels,liq-
uid fuels derived from biological matter. The most common
approach to producing biofuels is to transform plant sugars and
other carbohydrates into combustible liquids. The energy stored in
the carbohydrates produced in photosynthesis (Equation 5.32) is
higher than the energy in H2O and CO2; thus, photosynthesis is a
way to •storeŽ solar energy in plants.

The most commonly produced biofuel is bioethanol,which is
ethanol (C2H5OH) made from fermentation of plant carbohydrates.
The fuel value of ethanol is about two-thirds that of gasoline and is
therefore comparable to that of coal (Table 5.5). The United States
and Brazil dominate bioethanol production, together supplying 85%
of the world•s total.

In the United States, nearly all the bioethanol currently pro-
duced is made from yellow feed corn (� FIGURE 5.26). Glucose
(C6H12O6) in the corn is converted to ethanol and CO2:

Notice that this reaction is anaerobic„it does not involve O2(g)„
and that the enthalpy change is positive and much smaller in
magnitude than for most combustion reactions. Other carbohydrates
can be converted to ethanol in similar fashion.

Producing bioethanol from corn is controversial for two main
reasons. First, growing and transporting corn are both energy-intensive

C6H12O6(s) ¡ 2 C2H5OH(l) + 2 CO2(g)   ¢ H = 15.8 KJ

7 * 1017 kJ
5 * 1017 kJ

� FIGURE 5.26 Corn, a source of food and bioethanol. The
sugars in the kernels of feed corn can be used as food or as a
feedstock for fermentation to ethanol.

CHEMISTRY PUT TO WORK
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Plants utilize solar energy in photosynthesis,the reaction in which the energy of
sunlight is used to convert CO2 and H2O into carbohydrates and O2. One common pho-
tosynthetic reaction produces the sugar glucose:

[5.32]

In essence, photosynthesis is the reverse of combustion in that CO2 and H2O are con-
sumed and O2 and an organic molecule are produced. Photosynthesis is an important
part of Earth•s ecosystem because it replenishes atmospheric O2, produces an energy-
rich molecule that can be used as fuel, and consumes some atmospheric CO2.

Perhaps the most direct way to use the Sun•s energy is to convert it directly into
electricity in photovoltaic devices, sometimes called solar cells. The efficiencies of such
devices have increased dramatically during the past few years. Photovoltaics are vital to
the generation of power for space vehicles, such as the International Space Station re-
search facility currently orbiting Earth. Technological advances have led to solar panels
that last longer and produce electricity with greater efficiency at steadily decreasing unit
cost. Indeed, the future of solar energy is, like the Sun itself, very bright.

SAMPLE INTEGRATIVE EXERCISE Putting Concepts Together

Trinitroglycerin, C3H5N3O9 (usually referred to simply as nitroglycerin), has been widely used
as an explosive. Alfred Nobel used it to make dynamite in 1866. Rather surprisingly, it also is
used as a medication, to relieve angina (chest pains resulting from partially blocked arteries to
the heart) by dilating the blood vessels. At 1 atm pressure and  , the enthalpy of decom-
position of trinitroglycerin to form nitrogen gas, carbon dioxide gas, liquid water, and oxygen
gas is .(a) Write a balanced chemical equation for the decomposition of trini-
troglycerin.(b) Calculate the standard heat of formation of trinitroglycerin.(c) A standard
dose of trinitroglycerin for relief of angina is 0.60 mg. If the sample is eventually oxidized in
the body (not explosively, though!) to nitrogen gas, carbon dioxide gas, and liquid water, what
number of calories is released? (d) One common form of trinitroglycerin melts at about .
From this information and the formula for the substance, would you expect it to be a molecu-
lar or ionic compound? Explain.(e)Describe the various conversions of forms of energy when
trinitroglycerin is used as an explosive to break rockfaces in highway construction.

SOLUTION
(a) The general form of the equation we must balance is

We go about balancing in the usual way. To obtain an even number of nitrogen atoms on the
left, we multiply the formula for C3H5N3O9 by 2, which gives us 3 mol of N2, 6 mol of CO2 and
5 mol of H2O. Everything is balanced except for oxygen. We have an odd number of oxygen
atoms on the right. We can balance the oxygen by adding mol of O2 on the right:

We multiply through by 2 to convert all coefficients to whole numbers:

(At the temperature of the explosion, water is a gas. The rapid expansion of the gaseous prod-
ucts creates the force of an explosion.)
(b) The heat of formation is the enthalpy change in the balanced chemical equation:

We can obtain the value of by using the equation for the heat of decomposition of
trinitroglycerin:

The enthalpy change in this reaction is . [We need to multiply by
4 because there are 4 mol of C3H5N3O9(l) in the balanced equation.] This enthalpy change is
given by the sum of the heats of formation of the products minus the heats of formation of the
reactants, each multiplied by its coefficient in the balanced equation:

- 4¢ H°f  [C3H5N3O9(l)]

- 6165.6 kJ= E6¢ H°f [N2(g)] + 12¢ H°f [CO2(g)] + 10¢ H°f [H 2O(l)] + ¢ H°f [O2(g)] F

4(- 1541.4 kJ)= - 6165.6 kJ

4 C3H5N3O9(l) ¡ 6 N2(g) + 12 CO2(g) + 10 H2O(l) + O2(g)

¢ H°f

3 C(s) + 3
2 N2(g) + 5

2 H2(g) + 9
2 O2(g) ¡ C3H5N3O9(l)  ¢ H°f = ?

4 C3H5N3O9(l) ¡ 6 N2(g) + 12 CO2(g) + 10 H2O(l) + O2(g)

2 C3H5N3O9(l) ¡ 3 N2(g) + 6 CO2(g) + 5 H2O(l) + 1
2 O2(g)

1
2

C3H5N3O9(l) ¡ N2(g) + CO2(g) + H2O(l) + O2(g)

3 °C

- 1541.4 kJ>mol

25 °C

6CO2(g) + 6H2O(l) + sunlight ¡ C6H12O6(s) + 6O2(g)
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The values for N2(g) and O2(g) are zero, by definition. We look up the values for H2O(l)
and CO2(g) in Table 5.3 and find that

(c) We know that on oxidation 1 mol of C3H5N3O9(l) yields 1541.4 kJ. We need to calculate
the number of moles of C3H5N3O9(l) in 0.60 mg:

(d) Because trinitroglycerin melts below room temperature, we expect that it is a molecular
compound. With few exceptions, ionic substances are generally hard, crystalline materials that
melt at high temperatures.€ (Sections 2.6 and 2.7)Also, the molecular formula suggests that
it is likely to be a molecular substance. All the elements of which it is composed are nonmetals.
(e) The energy stored in trinitroglycerin is chemical potential energy. When the substance re-
acts explosively, it forms substances such as carbon dioxide, water, and nitrogen gas, which are
of lower potential energy. In the course of the chemical transformation, energy is released in
the form of heat; the gaseous reaction products are very hot. This very high heat energy is
transferred to the surroundings; the gases expand against the surroundings, which may be
solid materials. Work is done in moving the solid materials and imparting kinetic energy to
them. For example, a chunk of rock might be impelled upward. It has been given kinetic en-
ergy by transfer of energy from the hot, expanding gases. As the rock rises, its kinetic energy is
transformed into potential energy. Eventually, it again acquires kinetic energy as it falls to
Earth. When it strikes Earth, its kinetic energy is converted largely to thermal energy, though
some work may be done on the surroundings as well.

= 4.1 J

 (0.60 * 10- 3 g C3H5N3O9)a
1 mol C3H5N3O9

227 g C3H5N3O9
b a

1541.4 kJ

1 mol C3H5N3O9
b = 4.1 * 10- 3 kJ

¢ H°f [C3H5N3O9(l)] = - 353.6 kJ>mol
- 6165.6 kJ= 12(- 393.5 kJ)+ 10(- 285.8 kJ)- 4¢ H°f [C3H5N3O9(l)]

¢ H°f

CHAPTER SUMMARY AND KEY TERMS

INTRODUCTION AND SECTION 5.1 Thermodynamics is the
study of energy and its transformations. In this chapter we have fo-
cused on thermochemistry , the transformations of energy„especially
heat„during chemical reactions.

An object can possess energy in two forms: (1) kinetic energy is
the energy due to the motion of the object, and (2) potential energy is
the energy that an object possesses by virtue of its position relative to
other objects. An electron in motion near a proton, for example, has
kinetic energy because of its motion and potential energy because of
its electrostatic attraction to the proton. The SI unit of energy is the
joule (J): . Another common energy unit is the
calorie (cal), which was originally defined as the quantity of energy
necessary to increase the temperature of 1 g of water by

.
When we study thermodynamic properties, we define a specific

amount of matter as the system . Everything outside the system is the
surroundings . When we study a chemical reaction, the system is gen-
erally the reactants and products. A closed system can exchange energy,
but not matter, with the surroundings. Energy can be transferred be-
tween the system and the surroundings as work or heat.Work is the
energy expended to move an object against a force . Heat is the energy
that is transferred from a hotter object to a colder one.Energy is the
capacity to do work or to transfer heat.

SECTION 5.2 Theinternal energy of a system is the sum of all the
kinetic and potential energies of its component parts. The internal en-
ergy of a system can change because of energy transferred between the
system and the surroundings. According to the first law of thermo-
dynamics , the change in the internal energy of a system, , is the
sum of the heat,q, transferred into or out of the system and the work,
w, done on or by the system: . Both q andw have a sign
that indicates the direction of energy transfer. When heat is transferred

¢ E = q + w

¢ E

1 °C: 1 cal= 4.184 J

1 J = 1 kg-m2>s2

from the surroundings to the system, . Likewise, when the sur-
roundings do work on the system, . In an endothermic process
the system absorbs heat from the surroundings; in an exothermic
process the system releases heat to the surroundings.

The internal energy,E, is a state function . The value of any state
function depends only on the state or condition of the system and not
on the details of how it came to be in that state. The heat,q, and the
work,w, are not state functions; their values depend on the particular
way by which a system changes its state.

SECTIONS 5.3 AND 5.4 When a gas is produced or consumed in a
chemical reaction occurring at constant pressure, the system may per-
form pressure-volume ( P-V) work against the prevailing pressure of
the surroundings. For this reason, we define a new state function called
enthalpy, H, which is related to energy: . In systems
where only pressure-volume work is involved, the change in the en-
thalpy of a system, , equals the heat gained or lost by the system at
constant pressure:¢H qp (the subscript p denotes constant pres-
sure). For an endothermic process, ; for an exothermic
process, .

In a chemical process, the enthalpy of reaction is the enthalpy of
the products minus the enthalpy of the reactants:

. Enthalpies of reaction follow some
simple rules: (1) The enthalpy of reaction is proportional to the
amount of reactant that reacts. (2) Reversing a reaction changes the
sign of . (3) The enthalpy of reaction depends on the physical states
of the reactants and products.

SECTION 5.5 The amount of heat transferred between the system
and the surroundings is measured experimentally by calorimetry . A
calorimeter measures the temperature change accompanying a
process. The temperature change of a calorimeter depends on its heat

¢ H

H (products) - H (reactants)
¢ Hrxn =

¢ H 6 0
¢ H 7 0

=
¢ H

H = E + PV

w 7 0
q 7 0
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capacity , the amount of heat required to raise its temperature by 1 K.
The heat capacity for one mole of a pure substance is called its molar
heat capacity ; for one gram of the substance, we use the term specific
heat . Water has a very high specific heat, . The amount of
heat,q,absorbed by a substance is the product of its specific heat (Cs),
its mass, and its temperature change: .

If a calorimetry experiment is carried out under a constant pres-
sure, the heat transferred provides a direct measure of the enthalpy
change of the reaction. Constant-volume calorimetry is carried out in a
vessel of fixed volume called a bomb calorimeter . Bomb calorimeters
are used to measure the heat evolved in combustion reactions. The heat
transferred under constant-volume conditions is equal to . Correc-
tions can be applied to values to yield enthalpies of combustion.

SECTION 5.6 Because enthalpy is a state function, depends
only on the initial and final states of the system. Thus, the enthalpy
change of a process is the same whether the process is carried out in
one step or in a series of steps.Hess•s law states that if a reaction is
carried out in a series of steps, for the reaction will be equal to the
sum of the enthalpy changes for the steps. We can therefore calculate

for any process, as long as we can write the process as a series of
steps for which is known.

SECTION 5.7 Theenthalpy of formation , , of a substance is the
enthalpy change for the reaction in which the substance is formed

¢ Hf

¢ H
¢ H

¢ H

¢ H

¢ E
¢ E

q = Cs * m * ¢ T

4.18 J>g-K

from its constituent elements. The standard enthalpy change of a re-
action, , is the enthalpy change when all reactants and products
are at 1 atm pressure and a specific temperature, usually 298 K ( ).
Combining these ideas, the  standard enthalpy of formation , , of
a substance is the change in enthalpy for the reaction that forms one
mole of the substance from its elements in their most stable form with
all reactants and products at 1 atm pressure and usually 298 K. For any
element in its most stable state at 298 K and 1 atm pressure, .
The standard enthalpy change for any reaction can be readily calcu-
lated from the standard enthalpies of formation of the reactants and
products in the reaction:

SECTION 5.8 The fuel value of a substance is the heat released
when one gram of the substance is combusted. Different types of foods
have different fuel values and differing abilities to be stored in the
body. The most common fuels are hydrocarbons that are found as
fossil fuels , such as natural gas , petroleum , and coal . Coal is the most
abundant fossil fuel, but the sulfur present in most coals causes air pol-
lution. Renewable energy sources include solar energy, wind energy,
biomass, and hydroelectric energy. Nuclear power does not utilize fos-
sil fuels but does create controversial waste-disposal problems. The
challenge of providing energy for the world has significant political
and social implications in the areas of food supply and the environment.

¢ H°rxn = ©n¢ H°f (products) - © m¢ H°f (reactants)

¢ H°f = 0

¢ H�
f

25 °C
¢ H°

KEY SKILLS
€ Interconvert energy units. (Section 5.1)

€ Distinguish between the system and the surroundings in thermodynamics. (Section 5.1)

€ State the first law of thermodynamics. (Section 5.2)

€ Understand the concept of a state function and be able to give examples. (Section 5.2)

€ Express the relationships among the quantities q, w, , and . Learn their sign conventions, including how the signs ofqand relate to
whether a process is exothermic or endothermic. (Sections 5.2 and 5.3)

€ Use thermochemical equations to relate the amount of heat energy transferred in reactions at constant pressure to the amount of
substance involved in the reaction. (Section 5.4)

€ Calculate the heat transferred in a process from temperature measurements together with heat capacities or specific heats (calorimetry).
(Section 5.5)

€ Use Hess•s law to determine enthalpy changes for reactions. (Section 5.6)

€ Use standard enthalpies of formation to calculate for reactions. (Section 5.7)

KEY EQUATIONS
€ [5.1] Kinetic energy

€ [5.4] The change in internal energy

€ [5.5] Relates the change in internal energy to heat and work (the first law of
thermodynamics)

€ [5.8] The work done by an expanding gas at constant pressure

€ [5.10] Enthalpy change at constant pressure

€ [5.22] Heat gained or lost based on specific heat, mass, and temperature change

€ [5.31] Standard enthalpy change of a reaction¢ H°rxn = ©n¢ H°f (products) - © m¢ H°f (reactants)

q = Cs * m * ¢ T

¢ H = ¢ E + P ¢ V = qP

w = - P ¢ V

¢ E = q + w

¢ E = Efinal - Einitial

Ek = 1
2 mv2

¢ H°

(¢ H)

¢ H¢ H¢ E
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EXERCISES
VISUALIZING CONCEPTS

5.1 Imagine a book that is falling from a shelf. At a particular mo-
ment during its fall, the book has a kinetic energy of 24 J and a
potential energy with respect to the floor of 47 J.(a)How does
the book•s kinetic energy and its potential energy change as it
continues to fall?(b) What is its total kinetic energy at the in-
stant just before it strikes the floor?(c) If a heavier book fell
from the same shelf, would it have the same kinetic energy
when it strikes the floor? [Section 5.1]

5.2 The accompanying photo shows a pipevine swallowtail cater-
pillar climbing up a twig.(a) As the caterpillar climbs, its po-
tential energy is increasing. What source of energy has been
used to effect this change in potential energy? (b) If the caterpil-
lar is the system, can you predict the sign ofq as the caterpillar
climbs?(c) Does the caterpillar do work in climbing the twig?
Explain. (d) Does the amount of work done in climbing a
12-inch section of the twig depend on the speed of the cater-
pillar•s climb? (e) Does the change in potential energy depend
on the caterpillar•s speed of climb? [Section 5.1]

5.3 Consider the accompanying energy diagram.(a) Does this di-
agram represent an increase or decrease in the internal energy
of the system? (b) What sign is given to ¢E for this process?
(c) If there is no work associated with the process, is it
exothermic or endothermic? [Section 5.2]

Reactants
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5.4 The contents of the closed box in each of the following illustra-
tions represent a system, and the arrows show the changes to the
system during some process. The lengths of the arrows represent
the relative magnitudes ofqandw. (a)Which of these processes
is endothermic? (b) For which of these processes, if any, is 
¢E6 0?(c) For which process, if any, does the system experience
a net gain in internal energy? [Section 5.2]

5.5 Imagine that you are climbing a mountain.(a) Is the distance
you travel to the top a state function? Why or why not? (b) Is
the change in elevation between your base camp and the peak
a state function? Why or why not? [Section 5.2]

5.6 The diagram shows four states of a system, each with different
internal energy,E. (a)Which of the states of the system has the
greatest internal energy? (b) In terms of the ¢E values, write
two expressions for the difference in internal energy between
State A and State B.(c) Write an expression for the difference
in energy between State C and State D.(d) Suppose there is
another state of the system, State E, and that its energy relative
to State A is . Where would State E be on
the diagram? [Section 5.2]

5.7 You may have noticed that when you compress the air in a bi-
cycle pump, the body of the pump gets warmer.(a) Assuming
the pump and the air in it comprise the system, what is the
sign ofw when you compress the air? (b) What is the sign ofq
for this process? (c) Based on your answers to parts (a) and
(b), can you determine the sign of¢Efor compressing the air
in the pump? If not, what would you expect for the sign of¢E?
What is your reasoning? [Section 5.2]
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5.8 In the accompanying cylinder diagram a chemical process oc-
curs at constant temperature and pressure.(a) Is the sign ofw
indicated by this change positive or negative? (b) If the process
is endothermic, does the internal energy of the system within
the cylinder increase or decrease during the change and is ¢E
positive or negative? [Sections 5.2 and 5.3]

5.9 Imagine a container placed in a tub of water, as depicted in the
accompanying diagram.(a) If the contents of the container
are the system and heat is able to flow through the container
walls, what qualitative changes will occur in the temperatures
of the system and in its surroundings? What is the sign ofq
associated with each change? From the system•s perspective, is
the process exothermic or endothermic? (b) If neither the
volume nor the pressure of the system changes during
the process, how is the change in internal energy related to
the change in enthalpy? [Sections 5.2 and 5.3]

5.10 The gas-phase reaction shown, between N2 and O2, was run in
an apparatus designed to maintain a constant pressure.(a)Write

350 K 290 K

4.0 L

P

P

2.0 L

Reaction

a balanced chemical equation for the reaction depicted and pre-
dict whether w is positive, negative, or zero.(b) Using data from
Appendix C, determine ¢H for the formation of one mole of the
product. Why is this enthalpy change called the enthalpy of for-
mation of the involved product? [Sections 5.3 and 5.7]

5.11 Consider the two diagrams that follow.(a)Based on (i), write an
equation showing how ¢HA is related to ¢HB and¢HC. How
do both diagram (i) and your equation relate to the fact that
enthalpy is a state function? (b) Based on (ii), write an equation
relating ¢HZ to the other enthalpy changes in the diagram.
(c) How do these diagrams relate to Hess•s law? [Section 5.6]

5.12 Consider the conversion of compound A into compound B:
A B. For both compounds A and B,¢ 7 0.(a) Sketch
an enthalpy diagram for the reaction that is analogous to
Figure 5.23.(b) Suppose the overall reaction is exothermic.
What can you conclude? [Section 5.7]
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THE NATURE OF ENERGY (section 5.1)
5.13 In what two ways can an object possess energy? How do these

two ways differ from one another?

5.14 Suppose you toss a tennis ball upward.(a) Does the kinetic en-
ergy of the ball increase or decrease as it moves higher? (b)
What happens to the potential energy of the ball as it moves
higher? (c) If the same amount of energy were imparted to a
ball the same size as a tennis ball but of twice the mass, how
high would it go in comparison to the tennis ball? Explain
your answers.

5.15 (a) Calculate the kinetic energy in joules of a 1200-kg automo-
bile moving at 18 m/s.(b) Convert this energy to calories.(c)
What happens to this energy when the automobile brakes to a
stop?

5.16 (a)A baseball weighs 5.13 oz.What is the kinetic energy in joules
of this baseball when it is thrown by a major-league pitcher at

95.0 mph? (b) By what factor will the kinetic energy change if the
speed of the baseball is decreased to 55.0 mph? (c)What happens
to the kinetic energy when the baseball is caught by the catcher?
(d) What careful experimental measurement could (in princi-
ple) be made to confirm your answer to (c)?

5.17 The use of the British thermal unit (Btu) is common in much
engineering work. A Btu is the amount of heat required to
raise the temperature of 1 lb of water by 1 °F. Calculate the
number of joules in a Btu.

5.18 A watt is a measure of power (the rate of energy change) equal
to . (a) Calculate the number of joules in a kilowatt-hour.
(b) An adult person radiates heat to the surroundings at about
the same rate as a 100-watt electric incandescent lightbulb.
What is the total amount of energy in kcal radiated to the sur-
roundings by an adult in 24 hours?

1 J>s
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5.19 (a) What is meant by the term systemin thermodynamics? (b)
What is a closed system?(c) What do we call the part of the
universe that is not part of the system?

5.20 In a thermodynamic study a scientist focuses on the properties
of a solution in an apparatus as illustrated. A solution is con-
tinuously flowing into the apparatus at the top and out at the
bottom, such that the amount of solution in the apparatus is
constant with time.(a) Is the solution in the apparatus a
closed system, open system, or isolated system? Explain your
choice.(b) If it is not a closed system, what could be done to
make it a closed system?

Out

In

5.21 (a) What is work? (b) How do we determine the amount of
work done, given the force associated with the work?

5.22 (a)What is heat? (b) Under what conditions is heat trans-
ferred from one object to another?

5.23 Identify the force present and explain whether work is being
performed in the following cases:(a) You lift a pencil off the
top of a desk.(b) A spring is compressed to half its normal
length.

5.24 Identify the force present and explain whether work is done
when (a) a positively charged particle moves in a circle at a
fixed distance from a negatively charged particle;(b) an iron
nail is pulled off a magnet.

THE FIRST LAW OF THERMODYNAMICS (section 5.2)
5.25 (a) State the first law of thermodynamics.(b) What is meant

by the internal energyof a system? (c) By what means can the
internal energy of a closed system increase?

5.26 (a)Write an equation that expresses the first law of thermo-
dynamics in terms of heat and work.(b) Under what condi-
tions will the quantities q andw be negative numbers?

5.27 Calculate ¢Eand determine whether the process is endother-
mic or exothermic for the following cases:(a) q 0.763 kJ
andw …840 J;(b) a system releases 66.1 kJ of heat to its sur-
roundings while the surroundings do 44.0 kJ of work on the
system;(c) the system absorbs 7.25 kJ of heat from the sur-
roundings while its volume remains constant (assume that
only P-Vwork can be done).

5.28 For the following processes, calculate the change in internal
energy of the system and determine whether the process is en-
dothermic or exothermic:(a) A balloon is cooled by removing
0.655 kJ of heat. It shrinks on cooling, and the atmosphere
does 382 J of work on the balloon.(b) A 100.0-g bar of gold is
heated from 25 °C to 50 °C during which it absorbs 322 J of
heat. Assume the volume of the gold bar remains constant.(c)
The surroundings do 1.44 kJ of work compressing gas in a
perfectly insulated cylinder.

5.29 A gas is confined to a cylinder fitted with a piston and an elec-
trical heater, as shown here:

=
=

Suppose that current is supplied to the heater so that 100 J of
energy is added. Consider two different situations. In case (1)
the piston is allowed to move as the energy is added. In case
(2) the piston is fixed so that it cannot move.(a) In which case
does the gas have the higher temperature after addition of the
electrical energy? Explain.(b) What can you say about the val-
ues ofq and w in each case? (c) What can you say about the
relative values of¢Efor the system (the gas in the cylinder) in
the two cases?

5.30 Consider a system consisting of two oppositely charged
spheres hanging by strings and separated by a distance r1, as
shown in the accompanying illustration. Suppose they are sep-
arated to a larger distance r2, by moving them apart along a
track. (a) What change, if any, has occurred in the potential
energy of the system? (b) What effect, if any, does this process
have on the value of¢E?(c) What can you say about q andw
for this process?

5.31 (a) What is meant by the term state function? (b) Give an
example of a quantity that is a state function and one that is
not. (c) Is the volume of the system a state function? Why or
why not?

5.32 Indicate which of the following is independent of the path by
which a change occurs:(a) the change in potential energy
when a book is transferred from table to shelf,(b) the heat
evolved when a cube of sugar is oxidized to CO2(g) and
H2O(g), (c) the work accomplished in burning a gallon of
gasoline.

r1

� 	

r2

� 	
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ENTHALPY (sections 5.3 and 5.4)
5.33 (a) Why is the change in enthalpy usually easier to measure

than the change in internal energy? (b) H is a state function,
but q is not a state function. Explain.(c) For a given process at
constant pressure,¢H is positive. Is the process endothermic
or exothermic?

5.34 (a) Under what condition will the enthalpy change of a
process equal the amount of heat transferred into or out of the
system? (b) During a constant-pressure process, the system
releases heat to the surroundings. Does the enthalpy of the sys-
tem increase or decrease during the process? (c) In a constant-
pressure process, . What can you conclude about ¢E, q,
andw?

5.35 You are given ¢H for a process that occurs at constant pres-
sure. What additional information do you need to determine
¢Efor the process?

5.36 Suppose that the gas-phase reaction 
were carried out in a constant-volume container at

constant temperature. Would the measured heat change repre-
sent¢H or ¢E? If there is a difference, which quantity is larger
for this reaction? Explain.

5.37 A gas is confined to a cylinder under constant atmospheric
pressure, as illustrated in Figure 5.4. When the gas undergoes a
particular chemical reaction, it absorbs 824 J of heat from its
surroundings and has 0.65 kJ ofP-V work done on it by its
surroundings. What are the values of¢H and ¢E for this
process?

5.38 A gas is confined to a cylinder under constant atmospheric
pressure, as illustrated in Figure 5.4. When 0.49 kJ of heat is
added to the gas, it expands and does 214 J of work on the
surroundings. What are the values of¢H and ¢E for this
process?

5.39 The complete combustion of ethanol, C2H5OH(l), to form
H2O(g) and CO2(g) at constant pressure releases 1235 kJ of
heat per mole of C2H5OH. (a) Write a balanced thermochem-
ical equation for this reaction.(b) Draw an enthalpy diagram
for the reaction.

5.40 The decomposition ofslaked lime,Ca(OH)2(s), into lime,
CaO(s), and H2O(g) at constant pressure requires the addition
of 109 kJ of heat per mole of Ca(OH)2. (a) Write a balanced
thermochemical equation for the reaction.(b) Draw an en-
thalpy diagram for the reaction.

5.41 Ozone, O3(g), is a form of elemental oxygen that is important
in the absorption of ultraviolet radiation in the stratosphere.
It decomposes to O2(g) at room temperature and pressure ac-
cording to the following reaction:

(a) What is the enthalpy change for this reaction per mole of
O3(g)?(b) Which has the higher enthalpy under these condi-
tions, 2 O3(g) or 3 O2(g)?

5.42 Without referring to tables, predict which of the following has
the higher enthalpy in each case:(a) 1 mol CO2(s) or 1 mol
CO2(g) at the same temperature,(b) 2 mol of hydrogen atoms
or 1 mol of H2, (c) 1 mol H2(g) and 0.5 mol O2(g) at 25 °C or
1 mol H2O(g) at 25 °C,(d) 1 mol N2(g) at 100 °C or 1 mol
N2(g) at 300 °C.

2 O3(g) ¡ 3 O2(g)   ¢ H = - 284.6 kJ

2 NO2(g)
2 NO(g) + O2(g) ¡

¢ H = 0

5.43 Consider the following reaction:

(a) Is this reaction exothermic or endothermic? (b) Calculate
the amount of heat transferred when 3.55 g of Mg(s) reacts at
constant pressure.(c) How many grams of MgO are produced
during an enthalpy change of (d) How many kilo-
joules of heat are absorbed when 40.3 g of MgO(s) is decom-
posed into Mg(s) and O2(g) at constant pressure?

5.44 Consider the following reaction:

(a) Is this reaction exothermic or endothermic? (b) Calculate
the amount of heat transferred when 24.0 g of CH3OH(g) is
decomposed by this reaction at constant pressure.(c) For a
given sample of CH3OH, the enthalpy change during the reac-
tion is 82.1 kJ. How many grams of methane gas are produced?
(d) How many kilojoules of heat are released when 38.5 g of
CH4(g) reacts completely with O2(g) to form CH3OH(g) at
constant pressure?

5.45 When solutions containing silver ions and chloride ions are
mixed, silver chloride precipitates:

(a) Calculate ¢H for production of 0.450 mol of AgCl by this
reaction.(b) Calculate ¢H for the production of 9.00 g of
AgCl. (c) Calculate ¢H when dis-
solves in water.

5.46 At one time, a common means of forming small quantities of
oxygen gas in the laboratory was to heat KClO3:

For this reaction, calculate ¢H for the formation of(a) 1.36
mol of O2 and (b) 10.4 g of KCl.(c) The decomposition of
KClO3 proceeds spontaneously when it is heated. Do you
think that the reverse reaction, the formation of KClO3 from
KCl and O2, is likely to be feasible under ordinary conditions?
Explain your answer.

5.47 Consider the combustion of liquid methanol, CH3OH(l):

(a) What is the enthalpy change for the reverse reaction?
(b) Balance the forward reaction with whole-number coeffi-
cients. What is ¢H for the reaction represented by this equa-
tion? (c) Which is more likely to be thermodynamically
favored, the forward reaction or the reverse reaction? (d) If the
reaction were written to produce H2O(g) instead of H2O(l),
would you expect the magnitude of¢H to increase, decrease,
or stay the same? Explain.

5.48 Consider the decomposition of liquid benzene, C6H6(l), to
gaseous acetylene, C2H2(g):

(a) What is the enthalpy change for the reverse reaction? (b)
What is ¢H for the formation of 1 mol of acetylene? (c) Which
is more likely to be thermodynamically favored, the forward
reaction or the reverse reaction? (d) If C6H6(g) were con-
sumed instead of C6H6(l), would you expect the magnitude of
¢H to increase, decrease, or stay the same? Explain.

C6H6(l) ¡ 3 C2H2(g)  ¢ H = +630 kJ

¢ H = - 726.5 kJ

CH3OH(l) + 3
2 O2(g) ¡ CO2(g) + 2 H2O(l)

2 KClO3(s) ¡ 2 KCl(s) + 3 O2(g)  ¢ H = - 89.4 kJ

9.25 * 10- 4 mol of AgCl

Ag+(aq) + Cl- (aq) ¡ AgCl(s)  ¢ H = - 65.5 kJ

2 CH3OH(g) ¡ 2 CH4(g) + O2(g)  ¢ H = +252.8 kJ

- 234 kJ?

2 Mg(s) + O2(g) ¡ 2 MgO(s)  ¢ H = - 1204 kJ
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CALORIMETRY (section 5.5)
5.49 (a)What are the units of molar heat capacity? (b) What are the

units of specific heat? (c) If you know the specific heat of cop-
per, what additional information do you need to calculate the
heat capacity of a particular piece of copper pipe?

5.50 Two solid objects, A and B, are placed in boiling water and
allowed to come to temperature there. Each is then lifted
out and placed in separate beakers containing 1000 g water at
10.0 °C. Object A increases the water temperature by 3.50 °C;
B increases the water temperature by 2.60 °C.(a)Which object
has the larger heat capacity? (b) What can you say about the
specific heats of A and B?

5.51 (a) What is the specific heat of liquid water? (b) What is the
molar heat capacity of liquid water? (c) What is the heat ca-
pacity of 185 g of liquid water? (d) How many kJ of heat are
needed to raise the temperature of 10.00 kg of liquid water
from 24.6 °C to 46.2 °C?

5.52 (a)Which substance in Table 5.2 requires the smallest amount
of energy to increase the temperature of 50.0 g of that sub-
stance by 10 K? (b) Calculate the energy needed for this tem-
perature change.

5.53 The specific heat ofoctane,C8H18(l), is 2.22 J g-K.(a) How
many J of heat are needed to raise the temperature of 80.0 g of
octane from 10.0 °C to 25.0 °C? (b) Which will require more
heat, increasing the temperature of 1 mol of C8H18(l) by a cer-
tain amount or increasing the temperature of 1 mol of H2O(l)
by the same amount?

5.54 Consider the data about gold metal in Exercise 5.28(b).(a)
Based on the data, calculate the specific heat of Au(s). (b) Sup-
pose that the same amount of heat is added to two 10.0-g
blocks of metal, both initially at the same temperature. One
block is gold metal and one is iron metal. Which block will
have the greater rise in temperature after the addition of the
heat?(c) What is the molar heat capacity of Au(s)?

5.55 When a 6.50-g sample of solid sodium hydroxide dissolves in
100.0 g of water in a coffee-cup calorimeter (Figure 5.18), the
temperature rises from 21.6 °C to 37.8 °C. Calculate ¢H (in

NaOH) for the solution process

Assume that the specific heat of the solution is the same as
that of pure water.

NaOH(s) ¡ Na+(aq) + OH- (aq)

kJ>mol

>

5.56 (a)When a 4.25-g sample of solid ammonium nitrate dis-
solves in 60.0 g of water in a coffee-cup calorimeter (Figure
5.18), the temperature drops from 22.0 °C to 16.9 °C. Calcu-
late ¢H (in NH4NO3) for the solution process

Assume that the specific heat of the solution is the same
as that of pure water.(b) Is this process endothermic or
exothermic?

5.57 A 2.200-g sample of quinone (C6H4O2) is burned in a bomb
calorimeter whose total heat capacity is . The tem-
perature of the calorimeter increases from to

. What is the heat of combustion per gram of
quinone? Per mole of quinone?

5.58 A 1.800-g sample of phenol (C6H5OH) was burned in a bomb
calorimeter whose total heat capacity is . The tem-
perature of the calorimeter plus contents increased from
21.36 °C to 26.37 °C.(a) Write a balanced chemical equation
for the bomb calorimeter reaction.(b) What is the heat of
combustion per gram of phenol? Per mole of phenol?

5.59 Under constant-volume conditions, the heat of combustion of
glucose (C6H12O6) is . A 3.500-g sample of glucose
is burned in a bomb calorimeter. The temperature of the
calorimeter increased from 20.94 °C to 24.72 °C.(a) What is
the total heat capacity of the calorimeter? (b) If the size of the
glucose sample had been exactly twice as large, what would the
temperature change of the calorimeter have been?

5.60 Under constant-volume conditions, the heat of combustion of
benzoic acid (C6H5COOH) is . A 2.760-g sample of
benzoic acid is burned in a bomb calorimeter. The tempera-
ture of the calorimeter increases from 21.60 °C to 29.93 °C.
(a) What is the total heat capacity of the calorimeter? (b) A
1.440-g sample of a new organic substance is combusted in the
same calorimeter. The temperature of the calorimeter in-
creases from 22.14 °C to 27.09 °C. What is the heat of combus-
tion per gram of the new substance? (c) Suppose that in
changing samples, a portion of the water in the calorimeter
were lost. In what way, if any, would this change the heat
capacity of the calorimeter?

26.38 kJ>g

15.57 kJ>g

11.66 kJ>°C

30.57 °C
23.44 °C

7.854 kJ>°C

NH4NO3(s) ¡ NH4
+(aq) + NO3

- (aq)

kJ>mol

HESS•S LAW (section 5.6)
5.61 What is the connection between Hess•s law and the fact that H

is a state function?

5.62 Consider the following hypothetical reactions:

(a) Use Hess•s law to calculate the enthalpy change for the
reaction .(b) Construct an enthalpy diagram for
substances A, B, and C, and show how Hess•s law applies.

5.63 Calculate the enthalpy change for the reaction

given the following enthalpies of reaction:

 P4(s) + 5 O2(g) ¡ P4O10(s)  ¢ H = - 2940.1 kJ

 P4(s) + 3 O2(g) ¡ P4O6(s)  ¢ H = - 1640.1 kJ

P4O6(s) + 2 O2(g) ¡ P4O10(s)

A ¡ C

B ¡ C  ¢ H = +60 kJ

A ¡ B  ¢ H = +30 kJ

5.64 From the enthalpies of reaction

calculate ¢H for the reaction

5.65 From the enthalpies of reaction

calculate for the reaction of ethylene with F2:

C2H4(g) + 6 F2(g) ¡ 2 CF4(g) + 4 HF(g)

¢ H

 2 C(s) + 2 H2(g) ¡ C2H4(g)  ¢ H = +52.3 kJ

 C(s) + 2 F2(g) ¡ CF4(g)   ¢ H = - 680 kJ

 H2(g) + F2(g) ¡ 2 HF(g)  ¢ H = - 537 kJ

CO(g) + 2 H2(g) ¡ CH3OH(g)

 2 C(s) + O2(g) + 4 H2(g) ¡ 2 CH3OH(g)  ¢ H = - 402.4 kJ

 2 C(s) + O2(g) ¡ 2 CO(g)  ¢ H = - 221.0 kJ
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5.66 Given the data

use Hess•s law to calculate ¢H for the reaction

N2O(g) + NO2(g) ¡ 3 NO(g)

 2 N2O(g) ¡ 2 N2(g) + O2(g)  ¢ H = - 163.2 kJ

 2 NO(g) + O2(g) ¡ 2 NO2(g)  ¢ H = - 113.1 kJ

 N2(g) + O2(g) ¡ 2 NO(g)     ¢ H = +180.7 kJ

ENTHALPIES OF FORMATION (section 5.7)
5.67 (a) What is meant by the term standard conditionswith refer-

ence to enthalpy changes? (b) What is meant by the term
enthalpy of formation?(c) What is meant by the term standard
enthalpy of formation?

5.68 (a)Why are tables of standard enthalpies of formation so use-
ful?(b) What is the value of the standard enthalpy of forma-
tion of an element in its most stable form? (c) Write the
chemical equation for the reaction whose enthalpy change is
the standard enthalpy of formation of sucrose (table sugar),
C12H22O11(s), ¢Hf°[C12H22O11].

5.69 For each of the following compounds, write a balanced ther-
mochemical equation depicting the formation of one mole of
the compound from its elements in their standard states and
use Appendix C to obtain the value of¢Hf°: (a) NO2(g), (b)
SO3(g), (c) NaBr(s), (d) Pb(NO3)2(s).

5.70 Write balanced equations that describe the formation of the
following compounds from elements in their standard states,
and use Appendix C to obtain the values of their standard
enthalpies of formation:(a) H2O2(g), (b) CaCO3(s), (c)
POCl3(l), (d) C2H5OH(l).

5.71 The following is known as the thermite reaction [Figure 5.8(b)]:

This highly exothermic reaction is used for welding massive units,
such as propellers for large ships. Using standard enthalpies of
formation in Appendix C, calculate ¢H° for this reaction.

5.72 Many portable gas heaters and grills use propane, C3H8(g), as
a fuel. Using standard enthalpies of formation, calculate the
quantity of heat produced when 10.0 g of propane is com-
pletely combusted in air under standard conditions.

5.73 Using values from Appendix C, calculate the standard en-
thalpy change for each of the following reactions:

(a)

(b)

(c)

(d)
5.74 Using values from Appendix C, calculate the value of¢H° for

each of the following reactions:

(a)

(b)

(c)

(d)
5.75 Complete combustion of 1 mol of acetone (C3H6O) liberates

1790 kJ:

¢ H° = - 1790 kJ

C3H6O(l) + 4 O2(g) ¡ 3 CO2(g) + 3 H2O(l)

4 NH3(g) + O2(g) ¡  2 N2H4(g) +  2 H2O(l)

2 CuO(s) + NO(g) ¡ Cu2O(s) + NO2(g)

4 FeO(s) + O2(g) ¡ 2 Fe2O3(s)

CaO(s) + 2 HCl(g) ¡ CaCl2(s) + H2O(g)

SiCl4(l) + 2 H2O(l) ¡ SiO2(s) + 4 HCl(g)

N2O4(g) + 4 H2(g) ¡ N2(g) + 4 H2O(g)

Mg(OH)2(s) ¡ MgO(s) + H2O(l)

2 SO2(g) + O2(g) ¡ 2 SO3(g)

2 Al(s) + Fe2O3(s) ¡ Al2O3(s) + 2 Fe(s)

Using this information together with data from Appendix C,
calculate the enthalpy of formation of acetone.

5.76 Calcium carbide (CaC2) reacts with water to form acetylene
(C2H2) and Ca(OH)2. From the following enthalpy of reac-
tion data and data in Appendix C, calculate ¢Hf° for CaC2(s):

5.77 Gasoline is composed primarily of hydrocarbons, including
many with eight carbon atoms, called octanes. One of the
cleanest-burning octanes is a compound called 2,3,4-
trimethylpentane, which has the following structural formula:

The complete combustion of one mole of this compound to
CO2(g) and H2O(g) leads to .
(a) Write a balanced equation for the combustion of 1 mol of
C8H18(l). (b) Write a balanced equation for the formation of
C8H18(l) from its elements.(c) By using the information in
this problem and data in Table 5.3, calculate ¢Hf° for 2,3,4-
trimethylpentane.

5.78 Diethyl ether, C4H10O(l), a flammable compound that has
long been used as a surgical anesthetic, has the structure

The complete combustion of 1 mol of C4H10O(l) to CO2(g)
and H2O(l) yields .(a) Write a balanced
equation for the combustion of 1 mol of C4H10O(l). (b) Write
a balanced equation for the formation of C4H10O(l) from its
elements.(c) By using the information in this problem and
data in Table 5.3, calculate ¢Hf° for diethyl ether.

5.79 Ethanol (C2H5OH) is currently blended with gasoline as an
automobile fuel.(a) Write a balanced equation for the com-
bustion of liquid ethanol in air.(b) Calculate the standard
enthalpy change for the reaction, assuming H2O(g) as a prod-
uct. (c) Calculate the heat produced per liter of ethanol by
combustion of ethanol under constant pressure. Ethanol has a
density of . (d) Calculate the mass of CO2
produced per kJ of heat emitted.

5.80 Methanol (CH3OH) is used as a fuel in race cars.(a) Write a
balanced equation for the combustion of liquid methanol in
air. (b) Calculate the standard enthalpy change for the reac-
tion, assuming H2O(g) as a product.(c) Calculate the heat
produced by combustion per liter of methanol. Methanol has
a density of .(d) Calculate the mass of CO2
produced per kJ of heat emitted.

0.791 g/mL

0.789 g>mL

¢ H° = - 2723.7 kJ

CH3¬ CH2¬ O¬ CH2¬ CH3

¢ H° = - 5064.9 kJ>mol

H3C CH CH CH CH 3

CH3 CH3 CH3

¢ H° = - 127.2 kJ

CaC2(s) + 2 H2O(l) ¡ Ca(OH)2(s) + C2H2(g)
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5.81 (a) What is meant by the term fuel value?(b) Which is a greater
source of energy as food,5 g of fat or 9 g of carbohydrate? (c)The
metabolism of glucose produces CO2(g) and H2O(l). How does
the human body expel these reaction products?

5.82 (a)Why are fats well suited for energy storage in the human
body? (b) A particular chip snack food is composed of 12%
protein, 14% fat, and the rest carbohydrate. What percentage
of the calorie content of this food is fat? (c) How many grams
of protein provide the same fuel value as 25 g of fat?

5.83 (a) A serving of a particular ready-to-serve chicken noodle
soup contains 2.5 g fat, 14 g carbohydrate, and 7 g protein. Es-
timate the number of Calories in a serving.(b) According to
its nutrition label, the same soup also contains 690 mg of
sodium. Do you think the sodium contributes to the caloric
content of the soup?

5.84 A pound of plain M&M®candies contains 96 g fat, 320 g carbo-
hydrate, and 21 g protein. What is the fuel value in kJ in a 42-g
(about 1.5 oz) serving? How many Calories does it provide?

5.85 The heat of combustion of fructose, C6H12O6, is
. If a fresh golden delicious apple weighing 

4.23 oz (120 g) contains 16.0 g of fructose, what caloric con-
tent does the fructose contribute to the apple?

5.86 The heat of combustion of ethanol, C2H5OH(l), is
. A batch of Sauvignon Blanc wine contains

10.6% ethanol by mass. Assuming the density of the wine to
be , what is the caloric content due to the alcohol
(ethanol) in a 6-oz glass of wine (177 mL)?

5.87 The standard enthalpies of formation of gaseous propyne
(C3H4), propylene (C3H6), and propane (C3H8) are ,

, and , respectively.(a) Calculate the heat
evolved per mole on combustion of each substance to
yield CO2(g) and H2O(g). (b) Calculate the heat evolved on
combustion of 1 kg of each substance.(c) Which is the most
efficient fuel in terms of heat evolved per unit mass?

- 103.8 kJ>mol+20.4
+185.4

1.0 g>mL

- 1367 kJ>mol

- 2812 kJ>mol

5.88 It is interesting to compare the •fuel valueŽ of a hydrocarbon
in a world where fluorine rather than oxygen is the combus-
tion agent. The enthalpy of formation of CF4(g) is

. Which of the following two reactions is the
more exothermic?

[5.89] At the end of 2009, global population was about 6.8 billion
people. What mass of glucose in kg would be needed to pro-
vide 1500 Cal>person>day of nourishment to the global popu-
lation for one year? Assume that glucose is metabolized
entirely to CO2(g) and H2O(l) according to the following ther-
mochemical equation:

[5.90] The automobile fuel called E85 consists of 85% ethanol and
15% gasoline. E85 can be used in so-called •flex-fuelŽ vehicles
(FFVs), which can use gasoline, ethanol, or a mix as fuels. As-
sume that gasoline consists of a mixture of octanes (different
isomers of C8H18), that the average heat of combustion of
C8H18(l) is 5400 kJ>mol, and that gasoline has an average den-
sity of 0.70 g>mL. The density of ethanol is 0.79 g>mL. (a) By
using the information given as well as data in Appendix C,
compare the energy produced by combustion of 1.0 L of gaso-
line and of 1.0 L of ethanol.(b) Assume that the density and
heat of combustion of E85 can be obtained by using 85% of
the values for ethanol and 15% of the values for gasoline. How
much energy could be released by the combustion of 1.0 L of
E85?(c) How many gallons of E85 would be needed to provide
the same energy as 10 gal of gasoline? (d) If gasoline costs
$3.10 per gallon in the United States, what is the break-even
price per gallon of E85 if the same amount of energy is to be
delivered?

   ¢ Ho = - 2803 kJ

C6H12O6(s) + 6 O2(g) ¡ 6 CO2(g) + 6H2O(l)

 CH4(g) + 4 F2(g) ¡ CF4(g) + 4 HF(g)

 CH4(g) + 2 O2(g) ¡ CO2(g) + 2 H2O(g)

- 679.9 kJ>mol

FOODS AND FUELS (section 5.8)

ADDITIONAL EXERCISES
5.91 At (approximately room temperature) the average

velocity of N2 molecules in air is 1050 mph.(a)What is the av-
erage speed in (b) What is the kinetic energy (in J) of an
N2 molecule moving at this speed? (c) What is the total kinetic
energy of 1 mol of N2 molecules moving at this speed?

5.92 Suppose an Olympic diver who weighs 52.0 kg executes a
straight dive from a 10-m platform. At the apex of the dive, the
diver is 10.8 m above the surface of the water.(a) What is the
potential energy of the diver at the apex of the dive, relative to
the surface of the water? (b) Assuming that all the potential
energy of the diver is converted into kinetic energy at the sur-
face of the water, at what speed in will the diver enter the
water? (c) Does the diver do work on entering the water?
Explain.

5.93 The air bags that provide protection in autos in the event of an
accident expand because of a rapid chemical reaction. From
the viewpoint of the chemical reactants as the system, what do
you expect for the signs ofq andw in this process?

[5.94] An aluminum can of a soft drink is placed in a freezer. Later,
you find that the can is split open and its contents frozen.

m/s

m>s?

20 °C Work was done on the can in splitting it open. Where did the
energy for this work come from?

[5.95] Consider a system consisting of the following apparatus, in
which gas is confined in one flask and there is a vacuum in the
other flask. The flasks are separated by a valve that, when
opened, connects the two flasks. Assume that the flasks are
perfectly insulated and will not allow the flow of heat into or
out of the flasks to the surroundings.(a) When the valve is
opened, gas flows from the filled flask to the evacuated one.
Does that surprise you? (b) Is work performed during the ex-
pansion of the gas? Why or why not? (c) Can you determine
the value of¢Efor the process? Does the answer surprise you?
(We will talk about this system more in Chapter 19.)

1 atm Evacuated

A B
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[5.96] A sample of gas is contained in a cylinder-and-piston arrange-
ment. It undergoes the change in state shown in the drawing.
(a) Assume first that the cylinder and piston are perfect ther-
mal insulators that do not allow heat to be transferred. What is
the value ofq for the state change? What is the sign ofw for the
state change? What can be said about ¢Efor the state change?
(b) Now assume that the cylinder and piston are made up of a
thermal conductor such as a metal. During the state change,
the cylinder gets warmer to the touch. What is the sign ofq for
the state change in this case? Describe the difference in the
state of the system at the end of the process in the two cases.
What can you say about the relative values of¢E?

[5.97] Limestone stalactites and stalagmites are formed in caves by
the following reaction:

If 1 mol of CaCO3 forms at 298 K under 1 atm pressure, the
reaction performs 2.47 kJ ofP-V work, pushing back the
atmosphere as the gaseous CO2 forms. At the same time,
38.95 kJ of heat is absorbed from the environment. What are
the values of and of for this reaction?

[5.98] Consider the systems shown in Figure 5.10. In one case the
battery becomes completely discharged by running the cur-
rent through a heater and in the other case by running a fan.
Both processes occur at constant pressure. In both cases the
change in state of the system is the same: The battery goes
from being fully charged to being fully discharged. Yet in one
case the heat evolved is large, and in the other it is small. Is the
enthalpy change the same in the two cases? If not, how can en-
thalpy be considered a state function? If it is, what can you say
about the relationship between enthalpy change and q in this
case, as compared with others that we have considered?

5.99 A house is designed to have passive solar energy features.
Brickwork incorporated into the interior of the house acts as a
heat absorber. Each brick weighs approximately 1.8 kg. The
specific heat of the brick is . How many bricks must
be incorporated into the interior of the house to provide the
same total heat capacity as gal of water?

[5.100] A coffee-cup calorimeter of the type shown in Figure 5.18
contains 150.0 g of water at . A 121.0-g block of copper
metal is heated to 100.4 °C by putting it in a beaker of boiling
water. The specific heat of Cu(s) is . The Cu is
added to the calorimeter, and after a time the contents of the
cup reach a constant temperature of 30.1 °C.(a) Determine
the amount of heat, in J, lost by the copper block.(b) Deter-
mine the amount of heat gained by the water. The specific heat
of water is .(c) The difference between your
answers for (a) and (b) is due to heat loss through the

4.18 J>g-K

0.385 J>g-K

25.1 °C

1.7 * 103

0.85 J>g-K

¢ E¢ H

CaCO3(s) + CO2(g) + H2O(l)Ca2+(aq) + 2 HCO3
- (aq) ¡

Styrofoam®cups and the heat necessary to raise the tempera-
ture of the inner wall of the apparatus. The heat capacity of
the calorimeter is the amount of heat necessary to raise the
temperature of the apparatus (the cups and the stopper) by 1
K. Calculate the heat capacity of the calorimeter in .(d)
What would be the final temperature of the system if all the
heat lost by the copper block were absorbed by the water in the
calorimeter?

[5.101] (a)When a 0.235-g sample of benzoic acid is combusted in a
bomb calorimeter (Figure 5.19), the temperature rises 1.642 °C.
When a 0.265-g sample of caffeine, C8H10O2N4, is burned, the
temperature rises 1.525 °C. Using the value for the
heat of combustion of benzoic acid, calculate the heat of com-
bustion per mole of caffeine at constant volume.(b) Assuming
that there is an uncertainty of 0.002 °C in each temperature
reading and that the masses of samples are measured to 0.001
g, what is the estimated uncertainty in the value calculated for
the heat of combustion per mole of caffeine?

5.102 Meals-ready-to-eat (MREs) are military meals that can be
heated on a flameless heater. The heat is produced by the follow-
ing reaction: .
(a) Calculate the standard enthalpy change for this reaction.(b)
Calculate the number of grams of Mg needed for this reaction
to release enough energy to increase the temperature of 75 mL
of water from 21 °C to 79 °C.

5.103 Burning methane in oxygen can produce three different
carbon-containing products: soot (very fine particles of
graphite), CO(g), and CO2(g). (a) Write three balanced equa-
tions for the reaction of methane gas with oxygen to produce
these three products. In each case assume that H2O(l) is the
only other product.(b) Determine the standard enthalpies for
the reactions in part (a).(c) Why, when the oxygen supply is
adequate, is CO2(g) the predominant carbon-containing
product of the combustion of methane?

5.104 (a)Calculate the standard enthalpy of formation of gaseous di-
borane (B2H6) using the following thermochemical information:

(b) Pentaborane (B5H9) is another boron hydride. What ex-
periment or experiments would you need to perform to yield
the data necessary to calculate the heat of formation of
B5H9(l)? Explain by writing out and summing any applicable
chemical reactions.

5.105 From the following data for three prospective fuels, calculate
which could provide the most energy per unit volume:

 B2H6(g) + 3 O2(g) ¡ B2O3(s) + 3 H2O(l) ¢ H° = - 2147.5 kJ

 2 H2(g) + O2(g) ¡ 2 H2O(l)  ¢ H° =  - 571.7 kJ

 4 B(s) + 3 O2(g) ¡ 2 B2O3(s)  ¢ H° = - 2509.1 kJ

Mg(s) + 2 H2O(l) ¡ Mg(OH)2(s) + H2(g)

26.38 kJ>g

J>K

Fuel

Density
at 20 °C
(g cm 3)/

Molar Enthalpy 
of Combustion
(kJ mol)/

Nitroethane, C2H5NO2(l) 1.052 - 1368
Ethanol, C2H5OH(l) 0.789 - 1367
Methylhydrazine, CH6N2(l) 0.874 - 1307

5.106 The hydrocarbons acetylene (C2H2) and benzene (C6H6) have
the same empirical formula. Benzene is an •aromaticŽ hydro-
carbon, one that is unusually stable because of its structure.
(a) By using the data in Appendix C, determine the standard
enthalpy change for the reaction .3 C2H2(g) ¡ C6H6(l)
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(b) Which has greater enthalpy, 3 mol of acetylene gas or 
1 mol of liquid benzene? (c) Determine the fuel value in 
for acetylene and benzene.

[5.107] Ammonia (NH3) boils at ; at this temperature it has a
density of . The enthalpy of formation of NH3(g) is

, and the enthalpy of vaporization of NH3(l) is
. Calculate the enthalpy change when 1 L of liquid

NH3 is burned in air to give N2(g) and H2O(g). How does this
compare with ¢H for the complete combustion of 1 L of liq-
uid methanol, CH3OH(l)? For CH3OH(l), the density at 
is , and .

[5.108] Three common hydrocarbons that contain four carbons are
listed here, along with their standard enthalpies of formation:

¢ Hf° = - 239 kJ>mol0.792 g>cm3
25 °C

23.2 kJ>mol
- 46.2 kJ>mol

0.81 g>cm3
- 33 °C

kJ>g
5.109 A 200-lb man decides to add to his exercise routine by walking

up three flights of stairs (45 ft) 20 times per day. He figures
that the work required to increase his potential energy in this
way will permit him to eat an extra order of French fries, at
245 Cal, without adding to his weight. Is he correct in this
assumption?

5.110 The Sun supplies about 1.0 kilowatt of energy for each square
meter of surface area ( , where a ).
Plants produce the equivalent of about 0.20 g of sucrose
(C12H22O11) per hour per square meter. Assuming that the
sucrose is produced as follows, calculate the percentage of
sunlight used to produce sucrose.

[5.111] It is estimated that the net amount of carbon dioxide fixed by
photosynthesis on the landmass of Earth is of
CO2. Assume that all this carbon is converted into glucose.(a)
Calculate the energy stored by photosynthesis on land per year
in kJ. (b) Calculate the average rate of conversion of solar
energy into plant energy in MW . A large
nuclear power plant produces about 103 MW. The energy of
how many such nuclear power plants is equivalent to the solar
energy conversion?

(1W = 1 J>s)

5.5 * 1016 g>yr

¢ H = 5645 kJ

12 CO2(g) + 11 H2O(l) ¡ C12H22O11 + 12 O2(g)

watt = 1 J>s1.0 kW>m2

Hydrocarbon Formula ¢ (kJ mol)/H°f

1,3-Butadiene C4H6(g) 111.9
1-Butene C4H8(g) 1.2
n-Butane C4H10(g) - 124.7

(a) For each of these substances, calculate the molar enthalpy
of combustion to CO2(g) and H2O(l). (b) Calculate the fuel
value in for each of these compounds.(c) For each hydro-
carbon, determine the percentage of hydrogen by mass.(d) By
comparing your answers for parts (b) and (c), propose a
relationship between hydrogen content and fuel value in
hydrocarbons.

kJ/g

INTEGRATIVE EXERCISES
5.112 Consider the combustion of a single molecule of CH4(g)

forming H2O(l) as a product.(a) How much energy, in J, is
produced during this reaction? (b) A typical X-ray light source
has an energy of 8 keV. How does the energy of combustion
compare to the energy of the X-ray?

5.113 Consider the following unbalanced oxidation-reduction reac-
tions in aqueous solution:

(a) Balance each of the reactions.(b) By using data in Appen-
dix C, calculate ¢H° for each of the reactions.(c) Based on the
values you obtain for ¢H°, which of the reactions would you
expect to be thermodynamically favored? (d) Use the activity
series to predict which of these reactions should occur.
€ (Section 4.4)Are these results in accord with your con-
clusion in part (c) of this problem?

[5.114] Consider the following acid-neutralization reactions involving
the strong base NaOH(aq):

(a) By using data in Appendix C, calculate ¢H° for each of the
reactions.(b) As we saw in Section 4.3, nitric acid and hy-
drochloric acid are strong acids. Write net ionic equations for

 NH4
+(aq) + NaOH(aq) ¡ NH3(aq) + Na+(aq) + H2O(l)

 HCl(aq) + NaOH(aq) ¡ NaCl(aq) + H2O(l)

 HNO3(aq) + NaOH(aq) ¡ NaNO3(aq) + H2O(l)

 K(s) + H2O(l) ¡ KOH(aq) + H2(g)

 Fe(s) + Na+(aq) ¡ Fe2+(aq) + Na(s)

 Ag+(aq) + Li(s) ¡ Ag(s) + Li+(aq)

the neutralization of these acids.(c) Compare the values of
¢H° for the first two reactions. What can you conclude? (d) In
the third equation is acting as an acid. Based on the
value of¢H° for this reaction, do you think it is a strong or a
weak acid? Explain.

5.115 Consider two solutions, the first being 50.0 mL of 1.00 M CuSO4
and the second 50.0 mL of 2.00 M KOH.When the two solutions
are mixed in a constant-pressure calorimeter, a precipitate forms
and the temperature of the mixture rises from 21.5 °C to 27.7 °C.
(a) Before mixing, how many grams of Cu are present in the so-
lution of CuSO4?(b) Predict the identity of the precipitate in the
reaction.(c)Write complete and net ionic equations for the reac-
tion that occurs when the two solutions are mixed.(d) From the
calorimetric data, calculate ¢H for the reaction that occurs on
mixing. Assume that the calorimeter absorbs only a negligible
quantity of heat, that the total volume of the solution is 100.0
mL, and that the specific heat and density of the solution after
mixing are the same as that of pure water.

5.116 The precipitation reaction between AgNO3(aq) and NaCl(aq)
proceeds as follows:

(a) By using Appendix C, calculate ¢H° for the net ionic equa-
tion of this reaction.(b) What would you expect for the value
of ¢H° of the overall molecular equation compared to that for
the net ionic equation? Explain.(c) Use the results from (a)
and (b) along with data in Appendix C to determine the value
of ¢Hf° for AgNO3(aq).

AgNO3(aq) + NaCl(aq) ¡ NaNO3(aq) + AgCl(s)

NH4
+(aq)
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[5.117] A sample of a hydrocarbon is combusted completely in O2(g)
to produce 21.83 g CO2(g), 4.47 g H2O(g), and 311 kJ of heat.
(a)What is the mass of the hydrocarbon sample that was com-
busted? (b) What is the empirical formula of the hydrocarbon?
(c) Calculate the value of¢Hf° per empirical-formula unit of
the hydrocarbon.(d) Do you think that the hydrocarbon is
one of those listed in Appendix C? Explain your answer.

5.118 The methane molecule, CH4, has the geometry shown in Fig-
ure 2.19. Imagine a hypothetical process in which the methane
molecule is •expanded,Ž by simultaneously extending all four
C„H bonds to infinity. We then have the process

(a) Compare this process with the reverse of the reaction that
represents the standard enthalpy of formation of CH4(g) . (b)
Calculate the enthalpy change in each case. Which is the more
endothermic process? What accounts for the difference in ¢H°
values?(c) Suppose that 3.45 g CH4(g) reacts with 1.22 g F2(g),
forming CF4(g) and HF(g) as sole products. What is the limit-
ing reagent in this reaction? If the reaction occurs at constant
pressure, what amount of heat is evolved?

CH4(g) ¡ C(g) + 4 H(g)

5.119 World energy supplies are often measured in the unit of
quadrillion British thermal units (1012 Btu), generally called a
•quad.Ž In 2015, world energy consumption is projected to be

. (a) With reference to Exercise 5.17, how many
quads of energy does this quantity represent? (b) Current an-
nual energy consumption in the United States is 99.5 quads.
Assume that all this energy is to be generated by burning
CH4(g) in the form of natural gas. If the combustion of
the CH4(g) were complete and 100% efficient, how many
moles of CH4(g) would need to be combusted in order to pro-
vide the U.S. energy demand? (c) How many kilograms of
CO2(g) would be generated in the combustion in part (b)?
(d) Compare your answer to part (c) with information given
in Exercise 5.111. Do you think that photosynthesis is an
adequate means to maintain a stable level of CO2 in the
atmosphere?

5.81 * 1017 kJ



involved when an electron moves from one level to another. The
Bohr model of the atom pictures the electrons moving only in
certain allowed orbits around the nucleus.

6.4 THE WAVE BEHAVIOR OF MATTER
We recognize that matter also has wavelike properties. As a result,
it is impossible to determine simultaneously the exact position
and the exact motion of an electron in an atom ( Heisenberg•s
uncertainty principle ).

6.5 QUANTUM MECHANICS AND ATOMIC ORBITALS
We can describe how an electron exists in atoms by treating it as
a standing wave. The wave functions that mathematically describe
the electron•s position and energy in an atom are called atomic

WHAT•S AHEAD
6.1 THE WAVE NATURE OF LIGHT
We learn that light (radiant energy, or electromagnetic radiation )
has wavelike properties and is characterized by wavelength,
frequency, and speed.

6.2 QUANTIZED ENERGY AND PHOTONS
We recognize that electromagnetic radiation also has particle-like
properties and can be described in terms of photons, •particlesŽ
of light.

6.3 LINE SPECTRA AND THE BOHR MODEL
We examine the light that atoms give off when appropriately
stimulated (line spectra). Line spectra indicate that electrons exist
only at certain energy levels around a nucleus and that energy is

THE GLASS TUBES OF NEON LIGHTS
contain various gases that can be
excited by electricity. Light is produced
when electrically excited atoms return to
their lowest-energy states.

6



orbitals. The orbitals can be described in a shorthand notation
using quantum numbers.

6.6 REPRESENTATIONS OF ORBITALS
We consider the three-dimensional shapes of orbitals and how
they can be represented by graphs of electron density.

6.7 MANY-ELECTRON ATOMS
We recognize that the energy levels for an atom with one electron
are altered when the atom contains multiple electrons. Each
electron has a quantum-mechanical property called spin. The
Pauli exclusion principle states that no two electrons in an atom
can have the same four quantum numbers (three for the orbital

and one for the spin). Therefore, an orbital can hold a maximum of
two electrons.

6.8 ELECTRON CONFIGURATIONS
We learn that knowing orbital energies as well as some
fundamental characteristics of electrons described by Hund•s rule
allows us to determine how electrons are distributed in an atom
(electron configurations ).

6.9 ELECTRON CONFIGURATIONS 
AND THE PERIODIC TABLE
We observe that the electron configuration of an atom is related to
the location of the element in the periodic table.
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revolutionary discoveries of the twentieth century„the quantum theory,which explains
much of the behavior of electrons in atoms.

In this chapter we explore the quantum theory and its importance in chemistry.
We begin by looking at the nature of light and how our description of light was
changed by the quantum theory. We will explore some of the tools used in quantum
mechanics,the •newŽ physics that had to be developed to describe atoms correctly. We
will then use the quantum theory to describe the arrangements of electrons in atoms„
what we call the electronic structure of atoms. The electronic structure of an atom
refers to the number of electrons in the atom as well as their distribution around the
nucleus and their energies. We will see that the quantum description of the electronic
structure of atoms helps us to understand the arrangement of the elements in the
periodic table„why, for example, helium and neon are both unreactive gases, whereas
sodium and potassium are both soft, reactive metals.

ELECTRONIC
STRUCTURE
OF ATOMS
WHAT HAPPENS WHEN SOMEONEswitches on a neon light? Electrons
in the neon atoms are excited to a higher energy by electricity.
An electron can remain in a higher-energy state for only a very
short time, and it emits light when it returns to a lower energy.
The resulting glow is explained by one of the most 
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� FIGURE 6.2 Water waves. The
wavelength is the distance between two
adjacent peaks or two adjacent troughs.
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� FIGURE 6.1 Water waves. The
movement of a boat through the water forms
waves that move away from the boat.

6.1 | THE WAVE NATURE OF LIGHT
Much of our present understanding of the electronic structure of atoms has come from
analysis of the light either emitted or absorbed by substances. To understand electronic
structure, therefore, we must first learn about light. The light we see with our eyes,
visible light,is one type ofelectromagnetic radiation . Because electromagnetic radia-
tion carries energy through space, it is also known as radiant energy.

There are many types of electromagnetic radiation in addition to visible light.
These different types„radio waves that carry music to our radios, infrared radiation
(heat) from a glowing fireplace, X-rays„may seem very different from one another, but
they all share certain fundamental characteristics.

All types of electromagnetic radiation move through a vacuum at ,
the speed of light. All have wavelike characteristics similar to those of waves that move
through water. Water waves are the result of energy imparted to the water, perhaps by
the dropping of a stone or the movement of a boat on the water surface (� FIGURE
6.1). This energy is expressed as the up-and-down movements of the water.

A cross section of a water wave (� FIGURE 6.2) shows that it is periodic,which
means that the pattern of peaks and troughs repeats itself at regular intervals. The dis-
tance between two adjacent peaks (or between two adjacent troughs) is called the
wavelength . The number of complete wavelengths, or cycles,that pass a given point
each second is the frequency of the wave.

Just as with water waves, we can assign a frequency and wavelength to electromag-
netic waves, as illustrated in � FIGURE 6.3. These and all other wave characteristics of
electromagnetic radiation are due to the periodic oscillations in the intensities of the
electric and magnetic fields associated with the radiation.

The speed of water waves can vary depending on how they are created„for exam-
ple, the waves produced by a speedboat travel faster than those produced by a rowboat. In
contrast, all electromagnetic radiation moves at the same speed, m>s, the
speed of light. As a result, the wavelength and frequency of electromagnetic radiation are
always related in a straightforward way. If the wavelength is long, fewer cycles of the wave
pass a given point per second, and so the frequency is low. Conversely, for a wave to have
a high frequency, it must have a short wavelength. This inverse relationship between the
frequency and wavelength of electromagnetic radiation is expressed by the equation

[6.1]

where cis the speed of light, (lambda) is wavelength, and (nu) is frequency.
Why do different types of electromagnetic radiation have different properties?

Their differences are due to their different wavelengths.� FIGURE 6.4 shows the vari-
ous types of electromagnetic radiation arranged in order of increasing wavelength, a
display called the electromagnetic spectrum. Notice that the wavelengths span an enor-
mous range. The wavelengths of gamma rays are comparable to the diameters of atomic
nuclei, whereas the wavelengths of radio waves can be longer than a football field. Notice
also that visible light, which corresponds to wavelengths of about 400 to 750 nm
( to ), is an extremely small portion of the electromagnetic
spectrum. The unit of length chosen to express wavelength depends on the type of radi-
ation, as shown in � TABLE 6.1.

7 * 10- 7 m4 * 10- 7 m

nl

c = ln

3.00 * 108

3.00 * 108 m>s

Wavelength l

l

(a)

(b)

G O  F I G U R E

If wave (a) has a wavelength of 1.0
m and a frequency of cy-
cles/s, what are the wavelength
and frequency of wave (b)?

3.0 * 108

� FIGURE 6.3 Electromagnetic waves.
Like water waves, electromagnetic radiation
can be characterized by a wavelength.
Notice that the shorter the wavelength, , the
higher the frequency, The wavelength in
(b) is half as long as that in (a), and the
frequency of the wave in (b) is therefore twice
as great as the frequency in (a).

n.
l

TABLE 6.1 € Common Wavelength Units for Electromagnetic Radiation

Unit Symbol Length (m) Type of Radiation

Angstrom Å X-ray
Nanometer nm Ultraviolet, visible
Micrometer Infrared
Millimeter mm Microwave
Centimeter cm Microwave
Meter m 1 Television, radio
Kilometer km 1000 Radio

10- 2
10- 3
10- 6mm
10- 9
10- 10
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� FIGURE 6.4 The electromagnetic
spectrum. Wavelengths in the spectrum
range from very short gamma rays to very
long radio waves.

G O  F I G U R E

How do the wavelength and frequency of an X-ray compare with those of 
the red light from a neon sign?

Frequency is expressed in cycles per second, a unit also called a hertz(Hz). Because
it is understood that cycles are involved, the units of frequency are normally given
simply as •per second,Ž which is denoted by or . For example, a frequency of
820 kilohertz (kHz), a typical frequency for an AM radio station, could be written as
820 kHz, 820,000 Hz, , or .820,000>s820,000 s- 1

>ss- 1

Since Rømer•s time, increasingly sophisticated techniques have
been used to measure the speed of light. For example, in 1927, A. A.
Michelson (1852…1931) set up a rotating mirror at the top of Mount
Wilson in California. The mirror bounced light to the top of Mount
San Antonio, 22 miles away, where another mirror bounced the light
back to Mount Wilson. Michelson was able to change the speed of
the rotating mirror and measure small displacements in the position
of the reflected spot. The value for the speed of light (in air) based on
this experiment was . The main source
of error was the distance between the mirrors, which was measured
within a fifth of an inch in 22 miles.

By 1975, the measured value was even more precise,
m>s (in vacuum), the error being

mostly due to the uncertainty in the length of the meter. In 1983, the
meter was redefined based on the distance that light travels in vac-
uum in one second. As a result, the value for the speed of light
became a fixed, exact quantity, m>s.c = 2.99792458* 108

2.99792458; 0.00000004* 108

2.9980; 0.0002* 108 m>s

THE SPEED OF LIGHT

How do we know that light has a finite speed and does
not move infinitely fast?

During the late 1600s, the Danish astronomer
Ole Rømer (1644…1710) measured the orbits of

several of Jupiter•s moons. These moons move
much faster than our own„they have orbits of 1…7 days and are
eclipsed by Jupiter•s shadow at every revolution. Over many months,
Rømer measured discrepancies of up to 10 minutes in the times of
these orbits. He reasoned that the discrepancies occurred because
Jupiter was farther from Earth at different times of the year. Thus,
light from the Sun, which reflected off Jupiter and ultimately to his
telescope, had farther to travel at different times of the year, implying
that light travels at a finite speed. Rømer•s data led to the first esti-
mate of the speed of light, .3.5 * 108 m>s

A CLOSER LOOK

SAMPLE EXERCISE 6.1 Concepts of Wavelength and Frequency

Two electromagnetic waves are represented in the margin.(a) Which wave has the higher
frequency? (b) If one wave represents visible light and the other represents infrared radiation,
which wave is which?

SOLUTION
(a) The lower wave has a longer wavelength (greater distance between peaks). The longer the

wavelength, the lower the frequency . Thus, the lower wave has the lower
frequency, and the upper wave has the higher frequency.

(b) The electromagnetic spectrum (Figure 6.4) indicates that infrared radiation has a longer
wavelength than visible light. Thus, the lower wave would be the infrared radiation.

PRACTICE EXERCISE
If one of the waves in the margin represents blue light and the other red light, which is which?
Answer: The expanded visible-light portion of Figure 6.4 tells you that red light has a longer
wavelength than blue light. The lower wave has the longer wavelength (lower frequency) and
would be the red light.

(n = c>l )

SECTION 6.1 The Wave Nature of Light 209
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SAMPLE EXERCISE 6.2 Calculating Frequency from Wavelength

The yellow light given off by a sodium vapor lamp used for public lighting has a wavelength of
589 nm. What is the frequency of this radiation?

SOLUTION
Analyze We are given the wavelength, , of the radiation and asked to calculate its 
frequency, .

Plan The relationship between the wavelength and the frequency is given by Equation 6.1. We
can solve for and use the values of and cto obtain a numerical answer. (The speed of light,
c,is a fundamental constant whose value is .)

Solve Solving Equation 6.1 for frequency gives . When we insert the values for cand
, we note that the units of length in these two quantities are different. We can convert the

wavelength from nanometers to meters, so the units cancel:

Check The high frequency is reasonable because of the short wavelength. The units are
proper because frequency has units of •per second,Ž or .

PRACTICE EXERCISE
(a) A laser used in eye surgery to fuse detached retinas produces radiation with a wavelength of
640.0 nm. Calculate the frequency of this radiation.(b) An FM radio station broadcasts electro-
magnetic radiation at a frequency of 103.4 MHz (megahertz; ). Calculate the
wavelength of this radiation. The speed of light is to four significant digits.
Answers: (a) , (b) 2.899 m

G I V E  I T  S O M E  T H O U G H T

Our bodies are penetrated by X-rays but not by visible light. Is this because
X-rays travel faster than visible light?

6.2 | QUANTIZED ENERGY AND PHOTONS
Although the wave model of light explains many aspects of its behavior, this model can-
not explain several phenomena. Three of these are particularly pertinent to our
understanding of how electromagnetic radiation and atoms interact: (1) the emission of
light from hot objects (referred to as blackbody radiationbecause the objects studied ap-
pear black before heating), (2) the emission of electrons from metal surfaces on which
light shines (the photoelectric effect), and (3) the emission of light from electronically ex-
cited gas atoms (emission spectra). We examine the first two phenomena here and the
third in Section 6.3.

Hot Objects and the Quantization of Energy
When solids are heated, they emit radiation, as seen in the red glow of an electric stove
burner or the bright white light of a tungsten lightbulb. The wavelength distribution of
the radiation depends on temperature; a red-hot object, for instance, is cooler than a
yellowish or white-hot one (� FIGURE 6.5). During the late 1800s, a number of physi-
cists studied this phenomenon, trying to understand the relationship between the
temperature and the intensity and wavelength of the emitted radiation. The prevailing
laws of physics could not account for the observations.

In 1900 a German physicist named Max Planck (1858…1947) solved the problem by
assuming that energy can be either released or absorbed by atoms only in discrete
•chunksŽ of some minimum size. Planck gave the name quantum (meaning •fixed
amountŽ) to the smallest quantity of energy that can be emitted or absorbed as electro-
magnetic radiation. He proposed that the energy,E, of a single quantum equals a
constant times the frequency of the radiation:

[6.2]E = hn

4.688* 1014 s- 1
2.998* 108 m>s

1 MHz = 106 s- 1

s- 1

n =
c
l

= a
3.00 * 108 m>s

589 nm
b a

1 nm

10- 9 m
b = 5.09 * 1014 s- 1

l
n = c>l

3.00 * 108 m>s
ln

n
l

� FIGURE 6.5 Color and temperature.
The color and intensity of the light emitted by
a hot object, such as this pour of molten
steel, depend on the temperature of the
object.

G O  F I G U R E

Which area in the photograph
corresponds to the highest
temperature?
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The constant h is called Planck•s constant and has a value of joule-
second (J-s).

According to Planck•s theory, matter can emit and absorb energy only in whole-
number multiples of , such as , , , and so forth. If the quantity of energy
emitted by an atom is , for example, we say that three quanta of energy have been
emitted (quantabeing the plural ofquantum). Because the energy can be released only
in specific amounts, we say that the allowed energies are quantized„their values are re-
stricted to certain quantities. Planck•s revolutionary proposal that energy is quantized
was proved correct, and he was awarded the 1918 Nobel Prize in Physics for his work on
the quantum theory.

If the notion of quantized energies seems strange, it might be helpful to draw an
analogy by comparing a ramp and a staircase (� FIGURE 6.6). As you walk up a ramp,
your potential energy increases in a uniform, continuous manner. When you climb a
staircase, you can step only onindividual stairs, not betweenthem, so that your potential
energy is restricted to certain values and is therefore quantized.

If Planck•s quantum theory is correct, why are its effects not obvious in our daily
lives? Why do energy changes seem continuous rather than quantized, or •jaggedŽ? No-
tice that Planck•s constant is an extremely small number. Thus, a quantum of energy,

, is an extremely small amount. Planck•s rules regarding the gain or loss of energy are
always the same, whether we are concerned with objects on the scale of our ordinary ex-
perience or with microscopic objects. With everyday objects, however, the gain or loss of
a single quantum of energy is so small that it goes completely unnoticed. In contrast,
when dealing with matter at the atomic level, the impact of quantized energies is far
more significant.

G I V E  I T  S O M E  T H O U G H T

Calculate the energy (to one significant figure) of one quantum of electromag-
netic radiation whose frequency is . Can this radiation produce a
burst of energy J? Why or why not?

The Photoelectric Effect and Photons
A few years after Planck presented his quantum theory, scientists began to see its appli-
cability to many experimental observations. In 1905, Albert Einstein (1879…1955) used
Planck•s theory to explain the photoelectric effect (� FIGURE 6.7). Light shining on a
clean metal surface causes the surface to emit electrons. A minimum frequency of light,
different for different metals, is required for the emission of electrons. For example, light
with a frequency of or greater causes cesium metal to emit electrons,
but light of lower frequency has no effect.

To explain the photoelectric effect, Einstein assumed that the radiant energy strik-
ing the metal surface behaves like a stream of tiny energy packets. Each packet, which is
like a •particleŽ of energy, is called a photon . Extending Planck•s quantum theory,

4.60 * 1014 s- 1

E = 5 * 10- 36
5 * 10- 3 s- 1

hn

3hn
3hn2hnhnhn

6.626* 10- 34

Potential energy of person walking
up steps increases in stepwise,
quantized manner

Potential energy of person walking 
up ramp increases in uniform,
continuous manner

� FIGURE 6.6 Quantized versus
continuous change in energy.
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� FIGURE 6.7 The photoelectric effect.

G O  F I G U R E

Why is it necessary to carry out
this experiment in an evacuated
chamber?
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Einstein deduced that each photon must have an energy equal to Planck•s constant times
the frequency of the light:

[6.3]

Thus, radiant energy itself is quantized.
Under the right conditions, photons striking a metal surface can transfer their en-

ergy to electrons in the metal. A certain amount of energy„called the work function„is
required for the electrons to overcome the attractive forces holding them in the metal. If
the photons striking the metal have less energy than the work function, the electrons do
not acquire sufficient energy to escape from the metal, even if the light beam is intense.
If the photons have energy greater than the work function of the particular metal, how-
ever, electrons are emitted. The intensity (brightness) of the light is related to the
number of photons striking the surface per unit time but not to the energy of each
photon. Einstein won the Nobel Prize in Physics in 1921 for his explanation of the
photoelectric effect.

To better understand what a photon is, imagine you have a light source that pro-
duces radiation of a single wavelength. Further suppose that you could switch the light
on and off faster and faster to provide ever-smaller bursts of energy. Einstein•s photon
theory tells us that you would eventually come to the smallest energy burst, given by

. This smallest burst consists of a single photon of light.E = hn

Energy of photon= E = hn

SAMPLE EXERCISE 6.3 Energy of a Photon

Calculate the energy of one photon of yellow light that has a wavelength of 589 nm.

SOLUTION
Analyze Our task is to calculate the energy,E,of a photon, given .l = 589 nm

Plan We can use Equation 6.1 to convert the wavelength to frequency:n = c>l

We can then use Equation 6.3 to calculate energy: E = hn

Solve The frequency, , is calculated from the given wavelength, as shown
in Sample Exercise 6.2:

n
n = c>l = 5.09 * 1014 s- 1

The value of Planck•s constant,h, is given both in the text and in the table of
physical constants on the inside back cover of the text, and so we can easily
calculate E: E = (6.626 * 10- 34 J-s)(5.09* 1014 s- 1) = 3.37 * 10- 19 J
Comment If one photon of radiant energy supplies , then
one mole of these photons will supply

3.37 * 10- 19 J

= 2.03 * 105 J>mol
(6.02 * 1023 photons>mol)(3.37 * 10- 19 J>photon)

PRACTICE EXERCISE
(a) A laser emits light that has a frequency of . What is the energy of one photon of this
radiation? (b) If the laser emits a pulse containing of this radiation, what is the total energy
of that pulse? (c) If the laser emits of energy during a pulse, how many photons are emitted?
Answers: (a) , (b) 0.16 J,(c) 4.2 * 1016 photons3.11 * 10- 19 J

1.3 * 10- 2 J
5.0 * 1017 photons
4.69 * 1014 s- 1

The idea that the energy of light depends on its frequency helps us understand the
diverse effects of different kinds of electromagnetic radiation. For example, because of
the high frequency (short wavelength) of X-rays (Figure 6.4), X-ray photons cause tissue
damage and even cancer. Thus, signs are normally posted around X-ray equipment
warning us of high-energy radiation.

Although Einstein•s theory of light as a stream of photons rather than a wave ex-
plains the photoelectric effect and a great many other observations, it also poses a
dilemma. Is light a wave, or is it particle-like? The only way to resolve this dilemma is to
adopt what might seem to be a bizarre position: We must consider that light possesses
both wave-like and particle-like characteristics and, depending on the situation, will
behave more like waves or more like particles. We will soon see that this dual nature of
light is also a characteristic trait of matter.

G I V E  I T  S O M E  T H O U G H T

Which has more energy, a photon of infrared light or a photon of ultraviolet light?
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� FIGURE 6.8 Quantum giants. Niels
Bohr (right) with Albert Einstein. Bohr
(1885…1962) made major contributions to the
quantum theory and was awarded the Nobel
Prize in Physics in 1922.
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6.3 | LINE SPECTRA AND THE BOHR MODEL
The work of Planck and Einstein paved the way for understanding how electrons are
arranged in atoms. In 1913, the Danish physicist Niels Bohr (� FIGURE 6.8) offered a
theoretical explanation ofline spectra,another phenomenon that had puzzled scientists
during the nineteenth century.

Line Spectra
A particular source of radiant energy may emit a single wavelength, as in the light from
a laser. Radiation composed of a single wavelength is monochromatic. However, most
common radiation sources, including lightbulbs and stars, produce radiation contain-
ing many different wavelengths and is polychromatic. A spectrum is produced when
radiation from such sources is separated into its component wavelengths, as shown in
� FIGURE 6.9. The resulting spectrum consists of a continuous range of colors„violet
merges into indigo, indigo into blue, and so forth, with no blank spots. This rainbow 
of colors, containing light of all wavelengths, is called a
continuous spectrum . The most familiar
example of a continuous spectrum is the
rainbow produced when raindrops or
mist acts as a prism for sunlight.

Not all radiation sources produce a
continuous spectrum. When a high volt-
age is applied to tubes that contain different
gases under reduced pressure, the gases emit different colors of light (� FIGURE 6.10).
The light emitted by neon gas is the familiar red-orange glow of many •neonŽ lights,
whereas sodium vapor emits the yellow light characteristic of some modern streetlights.
When light coming from such tubes is passed through a prism, only a few wavelengths
are present in the resultant spectra (� FIGURE 6.11). Each colored line in such spectra
represents light of one wavelength. A spectrum containing radiation of only specific
wavelengths is called a line spectrum .

When scientists first detected the line spectrum of hydrogen in the mid-1800s, they
were fascinated by its simplicity. At that time, only four lines at wavelengths of 410 nm
(violet), 434 nm (blue), 486 nm (blue-green), and 656 nm (red) were observed
(Figure 6.11). In 1885, a Swiss schoolteacher named Johann Balmer showed that
the wavelengths of these four lines fit an intriguingly simple formula that relates
the wavelengths to integers. Later, additional lines were found in the ultraviolet
and infrared regions of hydrogen•s line spectrum. Soon Balmer•s equation was
extended to a more general one, called the Rydberg equation,which allows us to
calculate the wavelengths of all the spectral lines of hydrogen:

[6.4]

In this formula is the wavelength of a spectral line, is the Rydberg constant
, and and are positive integers, with being largern2n2n1(1.096776* 107 m- 1)
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� FIGURE 6.9 Creating a spectrum. A
continuous visible spectrum is produced
when a narrow beam of white light is passed
through a prism. The white light could be
sunlight or light from an incandescent lamp.
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� FIGURE 6.11 Line spectra of hydrogen and neon.

� FIGURE 6.10 Atomic emission of
hydrogen and neon. Different gases emit
light of different characteristic colors when
an electric current is passed through them.
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than . How could the remarkable simplicity of this equation be explained? It took
nearly 30 more years to answer this question.

Bohr•s Model
To explain the line spectrum of hydrogen, Bohr assumed that electrons in hydrogen
atoms move in circular orbits around the nucleus, but this assumption posed a problem.
According to classical physics, a charged particle (such as an electron) moving in a circu-
lar path should continuously lose energy. As an electron loses energy, therefore, it should
spiral into the positively charged nucleus. This behavior, however, does not happen„
hydrogen atoms are stable. So how can we explain this apparent violation of the laws of
physics? Bohr approached this problem in much the same way that Planck had ap-
proached the problem of the nature of the radiation emitted by hot objects: He assumed
that the prevailing laws of physics were inadequate to describe all aspects of atoms. Fur-
thermore, he adopted Planck•s idea that energies are quantized.

Bohr based his model on three postulates:

1. Only orbits of certain radii, corresponding to certain specific energies, are
permitted for the electron in a hydrogen atom.

2. An electron in a permitted orbit is in an •allowedŽenergy state.An electron in an allowed
energy state does not radiate energy and, therefore, does not spiral into the nucleus.

3. Energy is emitted or absorbed by the electron only as the electron changes from one
allowed energy state to another. This energy is emitted or absorbed as a photon that
has energy .

G I V E  I T  S O M E  T H O U G H T

Before reading further about Bohr•s model, speculate as to how it explains the
fact that hydrogen gas emits a line spectrum (Figure 6.11) rather than a continu-
ous spectrum.

The Energy States of the Hydrogen Atom
Starting with his three postulates and using classical equations for motion and for inter-
acting electrical charges, Bohr calculated the energies corresponding to the allowed
orbits for the electron in the hydrogen atom. Ultimately, the calculated energies fit the

formula

[6.5]

where h, c,and are Planck•s constant, the speed of light, and the
Rydberg constant, respectively. The integer n, which can have
whole-number values of 1, 2, 3, . . . , is called the principal quan-
tum number. Each orbit corresponds to a different value ofn, and
the radius of the orbit gets larger as n increases. Thus, the first al-
lowed orbit (the one closest to the nucleus) has , the next
allowed orbit (the one second closest to the nucleus) has ,
and so forth. The electron in the hydrogen atom can be in any al-
lowed orbit, and Equation 6.5 tells us the energy the electron has in
each allowed orbit.

Note that the energies of the electron given by Equation 6.5 are
negative for all values ofn. The lower (more negative) the energy is,
the more stable the atom is. The energy is lowest (most negative)
for . As n gets larger, the energy becomes less negative and

therefore increases. We can liken the situation to a ladder in which the rungs are num-
bered from the bottom. The higher one climbs (the greater the value ofn), the higher
the energy. The lowest-energy state ( , analogous to the bottom rung) is called the
ground state of the atom. When the electron is in a higher-energy state (n = 2 or
higher), the atom is said to be in an excited state . � FIGURE 6.12 shows the energy of
the electron in a hydrogen atom for several values ofn.
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G O  F I G U R E

If the transition of an electron from
the n = 3 state to the n = 2 state
results in emission of visible light,
is the transition from the n = 2
state to the n = 1 state more likely
to result in the emission of infrared
or ultraviolet radiation?
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What happens to the orbit radius and the energy as n becomes infinitely large? The
radius increases as , so when the electron is completely separated from the
nucleus, and the energy of the electron is zero:

The state in which the electron is removed from the nucleus is called the reference, or
zero-energy, state of the hydrogen atom.

In his third postulate, Bohr assumed that the electron can •jumpŽ from one allowed
orbit to another by either absorbing or emitting photons whose radiant energy corre-
sponds exactly to the energy difference between the two orbits. The electron must
absorb energy in order to move to a higher-energy state (higher value ofn). Conversely,
radiant energy is emitted when the electron jumps to a lower-energy state (lower value
of n).

If the electron jumps from an initial state of energy to a final state of energy ,
the change in energy is

[6.6]

Bohr•s model of the hydrogen atom states, therefore, that only the specific frequencies of
light that satisfy Equation 6.6 can be absorbed or emitted by the atom.

Substituting the energy expression in Equation 6.5 into Equation 6.6 and recalling
that , we have

[6.7]

where and are the principal quantum numbers of the initial and final states of the
atom, respectively. If is smaller than , the electron moves closer to the nucleus and

is a negative number, indicating that the atom releases energy. For example, if the
electron moves from to , we have

Knowing the energy of the emitted photon, we can calculate either its frequency or
its wavelength. For the wavelength, we have

We have not included the negative sign of the energy in this calculation because wave-
length and frequency are always reported as positive quantities. The direction of
energy flow is indicated by saying that a photon of wavelength has
been emitted.

If we solve Equation 6.7 for and replace by its equivalent,
from Equation 6.5, we find that Equation 6.7 derived from Bohr•s theory corre-

sponds to the Rydberg equation, Equation 6.4, which was obtained using experimental
data:

Thus, the existence of discrete spectral lines can be attributed to the quantized jumps of
electrons between energy levels.

G I V E  I T  S O M E  T H O U G H T

As the electron in a hydrogen atom jumps from the orbit to the 
orbit, does it absorb energy or emit energy?
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SAMPLE EXERCISE 6.4 Electronic Transitions in the Hydrogen Atom

Using Figure 6.12, predict which of these electronic transitions produces the spectral line hav-
ing the longest wavelength: to , to , or to .

SOLUTION
The wavelength increases as frequency decreases . Hence, the longest wavelength will
be associated with the lowest frequency. According to Planck•s equation, , the lowest
frequency is associated with the lowest energy. In Figure 6.12 the energy levels (horizontal
lines) that are closest together represents the smallest energy change. Thus, the to 
transition produces the longest wavelength (lowest frequency) line.

PRACTICE EXERCISE
Indicate whether each of the following electronic transitions emits energy or requires the
absorption of energy:(a) to ; (b) to .
Answers: (a) emits energy,(b) requires absorption of energy

Limitations of the Bohr Model
Although the Bohr model explains the line spectrum of the hydrogen atom, it cannot
explain the spectra of other atoms, except in a crude way. Bohr also avoided the problem
of why the negatively charged electron would not just fall into the positively charged nu-
cleus by simply assuming it would not happen. Furthermore, there is a problem with
describing an electron merely as a small particle circling the nucleus. As we will see in
Section 6.4, the electron exhibits wavelike properties, a fact that any acceptable model of
electronic structure must accommodate. As it turns out, the Bohr model was only an
important step along the way toward the development of a more comprehensive model.
What is most significant about Bohr•s model is that it introduces two important ideas
that are also incorporated into our current model:

1. Electrons exist only in certain discrete energy levels, which are described by quantum
numbers.

2. Energy is involved in the transition of an electron from one level to another.

We will now start to develop the successor to the Bohr model, which requires that we
take a closer look at the behavior of matter.

6.4 | THE WAVE BEHAVIOR OF MATTER
In the years following the development of Bohr•s model for the hydrogen atom, the dual
nature of radiant energy became a familiar concept. Depending on the experimental cir-
cumstances, radiation appears to have either a wave-like or a particle-like (photon)
character. Louis de Broglie (1892…1987), who was working on his Ph.D. thesis in physics
at the Sorbonne in Paris, boldly extended this idea. If radiant energy could, under ap-
propriate conditions, behave as though it were a stream of particles (photons), could
matter, under appropriate conditions, possibly show the properties of a wave?

De Broglie suggested that an electron moving about the nucleus of an atom behaves
like a wave and therefore has a wavelength. He proposed that the wavelength of the elec-
tron, or of any other particle, depends on its mass,m,and on its velocity, :

[6.8]

(where h is Planck•s constant). The quantity mv for any object is called its momentum .
De Broglie used the term matter waves to describe the wave characteristics of material
particles.

Because de Broglie•s hypothesis is applicable to all matter, any object of mass m and
velocity would give rise to a characteristic matter wave. However, Equation 6.8 indi-
cates that the wavelength associated with an object of ordinary size, such as a golf ball, is
so tiny as to be completely unobservable. This is not so for an electron because its mass
is so small, as we see in Sample Exercise 6.5.
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SAMPLE EXERCISE 6.5 Matter Waves

What is the wavelength of an electron moving with a speed of The mass of the electron is

SOLUTION
Analyze We are given the mass,m, and velocity,v, of the electron, and we must calculate its de Broglie
wavelength, .

Plan The wavelength of a moving particle is given by Equation 6.8, so is calculated by inserting the
known quantities h, m,andv. In doing so, however, we must pay attention to units.

l

l

9.11 * 10- 31 kg.
5.97 * 106 m>s?

Solve Using the value of Planck•s constant, h = 6.626* 10- 34 J-s

we have the following:

= 1.22 * 10- 10 m = 0.122 nm= 1.22 Å

=
(6.626 * 10- 34 J-s)

(9.11 * 10- 31 kg)(5.97 * 106 m>s)
a

1 kg-m2>s2

1 J
b

l =
h

mv

Comment By comparing this value with the wavelengths of electromagnetic radiation shown in Figure
6.4, we see that the wavelength of this electron is about the same as that of X-rays.

PRACTICE EXERCISE
Calculate the velocity of a neutron whose de Broglie wavelength is 500 pm. The mass of a neutron is given in
the table inside the back cover of the text.
Answer: 7.92 * 102 m>s

A few years after de Broglie published his theory, the wave properties of the electron
were demonstrated experimentally. When X-rays pass through a crystal, an interference
pattern results that is characteristic of the wavelike properties of electromagnetic radia-
tion. This phenomenon is called X-ray diffraction. As electrons pass through a crystal,
they are similarly diffracted. Thus, a stream of moving electrons exhibits the same kinds
of wave behavior as X-rays and all other types of electromagnetic radiation.

The technique of electron diffraction has been highly developed. In the electron
microscope, for instance, the wave characteristics of electrons are used to obtain images
at the atomic scale. This microscope is an important tool for studying surface phenom-
ena at very high magnifications (� FIGURE 6.13). Electron microscopes can magnify
objects by 3,000,000 times ( ), far more than can be done with visible light ( ),
because the wavelength of the electrons is so much smaller than the wavelengths of vis-
ible light.

G I V E  I T  S O M E  T H O U G H T

A baseball pitcher throws a fastball that moves at 95 miles per hour. Does that
moving baseball generate matter waves? If so, can we observe them?

The Uncertainty Principle
The discovery of the wave properties of matter raised some new
and interesting questions. Consider, for example, a ball rolling
down a ramp. Using the equations of classical physics, we can cal-
culate, with great accuracy, the ball•s position, direction of
motion, and speed at any instant. Can we do the same for an elec-
tron, which exhibits wave properties? A wave extends in space
and its location is not precisely defined. We might therefore an-
ticipate that it is impossible to determine exactly where an
electron is located at a specific instant.

The German physicist Werner Heisenberg (� FIGURE 6.14)
proposed that the dual nature of matter places a fundamental
limitation on how precisely we can know both the location and

1000**

� FIGURE 6.13 Electrons as waves.
The white dots in this transmission electron
micrograph indicate the tops of columns of
atoms.

� FIGURE 6.14 Werner
Heisenberg (1901…1976).
During his postdoctoral
assistantship with Niels Bohr,
Heisenberg formulated his
famous uncertainty principle.
At 32 he was one of the
youngest scientists to receive
a Nobel Prize.
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the momentum of an object at a given instant. The limitation becomes important only
when we deal with matter at the subatomic level (that is, with masses as small as that of
an electron). Heisenberg•s principle is called the uncertainty principle . When applied to
the electrons in an atom, this principle states that it is impossible for us to know simul-
taneously both the exact momentum of the electron and its exact location in space.

Heisenberg mathematically related the uncertainty in position, , and the uncer-
tainty in momentum, , to a quantity involving Planck•s constant:

[6.9]

A brief calculation illustrates the dramatic implications of the uncertainty princi-
ple. The electron has a mass of and moves at an average speed of about

in a hydrogen atom. Let•s assume that we know the speed to an uncertainty
of [that is, an uncertainty of ] and that this is
the only important source of uncertainty in the momentum, so that .
We can use Equation 6.9 to calculate the uncertainty in the position of the electron:

Because the diameter of a hydrogen atom is about m, the uncertainty in
the position of the electron in the atom is an order of magnitude greater than the size of
the atom. Thus, we have essentially no idea where the electron is located in the atom. On
the other hand, if we were to repeat the calculation with an object of ordinary mass,
such as a tennis ball, the uncertainty would be so small that it would be inconsequential.
In that case,m is large and is out of the realm of measurement and therefore of no
practical consequence.

De Broglie•s hypothesis and Heisenberg•s uncertainty principle set the stage for a new
and more broadly applicable theory of atomic structure. In this approach, any attempt to
define precisely the instantaneous location and momentum of the electron is abandoned.
The wave nature of the electron is recognized, and its behavior is described in terms ap-
propriate to waves. The result is a model that precisely describes the energy of the electron
while describing its location not precisely but rather in terms of probabilities.
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wavelength of the radiation used. Thus, if we want an accurate posi-
tion measurement for an electron, we must use a short wavelength.
This means that photons of high energy must be employed. The
more energy the photons have, the more momentum they impart to
the electron when they strike it, which changes the electron•s motion
in an unpredictable way. The attempt to measure accurately the elec-
tron•s position introduces considerable uncertainty in its
momentum; the act of measuring the electron•s position at one mo-
ment makes our knowledge of its future position inaccurate.

Suppose, then, that we use photons of longer wavelength. Be-
cause these photons have lower energy, the momentum of the
electron is not so appreciably changed during measurement, but its
position will be correspondingly less accurately known. This is the
essence of the uncertainty principle:There is an uncertainty in simul-
taneously knowing either the position or the momentum of the electron
that cannot be reduced beyond a certain minimum level. The more ac-
curately one is known, the less accurately the other is known.
Although we can never know the exact position and momentum of
the electron, we can talk about the probability of its being at certain
locations in space. In Section 6.5 we introduce a model of the atom
that provides the probability of finding electrons of specific energies
at certain positions in atoms.

RELATED EXERCISES:6.47 and 6.48

MEASUREMENT AND THE
UNCERTAINTY PRINCIPLE

Whenever any measurement is made, some uncer-
tainty exists. Our experience with objects of

ordinary dimensions, such as balls or trains or
laboratory equipment, indicates that using more

precise instruments can decrease the uncertainty of a measurement.
In fact, we might expect that the uncertainty in a measurement can
be made indefinitely small. However, the uncertainty principle states
that there is an actual limit to the accuracy of measurements. This
limit is not a restriction on how well instruments can be made;
rather, it is inherent in nature. This limit has no practical conse-
quences when dealing with ordinary-sized objects, but its
implications are enormous when dealing with subatomic particles,
such as electrons.

To measure an object, we must disturb it, at least a little, with
our measuring device. Imagine using a flashlight to locate a large
rubber ball in a dark room. You see the ball when the light from the
flashlight bounces off the ball and strikes your eyes. When a beam of
photons strikes an object of this size, it does not alter its position or
momentum to any practical extent. Imagine, however, that you wish
to locate an electron by similarly bouncing light off it into some de-
tector. Objects can be located to an accuracy no greater than the

A CLOSER LOOK
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G I V E  I T  S O M E  T H O U G H T

What is the principal reason we must consider the uncertainty principle when
discussing electrons and other subatomic particles but not when discussing our
macroscopic world?

6.5 | QUANTUM MECHANICS 
AND ATOMIC ORBITALS

In 1926 the Austrian physicist Erwin Schrödinger (1887…1961) proposed an equation,
now known as Schrödinger•s wave equation, that incorporates both the wave-like behav-
ior of the electron and its particle-like behavior. His work opened a new approach to
dealing with subatomic particles, an approach known as quantum mechanicsor wave
mechanics. The application of Schrödinger•s equation requires advanced calculus, and so we
will not be concerned with its details. We will, however, qualitatively consider the results
Schrödinger obtained because they give us a powerful new way to view electronic structure.
Let•s begin by examining the electronic structure of the simplest atom, hydrogen.

Schrödinger treated the electron in a hydrogen atom like the wave on a plucked gui-
tar string (� FIGURE 6.15). Because such waves do not travel in space, they are called
standing waves.Just as the plucked guitar string produces a standing wave that has a fun-
damental frequency and higher overtones (harmonics), the electron exhibits a
lowest-energy standing wave and higher-energy ones. Furthermore, just as the over-
tones of the guitar string have nodes,points where the amplitude of the wave is zero, so
do the waves characteristic of the electron.

Solving Schrödinger•s equation for the hydrogen atom leads to a series of mathemat-
ical functions called wave functions that describe the electron in an atom. These wave
functions are usually represented by the symbol (lowercase Greek letter psi). Although
the wave function has no direct physical meaning, the square of the wave function, ,
provides information about the electron•s location when it is in an allowed energy state.

For the hydrogen atom, the allowed energies are the same as those predicted by the
Bohr model. However, the Bohr model assumes that the electron is in a circular orbit of
some particular radius about the nucleus. In the quantum mechanical model, the elec-
tron•s location cannot be described so simply.

According to the uncertainty principle, if we know the momentum of the electron
with high accuracy, our simultaneous knowledge of its location is very uncertain. Thus,
we cannot hope to specify the exact location of an individual electron around the

c 2
c

Fundamental

First overtone

Second overtone

1 node

n = 1

n = 2

n = 3

2 nodes

� FIGURE 6.15 Standing waves in a
vibrating string.
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� FIGURE 6.16 Electron-density
distribution. This rendering represents the
probability, , of finding the electron in a
hydrogen atom in its ground state. The origin
of the coordinate system is at the nucleus.
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nucleus. Rather, we must be content with a kind of statistical knowledge. We therefore
speak of the probabilitythat the electron will be in a certain region of space at a given in-
stant. As it turns out, the square of the wave function, , at a given point in space
represents the probability that the electron will be found at that location. For this rea-
son, is called either the probability density or the electron density .

One way of representing the probability of finding the electron in various regions
of an atom is shown in � FIGURE 6.16, where the density of the dots represents the
probability of finding the electron. The regions with a high density of dots correspond
to relatively large values for and are therefore regions where there is a high probabil-
ity of finding the electron. Based on this representation, we often describe atoms as
consisting of a nucleus surrounded by an electron cloud.

Orbitals and Quantum Numbers
The solution to Schrödinger•s equation for the hydrogen atom yields a set of wave func-
tions called orbitals . Each orbital has a characteristic shape and energy. For example, the
lowest-energy orbital in the hydrogen atom has the spherical shape illustrated in Figure
6.16 and an energy of . Note that an orbital (quantum mechanical
model, which describes electrons in terms of probabilities, visualized as •electron
cloudsŽ) is not the same as an orbit (Bohr model, which visualizes the electron moving
in a physical orbit, like a planet around a star). The quantum mechanical model does
not refer to orbits because the motion of the electron in an atom cannot be precisely
determined (Heisenberg uncertainty principle).

The Bohr model introduced a single quantum number,n, to describe an orbit. The
quantum mechanical model uses three quantum numbers,n, l, and , which result
naturally from the mathematics used, to describe an orbital.

1. Theprincipal quantum number, n,can have positive integral values 1, 2, 3, . . . . As
n increases, the orbital becomes larger, and the electron spends more time farther
from the nucleus. An increase in n also means that the electron has a higher en-
ergy and is therefore less tightly bound to the nucleus. For the hydrogen atom,

, as in the Bohr model.

2. The second quantum number„the angular momentum quantum number, l„can
have integral values from 0 to for each value ofn. This quantum number
defines the shape of the orbital. The value ofl for a particular orbital is generally
designated by the letters s, p, d,andf, * corresponding to l values of 0, 1, 2, and 3:

3. Themagnetic quantum number,, can have integral values between and l, in-
cluding zero. This quantum number describes the orientation of the orbital in
space, as we discuss in Section 6.6.

Notice that because the value ofn can be any positive integer, an infinite number of
orbitals for the hydrogen atom are possible. At any given instant, however, the electron
in a hydrogen atom is described by only one of these orbitals„we say that the electron
occupiesa certain orbital. The remaining orbitals are unoccupiedfor that particular state
of the hydrogen atom.

G I V E  I T  S O M E  T H O U G H T

What is the difference between an orbit in the Bohr model of the hydrogen atom
and an orbital in the quantum mechanical model?

The collection of orbitals with the same value ofn is called an electron shell . All
the orbitals that have , for example, are said to be in the third shell. The set ofn = 3

- lml

0

s

1

p

2

d

3

f

Value of l

Letter used

(n - 1)

En = - (2.18 * 10- 18 J)(1>n2)

ml

- 2.18 * 10- 18 J

c 2

c 2

c 2

*The letters come from the words sharp, principal, diffuse,and fundamental,which were used to describe
certain features of spectra before quantum mechanics was developed.

G O  F I G U R E

Where in the figure is the region of
highest electron density?



SECTION 6.5 Quantum Mechanics and Atomic Orbitals 221

orbitals that have the same n andl values is called a subshell . Each subshell is designated
by a number (the value ofn) and a letter (s, p, d,or f, corresponding to the value ofl ).
For example, the orbitals that have and are called 3d orbitals and are in the
3d subshell.

� TABLE 6.2 summarizes the possible values ofl and for values ofn through
. The restrictions on possible values give rise to the following very important

observations:

1. The shell with principal quantum number n consists of exactly n subshells. Each
subshell corresponds to a different allowed value ofl from 0 to . Thus, the
first shell consists of only one subshell, the ; the second shell

consists of two subshells, the and ; the
third shell consists of three subshells, 3s,3p, and 3d, and so forth.

2. Each subshell consists of a specific number of orbitals. Each orbital
corresponds to a different allowed value of . For a given value ofl,
there are allowed values of , ranging from to . Thus,
each subshell consists of one orbital; each sub-
shell consists of three orbitals; each subshell consists of five
orbitals, and so forth.

3. The total number of orbitals in a shell is , where n is the principal
quantum number of the shell. The resulting number of orbitals for
the shells„1, 4, 9, 16„are related to a pattern seen in the periodic
table: We see that the number of elements in the rows of the periodic
table„2, 8, 18, and 32„equals twice these numbers. We will discuss
this relationship further in Section 6.9.

� FIGURE 6.17 shows the relative energies of the hydrogen atom
orbitals through . Each box represents an orbital, and orbitals of
the same subshell, such as the three 2p orbitals, are grouped together.
When the electron occupies the lowest-energy orbital (1s), the hydrogen
atom is said to be in its ground state. When the electron occupies any
other orbital, the atom is in an excited state. (The electron can be excited
to a higher-energy orbital by absorption of a photon of appropriate
energy.) At ordinary temperatures, essentially all hydrogen atoms are in
the ground state.

G I V E  I T  S O M E  T H O U G H T

Notice in Figure 6.17 that the energy difference between the 
and levels is much greater than the energy difference 
between the and levels. How does Equation 6.5 
explain this trend?

n = 3n = 2
n = 2

n = 1

n = 3

n2

d (l = 2)
p (l = 1)s (l = 0)

+l- lml(2l + 1)
ml

2p (l = 1)2s (l = 0)(n = 2)
1s (l = 0)(n = 1)

(n - 1)

n = 4
ml

l = 2n = 3

TABLE 6.2 € Relationship among Values of n, l, and ml through n 4�

n
Possible 
Values ofl

Subshell 
Designation

Possible 
Values ofml

Number of
Orbitals in 
Subshell

Total Number 
of Orbitals 
in Shell

1 0 1s 0 1 1

2 0 2s 0 1
1 2p 1, 0,- 1 3 4

3 0 3s 0 1
1 3p 1, 0,- 1 3
2 3d 2, 1, 0, ,- 2- 1 5 9

4 0 4s 0 1
1 4p 1, 0,- 1 3
2 4d 2, 1, 0, ,- 2- 1 5
3 4f 3, 2, 1, 0, , ,- 3- 2- 1 7 16
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n �  2

2s

n �  1

1s

2p

3d

Each box represents
one orbital

Each row represents
one shell

Each cluster of boxes
represents one subshell

n = 1 shell has one orbital
n = 2 shell has two  subshells composed of four orbitals
n = 3 shell has three subshells composed of nine orbitals

� FIGURE 6.17 Energy levels in the
hydrogen atom.

G O  F I G U R E

If the fourth shell (the n = 4 energy
level) were shown, how many sub-
shells would it contain? How
would they be labeled?
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SAMPLE EXERCISE 6.6 Subshells of the Hydrogen Atom

(a) Without referring to Table 6.2, predict the number of subshells in the fourth shell, that is,
for . (b) Give the label for each of these subshells.(c) How many orbitals are in each of
these subshells?

Analyze and Plan We are given the value of the principal quantum number,n. We need to
determine the allowed values ofl and for this given value ofn and then count the number
of orbitals in each subshell.

SOLUTION
There are four subshells in the fourth shell, corresponding to the four possible values ofl (0, 1,
2, and 3).

These subshells are labeled 4s,4p, 4d, and 4f. The number given in the designation of a
subshell is the principal quantum number,n; the letter designates the value of the angular mo-
mentum quantum number,l : for ,s; for ,p; for ,d; for .

There is one 4sorbital (when , there is only one possible value of : 0). There are
three 4p orbitals (when , there are three possible values of : 1, 0, ). There are five 4d
orbitals (when , there are five allowed values of ). There are seven 4f
orbitals (when , there are seven permitted values of ).

PRACTICE EXERCISE
(a) What is the designation for the subshell with and ? (b) How many orbitals are
in this subshell? (c) Indicate the values of for each of these orbitals.
Answers: (a) ; (b) 3;(c) 1, 0,

6.6 | REPRESENTATIONS OF ORBITALS
So far we have emphasized orbital energies, but the wave function also provides infor-
mation about an electron•s probable location in space. Let•s examine the ways in which
we can picture orbitals because their shapes help us visualize how the electron density is
distributed around the nucleus.

The s Orbitals
We have already seen one representation of the lowest-energy orbital of the hydrogen
atom, the 1s(Figure 6.16). The first thing we notice about the electron density for the 1s
orbital is that it is spherically symmetric„in other words, the electron density at a given
distance from the nucleus is the same regardless of the direction in which we proceed
from the nucleus. All of the other sorbitals (2s,3s,4s,and so forth) are also spherically
symmetric and centered on the nucleus.

Recall that the l quantum number for the sorbitals is 0; therefore, the quantum
number must be 0. Thus, for each value ofn, there is only one sorbital.

So how do sorbitals differ as the value ofn changes? One way to address this ques-
tion is to look at the radial probability function , also called the radial probability
density,which is defined as the probability that we will find the electron at a specific dis-
tance from the nucleus.

� FIGURE 6.18 shows the radial probability density for the 1s,2s,and 3sorbitals of
hydrogen as a function ofr, the distance from the nucleus. Three features of these
graphs are noteworthy: the number of peaks, the number of points at which the proba-
bility function goes to zero (called nodes ), and how spread out the distribution is,
which gives a sense of the size of the orbital.

For the 1sorbital, we see that the probability rises rapidly as we move away from the
nucleus, maximizing at about . Thus, when the electron occupies the 1sorbital, it is
most likelyto be found this distance from the nucleus.* Notice also that in the 1sorbital
the probability of finding the electron at a distance greater than about from the
nucleus is essentially zero.

3 Å

0.5 Å

ml

- 15p
ml

l = 1n = 5

ml: 3, 2, 1, 0, - 1, - 2, - 3l = 3
ml: 2, 1, 0, - 1, - 2l = 2

- 1mll = 1
mll = 0

l = 3, fl = 2l = 1l = 0

ml

n = 4

*In the quantum mechanical model, the most probable distance at which to find the electron in the 1sorbital
is actually , the same as the radius of the orbit predicted by Bohr for . The distance is
often called the Bohr radius.

0.529 Ån = 10.529 Å
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Comparing the radial probability distributions for the 1s,2s,and 3sorbitals reveals
three trends:

1. The number of peaks increases with increasingn, with the outermost peak being
larger than inner ones.

2. The number of nodes increases with increasingn.

3. The electron density becomes more spread out with increasingn.

One widely used method of representing orbital shapeis to draw a boundary sur-
face that encloses some substantial portion, say , of the electron density for the
orbital. This type of drawing is called a contour representation,and the contour repre-
sentations for the sorbitals are spheres (� FIGURE 6.19). All the orbitals have the same
shape, but they differ in size, becoming larger as n increases, reflecting the fact that the
electron density becomes more spread out as n increases. Although the details of how
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� FIGURE 6.18 Radial probability distributions for the 1 s, 2s, and 3s orbitals of
hydrogen. These graphs of the radial probability function plot probability of finding the electron
as a function of distance from the nucleus. As n increases, the most likely distance at which to
find the electron (the highest peak) moves farther from the nucleus.

G O  F I G U R E

How many maxima would you expect to find in the radial probability function
for the 4 s orbital of the hydrogen atom? How many nodes would you expect
in this function?

3s
2s

1s

(a) (b)

� FIGURE 6.19 Comparison of the 1 s,
2s, and 3s orbitals. (a) Electron-density
distribution of a 1 s orbital. (b) Contour
representions of the 1s, 2s, and 3s orbitals.
Each sphere is centered on the atom•s
nucleus and encloses the volume in which
there is a 90% probability of finding the
electron.
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electron density varies within a given contour representation are lost in these represen-
tations, this is not a serious disadvantage. For qualitative discussions, the most
important features of orbitals are shape and relative size, which are adequately displayed
by contour representations.

The p Orbitals
The distribution of electron density for a 2p orbital is shown in � FIGURE 6.22(a). The
electron density is not distributed spherically as in an sorbital. Instead, the density is
concentrated in two regions on either side of the nucleus, separated by a node at the nu-
cleus. We say that this dumbbell-shaped orbital has two lobes. Recall that we are making
no statement of how the electron is moving within the orbital. Figure 6.22(a) portrays
only the averageddistribution of the electron density in a 2p orbital.

Beginning with the shell, each shell has three p orbitals. Recall that the l
quantum number for p orbitals is 1. Therefore, the magnetic quantum number can
have three possible values: , 0, and . Thus, there are three 2p orbitals, three 3p
orbitals, and so forth, corresponding to the three possible values of . Each set ofp
orbitals has the dumbbell shapes shown in Figure 6.22(a) for the 2p orbitals. For each
value ofn, the three p orbitals have the same size and shape but differ from one another
in spatial orientation. We usually represent p orbitals by drawing the shape and orienta-
tion of their wave functions, as shown in Figure 6.22(b). It is convenient to label these as
the , , and orbitals. The letter subscript indicates the Cartesian axis along which
the orbital is oriented.* Like sorbitals,p orbitals increase in size as we move from 2p to
3p to 4p,and so forth.

pzpypx

ml

+1- 1
ml

n = 2

*We cannot make a simple correspondence between the subscripts (x, y,andz) and the allowed values (1, 0,
and ). To explain why this is so is beyond the scope of an introductory text.- 1

ml

Let•s examine the difference between probability density and ra-
dial probability function more closely.� FIGURE 6.21 shows plots
of as a function ofr for the 1s, 2s, and 3s orbitals of the[c (r)] 2

PROBABILITY DENSITY AND RADIAL
PROBABILITY FUNCTIONS

According to quantum mechanics, we must describe
the position of the electron in the hydrogen atom

in terms of probabilities. The information about
the probability is contained in the wave func-

tions, , obtained from Schrödinger•s equation. The square of the
wave function, , called either the probability density or the elec-
tron density, as noted earlier, gives the probability that the electron
is at any pointin space. Because sorbitals are spherically symmetric,
the value of for an selectron depends only on its distance from
the nucleus,r. Thus, the probability density can be written as

, where is the value of at r. This function gives
the probability density for any point located a distance r from the
nucleus.

The radial probability function, which we used in Figure 6.18,
differs from the probability density. The radial probability function
equals the totalprobability of finding the electron at all the points at
any distance r from the nucleus. In other words, to calculate this
function, we need to •add upŽ the probability densities over
all points located a distance r from the nucleus.� FIGURE 6.20
compares the probability density at a point ( ) with the radial
probability function.

[c (r)] 2

[c (r)] 2

[c (r)] 2cc (r)[c (r)] 2

c

c 2
c

A CLOSER LOOK

� FIGURE 6.20 Comparing probability density 
and radial probability function .4Pr 2 [C (r )]2[C(r )]2

[y (r)]2 is probability 
density at any given 
point

4p r2[y (r)]2 is radial probability
function �  sum of all [y (r)]2

having any given value of r
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hydrogen atom. You will notice that these plots look distinctly differ-
ent from the radial probability functions shown in Figure 6.18.

As shown in Figure 6.20, the collection of points a distance r
from the nucleus is the surface of a sphere of radius r. The probabil-
ity density at each point on that spherical surface is . To add
up all the individual probability densities requires calculus and so is
beyond the scope of this text. However, the result of that calculation
tells us that the radial probability function is the probability density,

, multiplied by the surface area of the sphere, :

Thus, the plots of radial probability function in Figure 6.18 are
equal to the plots of in Figure 6.21 multiplied by . The
fact that increases rapidly as we move away from the nucleus
makes the two sets of plots look very different from each other. For
example, the plot of for the 3s orbital in Figure 6.21 shows
that the function generally gets smaller the farther we go from the
nucleus. But when we multiply by , we see peaks that get larger
and larger as we move away from the nucleus (Figure 6.18).

The radial probability functions in Figure 6.18 provide us with
the more useful information because they tell us the probability of
finding the electron at all points a distance r from the nucleus, not
just one particular point.

RELATED EXERCISES:6.50, 6.59, 6.60, and 6.91
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� FIGURE 6.21 Probability density in the 1 s, 2s, and 3s
orbitals of hydrogen.
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� FIGURE 6.22 The p orbitals.
(a) Electron-density distribution of a 2p orbital.
(b) Contour representations of the three p
orbitals. The subscript on the orbital label
indicates the axis along which the orbital lies.

G O  F I G U R E

(a) Note on the left that the color is deep pink in the interior of each lobe
but fades to pale pink at the edges. What does this change in color repre-
sent? (b) What label is applied to the 2 p orbital aligned along the x axis?

The d and f Orbitals
When n is 3 or greater, we encounter the d orbitals (for which ). There are five 3d
orbitals, five 4d orbitals, and so forth because in each shell there are five possible values
for the quantum number: , , 0, 1, and 2. The different d orbitals in a given shell
have different shapes and orientations in space, as shown in � FIGURE 6.23. Four of the
d-orbital contour representations have a •four-leaf cloverŽ shape, and each lies primarily
in a plane. The , , and lie in the xy, xz,andyzplanes, respectively, with the lobes
oriented betweenthe axes. The lobes of the orbital also lie in the xyplane, but the
lobes lie alongthex andy axes. The orbital looks very different from the other four:
It has two lobes along the z axis and a •doughnutŽ in the xy plane. Even though the 
orbital looks different from the other d orbitals, it has the same energy as the other four
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� FIGURE 6.23 Contour
representations of the five d orbitals.

d orbitals. The representations in Figure 6.23
are commonly used for all d orbitals,

regardless of principal quantum number.
When n is 4 or greater, there are seven

equivalent f orbitals (for which ).
The shapes of the f orbitals are even more

complicated than those of the d orbitals
and are not presented here. As you will see in

the next section, however, you must be aware of
f orbitals as we consider the electronic structure of

atoms in the lower part of the periodic table.
In many instances later in the text you will find

that knowing the number and shapes of atomic orbitals
will help you understand chemistry at the molecular
level. You will therefore find it useful to memorize the
shapes of the s, p,andd orbitals shown in Figures 6.19,
6.22, and 6.23.

6.7 | MANY-ELECTRON ATOMS
One of our goals in this chapter has been to determine the electronic structures of
atoms. So far, we have seen that quantum mechanics leads to an elegant description of
the hydrogen atom. This atom, however, has only one electron. How does our descrip-
tion change when we consider an atom with two or more electrons (a many-electron
atom)? To describe such an atom, we must consider the nature of orbitals and their rel-
ative energies as well as how the electrons populate the available orbitals.

Orbitals and Their Energies
We can describe the electronic structure of a many-electron atom in terms of orbitals
like those of the hydrogen atom. Thus, we continue to designate orbitals as ls, , and so
forth. Further, these orbitals have the same general shapes as the corresponding hydro-
gen orbitals.

Although the shapes of the orbitals of a many-electron atom are the same as those
for hydrogen, the presence of more than one electron greatly changes the energies of the
orbitals. In hydrogen the energy of an orbital depends only on its principal quantum
number,n (Figure 6.17). For instance, the 3s,3p,and 3d subshells all have the same en-
ergy. In a many-electron atom, however, the electron…electron repulsions cause the
various subshells in a given shell to be at different energies, as shown in � FIGURE 6.24.

To explain this fact, we must consider the forces between the electrons and
how these forces are affected by the shapes of the orbitals. We will, how-
ever, forgo this analysis until Chapter 7.

The important idea is this:In a many-electron atom, for a given value of
n, the energy of an orbital increases with increasing value of l. For example, no-

tice in Figure 6.24 that the orbitals increase in energy in the order .
Notice also that all orbitals of a given subshell (such as the five 3d orbitals) have the same
energy as one another. Orbitals with the same energy are said to be degenerate .

Figure 6.24 is a qualitativeenergy-level diagram; the exact energies of the orbitals
and their spacings differ from one atom to another.

G I V E  I T  S O M E  T H O U G H T

a. How may orbitals have the principal quantum number n = 3? 
b. In a many-electron atom, what are the relative energies of these orbitals?

3s 6 3p 6 3dn = 3

2px

l = 3

� FIGURE 6.24 General energy
ordering of orbitals for a many-electron
atom.

G O  F I G U R E

Not all of the orbitals in the n = 4
shell are shown in this figure.
Which subshells are missing?
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� FIGURE 6.25 Electron spin. The
electron behaves as if it were spinning about
an axis, thereby generating a magnetic field
whose direction depends on the direction of
spin. The two directions for the magnetic
field correspond to the two possible values
for the spin quantum number, .ms
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Electron Spin and the Pauli Exclusion Principle
We have now seen that we can use hydrogen-like orbitals to describe many-electron
atoms. What, however, determines which orbitals the electrons occupy? That is, how do
the electrons of a many-electron atom populate the available orbitals? To answer this
question, we must consider an additional property of the electron.

When scientists studied the line spectra of many-electron atoms in great detail, they
noticed a very puzzling feature: Lines that were originally thought to be single were ac-
tually closely spaced pairs. This meant, in essence, that there were twice as many energy
levels as there were •supposedŽ to be. In 1925 the Dutch physicists George Uhlenbeck
and Samuel Goudsmit proposed a solution to this dilemma. They postulated that elec-
trons have an intrinsic property, called electron spin , that causes each electron to
behave as if it were a tiny sphere spinning on its own axis.

By now it probably does not surprise you to learn that electron spin is quantized.
This observation led to the assignment of a new quantum number for the electron, in
addition to n, l, and , which we have already discussed. This new quantum number,
the spin magnetic quantum number , is denoted (the subscript sstands for spin).
Two possible values are allowed for , or , which was first interpreted as indicat-
ing the two opposite directions in which the electron can spin. A spinning charge
produces a magnetic field. The two opposite directions of spin therefore produce oppo-
sitely directed magnetic fields (� FIGURE 6.25).* These two opposite magnetic fields
lead to the splitting of spectral lines into closely spaced pairs.

Electron spin is crucial for understanding the electronic structures of atoms. In 1925
the Austrian-born physicist Wolfgang Pauli (1900…1958) discovered the principle that
governs the arrangements of electrons in many-electron atoms. The Pauli exclusion
principle states that no two electrons in an atom can have the same set of four quantum
numbersn, l, , and . For a given orbital, the values ofn, l,and are fixed. Thus, if wemlmsml

- 1
2+1

2ms

ms

ml

*As we discussed earlier, the electron has both particle-like and wave-like properties. Thus, the picture of an
electron as a spinning charged sphere is, strictly speaking, just a useful pictorial representation that helps us
understand the two directions of magnetic field that an electron can possess.

EXPERIMENTAL EVIDENCE 
FOR ELECTRON SPIN

Even before electron spin had been proposed, there
was experimental evidence that electrons had an ad-

ditional property that needed explanation. In 1921,
Otto Stern and Walter Gerlach succeeded in sepa-

rating a beam of electrically neutral atoms into two groups by passing
them through a nonhomogeneous magnetic field (� FIGURE 6.26).

Let•s assume they used a beam of hydrogen atoms (in actuality,
they used silver atoms, which contain just one unpaired electron). We
would normally expect electrically neutral atoms to be unaffected by
a magnetic field. However, the magnetic field arising from the elec-
tron•s spin interacts with the magnet•s field, deflecting the atom from
its straight-line path. As shown in Figure 6.26, the magnetic field
splits the beam in two, suggesting that there are two (and 
only two) equivalent values for the electron•s magnetic field. The
Stern…Gerlach experiment could be readily interpreted once it was
realized that there are exactly two values for the spin of the electron.
These values produce equal magnetic fields that are opposite in
direction.

A CLOSER LOOK

Slit

Beam of
atoms

Magnet

Atoms having unpaired electron with spin quantum number 
ms �  � 1/2 de�ect in one direction; those having unpaired 
electron with ms �  � 1/2 de�ect in opposite direction

Beam collector
plate

� FIGURE 6.26 The Stern…Gerlach experiment.
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Medicine for their discoveries concerning MRI. The major drawback
of this technique is expense: The current cost of a new MRI instru-
ment for clinical applications is over $1.5 million.

RELATED EXERCISE:6.93

NUCLEAR SPIN AND MAGNETIC
RESONANCE IMAGING

A major challenge facing medical diagnosis is seeing
inside the human body. Until recently, this was ac-

complished primarily by using X-rays to image
human bones, muscles, and organs. However,

there are several drawbacks to using X-rays for medical imaging.
First, X-rays do not give well-resolved images of overlapping physio-
logical structures. Moreover, because damaged or diseased tissue
often yields the same image as healthy tissue, X-rays frequently fail to
detect illness or injuries. Finally, X-rays are high-energy radiation that
can cause physiological harm, even in low doses.

During the 1980s, a technique called magnetic resonance imag-
ing (MRI) moved to the forefront of medical imaging technology.
The foundation of MRI is a phenomenon called nuclear magnetic
resonance (NMR), which was discovered in the mid-1940s. Today
NMR has become one of the most important spectroscopic methods
used in chemistry. It is based on the observation that, like electrons,
the nuclei of many elements possess an intrinsic spin. Like electron
spin, nuclear spin is quantized. For example, the nucleus of has
two possible magnetic nuclear spin quantum numbers, and .
The hydrogen nucleus is the most common one studied by NMR.

A spinning hydrogen nucleus acts like a tiny magnet. In the ab-
sence of external effects, the two spin states have the same energy.
However, when the nuclei are placed in an external magnetic field,
they can align either parallel or opposed (antiparallel) to the field,
depending on their spin. The parallel alignment is lower in energy
than the antiparallel one by a certain amount, (� FIGURE 6.27).
If the nuclei are irradiated with photons having energy equal to ,
the spin of the nuclei can be •flipped,Ž that is, excited from the paral-
lel to the antiparallel alignment. Detection of the flipping of nuclei
between the two spin states leads to an NMR spectrum. The radia-
tion used in an NMR experiment is in the radiofrequency range,
typically 100 to 900 MHz, which is far less energetic per photon than
X-rays.

Because hydrogen is a major constituent of aqueous body fluids
and fatty tissue, the hydrogen nucleus is the most convenient one for
study by MRI. In MRI a person•s body is placed in a strong magnetic
field. By irradiating the body with pulses of radiofrequency radiation
and using sophisticated detection techniques, medical technicians
can image tissue at specific depths in the body, giving pictures with
spectacular detail (� FIGURE 6.28). The ability to sample at differ-
ent depths allows the technicians to construct a three-dimensional
picture of the body.

MRI has none of the disadvantages of X-rays. Diseased tissue
appears very different from healthy tissue, resolving overlapping
structures at different depths in the body is much easier, and the radio
frequency radiation is not harmful to humans in the doses used. The
technique has had such a profound influence on the modern practice
of medicine that Paul Lauterbur, a chemist, and Peter Mansfield,
a physicist, were awarded the 2003 Nobel Prize in Physiology or
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� FIGURE 6.27 Nuclear spin. Like electron spin, nuclear spin
generates a small magnetic field and has two allowed values. (a) In
the absence of an external magnetic field, the two spin states have
the same energy. (b) When an external magnetic field is applied, the
spin state in which the spin direction is parallel to the direction of the
external field is lower in energy than the spin state in which the spin
direction is antiparallel to the field direction. The energy difference,

, is in the radio frequency portion of the electromagnetic
spectrum.
¢ E

� FIGURE 6.28 MRI image. This image of a human head,
obtained using magnetic resonance imaging, shows a normal brain,
airways, and facial tissues.
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want to put more than one electron in an orbital andsatisfy the Pauli exclusion principle,
our only choice is to assign different values to the electrons. Because there are only two
such values, we conclude that an orbital can hold a maximum of two electrons and they must
have opposite spins. This restriction allows us to index the electrons in an atom, giving their
quantum numbers and thereby defining the region in space where each electron is most
likely to be found. It also provides the key to understanding the structure of the periodic
table of the elements.

6.8 | ELECTRON CONFIGURATIONS
Armed with knowledge of the relative energies of orbitals and the Pauli exclusion prin-
ciple, we are in a position to consider the arrangements of electrons in atoms. The way
electrons are distributed among the various orbitals of an atom is called the electron
configuration of the atom.

The most stable electron configuration„the ground state„is that in which the
electrons are in the lowest possible energy states. If there were no restrictions on the pos-
sible values for the quantum numbers of the electrons, all the electrons would crowd
into the lsorbital because it is the lowest in energy (Figure 6.24). The Pauli exclusion
principle tells us, however, that there can be at most two electrons in any single orbital.
Thus,the orbitals are filled in order of increasing energy, with no more than two electrons
per orbital.For example, consider the lithium atom, which has three electrons. (Recall
that the number of electrons in a neutral atom equals its atomic number.) The lsorbital
can accommodate two of the electrons. The third one goes into the next lowest energy
orbital, the 2s.

We can represent any electron configuration by writing the symbol for the occupied
subshell and adding a superscript to indicate the number of electrons in that subshell.
For example, for lithium we write (read •ls two, 2soneŽ). We can also show the
arrangement of the electrons as

In this representation, which we call an orbital diagram,each orbital is denoted by a
box and each electron by a half arrow. A half arrow pointing up (_ ) represents an elec-
tron with a positive spin magnetic quantum number and a half arrow
pointing down (] ) represents an electron with a negative spin magnetic quantum num-
ber . This pictorial representation of electron spin, which corresponds to the
directions of the magnetic fields in Figure 6.25, is quite convenient.

Electrons having opposite spins are said to be pairedwhen they are in the same
orbital (g ). An unpaired electronis one not accompanied by a partner of opposite spin.
In the lithium atom the two electrons in the 1sorbital are paired and the electron in the
2sorbital is unpaired.

Hund•s Rule
Consider now how the electron configurations of the elements change as we move from
element to element across the periodic table. Hydrogen has one electron, which occu-
pies the 1sorbital in its ground state:

The choice of a spin-up electron here is arbitrary; we could equally well show the
ground state with one spin-down electron. It is customary, however, to show unpaired
electrons with their spins up.

H

1s

: 1s1

(ms = - 1
2)

(ms = +1
2)

Li

1s 2s

ls22s1

ms
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The next element, helium, has two electrons. Because two electrons with opposite
spins can occupy the same orbital, both of helium•s electrons are in the 1sorbital:

The two electrons present in helium complete the filling of the first shell. This arrange-
ment represents a very stable configuration, as is evidenced by the chemical inertness
of helium.

The electron configurations of lithium and several elements that follow it in the pe-
riodic table are shown in � TABLE 6.3. For the third electron of lithium, the change in
principal quantum number from n = 1 for the first two electrons to n = 2 for the third
electron represents a large jump in energy and a corresponding jump in the average dis-
tance of the electron from the nucleus. In other words, it represents the start of a new
shell occupied with electrons. As you can see by examining the periodic table, lithium
starts a new row of the table. It is the first member of the alkali metals (group 1A).

The element that follows lithium is beryllium; its electron configuration is 
(Table 6.3). Boron, atomic number 5, has the electron configuration . The fifth
electron must be placed in a 2p orbital because the 2sorbital is filled. Because all the
three 2p orbitals are of equal energy, it does not matter which 2p orbital we place this
fifth electron in.

With the next element, carbon, we encounter a new situation. We know that the
sixth electron must go into a 2p orbital. However, does this new electron go into the 2p
orbital that already has one electron or into one of the other two 2p orbitals? This ques-
tion is answered by Hund•s rule , which states that for degenerate orbitals, the lowest
energy is attained when the number of electrons having the same spin is maximized. This
means that electrons occupy orbitals singly to the maximum extent possible and that
these single electrons in a given subshell all have the same spin magnetic quantum num-
ber. Electrons arranged in this way are said to have parallel spins. For a carbon atom to
achieve its lowest energy, therefore, the two 2p electrons must have the same spin. For
this to happen, the electrons must be in different 2p orbitals, as shown in Table 6.3.
Thus, a carbon atom in its ground state has two unpaired electrons.

Similarly, for nitrogen in its ground state, Hund•s rule requires that the three 2p
electrons singly occupy each of the three 2p orbitals. This is the only way that all three
electrons can have the same spin. For oxygen and fluorine, we place four and five

1s22s22p1
1s22s2

He

1s

: 1s2

2p 3s1s 2s

TABLE 6.3 € Electron Configurations of Several Lighter Elements

Element Total Electrons Orbital Diagram Electron Configuration

Li 3

Be 4

B 5

C 6

N 7

Ne 10

Na 11 1s22s22p63s1

1s22s22p6

1s22s22p3

1s22s22p2

1s22s22p1

1s22s2

1s22s1
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electrons, respectively, in the 2p orbitals. To achieve this, we pair up electrons in the 2p
orbitals, as we will see in Sample Exercise 6.7.

Hund•s rule is based in part on the fact that electrons repel one another. By occupy-
ing different orbitals, the electrons remain as far as possible from one another, thus
minimizing electron…electron repulsions.

SAMPLE EXERCISE 6.7 Orbital Diagrams and Electron Configurations

Draw the orbital diagram for the electron configuration of oxygen, atomic number 8. How
many unpaired electrons does an oxygen atom possess?

SOLUTION
Analyze and Plan Because oxygen has an atomic number of 8, each oxygen atom has 8 elec-
trons. Figure 6.24 shows the ordering of orbitals. The electrons (represented as arrows) are
placed in the orbitals (represented as boxes) beginning with the lowest-energy orbital, the 1s.
Each orbital can hold a maximum of two electrons (the Pauli exclusion principle). Because the
2p orbitals are degenerate, we place one electron in each of these orbitals (spin-up) before
pairing any electrons (Hund•s rule).

Solve Two electrons each go into the 1sand 2sorbitals with their spins paired. This leaves
four electrons for the three degenerate 2p orbitals. Following Hund•s rule, we put one electron
into each 2p orbital until all three orbitals have one electron each. The fourth electron is then
paired up with one of the three electrons already in a 2p orbital, so that the orbital diagram is

The corresponding electron configuration is written . The atom has two unpaired
electrons.

PRACTICE EXERCISE
(a) Write the electron configuration for phosphorus, element 15.(b) How many unpaired
electrons does a phosphorus atom possess?
Answers: (a) , (b) three

Condensed Electron Configurations
The filling of the 2p subshell is complete at neon (Table 6.3), which has a stable config-
uration with eight electrons (an octet) in the outermost occupied shell. The next
element, sodium, atomic number 11, marks the beginning of a new row of the periodic
table. Sodium has a single 3selectron beyond the stable configuration of neon. We can
therefore abbreviate the electron configuration of sodium as

The symbol [Ne] represents the electron configuration of the ten electrons of neon,
. Writing the electron configuration as focuses attention on the outer-

most electron of the atom, which is the one largely responsible for how sodium behaves
chemically.

We can generalize what we have just done for the electron configuration of sodium.
In writing the condensed electron configurationof an element, the electron configuration
of the nearest noble-gas element of lower atomic number is represented by its chemical
symbol in brackets. For lithium, for example, we write

We refer to the electrons represented by the bracketed symbol as the noble-gas core
of the atom. More usually, these inner-shell electrons are referred to as the core elec-
trons . The electrons given after the noble-gas core are called the outer-shell electrons.
The outer-shell electrons include the electrons involved in chemical bonding, which are
called the valence electrons . For the elements with atomic number of 30 or less, all of
the outer-shell electrons are valence electrons. By comparing the condensed electron
configurations of lithium and sodium, we can appreciate why these two elements are so

Li: [He]2s1

[Ne]3s11s22s22p6

Na: [Ne]3s1

1s22s22p63s23p3

1s22s22p4

1s 2s 2p
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� FIGURE 6.29 The outer-shell
electron configurations of the alkali
metals (group 1A in the periodic table).
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similar chemically. They have the same type of electron configuration in the outermost
occupied shell. Indeed, all the members of the alkali metal group (1A) have a single s
valence electron beyond a noble-gas configuration (� FIGURE 6.29).

Transition Metals
The noble-gas element argon marks the end of the row started by
sodium. The element following argon in the periodic table is potassium (K), atomic
number 19. In all its chemical properties, potassium is clearly a member of the alkali
metal group. The experimental facts about the properties of potassium leave no doubt
that the outermost electron of this element occupies an sorbital. But this means that the
electron with the highest energy has notgone into a 3d orbital, which we might expect it
to do. Because the 4sorbital is lower in energy than the 3d orbital (Figure 6.24), the con-
densed electron configuration of potassium is

Following the complete filling of the 4sorbital (this occurs in the calcium atom),
the next set of orbitals to be filled is the 3d. (You will find it helpful as we go along to
refer often to the periodic table on the front inside cover.) Beginning with scandium and
extending through zinc, electrons are added to the five 3d orbitals until they are com-
pletely filled. Thus, the fourth row of the periodic table is ten elements wider than the
two previous rows. These ten elements are known as either transition elements or
transition metals . Note the position of these elements in the periodic table.

In writing the electron configurations of the transition elements, we fill orbitals in
accordance with Hund•s rule„we add them to the 3d orbitals singly until all five or-
bitals have one electron each and then place additional electrons in the 3d orbitals with
spin pairing until the shell is completely filled. The condensed electron configurations
and the corresponding orbital diagram representations of two transition elements are as
follows:

Once all the 3d orbitals have been filled with two electrons each, the 4p orbitals
begin to be occupied until the completed octet of outer electrons is reached
with krypton (Kr), atomic number 36, another of the noble gases. Rubidium (Rb)
marks the beginning of the fifth row. Refer again to the periodic table on the front inside
cover. Notice that this row is in every respect like the preceding one, except that the value
for n is greater by 1.

G I V E  I T  S O M E  T H O U G H T

Based on the structure of the periodic table, which becomes occupied first, the
6s orbital or the 5d orbitals?

The Lanthanides and Actinides
The sixth row of the periodic table begins with one electron in the 6sorbital of cesium
(Cs) and two electrons in the 6sorbital of barium (Ba). Notice, however, that the peri-
odic table then has a break, with elements 57…70 placed below the main portion of the
table. This break point is where we begin to encounter a new set of orbitals, the 4f.

There are seven degenerate 4f orbitals, corresponding to the seven allowed values of
, ranging from 3 to . Thus, it takes 14 electrons to fill the 4f orbitals completely.

The 14 elements corresponding to the filling of the 4f orbitals are known as either the
lanthanide elements or the rare earth elements . These elements are set below the

- 3ml
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other elements to avoid making the periodic table unduly wide. The properties of the
lanthanide elements are all quite similar, and these elements occur together in nature.
For many years it was virtually impossible to separate them from one another.

Because the energies of the 4f and 5d orbitals are very close to each other, the elec-
tron configurations of some of the lanthanides involve 5d electrons. For example, the
elements lanthanum (La), cerium (Ce), and praseodymium (Pr) have the following
electron configurations:

Because La has a single 5d electron, it is sometimes placed below yttrium (Y) as the
first member of the third series of transition elements; Ce is then placed as the first
member of the lanthanides. Based on their chemistry, however, La can be considered the
first element in the lanthanide series. Arranged this way, there are fewer apparent
exceptions to the regular filling of the 4f orbitals among the subsequent members of
the series.

After the lanthanide series, the third transition element series is completed by the
filling of the 5d orbitals, followed by the filling of the 6porbitals. This brings us to radon
(Rn), heaviest of the known noble-gas elements.

The final row of the periodic table begins by filling the 7s orbitals. The actinide
elements , of which uranium (U, element 92) and plutonium (Pu, element 94) are the
best known, are then built up by completing the 5f orbitals. The actinide elements are
radioactive, and most of them are not found in nature.

6.9 | ELECTRON CONFIGURATIONS 
AND THE PERIODIC TABLE

We just saw that the electron configurations of the elements correspond to their loca-
tions in the periodic table. Thus, elements in the same column of the table have related
outer-shell (valence) electron configurations. As � TABLE 6.4 shows, for example, all
2A elements have an outer configuration, and all 3A elements have an outer
configuration, with the value ofn increasing as we move down each column.

As shown in � FIGURE 6.30, the periodic table can be divided into four blocks
based on the filling order of orbitals. On the left are two blue columns of elements.
These elements, known as the alkali metals (group 1A) and alkaline earth metals
(group 2A), are those in which the valence sorbitals are being filled. These two columns
make up the sblock of the periodic table.

On the right is a block ofsixpink columns that comprises the pblock, where the va-
lence p orbitals are being filled. The sblock and the p block elements together are the
representative elements , sometimes called the main-group elements .

The orange block in Figure 6.30 has tencolumns containing the transition metals.
These are the elements in which the valence d orbitals are being filled and make up the
d block.

ns2np1ns2

[Xe]6s25d1 [Xe]6s25d14f 1 [Xe]6s24f 3

Lanthanum Cerium Praseodymium

TABLE 6.4 €
Electron Configurations 
of Group 2A and 3A Elements

Group 2A
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Sr
Ba
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Group 3A
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Tl [Xe]4f 145d106s26p1

[Kr]4d105s25p1
[Ar]3d104s24p1
[Ne]3s23p1
[He]2s22p1

[Rn]7s2
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[He]2s2

1s

2s

3s

4s

5s

6s

7s

1

2

3

4

5

6

7

2p

3d

4f

5f

4d

5d

s-orbitals p-orbitalsf-orbitals d-orbitals

6d

3p

4p

5p

6p

7p

1s

� FIGURE 6.30 Regions of the periodic table. The order in which electrons are added to
orbitals is read left to right beginning in the top left corner.
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The elements in the two tan rows containing 14columns are the ones in which the
valence f orbitals are being filled and make up the f block. Consequently, these elements
are often referred to as the f-block metals . In most tables, the f block is positioned
below the periodic table to save space:

The number of columns in each block corresponds to the maximum number of
electrons that can occupy each kind of subshell. Recall that 2, 6, 10, and 14 are the num-
bers of electrons that can fill the s, p, d,andf subshells, respectively. Thus, the sblock has
2 columns, the p block has 6, the d block has 10, and the f block has 14. Recall also that ls
is the first ssubshell, 2p is the first p subshell, 3d is the first d subshell, and 4f is the first f
subshell, as Figure 6.30 shows. Using these facts, you can write the electron configura-
tion of an element based merely on its position in the periodic table.

Let•s use the periodic table to write the electron configuration of selenium (Se, ele-
ment 34). We first locate Se in the table and then move backward from it through the
table, from element 34 to 33 to 32 and so forth, until we come to the noble gas that pre-
cedes Se. In this case, the noble gas is argon, Ar, element 18. Thus, the noble-gas core for
Se is [Ar]. Our next step is to write symbols for the outer electrons. We do this by mov-
ing across period 4 from K, the element following Ar, to Se:

Because K is in the fourth period and the sblock, we begin with the 4selectrons, mean-
ing our first two outer electrons are written . We then move into the d block, which
begins with the 3d electrons. (The principal quantum number in the d block is always
one less than that of the preceding elements in the sblock, as seen in Figure 6.30.) Tra-
versing the d block adds ten electrons, . Finally we move into the p block, whose
principal quantum number is always the same as that of the s block. Counting the
squares as we move across the p block to Se tells us that we need four electrons, . The
electron configuration for Se is therefore . This configuration can also be
written with the subshells arranged in order of increasing principal quantum number:

.
As a check, we add the number of electrons in the [Ar] core, 18, to the number of

electrons we added to the 4s,3d, and 4p subshells. This sum should equal the atomic
number of Se, 34: 18 + 2 + 10 + 4 = 34.
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SAMPLE EXERCISE 6.8 Electron Configurations for a Group

What is the characteristic valence electron configuration of the group 7A elements, the
halogens?

SOLUTION
Analyze and Plan We first locate the halogens in the periodic table, write the electron con-
figurations for the first two elements, and then determine the general similarity between the
configurations.

Solve The first member of the halogen group is fluorine (F, element 9). Moving backward
from F, we find that the noble-gas core is [He]. Moving from He to the element of next higher
atomic number brings us to Li, element 3. Because Li is in the second period of the sblock, we
add electrons to the 2ssubshell. Moving across this block gives . Continuing to move to the
right, we enter the p block. Counting the squares to F gives . Thus, the condensed electron
configuration for fluorine is

The electron configuration for chlorine, the second halogen, is

From these two examples, we see that the characteristic valence electron configuration of a
halogen is , where n ranges from 2 in the case of fluorine to 6 in the case of astatine.

PRACTICE EXERCISE
Which family of elements is characterized by an electron configuration in the outer-
most occupied shell?
Answer: group 4A

SAMPLE EXERCISE 6.9 Electron Configurations from the Periodic Table

(a) Based on its position in the periodic table, write the condensed electron configuration for
bismuth, element 83.(b) How many unpaired electrons does a bismuth atom have?

SOLUTION
(a) Our first step is to write the noble-gas core. We do this by locating bismuth, element 83, in
the periodic table. We then move backward to the nearest noble gas, which is Xe, element 54.
Thus, the noble-gas core is [Xe].

Next, we trace the path in order of increasing atomic numbers from Xe to Bi. Moving
from Xe to Cs, element 55, we find ourselves in period 6 of the sblock. Knowing the block and
the period identifies the subshell in which we begin placing outer electrons, 6s. As we move
through the sblock, we add two electrons: .

As we move beyond the sblock, from element 56 to element 57, the curved arrow below
the periodic table reminds us that we are entering the f block. The first row of the f block
corresponds to the 4f subshell. As we move across this block, we add 14 electrons: .

With element 71, we move into the third row of the d block. Because the first row of the d
block is 3d,the second row is 4dand the third row is 5d.Thus,as we move through the ten elements
of the dblock, from element 71 to element 80, we fill the 5dsubshell with ten electrons: .

Moving from element 80 to element 81 puts us into the p block in the 6p subshell.
(Remember that the principal quantum number in the p block is the same as in the sblock.)
Moving across to Bi requires 3 electrons: . The path we have taken is
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Putting the parts together, we obtain the condensed electron configuration: .
This configuration can also be written with the subshells arranged in order of increasing prin-
cipal quantum number: .

Finally, we check our result to see if the number of electrons equals the atomic number of
Bi, 83: Because Xe has 54 electrons (its atomic number), we have 54 + 2 + 14+ 10+ 3 = 83.
(If we had 14 electrons too few, we would realize that we have missed the f block.)
(b) We see from the condensed electron configuration that the only partially occupied subshell
is 6p. The orbital diagram representation for this subshell is

In accordance with Hund•s rule, the three 6p electrons occupy the three 6p orbitals singly, with
their spins parallel. Thus, there are three unpaired electrons in the bismuth atom.

PRACTICE EXERCISE
Use the periodic table to write the condensed electron configuration for (a) Co (element 27),
(b) Te (element 52).

Answers: (a) or , (b) or

� FIGURE 6.31 gives, for all the elements, the ground-state electron configurations
for the valence electrons. You can use this figure to check your answers as you practice
writing electron configurations. We have written these configurations with orbitals
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� FIGURE 6.31 Valence electron configurations of the elements.



SECTION 6.9 Electron Configurations and the Periodic Table 237

listed in order of increasing principal quantum number. As we saw in Sample Exercise
6.9, the orbitals can also be listed in order of filling, as they would be read off the peri-
odic table.

Figure 6.31 allow us to reexamine the concept ofvalence electrons. Notice, for exam-
ple, that as we proceed from to we add a complete
subshell of 3d electrons to the electrons beyond the [Ar] core. Although the 3d electrons
are outer-shell electrons, they are not involved in chemical bonding and are therefore
not considered valence electrons. Thus, we consider only the 4sand 4pelectrons of Br to
be valence electrons. Similarly, if we compare the electron configurations of Ag (element
47) and Au (element 79), we see that Au has a completely full subshell beyond its
noble-gas core, but those 4f electrons are not involved in bonding. In general,for repre-
sentative elements we do not consider the electrons in completely filledd or f subshells to be
valence electrons,and for transition elements we do not consider the electrons in a com-
pletely filledf subshell to be valence electrons.

Anomalous Electron Configurations
The electron configurations of certain elements appear to violate the rules we have just
discussed. For example, Figure 6.31 shows that the electron configuration of chromium
(element 24) is rather than the configuration we might expect.
Similarly, the configuration of copper (element 29) is instead of .

This anomalous behavior is largely a consequence of the closeness of the 3d and 4s
orbital energies. It frequently occurs when there are enough electrons to form precisely
half-filled sets of degenerate orbitals (as in chromium) or a completely filled d subshell
(as in copper). There are a few similar cases among the heavier transition metals (those
with partially filled 4d or 5d orbitals) and among the f-block metals. Although these
minor departures from the expected are interesting, they are not of great chemical
significance.

G I V E  I T  S O M E  T H O U G H T

The elements Ni, Pd, and Pt are all in the same group. By examining the electron
configurations for these elements in Figure 6.31, what can you conclude about
the relative energies of the nd and orbitals for this group?

SAMPLE INTEGRATIVE EXERCISE Putting Concepts Together

Boron, atomic number 5, occurs naturally as two isotopes, and , with natural abun-
dances of and , respectively.(a) In what ways do the two isotopes differ from each
other? Does the electronic configuration of differ from that of (b) Draw the orbital di-
agram for an atom of . Which electrons are the valence electrons? (c) Indicate three major
ways in which the 1selectrons in boron differ from its 2selectrons.(d) Elemental boron reacts
with fluorine to form , a gas. Write a balanced chemical equation for the reaction of solid
boron with fluorine gas.(e) for (g) is . Calculate the standard en-
thalpy change in the reaction of boron with fluorine.(f) When , also a gas at room
temperature, comes into contact with water, the two react to form hydrochloric acid and boric
acid, , a very weak acid in water. Write a balanced net ionic equation for this reaction.

SOLUTION
(a) The two isotopes of boron differ in the number of neutrons in the nucleus.€ (Sections
2.3 and 2.4)Each of the isotopes contains five protons, but contains five neutrons, whereas

contains six neutrons. The two isotopes of boron have identical electron configurations,
, because each has five electrons.

(b) The complete orbital diagram is

The valence electrons are the ones in the outermost occupied shell, the and electrons.
The electrons constitute the core electrons, which we represent as [He] when we write the
condensed electron configuration, .[He]2s22p1
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(c) The 1sand 2sorbitals are both spherical, but they differ in three important respects: First,
the 1sorbital is lower in energy than the 2sorbital. Second, the average distance of the 2selec-
trons from the nucleus is greater than that of the 1selectrons, so the 1sorbital is smaller than
the 2s. Third, the 2sorbital has one node, whereas the 1sorbital has no nodes (Figure 6.18).

(d) The balanced chemical equation is

(e) . The reaction is strongly exothermic.

(f) . Note that because
is a very weak acid, its chemical formula is written in molecular form, as discussed in

Section 4.3.
H3BO3

BCl3(g) + 3 H2O(l) ¡ H3BO3(aq) + 3 H+(aq) + 3 Cl- (aq)

¢ H° = 2(- 1135.6)- [0 + 0] = - 2271.2 kJ

2 B(s) + 3 F2(g) ¡ 2 BF3(g)

INTRODUCTION AND SECTION 6.1 Theelectronic structure of
an atom describes the energies and arrangement of electrons around
the atom. Much of what is known about the electronic structure of
atoms was obtained by observing the interaction of light with matter.
Visible light and other forms ofelectromagnetic radiation (also
known as radiant energy) move through a vacuum at the speed of
light, . Electromagnetic radiation has both electric
and magnetic components that vary periodically in wavelike fashion.
The wave characteristics of radiant energy allow it to be described in
terms of wavelength , , and frequency , , which are interrelated:

.

SECTION 6.2 Planck proposed that the minimum amount of
radiant energy that an object can gain or lose is related to the fre-
quency of the radiation: . This smallest quantity is called a
quantum of energy. The constant h is called Planck•s constant :

. In the quantum theory, energy is quantized,
meaning that it can have only certain allowed values. Einstein used the
quantum theory to explain the photoelectric effect , the emission of
electrons from metal surfaces when exposed to light. He proposed that
light behaves as if it consists of quantized energy packets called
photons . Each photon carries energy, .

SECTION 6.3 Dispersion of radiation into its component wave-
lengths produces a spectrum . If the spectrum contains all wave-
lengths, it is called a continuous spectrum ; if it contains only certain
specific wavelengths, the spectrum is called a line spectrum . The radi-
ation emitted by excited hydrogen atoms forms a line spectrum.

Bohr proposed a model of the hydrogen atom that explains its
line spectrum. In this model the energy of the electron in the hydrogen
atom depends on the value of a quantum number,n. The value ofn
must be a positive integer (1, 2, 3, . . .), and each value ofn corresponds
to a different specific energy, . The energy of the atom increases as n
increases. The lowest energy is achieved for ; this is called the
ground state of the hydrogen atom. Other values ofn correspond to
excited states . Light is emitted when the electron drops from a
higher-energy state to a lower-energy state; light is absorbed to excite
the electron from a lower energy state to a higher one. The frequency
of light emitted or absorbed is such that h equals the difference in
energy between two allowed states.

SECTION 6.4 De Broglie proposed that matter, such as electrons,
should exhibit wavelike properties. This hypothesis ofmatter waves
was proved experimentally by observing the diffraction of electrons.
An object has a characteristic wavelength that depends on its
momentum , . Discovery of the wave properties of the
electron led to Heisenberg•s uncertainty principle , which states that

mv: l = h>mv

n

n = 1
En

E = hn

h = 6.626* 10- 34 J-s

E = hn

c = ln
nl

c = 3.00 * 108 m>s

there is an inherent limit to the accuracy with which the position and
momentum of a particle can be measured simultaneously.

SECTION 6.5 In the quantum mechanical model of the hydrogen
atom, the behavior of the electron is described by mathematical func-
tions called wave functions , denoted with the Greek letter . Each al-
lowed wave function has a precisely known energy, but the location of
the electron cannot be determined exactly; rather, the probability of it
being at a particular point in space is given by the probability density ,

. The electron density distribution is a map of the probability of
finding the electron at all points in space.

The allowed wave functions of the hydrogen atom are called
orbitals . An orbital is described by a combination of an integer and a
letter, corresponding to values of three quantum numbers. The
principal quantum number, n,is indicated by the integers 1, 2, 3, . . . .
This quantum number relates most directly to the size and energy of
the orbital. The angular momentum quantum number, l,is indicated by
the letters s, p, d, f,and so on, corresponding to the values of 0, 1, 2, 3, .
. . . The l quantum number defines the shape of the orbital. For a given
value ofn, l can have integer values ranging from 0 to . The
magnetic quantum number,, relates to the orientation of the orbital
in space. For a given value ofl, can have integral values ranging
from to l, including 0. Subscripts can be used to label the orienta-
tions of the orbitals. For example, the three 3p orbitals are designated

, , and , with the subscripts indicating the axis along which
the orbital is oriented.

An electron shell is the set of all orbitals with the same value ofn,
such as 3s,3p,and 3d. In the hydrogen atom all the orbitals in an elec-
tron shell have the same energy. A subshell is the set of one or more
orbitals with the same n and l values; for example, 3s, 3p, and 3d are
each subshells of the shell. There is one orbital in an ssubshell,
three in a p subshell, five in a d subshell, and seven in an f subshell.

SECTION 6.6 Contour representations are useful for visualizing the
shapes of the orbitals. Represented this way,sorbitals appear as spheres
that increase in size as n increases. The radial probability function tells
us the probability that the electron will be found at a certain distance
from the nucleus. The wave function for each p orbital has two lobes
on opposite sides of the nucleus. They are oriented along the x, y,andz
axes. Four of the d orbitals appear as shapes with four lobes around the
nucleus; the fifth one, the orbital, is represented as two lobes along
thezaxis and a •doughnutŽ in the xyplane. Regions in which the wave
function is zero are called nodes . There is zero probability that the
electron will be found at a node.

SECTION 6.7 In many-electron atoms, different subshells of the
same electron shell have different energies. For a given value ofn, the
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energy of the subshells increases as the value ofl increases:
. Orbitals within the same subshell are degenerate ,

meaning they have the same energy.
Electrons have an intrinsic property called electron spin , which is

quantized. The spin magnetic quantum number , , can have two
possible values, and , which can be envisioned as the two direc-
tions of an electron spinning about an axis. The Pauli exclusion
principle states that no two electrons in an atom can have the same
values for n, l, , and . This principle places a limit of two on the
number of electrons that can occupy any one atomic orbital. These two
electrons differ in their value of .

SECTIONS 6.8 AND 6.9 The electron configuration of an atom
describes how the electrons are distributed among the orbitals of the
atom. The ground-state electron configurations are generally obtained
by placing the electrons in the atomic orbitals of lowest possible energy
with the restriction that each orbital can hold no more than two elec-
trons. When electrons occupy a subshell with more than one degener-
ate orbital, such as the 2p subshell,Hund•s rule states that the lowest
energy is attained by maximizing the number of electrons with the
same electron spin. For example, in the ground-state electron configu-
ration of carbon, the two 2p electrons have the same spin and must
occupy two different 2p orbitals.

ms

msml

- 1
2+1

2

ms

ns6 np6 nd6 nf
Elements in any given group in the periodic table have the same

type of electron arrangements in their outermost shells. For example,
the electron configurations of the halogens fluorine and chlorine are

and , respectively. The outer-shell electrons are
those that lie outside the orbitals occupied in the next lowest noble-gas
element. The outer-shell electrons that are involved in chemical bond-
ing are the valence electrons of an atom; for the elements with atomic
number 30 or less, all the outer-shell electrons are valence electrons.
The electrons that are not valence electrons are called core electrons .

The periodic table is partitioned into different types of elements,
based on their electron configurations. Those elements in which the
outermost subshell is an sor psubshell are called the representative (or
main-group ) elements . The alkali metals (group 1A), halogens (group
7A), and noble gases (group 8A) are representative elements. Those ele-
ments in which a d subshell is being filled are called the transition
elements (or transition metals ). The elements in which the 4f subshell
is being filled are called the lanthanide (or rare earth ) elements . The
actinide elements are those in which the 5f subshell is being filled. The
lanthanide and actinide elements are collectively referred to as the 
f-block metals . These elements are shown as two rows of 14 elements
below the main part of the periodic table. The structure of the periodic
table, summarized in Figure 6.30, allows us to write the electron config-
uration of an element from its position in the periodic table.

[Ne]3s23p5[He]2s22p5

KEY SKILLS
€ Calculate the wavelength of electromagnetic radiation given its frequency or its frequency given its wavelength. (Section 6.1)

€ Order the common kinds of radiation in the electromagnetic spectrum according to their wavelengths or energy. (Section 6.1)

€ Explain what photons are and be able to calculate their energies given either their frequency or wavelength. (Section 6.2)

€ Explain how line spectra relate to the idea of quantized energy states of electrons in atoms. (Section 6.3)

€ Calculate the wavelength of a moving object. (Section 6.4)

€ Explain how the uncertainty principle limits how precisely we can specify the position and the momentum of subatomic particles such as
electrons. (Section 6.4)

€ Relate the quantum numbers to the number and type of orbitals and recognize the different orbital shapes. (Section 6.5)

€ Interpret radial probability function graphs for the orbitals. (Section 6.6)

€ Draw an energy-level diagram for the orbitals in a many-electron atom and describe how electrons populate the orbitals in the ground state
of an atom, using the Pauli exclusion principle and Hund•s rule. (Section 6.8)

€ Use the periodic table to write condensed electron configurations and determine the number of unpaired electrons in an atom. (Section 6.9)

KEY EQUATIONS
€ [6.1] light as a wave: , ,

€ [6.2] light as a particle (photon): ,
,

(same frequency as previous formula)

€ [6.8] matter as a wave: , , ,

€ [6.9] Heisenberg•s uncertainty principle. The uncertainty in position ( ) and momentum [ ] of
an object cannot be zero; the smallest value of their product is h>4p

¢ (mv)¢ x¢ x #¢ (mv) Ú
h

4p

v = speed of object in m/s
m = mass of object in kgh = Planck•s constantl = wavelengthl = h>mv

n = frequency in s- 1h = Planck•s constant (6.626* 10- 34 J-s)
E = energy of photon in joulesE = hn

n = frequency in s- 1
l = wavelength in metersc = speed of light (3.00* 108 m>s)c = ln
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EXERCISES
VISUALIZING CONCEPTS

6.1 Consider the water wave shown here.(a) How could you
measure the speed of this wave? (b) How would you deter-
mine the wavelength of the wave? (c) Given the speed and
wavelength of the wave, how could you determine the fre-
quency of the wave? (d) Suggest an independent experiment
to determine the frequency of the wave. [Section 6.1]

6.2 A popular kitchen appliance produces electromagnetic radia-
tion with a frequency of 2450 MHz. With reference to Figure
6.4, answer the following:(a) Estimate the wavelength of this
radiation.(b) Would the radiation produced by the appliance
be visible to the human eye? (c) If the radiation is not visible,
do photons of this radiation have more or less energy than
photons of visible light? (d) Propose the identity of the
kitchen appliance. [Section 6.1]

6.3 The following diagrams represent two electromagnetic waves.
Which wave corresponds to the higher-energy radiation?
Explain. [Section 6.2]

6.4 As shown in the accompanying photograph, an electric stove
burner on its highest setting exhibits an orange glow.
(a)When the burner setting is changed to low, the burner con-
tinues to produce heat but the orange glow disappears. How
can this observation be explained with reference to one of the
fundamental observations that led to the notion of quanta?
(b) Suppose that the energy provided to the burner could be
increased beyond the highest setting of the stove. What would
we expect to observe with regard to visible light emitted by the
burner? [Section 6.2]

(a) (b)

6.5 The familiar phenomenon of a rainbow results from the dif-
fraction of sunlight through raindrops.(a) Does the wave-
length of light increase or decrease as we proceed outward
from the innermost band of the rainbow? (b) Does the fre-
quency of light increase or decrease as we proceed outward?
(c) Suppose that instead of sunlight, the visible light from a
hydrogen discharge tube (Figure 6.10) was used as the light
source. What do you think the resulting •hydrogen discharge
rainbowŽ would look like? [Section 6.3]

6.6 A certain quantum mechanical system has the energy levels
shown in the diagram below. The energy levels are indexed by
a single quantum number n that is an integer.(a) As drawn,
which quantum numbers are involved in the transition that
requires the most energy? (b) Which quantum numbers are
involved in the transition that requires the least energy?
(c) Based on the drawing, put the following in order of in-
creasing wavelength of the light absorbed or emitted during
the transition: (i) to ; (ii ) to ; (iii )

to ; (iv) to . [Section 6.3]

6.7 Consider a fictitious one-dimensional system with one elec-
tron. The wave function for the electron, drawn at the top of
the next page, is from to .(a)
Sketch the probability density, , from to .
(b) At what value or values ofx will there be the greatest prob-

x = 2px = 0c 2(x)
x =  2px = 0c (x) = sinx

n �  4

n �  3

n �  2

n �  1
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n = 1n = 3n = 4n = 2
n = 2n = 3n = 2n = 1
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ability of finding the electron? (c) What is the probability that
the electron will be found at ? What is such a point in a
wave function called? [Section 6.5]

6.8 The contour representation of one of the orbitals for the
shell of a hydrogen atom is shown below.(a) What is

the quantum number l for this orbital? (b) How do we label
this orbital? (c) How would you modify this sketch to show the
analogous orbital for the shell? [Section 6.6]

x y

z

n = 4

n = 3

p0
0 2p

x = p
6.9 The drawing below shows part of the orbital diagram for an

element.(a) As drawn, the drawing is incorrect. Why? (b) How
would you correct the drawing without changing the number
of electrons? (c) To which group in the periodic table does the
element belong? [Section 6.8]

6.10 State where in the periodic table these elements appear:
(a) elements with the valence-shell electron configuration

(b) elements that have three unpaired p electrons
(c) an element whose valence electrons are 
(d) thed-block elements

4s24p1

ns2np5

6.11 What are the basic SI units for (a) the wavelength of light,
(b) the frequency of light,(c) the speed of light?

6.12 (a)What is the relationship between the wavelength and the
frequency of radiant energy? (b) Ozone in the upper atmos-
phere absorbs energy in the 210…230-nm range of the spec-
trum. In what region of the electromagnetic spectrum does
this radiation occur?

6.13 Label each of the following statements as true or false. For
those that are false, correct the statement.(a) Visible light is a
form of electromagnetic radiation.(b) Ultraviolet light has
longer wavelengths than visible light.(c) X-rays travel faster
than microwaves.(d) Electromagnetic radiation and sound
waves travel at the same speed.

6.14 Determine which of the following statements are false and
correct them.(a) The frequency of radiation increases as the
wavelength increases.(b) Electromagnetic radiation travels
through a vacuum at a constant speed, regardless of wave-
length.(c) Infrared light has higher frequencies than visible
light. (d) The glow from a fireplace, the energy within a mi-
crowave oven, and a foghorn blast are all forms of electromag-
netic radiation.

6.15 Arrange the following kinds of electromagnetic radiation in
order of increasing wavelength: infrared, green light, red light,
radio waves, X-rays, ultraviolet light.

6.16 List the following types of electromagnetic radiation in order
of increasing wavelength:(a) the gamma rays produced by a
radioactive nuclide used in medical imaging;(b) radiation
from an FM radio station at 93.1 MHz on the dial;(c) a radio
signal from an AM radio station at 680 kHz on the dial;(d) the
yellow light from sodium vapor streetlights;(e) the red light of
a light-emitting diode, such as in a calculator display.

6.17 (a)What is the frequency of radiation that has a wavelength of
, about the size of a bacterium? (b) What is the wave-

length of radiation that has a frequency of ?
(c)Would the radiations in part (a) or part (b) be visible to the
human eye? (d) What distance does electromagnetic radiation
travel in ?

6.18 (a)What is the frequency of radiation whose wavelength is
(b) What is the wavelength of radiation that

has a frequency of ? (c) Would the radiations in
part (a) or part (b) be detected by an X-ray detector? (d) What
distance does electromagnetic radiation travel in 10.5 fs?

6.19 An argon ion laser emits light at 532 nm. What is the fre-
quency of this radiation? Using Figure 6.4, predict the color
associated with this wavelength.

6.20 It is possible to convert radiant energy into electrical energy
using photovoltaic cells. Assuming equal efficiency of conver-
sion, would infrared or ultraviolet radiation yield more elec-
trical energy on a per-photon basis?

2.5 * 108 s- 1
5.0 * 10- 5 m?

50.0ms

5.50 * 1014 s- 1
10mm

THE WAVE NATURE OF LIGHT (section 6.1)
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QUANTIZED ENERGY AND PHOTONS (section 6.2)
6.21 If human height were quantized in one-foot increments, what

would happen to the height of a child as she grows up?

6.22 Einstein•s 1905 paper on the photoelectric effect was the first
important application of Planck•s quantum hypothesis. De-
scribe Planck•s original hypothesis, and explain how Einstein
made use of it in his theory of the photoelectric effect.

6.23 (a) Calculate the energy of a photon of electromagnetic radia-
tion whose frequency is . (b) Calculate the en-
ergy of a photon of radiation whose wavelength is 322 nm. (c)
What wavelength of radiation has photons of energy

6.24 (a)A red laser pointer emits light with a wavelength of 650 nm.
What is the frequency of this light? (b) What is the energy of
one of these photons? (c) The laser pointer emits light because
electrons in the material are excited (by a battery) from their
ground state to an upper excited state. When the electrons re-
turn to the ground state, they lose the excess energy in the form
of 650 nm photons. What is the energy gap between the ground
state and excited state in the laser material?

6.25 (a) Calculate and compare the energy of a photon of wave-
length with that of wavelength 0.154 nm.(b) Use
Figure 6.4 to identify the region of the electromagnetic spec-
trum to which each belongs.

6.26 An AM radio station broadcasts at 1010 kHz, and its FM part-
ner broadcasts at 98.3 MHz. Calculate and compare the energy
of the photons emitted by these two radio stations.

6.27 One type of sunburn occurs on exposure to UV light of wave-
length in the vicinity of 325 nm.(a) What is the energy of a
photon of this wavelength? (b) What is the energy of a mole of
these photons? (c) How many photons are in a 1.00 mJ burst
of this radiation? (d) These UV photons can break chemical
bonds in your skin to cause sunburn„a form of radiation
damage. If the 325-nm radiation provides exactly the energy

3.3mm

2.87 * 10- 18 J?

6.75 * 1012 s- 1

to break an average chemical bond in the skin, estimate the av-
erage energy of these bonds in .

6.28 The energy from radiation can be used to cause the rupture of
chemical bonds. A minimum energy of is required
to break the nitrogen…nitrogen bond in . What is the
longest wavelength of radiation that possesses the necessary
energy to break the bond? What type of electromagnetic radi-
ation is this?

6.29 A diode laser emits at a wavelength of 987 nm.(a) In what
portion of the electromagnetic spectrum is this radiation
found?(b) All of its output energy is absorbed in a detector
that measures a total energy of 0.52 J over a period of 32 s.
How many photons per second are being emitted by the laser?

6.30 A stellar object is emitting radiation at 3.55 mm.(a) What
type of electromagnetic spectrum is this radiation? (b) If a de-
tector is capturing per second at this wave-
length, what is the total energy of the photons detected in 
one hour?

6.31 Molybdenum metal must absorb radiation with a minimum
frequency of before it can eject an electron
from its surface via the photoelectric effect.(a) What is the
minimum energy needed to eject an electron? (b) What wave-
length of radiation will provide a photon of this energy? (c) If
molybdenum is irradiated with light of wavelength of 120 nm,
what is the maximum possible kinetic energy of the emitted
electrons?

6.32 Sodium metal requires a photon with a minimum energy of
to emit electrons.(a) What is the minimum

frequency of light necessary to emit electrons from sodium via
the photoelectric effect? (b) What is the wavelength of this
light? (c) If sodium is irradiated with light of 405 nm, what is
the maximum possible kinetic energy of the emitted elec-
trons? (d) What is the maximum number of electrons that can
be freed by a burst of light whose total energy is ?1.00mJ

4.41 * 10- 19 J

1.09 * 1015 s- 1

3.2 * 108 photons

N2

941 kJ>mol

kJ/mol

6.33 Explain how the existence of line spectra is consistent with
Bohr•s theory of quantized energies for the electron in the hy-
drogen atom.

6.34 (a)In terms of the Bohr theory of the hydrogen atom, what
process is occurring when excited hydrogen atoms emit radi-
ant energy of certain wavelengths and only those wavelengths?
(b) Does a hydrogen atom •expandŽ or •contractŽ as it moves
from its ground state to an excited state?

6.35 Is energy emitted or absorbed when the following electronic
transitions occur in hydrogen:(a) from to ,
(b) from an orbit of radius to one of radius ,
(c)an electron adds to the ion and ends up in the shell?

6.36 Indicate whether energy is emitted or absorbed when the fol-
lowing electronic transitions occur in hydrogen:(a) from

to , (b) from an orbit of radius 4.76 Å to one of
radius ,(c) from the to the state.

6.37 (a) Using Equation 6.5, calculate the energy of an electron
in the hydrogen atom when and when . Calcu-
late the wavelength of the radiation released when an elec-
tron moves from to .(b) Is this line in the
visible region of the electromagnetic spectrum? If so, what
color is it?

n = 2n = 6

n = 6n = 2

n = 9n = 60.529 Å
n = 6n = 2

n = 3H+
8.46 Å2.12 Å
n = 2n = 4

6.38 (a)Calculate the energies of an electron in the hydrogen atom
for and for . How much energy does it require
to move the electron out of the atom completely (from 
to ), according to Bohr? Put your answer in .
(b) The energy for the process is
called the ionization energy of hydrogen. The experimentally
determined value for the ionization energy of hydrogen is

. How does this compare to your calculation?

6.39 The visible emission lines observed by Balmer all involved
. (a) Explain why only the lines with were ob-

served in the visible region of the electromagnetic spectrum.
(b) Calculate the wavelengths of the first three lines in the
Balmer series„those for which , and 5„and identify
these lines in the emission spectrum shown in Figure 6.11.

6.40 The Lyman series of emission lines of the hydrogen atom are
those for which .(a) Determine the region of the elec-
tromagnetic spectrum in which the lines of the Lyman series
are observed.(b) Calculate the wavelengths of the first three
lines in the Lyman series„those for which , and 4.

6.41 One of the emission lines of the hydrogen atom has a wave-
length of 93.8 nm.(a) In what region of the electromagnetic
spectrum is this emission found? (b) Determine the initial and
final values ofn associated with this emission.

ni = 2, 3

nf = 1

ni = 3, 4

nf = 2nf = 2

1310 kJ>mol

H + energy: H+ + e-
kJ/moln = q
n = 1

n = qn = 1

BOHR•S MODEL; MATTER WAVES (sections 6.3 and 6.4)
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6.42 The hydrogen atom can absorb light of wavelength 2626 nm.
(a) In what region of the electromagnetic spectrum is this ab-
sorption found? (b) Determine the initial and final values ofn
associated with this absorption.

6.43 Use the de Broglie relationship to determine the wavelengths
of the following objects:(a) an 85-kg person skiing at

, (b) a 10.0-g bullet fired at ,(c) a lithium
atom moving at ,(d) an ozone molecule
in the upper atmosphere moving at .

6.44 Among the elementary subatomic particles of physics is the
muon, which decays within a few nanoseconds after forma-
tion. The muon has a rest mass 206.8 times that of an electron.
Calculate the de Broglie wavelength associated with a muon
traveling at a velocity of .

6.45 Neutron diffraction is an important technique for determin-
ing the structures of molecules. Calculate the velocity of a
neutron needed to achieve a wavelength of . (Refer to
the inside cover for the mass of the neutron).

0.955 Å

8.85 * 105 cm>s

550 m>s
(O3)2.5 * 105 m>s

250 m>s50 km>hr

6.46 The electron microscope has been widely used to obtain
highly magnified images of biological and other types of ma-
terials. When an electron is accelerated through a particular
potential field, it attains a speed of . What is
the characteristic wavelength of this electron? Is the wave-
length comparable to the size of atoms?

6.47 Using Heisenberg•s uncertainty principle, calculate the uncer-
tainty in the position of(a) a 1.50-mg mosquito moving at a
speed of if the speed is known to within ;
(b) a proton moving at a speed of .
(The mass of a proton is given in the table of fundamental
constants in the inside cover of the text.)

6.48 Calculate the uncertainty in the position of(a) an electron
moving at a speed of ,(b) a neutron
moving at this same speed. (The masses of an electron and a
neutron are given in the table of fundamental constants in the
inside cover of the text.) (c) What are the implications of these
calculations to our model of the atom?

(3.00; 0.01) * 105 m>s

(5.00; 0.01) * 104 m>s
; 0.01 m>s1.40 m>s

8.95 * 106 m>s

6.49 (a)Why does the Bohr model of the hydrogen atom violate the
uncertainty principle? (b) In what way is the description of the
electron using a wave function consistent with de Broglie•s hy-
pothesis?(c) What is meant by the term probability density?
Given the wave function, how do we find the probability den-
sity at a certain point in space?

6.50 (a)According to the Bohr model, an electron in the ground
state of a hydrogen atom orbits the nucleus at a specific radius
of . In the quantum mechanical description of the hy-
drogen atom, the most probable distance of the electron from
the nucleus is 0.53 Å. Why are these two statements different?
(b) Why is the use of Schrödinger•s wave equation to describe
the location of a particle very different from the description
obtained from classical physics? (c) In the quantum mechani-
cal description of an electron, what is the physical significance
of the square of the wave function, ?

6.51 (a) For , what are the possible values ofl ?(b) For ,
what are the possible values of ? (c) If is 2, what are the
possible values for l ?

6.52 How many possible values for l and are there when (a)
; (b) ?

6.53 Give the numerical values ofn andl corresponding to each of
the following orbital designations:(a)3p,(b) 2s, (c) 4f , (d) 5d.

6.54 Give the values for n, l, and for (a) each orbital in the 2p
subshell,(b) each orbital in the 5d subshell.

6.55 Which of the following represent impossible combinations of
n andl: (a) 1p, (b) 4s,(c) 5f, (d) 2d?

6.56 For the table that follows, write which orbital goes with the
quantum numbers. Don•t worry about x, y, zsubscripts. If the
quantum numbers are not allowed, write •not allowed.Ž

ml

n = 5n = 3
ml

mlml

l = 2n = 4

c 2

0.53 Å

QUANTUM MECHANICS AND ATOMIC ORBITALS (sections 6.5 and 6.6)

6.61 For a given value of the principal quantum number,n, how do
the energies of the s, p, d,andf subshells vary for (a) hydrogen,
(b) a many-electron atom?

6.62 (a)The average distance from the nucleus of a 3selectron in a
chlorine atom is smaller than that for a 3p electron. In light of
this fact, which orbital is higher in energy? (b) Would you expect

it to require more or less energy to remove a 3selectron from the
chlorine atom, as compared with a 2pelectron? Explain.

6.63 (a) What experimental evidence is there for the electron hav-
ing a •spinŽ? (b) Draw an energy-level diagram that shows the
relative energetic positions of a 1sorbital and a 2sorbital. Put

MANY-ELECTRON ATOMS AND ELECTRON CONFIGURATIONS (sections 6.7…6.9)

n l Orbital

2 1 2p (example)
1 0 0
3 2
3 2
2 0
0 0 0
4 2 1
5 3 0

- 1
- 2

- 3

- 1

ml

6.57 Sketch the shape and orientation of the following types of
orbitals:(a) s,(b) , (c) .

6.58 Sketch the shape and orientation of the following types of
orbitals:(a) , (b) , (c) .

6.59 (a) What are the similarities and differences between the 1sand
2sorbitals of the hydrogen atom? (b) In what sense does a 2por-
bital have directional character? Compare the •directionalŽchar-
acteristics of the and orbitals. (That is, in what direction
or region of space is the electron density concentrated?) (c)What
can you say about the average distance from the nucleus of an
electron in a 2sorbital as compared with a 3sorbital? (d) For the
hydrogen atom, list the following orbitals in order of increasing
energy (that is, most stable ones first): 4f, 6s, 3d,1s,2p.

6.60 (a)With reference to Figure 6.18, what is the relationship be-
tween the number of nodes in an sorbital and the value of the
principal quantum number? (b) Identify the number of
nodes; that is, identify places where the electron density is
zero, in the orbital; in the 3sorbital. (c) What information
is obtained from the radial probability functions in Figure
6.18?(d) For the hydrogen atom, list the following orbitals in
order of increasing energy: 3s,2s,2p,5s,4d.

2px

dx2- y2px

dx2- y2dz2px

dxypz
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two electrons in the 1sorbital. (c) Draw an arrow showing the
excitation of an electron from the 1sto the 2sorbital.

6.64 (a) State the Pauli exclusion principle in your own words.
(b) The Pauli exclusion principle is, in an important sense, the
key to understanding the periodic table. Explain.

6.65 What is the maximum number of electrons that can occupy
each of the following subshells:(a) 3p, (b) 5d, (c) 2s,(d) 4f ?

6.66 What is the maximum number of electrons in an atom that
can have the following quantum numbers:(a) ,

, (b) , ; (c) , , ;
(d) ?

6.67 (a) What are •valence electronsŽ? (b) What are •core elec-
tronsŽ?(c) What does each box in an orbital diagram repre-
sent?(d) What quantity is represented by the half arrows in an
orbital diagram?

6.68 For each element, indicate the number of valence electrons,
core electrons, and unpaired electrons in the ground state:
(a) carbon,(b) phosphorus,(c) neon.

6.69 Write the condensed electron configurations for the following
atoms, using the appropriate noble-gas core abbreviations:
(a) Cs,(b) Ni, (c) Se,(d) Cd,(e) U, (f) Pb.

n = 4, l = 0,ml = 0
ml = - 3l = 3n = 4l = 3n = 5ms = - 1

2

n = 2

6.70 Write the condensed electron configurations for the following
atoms and indicate how many unpaired electrons each has:
(a) Mg, (b) Ge,(c) Br, (d) V, (e)Y,(f) Lu.

6.71 Identify the specific element that corresponds to each of the
following electron configurations and indicate the number of
unpaired electrons for each:(a) , (b) ,
(c) , (d) .

6.72 Identify the group of elements that corresponds to each of the
following generalized electron configurations and indicate the
number of unpaired electrons for each:
(a) [noble gas] 
(b) [noble gas] 
(c) [noble gas]
(d) [noble gas]

6.73 What is wrong with the following electron configurations for
atoms in their ground states? (a) , (b) ,
(c) .

6.74 The following electron configurations represent excited states.
Identify the element, and write its ground-state condensed
electron configuration.(a) , (b) ,
(c) .[Kr]4d65s25p1

[Ar]3d104s14p45s11s22s23p24p1

[Ne]3s23d5
[Ne]2s22p3ls22s23s1

ns2(n - 2)f 6
ns2(n - 1)d10np1
ns2(n - 1)d2
ns2np5

[Kr]5s24d105p4[Ar]4s13d5
1s22s22p41s22s2

6.75 Consider the two waves shown here, which we will consider to
represent two electromagnetic radiations:
(a) What is the wavelength of wave A? Of wave B?
(b) What is the frequency of wave A? Of wave B?
(c) Identify the regions of the electromagnetic spectrum to

which waves A and B belong.

6.76 If you put 120 volts of electricity through a pickle, the pickle
will smoke and start glowing orange-yellow. The light is emit-
ted because sodium ions in the pickle become excited; their re-
turn to the ground state results in light emission.(a) The
wavelength of this emitted light is 589 nm. Calculate its fre-
quency.(b) What is the energy of 0.10 mole of these photons?
(c) Calculate the energy gap between the excited and ground
states for the sodium ion.(d) If you soaked the pickle for a
long time in a different salt solution, such as strontium chlo-
ride, would you still observe 589-nm light emission? Why or
why not?

6.77 Certain elements emit light of a specific wavelength when they
are burned. Historically, chemists used such emission wave-
lengths to determine whether specific elements were present
in a sample. Characteristic wavelengths for some of the ele-
ments are given in the following table:

A

B

1.6�  10� 7 m

(a) Determine which elements emit radiation in the visible
part of the spectrum.(b) Which element emits photons of
highest energy? Of lowest energy? (c) When burned, a sample
of an unknown substance is found to emit light of frequency

. Which of these elements is probably in the
sample?

6.78 In June 2004, the Cassini…Huygens spacecraft began orbiting
Saturn and transmitting images to Earth. The closest distance
between Saturn and Earth is 746 million miles. What is the
minimum amount of time it takes for the transmitted signals
to travel from the spacecraft to Earth?

6.79 The rays of the Sun that cause tanning and burning are in the
ultraviolet portion of the electromagnetic spectrum. These
rays are categorized by wavelength. So-called UV-A radiation
has wavelengths in the range of 320…380 nm, whereas UV-B
radiation has wavelengths in the range of 290…320 nm.
(a) Calculate the frequency of light that has a wavelength of
320 nm.(b) Calculate the energy of a mole of 320-nm pho-
tons.(c) Which are more energetic, photons of UV-A radia-
tion or photons of UV-B radiation? (d) The UV-B radiation
from the Sun is considered a greater cause of sunburn in hu-
mans than is UV-A radiation. Is this observation consistent
with your answer to part (c)?

6.80 The watt is the derived SI unit of power, the measure of energy
per unit time: . A semiconductor laser in a CD
player has an output wavelength of 780 nm and a power level
of 0.10 mW. How many photons strike the CD surface during
the playing of a CD 69 minutes in length?

6.81 Carotenoids are yellow, orange, and red
pigments synthesized by plants. The ob-
served color of an object is not the color
of light it absorbs but rather the com-
plementary color, as described by a
color wheel such as the one shown here.
On this wheel, complementary colors
are across from each other.(a) Based on this wheel, what color
is absorbed most strongly if a plant is orange? (b) If a particu-
lar carotenoid absorbs photons at 455 nm, what is the energy
of the photon?

1 W = 1 J-s

6.59 * 1014 s- 1

ADDITIONAL EXERCISES

Ag 328.1 nm Fe 372.0 nm
Au 267.6 nm K 404.7 nm
Ba 455.4 nm Mg 285.2 nm
Ca 422.7 nm Na 589.6 nm
Cu 324.8 nm Ni 341.5 nm
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6.82 A photocell is a device used to measure the intensity of light.
In a certain experiment, when light of wavelength 630 nm is
directed onto the photocell, electrons are emitted at the rate of

(coulombs per second). Assume that each
photon that impinges on the photocell emits one electron.
How many photons per second are striking the photocell?
How much energy per second is the photocell absorbing?

6.83 In an experiment to study the photoelectric effect, a scientist
measures the kinetic energy of ejected electrons as a function
of the frequency of radiation hitting a metal surface. She ob-
tains the following plot. The point labeled • Ž corresponds to
light with a wavelength of 680 nm.(a) What is the value of
in ? (b) What is the value of the work function of the metal
in units of of ejected electrons? (c) What happens
when the metal is irradiated with light of frequency less than

? (d) Note that when the frequency of the light is greater
than , the plot shows a straight line with a nonzero slope.
Why is this the case? (e) Can you determine the slope of the
line segment discussed in part (d)? Explain.

6.84 The human retina has three types of receptor cones, each sen-
sitive to a different range of wavelengths of visible light, as
shown in this figure (the colors are merely to differentiate the
three curves from one another; they do not indicate the actual
colors represented by each curve):

(a) Estimate the energies of photons with wavelengths at the
maximum for each type of cone.(b) The color of the sky is due
to scattering of solar light by the molecules of the atmosphere.
Lord Rayleigh was one of the first to study scattering of this
kind. He showed that the amount of scattering for very small
particles such as molecules is inversely proportional to the
fourth power of the wavelength. Estimate the ratio of the scat-
tering efficiency of light at the wavelength of the maximum for
the •blueŽ cones, as compared with that for the •greenŽ cones.
(c) Explain why the sky appears blue even though all wave-
lengths of solar light are scattered by the atmosphere.
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2.6 * 10- 12 C>s

6.85 The series of emission lines of the hydrogen atom for which
is called the Paschen series. (a) Determine the region of

the electromagnetic spectrum in which the lines of the
Paschen series are observed.(b) Calculate the wavelengths of
the first three lines in the Paschen series„those for which

, and 6.

6.86 When the spectrum of light from the Sun is examined in high
resolution in an experiment similar to that illustrated in
Figure 6.9, dark lines are evident. These are called Fraunhofer
lines, after the scientist who studied them extensively in the
early nineteenth century. Altogether, about 25,000 lines have
been identified in the solar spectrum between 2950 Å and
10,000 Å. The Fraunhofer lines are attributed to absorption of
certain wavelengths of the Sun•s •whiteŽ light by gaseous ele-
ments in the Sun•s atmosphere.(a) Describe the process that
causes absorption of specific wavelengths of light from the
solar spectrum.(b) To determine which Fraunhofer lines be-
longed to a given element, say neon, what experiments could a
scientist conduct here on Earth?

[6.87] Bohr•s model can be used for hydrogen-like ions„ions that
have only one electron, such as and .(a) Why is the
Bohr model applicable to ions but not to neutral He
atoms? (b) The ground-state energies of H, , and are
tabulated as follows:

Li2+He+
He+

Li2+He+

ni = 4, 5

nf = 3

By examining these numbers, propose a relationship between
the ground-state energy of hydrogen-like systems and the nu-
clear charge,Z. (c) Use the relationship you derive in part (b)
to predict the ground-state energy of the ion.

[6.88] An electron is accelerated through an electric potential to a ki-
netic energy of 18.6 keV. What is its characteristic wavelength?
[Hint: Recall that the kinetic energy of a moving object is

, where m is the mass of the object and is the
speed of the object.]

6.89 In the television series Star Trek,the transporter beam is a de-
vice used to •beam downŽ people from the Starship Enterprise
to another location, such as the surface of a planet. The writers
of the show put a •Heisenberg compensatorŽ into the trans-
porter beam mechanism. Explain why such a compensator
(which is entirely fictional) would be necessary to get around
Heisenberg•s uncertainty principle.

6.90 Which of the quantum numbers governs (a) the shape of an
orbital, (b) the energy of an orbital,(c) the spin properties of
the electron,(d) the spatial orientation of the orbital?

[6.91] Consider the discussion of radial probability functions in •A
Closer LookŽ in Section 6.6.(a)What is the difference between
the probability density as a function ofr and the radial proba-
bility function as a function ofr ?(b) What is the significance
of the term in the radial probability functions for the 
sorbitals? (c) Based on Figures 6.18 and 6.21, make sketches of
what you think the probability density as a function ofr and
the radial probability function would look like for the 4s
orbital of the hydrogen atom.

4p r2

nE = 1
2 mv2

C5+

Atom
or ion H He + Li2+

Ground-state 
energy - 1.96 * 10- 17 J- 8.72 * 10- 18 J- 2.18 * 10- 18 J
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[6.92] For orbitals that are symmetric but not spherical, the contour
representations (as in Figures 6.22 and 6.23) suggest where
nodal planes exist (that is, where the electron density is zero).
For example, the orbital has a node wherever . This
equation is satisfied by all points on the yzplane, so this plane
is called a nodal plane of the orbital.(a) Determine the
nodal plane of the orbital.(b) What are the two nodal
planes of the orbital? (c) What are the two nodal planes of
the orbital?

[6.93] The •Chemistry and LifeŽ box in Section 6.7 described the
techniques called NMR and MRI.(a) Instruments for obtain-
ing MRI data are typically labeled with a frequency, such as
600 MHz. Why do you suppose this label is relevant to the ex-
periment? (b) What is the value of in Figure 6.27 that
would correspond to the absorption of a photon of radiation

¢ E

dx2- y2

dxy

pz

px

x = 0px

Oxide K 2O(s) CaO(s) TiO2(s) V2O5(s)

- 1550.6- 938.7- 635.1- 363.2¢ H°f

with frequency 450 MHz? (c) In general, the stronger the mag-
netic field, the greater the information obtained from an NMR
or MRI experiment. Why do you suppose this is the case?

6.94 Suppose that the spin quantum number, , could have three
allowed values instead of two. How would this affect the num-
ber of elements in the first four rows of the periodic table?

6.95 Using the periodic table as a guide, write the condensed elec-
tron configuration and determine the number of unpaired
electrons for the ground state of (a) Si, (b) Zn, (c) Zr, (d) Sn,
(e) Ba, (f) Tl.

6.96 Scientists have speculated that element 126 might have a mod-
erate stability, allowing it to be synthesized and characterized.
Predict what the condensed electron configuration of this
element might be.

ms

6.97 Microwave ovens use microwave radiation to heat food. The
energy of the microwaves is absorbed by water molecules in
food and then transferred to other components of the food.
(a) Suppose that the microwave radiation has a wavelength of
11.2 cm. How many photons are required to heat 200 mL of
coffee from to ? (b) Suppose the microwave•s
power is 900 W . How long would
you have to heat the coffee in part (a)?

6.98 The stratospheric ozone layer helps to protect us from
harmful ultraviolet radiation. It does so by absorbing ultravio-
let light and falling apart into an molecule and an oxygen
atom, a process known as photodissociation.

Use the data in Appendix C to calculate the enthalpy change
for this reaction. What is the maximum wavelength a photon
can have if it is to possess sufficient energy to cause this disso-
ciation? In what portion of the spectrum does this wavelength
occur?

6.99 The discovery of hafnium, element number 72, provided a
controversial episode in chemistry. G. Urbain, a French
chemist, claimed in 1911 to have isolated an element number
72 from a sample of rare earth (elements 58…71) compounds.
However, Niels Bohr believed that hafnium was more likely to
be found along with zirconium than with the rare earths. D.
Coster and G. von Hevesy, working in Bohr•s laboratory in
Copenhagen, showed in 1922 that element 72 was present in a
sample of Norwegian zircon, an ore of zirconium. (The name
hafnium comes from the Latin name for Copenhagen,
Hafnia). (a) How would you use electron configuration argu-
ments to justify Bohr•s prediction? (b) Zirconium, hafnium•s

O3(g) ¡ O2(g) + O(g)

O2

(O3)

(1 Watt = 1 joule-second)
60 °C23 °C

neighbor in group 4B, can be produced as a metal by reduc-
tion of solid with molten sodium metal. Write a bal-
anced chemical equation for the reaction. Is this an
oxidation-reduction reaction? If yes, what is reduced and what
is oxidized? (c) Solid zirconium dioxide, , is reacted with
chlorine gas in the presence of carbon. The products of the re-
action are and two gases, and CO in the ratio .
Write a balanced chemical equation for the reaction. Starting
with a 55.4-g sample of , calculate the mass of
formed, assuming that is the limiting reagent and as-
suming yield.(d) Using their electron configurations,
account for the fact that Zr and Hf form chlorides and
oxides .

6.100 (a)Account for formation of the following series of oxides in
terms of the electron configurations of the elements and the
discussion of ionic compounds in Section 2.7: , CaO,

, , , .(b) Name these oxides.(c) Consider
the metal oxides whose enthalpies of formation (in )
are listed here.

kJ mol- 1
CrO3V2O5TiO2Sc2O3

K2O

MO2

MCl4
100%

ZrO2

ZrCl4ZrO2

1:2CO2ZrCl4

ZrO2

ZrCl4

INTEGRATIVE EXERCISES

Calculate the enthalpy changes in the following general reac-
tion for each case:

(You will need to write the balanced equation for each case
and then compute .) (d) Based on the data given, estimate
a value of for .Sc2O3(s)¢ Hf°

¢ H°

MnOm(s) + H2(g) ¡ nM(s) + mH2O(g)



6.101 The first 25 years of the twentieth century were momentous
for the rapid pace of change in scientists• understanding of the
nature of matter.(a)How did Rutherford•s experiments on the
scattering of particles by a gold foil set the stage for Bohr•s
theory of the hydrogen atom? (b) In what ways is de Broglie•s
hypothesis, as it applies to electrons, consistent with J. J.
Thomson•s conclusion that the electron has mass? In what
sense is it consistent with proposals preceding Thomson•s
work that the cathode rays are a wave phenomenon?

[6.102] The two most common isotopes of uranium are and .
(a) Compare the number of protons, the number of electrons,
and the number of neutrons in atoms of these two isotopes.
(b) Using the periodic table in the front inside cover, write the
electron configuration for a U atom.(c) Compare your answer

238U235U

a
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to part (b) to the electron configuration given in Figure 6.31.
How can you explain any differences between these two elec-
tron configurations? (d) undergoes radioactive decay to

. How many protons, electrons, and neutrons are gained
or lost by the atom during this process? (e) Examine the
electron configuration for Th in Figure 6.31. Are you surprised
by what you find? Explain.

6.103 Imagine sunlight falling on three square areas. One is an inert
black material. The second is a photovoltaic cell surface, which
converts radiant energy into electricity. The third is an area on
a green tree leaf. Draw diagrams that show the energy conver-
sions in each case, using Figure 5.9 as a model. How are these
three examples related to the idea of sustainable energy
sources?

238U

234Th

238U



Light-emitting
diodes, LEDs.

7.3 SIZES OF ATOMS AND IONS
We explore the relative sizes of atoms and ions, both of which follow
trends that are related to their placement in the periodic table.

7.4 IONIZATION ENERGY
We next encounter the ionization energy required to remove one
or more electrons from an atom. The periodic trends in ionization
energy depend on variations in effective nuclear charge and
atomic radii.

WHAT•S AHEAD
7.1 DEVELOPMENT OF THE PERIODIC TABLE
We begin our discussion with a brief history of the periodic table.

7.2 EFFECTIVE NUCLEAR CHARGE
We next explore the many properties of atoms that depend on the
net attraction of the outer electrons to the nucleus and on the
average distance of those electrons from the nucleus. The net
positive charge of the nucleus experienced by the outer electrons
is called the effective nuclear charge.

7



7.5 ELECTRON AFFINITIES
Next we examine periodic trends in the energy released when an
electron is added to an atom.

7.6 METALS, NONMETALS, AND METALLOIDS
We learn that the physical and chemical properties of metals are
different from those of nonmetals. These properties arise from the
fundamental characteristics of atoms, particularly ionization
energy. Metalloids display properties that are intermediate
between those of metals and those of nonmetals.

7.7 TRENDS FOR GROUP 1A AND GROUP 2A METALS
We examine some periodic trends in the chemistry of group 1A
and group 2A metals.

7.8 TRENDS FOR SELECTED NONMETALS
We examine some periodic trends in the chemistry of hydrogen
and of the elements in groups 6A, 7A, and 8A.

249

AlP, and AlAs; the composition of each solid solution dictates the wavelength of light
emitted by a given LED. Because these elements are in groups 3A and 5A, we say that
LEDs are composed of •3-5Ž materials.

As we saw in Chapter 6, the periodic nature of the periodic table arises from
repeating patterns in the electron configurations of the elements. Elements in the same
column contain the same number of electrons in their valence orbitals , which are the
occupied orbitals that hold the electrons involved in bonding. For example,
O ([He]2s2 2p4) and S ([Ne]3s2 3p4) are both in group 6A. The similarity of the
electron distribution in their valence sandp orbitals leads to similarities in the
properties of these two elements. When we compare elemental O and elemental S,
however, it is apparent that they exhibit differences as well, not the least of which is that
at room temperature oxygen is a colorless gas but sulfur is a yellow solid. One major
difference between O and S atoms is that the outermost electrons of O are in the
second shell, whereas those of S are in the third shell. Thus, electron configurations can
be used to explain differences as well as similarities in the properties of elements.

PERIODIC
PROPERTIES OF
THE ELEMENTS
THE BRILLIANT COLORS OFlight-emitting diodes (LEDs) arise from
the composition of the materials from which they are made. The
LEDs shown here are compounds of gallium and aluminum
mixed with nitrogen, phosphorus, and arsenic. GaN, GaP, and
GaAs can make solid solutions with each other and with AlN, 
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In this chapter we explore how some of the important properties of elements
change as we move across a row or down a column of the periodic table. In many cases
the trends in a row or column allow us to predict the physical and chemical properties
of the elements.

7.1 | DEVELOPMENT OF THE PERIODIC TABLE
The discovery of chemical elements has been ongoing since ancient times (� FIGURE
7.1). Certain elements, such as gold (Au), appear in nature in elemental form and were
thus discovered thousands of years ago. In contrast, some elements, such as technetium
(Tc), are radioactive and intrinsically unstable. We know about them only because of
technology developed during the twentieth century.

The majority of elements readily form compounds and, consequently, are not
found in nature in their elemental form. For centuries, therefore, scientists were un-
aware of their existence. During the early nineteenth century, advances in chemistry
made it easier to isolate elements from their compounds. As a result, the number of
known elements more than doubled from 31 in 1800 to 63 by 1865.

As the number of known elements increased, scientists began classifying them. In
1869, Dmitri Mendeleev in Russia and Lothar Meyer in Germany published nearly iden-
tical classification schemes. Both scientists noted that similar chemical and physical
properties recur periodically when the elements are arranged in order of increasing
atomic weight. Scientists at that time had no knowledge of atomic numbers. Atomic
weights, however, generally increase with increasing atomic number, so both Mendeleev
and Meyer fortuitously arranged the elements in proper sequence. Although Mendeleev
and Meyer came to essentially the same conclusion about the periodicity of elemental
properties, Mendeleev is given credit for advancing his ideas more vigorously and stim-
ulating new work. His insistence that elements with similar characteristics be listed in
the same column forced him to leave blank spaces in his table. For example, both gal-
lium (Ga) and germanium (Ge) were unknown to Mendeleev. He boldly predicted their

Ancient Times

(9 elements) (6 elements) (42 elements) (18 elements) (11 elements)

(9 elements)

(17 elements)

H
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Cf

N

P
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F
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Y
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Hf
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V

La
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Cr
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Mn
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Pa
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Fe
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U

Hs

Co

Pm

Np

Mt

Ni

Sm
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Rg Cn
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Gd

Cm

Xe

Rn

In

Tl

Sn

Pb

Sb

Bi

Te

Po

I

At

Nb

Ta

Mo

W

Tc

Re

Ru

Os

Rh

Ir

Pd

Pt

Ag

Au

Cd

Hg

Middle Ages…1700 1735…1843 1843…1886 1894…1918 1923…1961

1965…� FIGURE 7.1 Discovering the
elements.

G O  F I G U R E

Which row of the periodic table contains the most recently discovered elements? 
Can you suggest a reason?
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existence and properties, referring to them as eka-aluminum(•underŽ aluminum) and
eka-silicon(•underŽ silicon), respectively, after the elements under which they appeared
in his table. When these elements were discovered, their properties closely matched
those predicted by Mendeleev, as shown in � TABLE 7.1.

In 1913, two years after Rutherford proposed the nuclear model of the atom
€ (Section 2.2), English physicist Henry Moseley (1887…1915) developed the concept
of atomic numbers. Bombarding different elements with high-energy electrons, Mose-
ley found that each element produced X-rays of a unique frequency and that the
frequency generally increased as the atomic mass increased. He arranged the X-ray fre-
quencies in order by assigning a unique whole number, called an atomic number,to each
element. Moseley correctly identified the atomic number as the number of protons in
the nucleus of the atom.€ (Section 2.3)

The concept of atomic number clarified some problems in the periodic table of
Moseley•s day, which was based on atomic weights. For example, the atomic weight of Ar
(atomic number 18) is greater than that of K (atomic number 19), yet the chemical and
physical properties of Ar are much more like those of Ne and Kr than like those of Na
and Rb. However, when the elements are arranged in order of increasing atomic num-
ber, rather than increasing atomic weight, Ar and K appear in their correct places in the
table. Moseley•s studies also made it possible to identify •holesŽ in the periodic table,
which led to the discovery of previously unknown elements.

G I V E  I T  S O M E  T H O U G H T

Arranging the elements by atomic weight leads to an order slightly different from
that in a modern periodic table, where the arrangement is by atomic number.
Why does this happen? Looking at the periodic table on the inside front cover,
can you find an example other than Ar and K where the order of the elements
would be different if the elements were arranged in order of increasing atomic
weight?

7.2 | EFFECTIVE NUCLEAR CHARGE
Many properties of atoms depend on electron configuration and on how strongly the
outer electrons in the atoms are attracted to the nucleus. Coulomb•s law tells us that the
strength of the interaction between two electrical charges depends on the magnitudes of
the charges and on the distance between them.€ (Section 2.3)Thus, the attractive
force between an electron and the nucleus depends on the magnitude of the nuclear
charge and on the average distance between the nucleus and the electron. The force in-
creases as the nuclear charge increases and decreases as the electron moves farther from
the nucleus.

TABLE 7.1 € Comparison of the Properties of Eka-Silicon Predicted by Mendeleev with the
Observed Properties of Germanium

Property
Mendeleev•s Predictions for 
Eka-Silicon (made in 1871)

Observed Properties of Germanium
(discovered in 1886)

Atomic weight 72 72.59

Density (g>cm3) 5.5 5.35

Specific heat (J>g-K) 0.305 0.309

Melting point (°C) High 947

Color Dark gray Grayish white

Formula of oxide XO2 GeO2

Density of oxide (g>cm3) 4.7 4.70

Formula of chloride XCl4 GeCl4
Boiling point of chloride (°C) A little under 100 84
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In a many-electron atom, each electron is simultaneously
attracted to the nucleus and repelled by the other electrons. In gen-
eral, there are so many electron…electron repulsions that we cannot
analyze the situation exactly. We can, however, estimate the attrac-
tive force between any one electron and the nucleus by considering
how the electron interacts with the averageenvironment created by
the nucleus and the other electrons in the atom. We treat each elec-
tron as though it were moving in the net electric field created by the
nucleus and the electron density of the other electrons. We view this
net electric field as if it results from a single positive charge located
at the nucleus, called the effective nuclear charge , Zeff. The effec-
tive nuclear charge acting on an electron in an atom is smaller than
the actualnuclear charge ( ) because the effective nuclear

charge includes the effect of the other electrons in the atom.
In any many-electron atom, the inner electrons partially screenouter electrons from

the attraction of the nucleus, and the relationship between Zeff and the number of pro-
tons in the nucleus Z is

[7.1]

where Sis a positive number called the screening constant. It represents the portion of
the nuclear charge that is screened from a valence electron by the other electrons in the
atom. Because core electrons are most effective at screening a valence electron from the
nucleus,the value of S is usually close to the number of core electrons in an atom. (Elec-
trons in the same valence shell do not screen one another very effectively, but they do
affect the value ofSslightly; see •A Closer Look: Effective Nuclear Charge.Ž)

Let•s look at the Na atom to see what to expect for the magnitude ofZeff. Sodium has
the electron configuration [Ne]3s1. The nuclear charge is , and there are 10 core
electrons (1s22s22p6). We therefore expect Sto equal 10 and the 3selectron to experience
an effective nuclear charge of (� FIGURE 7.2). The situation is
more complicated, however, because the 3selectron has a small probability of being closer

to the nucleus, in the region occupied by
the core electrons. € (Section 6.6)
Thus, there is a probability that this elec-
tron experiences a greater attraction than
our simple S = 10 model suggests. This
greater attraction turns out to increase the
value ofZeff for the 3selectron in Na from
our expected Zeff = 1� to . In
other words, the fact that the 3selectron
spends some small amount of time close
to the nucleus changes the value ofS in
Equation 7.1 from 10 to 8.5.

The notion of effective nuclear charge
also explains an important effect we noted
in Section 6.7: For a many-electron atom,
the energies of orbitals with the same n
value increase with increasing l value. For
example, in the carbon atom,electron con-
figuration 1s22s22p2, the energy of the 2p
orbital is higher than that of the 2s
orbital even though both orbitals
are in the shell (Figure 6.24). This
difference in energies is due to the radial
probability functions for the orbitals
(� FIGURE 7.3). The greater attraction
between the 2s electron and the nucleus

leads to a lower energy for the 2sorbital than for the 2porbital.The same reasoning explains
the general trend in orbital energies in many-electron atoms.(ns 6 np 6 nd)

n = 2
(l = 0)
(l = 1)

Zeff = 2.5+

Zeff = 11 - 10 = 1+

Z = 11+

Zeff = Z - S

Zeff 6 Z

e� Valence electron (3s)

Each of the 11 electrons is
attracted to positively
charged nucleus

Sodium atoms contains 10 core
electrons (10� ) that screen the 3s
valence electron

Sodium nucleus
contains 11 protons (11� )

10�

� FIGURE 7.2 Effective nuclear
charge. The effective nuclear charge
experienced by the valence electron in a
sodium atom depends mostly on the 
charge of the nucleus and the charge 
of the core electrons.
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2s electron spends some 
time close to nucleus

� FIGURE 7.3 2s and 2p radial
probability functions.

G O  F I G U R E

Which orbital has more electron
density near the nucleus, 2 s or 2p?
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Finally, let•s examine trends in valence-electron Zeff values.The effective nuclear
charge increases from left to right across any period of the periodic table.Although the
number of core electrons stays the same across the period, the number of protons in-
creases. The valence electrons added to counterbalance the increasing nuclear charge
screen one another ineffectively. Thus,Zeff increases steadily. For example, the core elec-
trons of lithium (1s22s1) screen the 2svalence electron from the nucleus fairly effi-
ciently. Consequently, the valence electron experiences an effective nuclear charge of
roughly . For beryllium (1s22s2) the effective nuclear charge experienced by
each valence electron is larger because here the 1selectrons screen a nucleus, and
each 2s electron only partially screens the other. Consequently, the effective nuclear
charge experienced by each 2selectron is about .4 - 2 = 2+

4+
3 - 2 = 1+

3+

The effective nuclear charge felt by the outermost electrons is
smaller than that felt by inner electrons because of screening by the
inner electrons. In addition, the effective nuclear charge felt by the
outermost electrons does not increase as steeply with increasing
atomic number because the valence electrons make a small but non-
negligible contribution to the screening constant S. The most strik-
ing feature associated with the Zeff value for the outermost electrons
is the sharp drop between the last period 2 element (Ne) and the first
period 3 element (Na). This drop reflects the fact that the core elec-

trons are much more effective than the valence electrons at
screening the nuclear charge.

BecauseZeff can be used to understand many physi-
cally measurable quantities, it is desirable to have a simple
method for estimating it. The value ofZ in Equation 7.1 is
known exactly, so the challenge boils down to estimating
the value ofS. In the text, we estimated Sby assuming that
each core electron contributes 1.00 to Sand the outer elec-
trons contribute nothing. A more accurate approach was
developed by John Slater, however, and we can use his ap-
proach if we limit ourselves to elements that do not have
electrons in d or f subshells.

Electrons for which the principal quantum number n
is larger than the value ofn for the electron of interest con-
tribute 0 to the value ofS. Electrons with the same value of
n as the electron of interest contribute 0.35 to the value
of S. Electrons for which n is 1 less than n for the electron of
interest contribute 0.85, while those with even smaller val-
ues ofn contribute 1.00. For example, consider fluorine,
which has the ground-state electron configuration
1s22s22p5. For a valence electron in fluorine, Slater•s rules
tell us that S= (0.35* 6) + (0.85* 2) = 3.8. (Slater•s rules
ignore the contribution of an electron to itself in screening;
therefore, we consider only six n = 2 electrons, not all
seven). Thus,Zeff = Z - S= 9 - 3.8= 5.2+.

Values ofZeff estimated using the simple method out-
lined in the text, as well as those estimated with Slater•s
rules, are plotted in Figure 7.4. While neither of these
methods exactly replicate the values ofZeff obtained from
more sophisticated calculations, both methods effectively
capture the periodic variation in Zeff. While Slater•s ap-
proach is more accurate, the method outlined in the text
does a reasonably good job of estimating Zeff despite its
simplicity. For our purposes, therefore, we can assume that
the screening constant Sin Equation 7.1 is roughly equal to
the number of core electrons.

RELATED EXERCISES:7.11, 7.12, 7.13, 7.14, 7.34, 7.35, 7.84, 7.85

EFFECTIVE NUCLEAR CHARGE

To get a sense of how effective nuclear charge varies as
both nuclear charge and number of electrons in-

crease, consider � FIGURE 7.4. Although the
details of how the Zeff values in the graph were

calculated are beyond the scope of our discus-
sion, the trends are instructive.

A CLOSER LOOK
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Zeff for core 1s electrons calculated
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� FIGURE 7.4 Variations in effective nuclear charge for period 2 and period
3 elements. Moving from one element to the next in the periodic table, the
increase in Zeff felt by the innermost (1s) electrons (red circles) closely tracks the
increase in nuclear charge Z (black line) because these electrons are not
screened. The results of several methods to calculate Zeff for valence electrons
are shown in other colors.



Going down a column, the effective nuclear charge experienced by valence electrons
changes far less than it does across a period.For example, we would expect the effective
nuclear charge experienced by the valence electrons in lithium and sodium to be about
the same, roughly for lithium and for sodium. In fact,
however, effective nuclear charge increases slightly as we go down a column because the
more diffuse core electron cloud is less able to screen the valence electrons from the nu-
clear charge. In the case of the alkali metals,Zeff increases from for lithium, to 
for sodium, to for potassium.

G I V E  I T  S O M E  T H O U G H T

Which would you expect to experience a greater effective nuclear charge, a 2 p
electron of a Ne atom or a 3s electron of a Na atom?

7.3 | SIZES OF ATOMS AND IONS
We often think of atoms as hard, spherical objects. According to the quantum mechani-
cal model, however, atoms do not have sharply defined boundaries at which the electron
distribution becomes zero.€ (Section 6.5)Nevertheless, we can define atomic size in
several ways, based on the distances between atoms in various situations.

Imagine a collection of argon atoms in the gas phase. When two of these atoms col-
lide with each other, they ricochet apart like colliding billiard balls. This ricocheting
happens because the electron clouds of the colliding atoms cannot penetrate each other
to any significant extent. The shortest distance separating the two nuclei during such
collisions is twice the radii of the atoms. We call this radius the nonbonding atomic radius
or the van der Waalsradius (� FIGURE 7.5).

In molecules, an attractive interaction exists between any two adjacent atoms in the
molecule, leading to a chemical bond between the atoms. We discuss bonding in
Chapter 8. For now, we only need to realize that this attractive interaction brings the two
atoms closer together than they would be in a nonbonding collision where the atoms
ricochet apart. We can define an atomic radius based on the distance separating the
nuclei when two atoms are bonded to each other, shown as distance d in Figure 7.5. The
bonding atomic radius for any atom in a molecule is equal to half of the nucleus-to-
nucleus distance d. Note from Figure 7.5 that the bonding atomic radius (also known as
the covalent radius) is shorter than the nonbonding atomic radius. Unless otherwise
noted, we mean the bonding atomic radius when we speak of the •sizeŽ of an atom.

Scientists have developed a variety of techniques for measuring the distances sepa-
rating nuclei in molecules. From observations of these distances in many molecules,
each element can be assigned a bonding atomic radius. For example, in the I2 molecule,
the distance separating the nuclei is observed to be 2.66 Å, which means the bonding
atomic radius of an iodine atom is .* Similarly, the distance sepa-
rating adjacent carbon nuclei in diamond (a three-dimensional solid network of carbon
atoms) is 1.54 Å; thus, the bonding atomic radius of carbon is 0.77 Å. The bonding
atomic radii of other elements can be similarly defined (� FIGURE 7.6). (For helium
and neon, the bonding atomic radii must be estimated because there are no known
compounds of these elements.)

Knowing atomic radii allows us to estimate bond lengths in molecules. For exam-
ple, the bond length in Cl2 is 1.99 Å, so a bonding atomic radius of 0.99 Å is
assigned to Cl. In CCl4 the measured length of the bond is 1.77 Å, very close to
the sum of the bonding atomic radii of C and Cl.(0.77 + 0.99Å)

C¬ Cl
Cl¬ Cl

(2.66 Å)>2 = 1.33 Å

3.5+
2.5+1.3+

11 - 10 = 1+3 - 2 = 1+
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Electron
distribution
in molecule Nonbonding

atomic radius

Distance
between
nuclei

Bonding
atomic
radius, d

d

1
2

Nuclei cannot get any closer 
to each other because of 
electron…electron repulsion

� FIGURE 7.5 Distinction between
nonbonding and bonding atomic radii
within a molecule.

*Remember: The angstrom is a convenient metric unit for atomic measurements of length.
It is not an SI unit. The most commonly used SI unit for atomic measurements is the picometer

.(1 pm = 10- 12 m;1 Å = 100 pm)

(1 Å = 10- 10 m)
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SAMPLE EXERCISE 7.1 Bond Lengths in a Molecule

Natural gas used in home heating and cooking is odorless. Because natural gas leaks pose the
danger of explosion or suffocation, various smelly substances are added to the gas to allow de-
tection of a leak. One such substance is methyl mercaptan, CH3SH. Use Figure 7.6 to predict
the lengths of the , , and bonds in this molecule.S¬ HC¬ HC¬ S

H
0.37

Li
1.34

Na
1.54

K
1.96
Rb

2.11

Be
0.90

Mg
1.30

Ca
1.74
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1.44
Y
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2
� FIGURE 7.6 Trends in bonding
atomic radii for periods 1 through 5.

G O  F I G U R E

Which part of the periodic table (top/bottom, left/right) has the elements with the largest atoms?

Methyl mercaptan

S

C

H

SOLUTION
Analyze and Plan We are given three bonds and told to use Figure 7.6 for bonding atomic
radii. We will assume that each bond length is the sum of the bonding atomic radii of the two
atoms involved.

Solve

Check The experimentally determined bond lengths are 
and . (In general, the lengths of bonds involving hydrogen show larger deviations
from the values predicted from bonding atomic radii than do bonds involving larger atoms.)

Comment Notice that our estimated bond lengths are close but not exact matches to the
measured bond lengths. Bonding atomic radii must be used with some caution in estimating
bond lengths.

PRACTICE EXERCISE
Using Figure 7.6, predict which is longer, the bond in PBr3 or the bond 
in AsCl3.
Answer: P¬ Br

As¬ ClP¬ Br

S¬ H = 1.33Å
C¬ H = 1.10Å,C¬ S = 1.82Å,

 S¬ H bond length= 1.02Å + 0.37 Å = 1.39Å

 C¬ H bond length= 0.77Å + 0.37 Å = 1.14Å

= 0.77Å + 1.02 Å = 1.79Å

 C¬ S bond length= bonding atomic radius of C+ bonding atomic radius of S

Periodic Trends in Atomic Radii
Figure 7.6 shows two interesting trends:

1. Within each group, bonding atomic radius tends to increase from top to bottom.
This trend results primarily from the increase in the principal quantum number (n)
of the outer electrons. As we go down a column, the outer electrons have a greater
probability of being farther from the nucleus, causing the atomic radius to increase.
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2. Within each period, bonding atomic radius tends to decrease from left to right. The
major factor influencing this trend is the increase in effective nuclear charge Zeff
across a period. The increasing effective nuclear charge steadily draws the valence
electrons closer to the nucleus, causing the bonding atomic radius to decrease.

G I V E  I T  S O M E  T H O U G H T

In Section 7.2 we said that Zeff generally increases when you move down a column
of the periodic table, whereas in Chapter 6 we saw that the •sizeŽ of an orbital
increases as the principal quantum number n increases. With respect to atomic
radii, do these trends work together or against each other? Which effect is larger?

SAMPLE EXERCISE 7.2 Atomic Radii

Referring to a periodic table, arrange (as much as possible) the atoms 15P,16S,33As, and 34Se
in order of increasing size. (Atomic numbers are given to help you locate the atoms quickly in
the table.)

SOLUTION
Analyze and Plan We are given the chemical symbols for four elements and told to use
their relative positions in the periodic table to predict the relative size of their atomic radii. We
can use the two periodic trends just described to help with this problem.

Solve P and S are in the same period, with S to the right of P. Therefore, we expect the radius
of S to be smaller than that of P because radii decrease as we move across a period. Likewise,
the radius of Se is expected to be smaller than that of As. As is directly below P, and Se is di-
rectly below S. We expect, therefore, the radius of P to be smaller than that of As and the radius
of S to be smaller than that of Se. Thus, so far we can say , , , . We
can therefore conclude that S has the smallest radius and As has the largest radius and so can
write .

Our two periodic trends for atomic size do not supply enough information to allow us to
determine whether P or Se (represented by the two question marks) has the larger radius, how-
ever. Going from P to Se in the periodic table, we move down (radius tends to increase) and to
the right (radius tends to decrease). In Figure 7.6 we see that the radius of Se is greater than
that of P. If you examine the figure carefully, you will discover that for the s- and p-block ele-
ments the increase in radius moving down a column tends to be the greater effect. There are
exceptions, however.

Check From Figure 7.6, we have .

Comment Note that the trends we have just discussed are for the s- and p-block elements.
Figure 7.6 shows that the transition elements do not show a regular decrease moving across
a period.

PRACTICE EXERCISE
Arrange 11Na,4Be, and 12Mg in order of increasing atomic radius.
Answer: Be 6 Mg 6 Na

S(1.02Å)6 P(1.06Å)6 Se(1.16Å)6 As(1.19Å)

S 6 ? 6 ? 6 As

Se6 AsS 6 SeP 6 AsS 6 P

Periodic Trends in Ionic Radii
Just as bonding atomic radii can be determined from interatomic distances in mole-
cules, ionic radii can be determined from interatomic distances in ionic compounds.
Like the size of an atom, the size of an ion depends on its nuclear charge, the number of
electrons it possesses, and the orbitals in which the valence electrons reside. When a
cation is formed from a neutral atom, electrons are removed from the occupied atomic
orbitals that are the most spatially extended from the nucleus. Also, the number of
electron…electron repulsions is reduced. Therefore,cations are smaller than their parent
atoms(� FIGURE 7.7). The opposite is true of anions. When electrons are added to an
atom to form an anion, the increased electron…electron repulsions cause the electrons to
spread out more in space. Thus,anions are larger than their parent atoms.
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For ions carrying the same charge, ionic radius increases as we move down a column in
the periodic table(Figure 7.7). In other words, as the principal quantum number of the
outermost occupied orbital of an ion increases, the radius of the ion increases.

SAMPLE EXERCISE 7.3 Atomic and Ionic Radii

Arrange , , and Ca in order of decreasing radius.

SOLUTION
Cations are smaller than their parent atoms, and so . Because Ca is below Mg in
group 2A, is larger than . Consequently, .

PRACTICE EXERCISE
Which of the following atoms and ions is largest: , S, ?
Answer: S2-

O2-S2-

Ca 7 Ca2+ 7 Mg2+Mg2+Ca2+
Ca2+ 6 Ca

Ca2+Mg2+

Li
1.34

Be
0.90

B
0.82

B3�

0.41
O2�

1.26
F�

1.19
Li �
0.90

Be2�

0.59

O
0.73

F
0.71

Group 7AGroup 6AGroup 3AGroup 2AGroup 1A

Na
1.54

Mg
1.30

Al
1.18

S
1.02

Cl
0.99

Na�

1.16
Mg2�

0.86
Al 3�

0.68
S2�

1.70
Cl�
1.67

K
1.96

Ca
1.24

Ga
1.26

Se
1.16

Br
1.14

K�

1.52
Ca2�

1.14
Ga3�

0.76
Se2…

1.84
Br�
1.82

Rb
2.11

Sr
1.92

In
1.44

Te
1.35

I
1.33

Rb�

1.66

� cation � anion � neutral atom

Sr2�

1.32
In3�

0.94
Te2�

2.07
I�

2.06

� FIGURE 7.7 Cation and anion size. Radii, in angstroms, of atoms and their ions for five
groups of representative elements.

G O  F I G U R E

How do cations of the same charge change in radius as you move down a
column in the periodic table?
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An isoelectronic series is a group of ions all containing the same number of elec-
trons. For example, each ion in the isoelectronic series , , , , has 10
electrons. In any isoelectronic series we can list the members in order of increasing
atomic number; therefore, nuclear charge increases as we move through the series. Be-
cause the number of electrons remains constant, ionic radius decreases with increasing
nuclear charge as the electrons are more strongly attracted to the nucleus:

Notice the positions and atomic numbers of these elements in the periodic table.
The nonmetal anions precede the noble gas Ne in the table. The metal cations follow Ne.
Oxygen, the largest ion in this isoelectronic series, has the lowest atomic number, 8. Alu-
minum, the smallest of these ions, has the highest atomic number, 13.

 ¬ Decreasing ionic radius ¡

O2-      F-     Na+     Mg2+  Al3+ 
1.26 Å 1.19 Å 1.16 Å 0.86 Å 0.68 Å

 ¬ Increasing nuclear charge ¡

Al3+Mg2+Na+F-O2-

Teams all over the world are trying to discover new cathode and
anode materials that will easily accept and release lithium ions with-
out falling apart over many repeated cycles. New separator materials
that allow for faster lithium ion passage are also under development.
Some research groups are looking at using sodium ions instead of
lithium ions because sodium is far more abundant on Earth than
lithium; new materials that allow sodium ion insertion and release
are therefore under development. In the next decade we expect great
advances in battery technology based on chemistry.

RELATED EXERCISE:7.91

Ion Movement Powers Electronics

Ionic size plays a major role in determining the proper-
ties of devices that rely on movement of ions.

•Lithium ionŽ batteries are everywhere„cell
phones, iPods, laptop computers„and so let•s see

how a lithium ion battery works.
A fully charged battery spontaneously produces an electric cur-

rent and, therefore, power when its positive and negative electrodes
are connected in an electrical circuit. The positive electrode is called
the anode, and the negative electrode is called the cathode. The mate-
rials used for the electrodes in lithium ion batteries are under intense
development. Currently the anode material is graphite, a form of car-
bon, and the cathode is most frequently LiCoO2, lithium cobalt oxide
(� FIGURE 7.8). Between anode and cathode is a separator,a solid
material that allows lithium ions, but not electrons, to pass through.

When the battery is being charged by an external source,
lithium ions migrate from the cathode to the anode where they insert
between the layers of carbon atoms. Lithium ions are smaller and
lighter than most other elements, which means that many can fit be-
tween the layers. When the battery discharges and its electrodes are
properly connected, it is energetically favorable for the lithium ions
to move from anode to cathode. In order to maintain charge balance,
electrons simultaneously migrate from anode to cathode through an
external circuit, thereby producing electricity.

At the cathode, lithium ions then insert in the oxide material.
Again, the small size of lithium ions is an advantage. For every
lithium ion that inserts into the lithium cobalt oxide cathode, a Co4+

ion is reduced to a Co3+ by an electron that has traveled through the
external circuit.

The ion migration and the changes in structure that result when
lithium ions enter and leave the electrode materials are complicated.
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Li ions

Li �
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� FIGURE 7.8 Schematic of a lithium ion battery.

CHEMISTRY PUT TO WORK
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SAMPLE EXERCISE 7.4 Ionic Radii in an Isoelectronic Series

Arrange the ions , , , and in order of decreasing size.

SOLUTION
This is an isoelectronic series, with all ions having 18 electrons. In such a series, size decreases
as nuclear charge (atomic number) increases. The atomic numbers of the ions are S 16, Cl 17,
K 19, Ca 20. Thus, the ions decrease in size in the order .

PRACTICE EXERCISE
In the isoelectronic series , , , which ion is largest?
Answer:

7.4 | IONIZATION ENERGY
The ease with which electrons can be removed from an atom or ion has a major impact
on chemical behavior. The ionization energy of an atom or ion is the minimum energy
required to remove an electron from the ground state of the isolated gaseous atom or
ion. The first ionization energy, I1, is the energy needed to remove the first electron from
a neutral atom. For example, the first ionization energy for the sodium atom is the
energy required for the process

[7.2]

Thesecond ionization energy, I2, is the energy needed to remove the second electron,
and so forth, for successive removals of additional electrons. Thus,I2 for the sodium
atom is the energy associated with the process

[7.3]

The greater the ionization energy, the more difficult it is to remove an electron.

Variations in Successive Ionization Energies
Notice in � TABLE 7.2 that ionization energies for a given element increase as succes-
sive electrons are removed: , and so forth. This trend exists because with
each successive removal, an electron is being pulled away from an increasingly more
positive ion, requiring increasingly more energy.

G I V E  I T  S O M E  T H O U G H T

Light can be used to ionize atoms and ions. Which of the two processes shown
in Equations 7.2 and 7.3 requires shorter-wavelength radiation?

A second important feature shown in Table 7.2 is the sharp increase in ionization
energy that occurs when an inner-shell electron is removed. For example, consider sili-
con, 1s22s22p63s23p2. The ionization energies increase steadily from to786 kJ>mol

I1 6 I2 6 I3

Na+(g) ¡ Na2+(g) + e-

Na(g) ¡ Na+(g) + e-

Rb+
Y3+Sr2+Rb+

S2- 7 Cl- 7 K+ 7 Ca2+

S2-Ca2+Cl-K+

TABLE 7.2 € Successive Values of Ionization Energies, I, for the Elements Sodium through Argon (kJ / mol)

Element I1 I2 I3 I4 I5 I6 I7

Na 496 4562 (inner-shell electrons)
Mg 738 1451 7733
Al 578 1817 2745 11,577
Si 786 1577 3232 4356 16,091
P 1012 1907 2914 4964 6274 21,267
S 1000 2252 3357 4556 7004 8496 27,107
Cl 1251 2298 3822 5159 6542 9362 11,018
Ar 1521 2666 3931 5771 7238 8781 11,995
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for the four electrons in the 3sand 3p subshells. Removal of the fifth elec-
tron, which comes from the 2p subshell, requires a great deal more energy:

. The large increase occurs because the 2p electron is much more likely
to be found close to the nucleus than are the four electrons and, therefore, the
2p electron experiences a much greater effective nuclear charge than do the 3s and
3p electrons.

G I V E  I T  S O M E  T H O U G H T

Which would you expect to be greater, I1 for a boron atom or I2 for a carbon
atom?

Every element exhibits a large increase in ionization energy when one of its inner
electrons is removed. This observation supports the idea that only the outermost elec-
trons are involved in the sharing and transfer of electrons that give rise to chemical
bonding and reactions. The inner electrons are too tightly bound to the nucleus to be
lost from the atom or even shared with another atom.

SAMPLE EXERCISE 7.5 Trends in Ionization Energy

Three elements are indicated in the periodic table in the margin. Which one has the largest
second ionization energy?

n = 3
16,091 kJ>mol

4356 kJ>mol

SOLUTION
Analyze and Plan The locations of the elements in the periodic table allow us to predict the
electron configurations. The greatest ionization energies involve removal of core electrons.
Thus, we should look first for an element with only one electron in the outermost occupied
shell.

Solve The red box represents Na, which has one valence electron. The second ionization
energy of this element is associated, therefore, with the removal of a core electron. The other
elements indicated, S (green) and Ca (blue), have two or more valence electrons. Thus, Na
should have the largest second ionization energy.

Check A chemistry handbook gives these I2 values: Ca 1145 kJ>mol, S 2252 kJ>mol,
Na 4562 kJ>mol.

PRACTICE EXERCISE
Which has the greater third ionization energy, Ca or S?
Answer: Ca

Periodic Trends in First Ionization Energies
� FIGURE 7.9 shows, for the first 54 elements, the trends we observe in first ionization
energy as we move from one element to another in the periodic table. The important
trends are as follows:

1. I1 generally increases as we move across a period. The alkali metals show the low-
est ionization energy in each period, and the noble gases show the highest. There
are slight irregularities in this trend that we will discuss shortly.

2. I1 generally decreases as we move down any column in the periodic table. For exam-
ple, the ionization energies of the noble gases follow the order 

.

3. Thes- and p-block elements show a larger range ofI1 values than do the transition-
metal elements. Generally, the ionization energies of the transition metals increase
slowly from left to right in a period. The f-block metals (not shown in Figure 7.9)
also show only a small variation in the values ofI1.

Kr 7 Xe
He 7 Ne 7 Ar 7

In general, smaller atoms have higher ionization energies. The same factors that influ-
ence atomic size also influence ionization energies. The energy needed to remove an
electron from the outermost occupied shell depends on both the effective nuclear charge
and the average distance of the electron from the nucleus. Either increasing the effective
nuclear charge or decreasing the distance from the nucleus increases the attraction
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� FIGURE 7.9 Trends in first ionization energies of the elements.

G O  F I G U R E

Which has a larger first ionization energy, Ar or As? Why?

2p

Oxygen

2p

Nitro gen

� FIGURE 7.10 2p orbital filling in
nitrogen and oxygen.

G O  F I G U R E

Explain why it is easier to remove
a 2p electron from an oxygen atom
than from a nitrogen atom.

The irregularities in a given period are subtle but still readily explained. For exam-
ple, the decrease in ionization energy from beryllium ([He]2s2) to boron ([He]2s22p1),
shown in Figure 7.9, occurs because the third valence electron of B must occupy the 2p
subshell, which is empty for Be. Recall that the 2p subshell is at a higher energy than the
2ssubshell (Figure 6.24). The decrease in ionization energy when moving from nitrogen
([He]2s22p3) to oxygen ([He]2s22p4) is because of the repulsion of paired electrons in
thep4 configuration (� FIGURE 7.10). Remember that according to Hund•s rule, each
electron in the p3 configuration resides in a different p orbital, which minimizes the
electron…electron repulsion among the three 2p electrons.€ (Section 6.8)

SAMPLE EXERCISE 7.6 Periodic Trends in Ionization Energy

Referring to a periodic table, arrange the atoms Ne, Na, P, Ar, K in order of increasing first ion-
ization energy.

SOLUTION
Analyze and Plan We are given the chemical symbols for five elements. To rank them ac-
cording to increasing first ionization energy, we need to locate each element in the periodic
table. We can then use their relative positions and the trends in first ionization energies to pre-
dict their order.

between the electron and the nucleus. As this attraction increases, it becomes more difficult
to remove the electron and, thus, the ionization energy increases. As we move across a pe-
riod, there is both an increase in effective nuclear charge and a decrease in atomic radius,
causing the ionization energy to increase.As we move down a column, the atomic radius in-
creases while the effective nuclear charge increases rather gradually. Thus, the attraction be-
tween the nucleus and the electron decreases, causing the ionization energy to decrease.
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Solve Ionization energy increases as we move left to right across a period and decreases as we
move down a group. Because Na, P, and Ar are in the same period, we expect I1 to vary in the
order . Because Ne is above Ar in group 8A, we expect . Similarly, K is
directly below Na in group 1A, and so we expect .

From these observations, we conclude that the ionization energies follow the order 

Check The values shown in Figure 7.9 confirm this prediction.

PRACTICE EXERCISE
Which has the lowest first ionization energy, B, Al, C, or Si? Which has the highest?
Answer: Al lowest, C highest

Electron Configurations of Ions
When electrons are removed from an atom to form a cation, they are always removed
first from the occupied orbitals having the largest principal quantum number,n. For ex-
ample, when one electron is removed from a lithium atom (1s22s1), it is the 2s1 electron:

Likewise, when two electrons are removed from Fe ([Ar]3d64s2), the 4s2 electrons
are the ones removed:

If an additional electron is removed, forming , it comes from a 3d orbital because all
the orbitals with are empty:

It may seem odd that 4s electrons are removed before 3d electrons in forming
transition-metal cations. After all, in writing electron configurations, we added the
4selectrons before the 3d ones. In writing electron configurations for atoms, however,
we are going through an imaginary process in which we move through the periodic
table from one element to another. In doing so, we are adding both an electron to an
orbital and a proton to the nucleus to change the identity of the element. In ionization,
we do not reverse this process because no protons are being removed.

If there is more than one occupied subshell for a given value ofn, the electrons are
first removed from the orbital with the highest value ofl. For example, a tin atom loses
its 5p electrons before it loses its 5selectrons:

Electrons added to an atom to form an anion are added to the empty or partially
filled orbital having the lowest value ofn. For example, an electron added to a fluorine
atom to form the ion goes into the one remaining vacancy in the 2p subshell:

G I V E  I T  S O M E  T H O U G H T

Do and have the same or different electron configurations?

SAMPLE EXERCISE 7.7 Electron Configurations of Ions

Write the electron configuration for (a) , (b) , and (c) .

SOLUTION
Analyze and Plan We are asked to write electron configurations for three ions. To do so, we
first write the electron configuration of each parent atom, then remove or add electrons to
form the ions. Electrons are first removed from the orbitals having the highest value ofn. They
are added to the empty or partially filled orbitals having the lowest value ofn.

S2-Co3+Ca2+

V2+Cr3+

F11s22s22p52 + e- Q F- 11s22s22p62

F-

Sn1[Kr]4d105s25p22Q Sn2+ 1[Kr]4d105s22 + 2e- Q Sn4+ 1[Kr]4d102 + 4e-

Fe2+ 13Ar43d62Q Fe3+ 13Ar43d52 + e-

n = 4
Fe3+

Fe1[Ar]3d64s22Q Fe2+ 1[Ar]3d62 + 2e-

Li 11s22s12Q Li+ 11s22 + e-

K 6 Na 6 P 6 Ar 6 Ne

K 6 Na
Ar 6 NeNa 6 P 6 Ar
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Solve
(a) Calcium (atomic number 20) has the electron configuration [Ar]4s2. To form a ion,
the two outer electrons must be removed, giving an ion that is isoelectronic with Ar:

(b) Cobalt (atomic number 27) has the electron configuration [Ar]3d74s2. To form a ion,
three electrons must be removed. As discussed in the text, the 4selectrons are removed before
the 3d electrons. Consequently, the electron configuration for is

(c) Sulfur (atomic number 16) has the electron configuration [Ne]3s23p4. To form a ion,
two electrons must be added. There is room for two additional electrons in the 3p orbitals.
Thus, the electron configuration is

Comment Remember that many of the common ions of the s- and p-block elements, such as
and , have the same number of electrons as the closest noble gas.€ (Section 2.7)

PRACTICE EXERCISE
Write the electron configuration for (a) , (b) , and (c) .

Answers: (a) [Ar]3d10, (b) [Ar]3d3, (c)

7.5 | ELECTRON AFFINITIES
The first ionization energy of an atom is a measure of the energy change associated with
removing an electron from the atom to form a cation. For example, the first ionization
energy of Cl(g), , is the energy change associated with the process

Ionization energy: [7.4]

The positive ionization energy means that energy must be put into the atom to remove
the electron.

Most atoms can also gain electrons to form anions. The energy change that occurs
when an electron is added to a gaseous atom is called the electron affinity because it
measures the attraction, or affinity,of the atom for the added electron. For most atoms,
energy is released when an electron is added. For example, the addition of an electron to
a chlorine atom is accompanied by an energy change of , the negative sign
indicating that energy is released during the process. We therefore say that the electron
affinity of Cl is .*

Electron affinity: [7.5]

It is important to understand the difference between ionization energy and electron
affinity: Ionization energy measures the ease with which an atom losesan electron,
whereas electron affinity measures the ease with which an atom gainsan electron.

The greater the attraction between an atom and an added electron, the more nega-
tive the atom•s electron affinity. For some elements, such as the noble gases, the electron
affinity has a positive value, meaning that the anion is higher in energy than are the sep-
arated atom and electron:

[7.6]

[Ne]3s23p6  [Ne]3s23p64s1
Ar(g) + e- ¡ Ar - (g) ¢ E 7 0

[Ne]3s23p5 [Ne]3s23p6

Cl(g) + e- ¡ Cl- (g) ¢ E = - 349 kJ>mol

- 349 kJ>mol

- 349 kJ>mol

[Ne]3s23p5 [Ne]3s23p4

Cl(g) ¡ Cl+(g) +  e- ¢ E = 1251 kJ>mol

1251 kJ>mol

[Ar]3d104s24p6 = [Kr]

Br-Cr3+Ga3+

S2-Ca2+

S2- : [Ne]3s2 3p6 = [Ar]

S2-

2-

Co3+: [Ar]3d6

Co3+

3+

Ca2+: [Ar]

2+

*Two sign conventions are used for electron affinity. In most introductory texts, including this one, the ther-
modynamic sign convention is used: A negative sign indicates that addition of an electron is an exothermic
process, as in the electron affinity for chlorine, . Historically, however, electron affinity has been
defined as the energy released when an electron is added to a gaseous atom or ion. Because is
released when an electron is added to Cl(g), the electron affinity by this convention would be .+349 kJ>mol

349 kJ>mol
- 349 kJ>mol
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The fact that the electron affinity is positive means that an electron will not attach itself
to an Ar atom; the ion is unstable and does not form.

� FIGURE 7.11 shows the electron affinities for the s- and p-block elements of
the first five periods. Notice that the trends are not as evident as they are for ionization
energy. The halogens, which are one electron shy of a filled p subshell, have the most-

negative electron affinities. By gaining an electron, a halogen atom forms a
stable anion that has a noble-gas configuration (Equation 7.5). The addi-
tion of an electron to a noble gas, however, requires that the electron reside
in a higher-energy subshell that is empty in the atom (Equation 7.6).
Because occupying a higher-energy subshell is energetically unfavorable,
the electron affinity is highly positive. The electron affinities of Be and Mg
are positive for the same reason; the added electron would reside in a previ-
ously empty p subshell that is higher in energy.

The electron affinities of the group 5A elements are also interesting.
Because these elements have half-filled p subshells, the added electron
must be put in an orbital that is already occupied, resulting in larger
electron…electron repulsions. Consequently, these elements have electron
affinities that are either positive (N) or less negative than the electron
affinities of their neighbors to the left (P, As, Sb). Recall that in Section 7.4

we saw a discontinuity in the trends for first ionization energy for the same reason.
Electron affinities do not change greatly as we move down a group (Figure 7.11).

For F, for instance, the added electron goes into a 2porbital, for Cl a 3porbital, for Br a 4p
orbital, and so forth. As we proceed from F to I, therefore, the average distance between
the added electron and the nucleus steadily increases, causing the electron…nucleus
attraction to decrease. However, the orbital that holds the outermost electron is increas-
ingly spread out, so that as we proceed from F to I, the electron…electron repulsions are
also reduced. As a result, the reduction in the electron…nucleus attraction is counterbal-
anced by the reduction in electron…electron repulsions.

G I V E  I T  S O M E  T H O U G H T

What is the relationship between the value for the first ionization energy of a
ion and the electron affinity of Cl(g)?

7.6 | METALS, NONMETALS, AND METALLOIDS
Atomic radii, ionization energies, and electron affinities are properties of individual
atoms. With the exception of the noble gases, however, none of the elements exist in
nature as individual atoms. To get a broader understanding of the properties of ele-
ments, we must also examine periodic trends in properties that involve large collections
of atoms.

The elements can be broadly grouped as metals, nonmetals, and metalloids
(� FIGURE 7.12). € (Section 2.5)Some of the distinguishing properties of metals
and nonmetals are summarized in � TABLE 7.3.

In the following sections, we explore some common patterns of reactivity across the
periodic table. We will examine reactivity for nonmetals and metals in more depth in
later chapters.
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� FIGURE 7.11 Electron affinity in
kJ / mol for selected s- and p-block
elements.

G O  F I G U R E

Which of the groups shown here
has the most negative electron
affinities? Why does this make
sense?

TABLE 7.3 € Characteristic Properties of Metals and Nonmetals

Metals Nonmetals

Have a shiny luster; various colors, although most are silveryDo not have a luster; various colors
Solids are malleable and ductile Solids are usually brittle; some are hard, some are soft
Good conductors of heat and electricity Poor conductors of heat and electricity
Most metal oxides are ionic solids that are basic Most nonmetal oxides are molecular substances that form acidic solutions
Tend to form cations in aqueous solution Tend to form anions or oxyanions in aqueous solution
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The more an element exhibits the physical and chemical properties of metals, the
greater its metallic character . As indicated in Figure 7.12, metallic character generally
increases as we proceed down a group of the periodic table and decreases as we proceed
right across a period. Let•s now examine the close relationships that exist between elec-
tron configurations and the properties of metals, nonmetals, and metalloids.

Metals
Most metallic elements exhibit the shiny luster we associate with metals (� FIGURE
7.13). Metals conduct heat and electricity. In general they are malleable (can be
pounded into thin sheets) and ductile (can be drawn into wires). All are solids at room
temperature except mercury , which is a liquid at room tem-
perature. Two metals melt at slightly above room temperature, cesium at and
gallium at . At the other extreme, many metals melt at very high temperatures.
For example, chromium melts at .

Metals tend to have low ionization energies(Figure 7.9) and therefore tend to form
cations relatively easily.As a result, metals are oxidized (lose electrons) when they un-
dergo chemical reactions. Among the fundamental atomic properties (radius, electron
configuration, electron affinity, and so forth), first ionization energy is the best indicator
of whether an element behaves as a metal or a nonmetal.

� FIGURE 7.14 shows the oxidation states of representative ions of metals and
nonmetals. As noted in Section 2.7, the charge on any alkali metal ion in a compound is
always , and that on any alkaline earth metal is always . For atoms belonging to
either of these groups, the outer selectrons are easily lost, yielding a noble-gas electron
configuration. For metals belonging to groups with partially occupied porbitals (groups
3A…7A), cations are formed either by losing only the outer p electrons (such as ) or
the outer s and p electrons (such as ). The charge on transition-metal ions does
not follow an obvious pattern. One characteristic of the transition metals is their ability
to form more than one cation. For example, iron is in some compounds and 
in others.

G I V E  I T  S O M E  T H O U G H T

Describe a general relationship between trends in metallic character and trends
in ionization energy.
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� FIGURE 7.12 Metals, metalloids, and nonmetals.

G O  F I G U R E

Notice that germanium, Ge, is a metalloid but tin, Sn, is a metal. What changes
in atomic properties do you think are important in explaining this difference?

� FIGURE 7.13 Metals are shiny and
malleable.
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Compounds made up of a metal and a nonmetal tend to be ionic substances. For
example, most metal oxides and halides are ionic solids. To illustrate, the reaction be-
tween nickel metal and oxygen produces nickel oxide, an ionic solid containing 
and ions:

[7.7]

The oxides are particularly important because of the great abundance of oxygen in our
environment.

Most metal oxides are basic. Those that dissolve in water react to form metal hydrox-
ides, as in the following examples:

[7.8]

[7.9]

The basicity of metal oxides is due to the oxide ion, which reacts with water:

[7.10]

Even metal oxides that are insoluble in water demonstrate their basicity by reacting
with acids to form a salt plus water, as illustrated in � FIGURE 7.15:

[7.11]
Metal oxide+ acid ¡ salt + water                     

NiO(s) + 2 HNO3(aq) ¡ Ni(NO3)2(aq) + H2O(l)

O2- (aq) + H2O(l) ¡ 2 OH- (aq)

 CaO(s) + H2O(l) ¡ Ca(OH)2(aq)

 Na2O(s) + H2O(l) ¡ 2 NaOH(aq)

 Metal oxide+ water ¡ metal hydroxide

2 Ni(s) + O2(g) ¡ 2 NiO(s)

O2-
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� FIGURE 7.14 Representative oxidation states of the elements. Note that hydrogen has both positive and negative
oxidation numbers, � 1 and � 1.

G O  F I G U R E

The red stepped line divides metals from nonmetals. How are common oxidation states divided
by this line?

NiO

Nickle oxide (NiO), nitric acid 
(HNO 3), and water

NiO is insoluble in water but 
reacts with HNO 3 to give a green 
solution of the salt Ni(NO 3)2

Insoluble NiO

� FIGURE 7.15 Metal
oxides react with acids. NiO
does not dissolve in water but
does react with nitric acid
(HNO3) to give a green solution
of Ni(NO3)2.
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SAMPLE EXERCISE 7.8 Metal Oxides

(a) Would you expect scandium oxide to be a solid, liquid, or gas at room temperature? 
(b) Write the balanced chemical equation for the reaction of scandium oxide with nitric acid.

SOLUTION
Analyze and Plan We are asked about one physical property of scandium oxide„its state at
room temperature„and one chemical property„how it reacts with nitric acid.

Solve
(a) Because scandium oxide is the oxide of a metal, we expect it to be an ionic solid. Indeed it
is, with the very high melting point of .
(b) In compounds, scandium has a charge, , and the oxide ion is . Consequently,
the formula of scandium oxide is Sc2O3. Metal oxides tend to be basic and, therefore, to react
with acids to form a salt plus water. In this case the salt is scandium nitrate, Sc(NO3)3:

PRACTICE EXERCISE
Write the balanced chemical equation for the reaction between copper(II) oxide and sulfuric
acid.
Answer:

Nonmetals
Nonmetals can be solid, liquid, or gas. They are not lustrous and generally are poor con-
ductors of heat and electricity. Their melting points are generally lower than those of
metals (although diamond, a form of carbon, is an exception and melts at ).
Under ordinary conditions, seven nonmetals exist as diatomic molecules. Five of these
are gases (H2, N2, O2, F2, and Cl2), one is a liquid (Br2), and one is a volatile solid (I2).
Excluding the noble gases, the remaining nonmetals are solids that can be either hard,
such as diamond, or soft, such as sulfur (� FIGURE 7.16).

Because of their relatively large, negative electron affinities, nonmetals tend to gain
electrons when they react with metals. For example, the reaction of aluminum with
bromine produces the ionic compound aluminum bromide:

[7.12]

A nonmetal typically will gain enough electrons to fill its
outermost occupied psubshell, giving a noble-gas electron con-
figuration. For example, the bromine atom gains one electron
to fill its 4p subshell:

Compounds composed entirely of nonmetals are typically
molecular substancesthat tend to be gases, liquids, or low-melt-
ing solids at room temperature. Examples include the common
hydrocarbons we use for fuel (methane, CH4; propane, C3H8;
octane, C8H18) and the gases HCl, NH3, and H2S. Many drugs
are molecules composed of C, H, N, O, and other nonmetals.
For example, the molecular formula for the drug Celebrex is
C17H14F3N3O2S.Most nonmetal oxides are acidic,which means
that those that dissolve in water form acids:

[7.13]

[7.14]

The reaction of carbon dioxide with water (� FIGURE 7.17) accounts for the acidity
of carbonated water and, to some extent, rainwater. Because sulfur is present in oil and coal,
combustion of these common fuels produces sulfur dioxide and sulfur trioxide. These

 P4O10(s) + 6 H2O(l) ¡ 4 H3PO4(aq)

 CO2(g) + H2O(l) ¡ H2CO3(aq)

 Nonmetal oxide+ water ¡ acid

Br ([Ar]4s23d104p5) + e- Q Br-  ([Ar]4s23d104p6)

2 Al(s) + 3 Br2(l) ¡ 2 AlBr3(s)

3570 °C

CuO(s) + H2SO4(aq) ¡ CuSO4(aq) + H2O(l)

Sc2O3(s) + 6 HNO3(aq) ¡ 2 Sc(NO3)3(aq) + 3 H2O(l)

O2-Sc3+3+
2485 °C

� FIGURE 7.16 Sulfur, known to the
medieval world as •brimstone,Ž is a
nonmetal.

� FIGURE 7.17 The reaction of CO 2
with water containing a bromthymol blue
indicator. Initially, the blue color tells us the
water is slightly basic. When a piece of solid
carbon dioxide (•dry iceŽ) is added, the color
changes to yellow, indicating an acidic
solution. The mist is water droplets
condensed from the air by the cold CO 2 gas.
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substances dissolve in water to produce acid rain, a major pollutant in many parts of the
world. Like acids, most nonmetal oxides dissolve in basic solutions to form a salt plus water:

[7.15]

G I V E  I T  S O M E  T H O U G H T

A compound ACl 3 (A is an element) has a melting point of . Would you
expect the compound to be molecular or ionic? If you were told that A is either
scandium or phosphorus, which do you think is the more likely choice?

SAMPLE EXERCISE 7.9 Nonmetal Oxides

Write the balanced chemical equation for the reaction of solid selenium dioxide, SeO2(s), with
(a) water,(b) aqueous sodium hydroxide.

SOLUTION
Analyze and Plan We note that selenium is a nonmetal. We therefore need to write chemical
equations for the reaction of a nonmetal oxide with water and with a base, NaOH. Nonmetal
oxides are acidic, reacting with water to form an acid and with bases to form a salt and water.

Solve
(a) The reaction between selenium dioxide and water is like that between carbon dioxide and
water (Equation 7.13):

(It does not matter that SeO2 is a solid and CO2 is a gas under ambient conditions; the point is
that both are water-soluble nonmetal oxides.)
(b) The reaction with sodium hydroxide is like the reaction in Equation 7.15:

PRACTICE EXERCISE
Write the balanced chemical equation for the reaction of solid tetraphosphorus hexoxide with
water.
Answer: P4O6(s) + 6 H2O(l) ¡ 4 H3PO3(aq)

SeO2(s) + 2 NaOH(aq) ¡ Na2SeO3(aq) + H2O(l)

SeO2(s) + H2O(l) ¡ H2SeO3(aq)

- 112 °C

 CO2(g) + 2 NaOH(aq) ¡ Na2CO3(aq) + H2O(l)

 Nonmetal oxide+ base¡ salt + water

� FIGURE 7.18 Elemental silicon.
Although it looks metallic, silicon, a
metalloid, is brittle and a poor thermal
and electrical conductor.

Metalloids
Metalloids have properties intermediate between those of metals and those of nonmetals.
They may have some characteristic metallic properties but lack others. For example, the
metalloid silicon lookslike a metal (� FIGURE 7.18), but it is brittle rather than mal-
leable and does not conduct heat or electricity nearly as well as metals do. Compounds of
metalloids can have characteristics of the compounds of metals or nonmetals.

Several metalloids, most notably silicon, are electrical semiconductors and are the
principal elements used in integrated circuits and computer chips. One of the reasons
metalloids can be used for integrated circuits is that their electrical conductivity is inter-
mediate between that of metals and that of nonmetals. Very pure silicon is an electrical
insulator, but its conductivity can be dramatically increased with the addition of specific
impurities called dopants. This modification provides a mechanism for controlling the
electrical conductivity by controlling the chemical composition. We will return to this
point in Chapter 12.

7.7 | TRENDS FOR GROUP 1A AND 
GROUP 2A METALS

As we have seen, elements in a given group possess general similarities. However, trends
also exist within each group. In this section we use the periodic table and our knowledge
of electron configurations to examine the chemistry of the alkali metals andalkaline
earth metals .
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Group 1A: The Alkali Metals
The alkali metals are soft metallic solids (� FIGURE 7.19). All have characteristic metallic
properties, such as a silvery, metallic luster and high thermal and electrical conductivity.
The name alkalicomes from an Arabic word meaning •ashes.ŽMany compounds of sodium
and potassium, two alkali metals, were isolated from wood ashes by early chemists.

As � TABLE 7.4 shows, the alkali metals have low densities and melting points, and
these properties vary in a fairly regular way with increasing atomic number. We see the
usual trends as we move down the group, such as increasing atomic radius and decreas-
ing first ionization energy. The alkali metal of any given period has the lowest I1 value in
the period (Figure 7.9), which reflects the relative ease with which its outer selectron
can be removed. As a result, the alkali metals are all very reactive, readily losing one elec-
tron to form ions carrying a charge.€ (Section 2.7)

The alkali metals exist in nature only as compounds. Sodium and potassium are rela-
tively abundant in Earth•s crust, in seawater, and in biological systems, usually as the cations
of ionic compounds. All alkali metals combine directly with most nonmetals. For example,
they react with hydrogen to form hydrides and with sulfur to form sulfides:

[7.16]

[7.17]

where M represents any alkali metal. In hydrides of the alkali metals (LiH, NaH, and so
forth), hydrogen is present as , the hydride ion . A hydrogen atom that has gainedan
electron, this ion is distinct from the hydrogen ion, , formed when a hydrogen atom
losesits electron.

The alkali metals react vigorously with water, producing hydrogen gas and a solu-
tion of an alkali metal hydroxide:

[7.18]

These reactions are very exothermic. In many cases enough heat is generated to ignite the
H2, producing a fire or sometimes even an explosion (� FIGURE 7.20). The reaction is
most violent for the heavier alkali metals, in keeping with their lower ionization energies.

2 M(s) + 2 H2O(l) ¡ 2 MOH(aq) + H2(g)

H+
H-

2 M(s) + S(s) ¡ M2S(s)

2 M(s) + H2(g) ¡ 2 MH(s)

1+

� FIGURE 7.19 Sodium, like the other
alkali metals, is soft enough to be cut with
a knife.

TABLE 7.4 € Some Properties of the Alkali Metals

Element
Electron
Configuration

Melting 
Point (°C)

Density
(g/ cm3)

Atomic 
Radius (Å)

I1
(kJ/ mol)

Lithium [He]2s1 181 0.53 1.34 520
Sodium [Ne]3s1 98 0.97 1.54 496

Potassium [Ar]4s1 63 0.86 1.96 419
Rubidium [Kr]5s1 39 1.53 2.11 403

Cesium [Xe]6s1 28 1.88 2.25 376

Li

� FIGURE 7.20 The
alkali metals react
vigorously with water.

Na K



270 CHAPTER 7 Periodic Properties of the Elements

The reactions between the alkali metals and oxygen are complex. Metal oxides,
which contain the ion, are usually formed:

[7.19]

When dissolved in water, Li2O and other soluble metal oxides form hydroxide ions from
the reaction of ions with H2O (Equation 7.10). In contrast, the other alkali metals
react with oxygen to form metal peroxides, which contain the ion:

[7.20]

Potassium, rubidium, and cesium also form compounds that contain the ion,
which we call the superoxide ion. For example, potassium forms potassium superox-
ide, KO2:

[7.21]

Be aware that the reactions in Equations 7.20 and 7.21 are somewhat surprising; in most
cases, the reaction of oxygen with a metal forms the metal oxide.

As is evident from Equations 7.18 through 7.21, the alkali metals are extremely
reactive toward water and oxygen. Because of this, the metals are usually stored
submerged in a liquid hydrocarbon, such as mineral oil or kerosene.

Although alkali metal ions are colorless, each emits a characteristic color when
placed in a flame (� FIGURE 7.21). The ions are reduced to gaseous metal atoms in the
flame. The high temperature excites the valence electron from the ground state to a
higher-energy orbital, causing the atom to be in an excited state. The atom then emits
energy in the form of visible light as the electron falls back into the lower-energy orbital
and the atom returns to its ground state. The light emitted is at a specific wavelength
for each element, just as we saw earlier for line spectra of hydrogen and sodium
€ (Section 6.3). The characteristic yellow emission of sodium at 589 nm is the basis
for sodium vapor lamps (� FIGURE 7.22).

G I V E  I T  S O M E  T H O U G H T

Cesium tends to be the most reactive of the stable alkali metals (francium, Fr, is
radioactive and has not been extensively studied). What atomic property of Cs is
most responsible for its high reactivity?

K(s) + O2(g) ¡ KO2(s)
potassium superoxide

O2
-

2 Na(s) + O2(g) ¡ Na2O2(s)
sodium peroxide

O2
2-

O2-

4 Li(s) + O2(g) ¡ 2 Li2O(s)
lithium oxide

O2-

Li Na K

� FIGURE 7.21 Placed in a flame, ions of each alkali metal emit light of a characteristic
wavelength.

e…
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ne
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� FIGURE 7.22 The characteristic
yellow light in a sodium lamp is the result
of electrons in the high-energy 3 p orbital
falling back to the lower-energy 3 s orbital.
The energy gap corresponds to the energy of
yellow light.

G O  F I G U R E

If we had potassium vapor lamps,
what color would they be?
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SAMPLE EXERCISE 7.10 Reactions of an Alkali Metal

Write a balanced equation for the reaction of cesium metal with (a) Cl2(g), (b) H2O(l), (c) H2(g).

SOLUTION

The reaction between Cs and Cl2 is a simple combination
reaction between a metal and a nonmetal, forming the ionic
compound CsCl: 2 Cs(s) + Cl2(g) ¡ 2 CsCl(s)

From Equations 7.18 and 7.16, we predict the reactions of cesium
with water and hydrogen to proceed as follows:

 2 Cs(s) + H2(g) ¡ 2 CsH(s)
 2 Cs(s) + 2 H2O(l) ¡ 2 CsOH(aq) + H2(g)

All three reactions are redox reactions where cesium forms a ion. The Cl…, OH…, and H…are all ions,
which means the products have 1:1 stoichiometry with .Cs+

1-Cs+

PRACTICE EXERCISE
Write a balanced equation for the reaction between potassium metal and elemental sulfur.
Answer: 2 K(s) + S(s) ¡ K2S(s)

animals in the form of its most soluble salt, lithium urate, and found
that many of the manic symptoms seemed to disappear. Later studies
showed that uric acid has no role in the therapeutic effects observed;
rather, the ions were responsible. Because lithium overdose can
cause severe side effects in humans, including kidney failure and
death, lithium salts were not approved as antipsychotic drugs for hu-
mans until 1970. Today is usually administered orally in the form
of Li2CO3, which is the active ingredient in prescription drugs such

as Eskalith®. Lithium drugs are effective for about
of bipolar patients who take it.
In this age of sophisticated drug design and

biotechnology, the simple lithium ion is still the
most effective treatment of this destructive psy-
chological disorder. Remarkably, in spite of inten-
sive research, scientists still do not fully
understand the biochemical action of lithium
that leads to its therapeutic effects. Because of its
similarity to , is incorporated into blood
plasma, where it can affect the behavior of nerve
and muscle cells. Because has a smaller radius
than (Figure 7.7), the way Li+ interacts with
molecules in human cells is different from the
way Na+ interacts with the molecules. Other stud-
ies indicate that alters the function of certain
neurotransmitters, which might lead to its effec-
tiveness as an antipsychotic drug.

Li+

Na+
Li+

Li+Na+

70%

Li+

Li+

THE IMPROBABLE DEVELOPMENT 
OF LITHIUM DRUGS

Alkali metal ions tend to play an unexciting role in
most chemical reactions. As noted in Section 4.2, all

salts of the alkali metal ions are soluble in water,
and the ions are spectators in most aqueous re-

actions (except for those involving the alkali metals in their elemental
form, such as in Equations 7.16 through 7.21). However, these ions
play an important role in human physiology. Sodium and potassium
ions, for example, are major components of blood plasma and intra-
cellular fluid, respectively, with average concentrations of 0.1M.
These electrolytes serve as vital charge carriers in normal cellular
function. In contrast, the lithium ion has no known function in nor-
mal human physiology. Since the discovery of lithium in 1817, how-
ever, people have believed that salts of the element possessed almost
mystical healing powers. There were even claims that lithium ions
were an ingredient in ancient •fountain of youthŽ formulas. In 1927,
C. L. Grigg began marketing a soft drink that contained lithium. The
original unwieldy name of the beverage was •Bib-Label Lithiated
Lemon-Lime Soda,Ž which was soon changed to the simpler and
more familiar name 7UP® (� FIGURE 7.23).

Because of concerns of the Food and Drug Administration,
lithium was removed from 7UP® during the early 1950s. At nearly
the same time, psychiatrists discovered that the lithium ion has a re-
markable therapeutic effect on the mental disorder called bipolar
affective disorder,or manic-depressive illness. Over 1 million Ameri-
cans suffer from this psychosis, undergoing severe mood swings from
deep depression to a manic euphoria. The lithium ion smoothes
these mood swings, allowing the bipolar patient to function more
effectively in daily life.

The antipsychotic action of was discovered by accident in
the 1940s by Australian psychiatrist John Cade as he was research-
ing the use of uric acid„a component of urine„to treat manic-
depressive illness. He administered the acid to manic laboratory

Li+

CHEMISTRY AND LIFE

� FIGURE 7.23 Lithium no more. The soft drink 7UP® originally
contained a lithium salt that was claimed to give the beverage
healthful benefits, including •an abundance of energy, enthusiasm, a
clear complexion, lustrous hair, and shining eyes!Ž The lithium was
removed from the beverage in the early 1950s, about the time that
the antipsychotic action of Li + was discovered.

Analyze and Plan Because cesium is an alkali metal, we expect its chemistry to be dominated by oxida-
tion of the metal to ions. Further, we recognize that Cs is far down the periodic table, which means it is
among the most active of all metals and probably reacts with all three substances.

Cs+

Solve
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Group 2A: The Alkaline Earth Metals
Like the alkali metals, the alkaline earth metals are all solids at room temperature and
have typical metallic properties (� TABLE 7.5). Compared with the alkali metals, the al-
kaline earth metals are harder and more dense and melt at higher temperatures.

The first ionization energies of the alkaline earth metals are low but not as low as those
of the alkali metals. Consequently, the alkaline earth metals are less reactive than their alkali
metal neighbors. As noted in Section 7.4, the ease with which the elements lose electrons
decreases as we move across a period and increases as we move down a group. Thus, beryl-
lium and magnesium, the lightest alkaline earth metals, are the least reactive.

The trend of increasing reactivity within the group is shown by the way the alkaline
earth metals behave in the presence of water. Beryllium does not react with either water
or steam, even when heated red-hot. Magnesium reacts slowly with liquid water and
more readily with steam:

[7.22]

Calcium and the elements below it react readily with water at room temperature (al-
though more slowly than the alkali metals adjacent to them in the periodic table). The
reaction between calcium and water (� FIGURE 7.24), for example, is

[7.23]

Equations 7.22 and 7.23 illustrate the dominant pattern in the reactivity of the alka-
line earth elements: They tend to lose their two outer selectrons and form ions. For
example, magnesium reacts with chlorine at room temperature to form MgCl2 and burns
with dazzling brilliance in air to give MgO:

[7.24]

[7.25]

In the presence of O2, magnesium metal is protected by a thin coating of water-
insoluble MgO. Thus, even though Mg is high in the activity series € (Section 4.4), it
can be incorporated into lightweight structural alloys used in, for example, automobile
wheels. The heavier alkaline earth metals (Ca, Sr, and Ba) are even more reactive toward
nonmetals than is magnesium.

The heavier alkaline earth ions give off characteristic colors when heated in a hot
flame. Strontium salts produce the brilliant red color in fireworks, and barium salts pro-
duce the green color.

Like their neighbors sodium and potassium, magnesium and calcium are relatively
abundant on Earth and in seawater and are essential for living organisms as cations in
ionic compounds. Calcium is particularly important for growth and maintenance of
bones and teeth.

G I V E  I T  S O M E  T H O U G H T

Calcium carbonate, CaCO3, is often used as a dietary calcium supplement for
bone health. Although CaCO3(s) is insoluble in water (Table 4.1), it can be taken
orally to allow for the delivery of ions to the musculoskeletal system.
Why is this the case? [Hint: Recall the reactions of metal carbonates discussed
in Section 4.3.]

Ca2+(aq)

 2 Mg(s) + O2(g) ¡ 2 MgO(s)

 Mg(s) + Cl2(g) ¡ MgCl2(s)

2+

Ca(s) + 2 H2O(l) ¡ Ca(OH)2(aq) + H2(g)

Mg(s) + H2O(g) ¡ MgO(s) + H2(g)

TABLE 7.5 € Some Properties of the Alkaline Earth Metals

Element
Electron
Configuration

Melting 
Point (°C)

Density
(g/ cm3)

Atomic 
Radius (Å)

I1
(kJ/ mol)

Beryllium [He]2s2 1287 1.85 0.90 899
Magnesium [Ne]3s2 650 1.74 1.30 738
Calcium [Ar]4s2 842 1.55 1.74 590
Strontium [Kr]5s2 777 2.63 1.92 549
Barium [Xe]6s2 727 3.51 1.98 503

Ca

H2O
H2

Ca2+

OH …

� FIGURE 7.24 Elemental calcium
reacts with water.



7.8 | TRENDS FOR SELECTED NONMETALS
Hydrogen
Because hydrogen has the electron configuration 1s1, its usual position in the periodic
table is above the alkali metals. However, hydrogen does not truly belong to any particu-
lar group. Unlike the alkali metals, it is a nonmetal that occurs as a colorless diatomic
gas, H2(g), under most conditions.

Owing to the complete absence of nuclear screening of its sole electron, the ioniza-
tion energy of hydrogen, , is more than double that of any of the alkali
metals. In fact, hydrogen•s ionization energy is comparable to the I1 values of other
nonmetals, such as oxygen and chlorine. As a result, hydrogen does not lose its valence
electron as easily as do the alkali metals. Instead, hydrogen shares its electron with non-
metals and thereby forms molecular compounds. Reactions between hydrogen and
another nonmetal can be quite exothermic, as evidenced by the combustion reaction
between hydrogen and oxygen to form water:

[7.26]

We saw in Equation 7.16 that hydrogen reacts with active metals to form solid metal
hydrides that contain the hydride ion, . The fact that hydrogen can gain an electron
further illustrates that it is not truly an alkali metal. In fact, in terms of chemical reactiv-
ity, hydrogen has more in common with the halogens than with the alkali metals.

In addition to its ability to form covalent bonds and metal hydrides, probably the
most important characteristic of hydrogen is its ability to lose its electron to form a
cation. Indeed, the aqueous chemistry of hydrogen is dominated by the ion.
€ (Section 4.1)

Group 6A: The Oxygen Group
As we proceed down group 6A, there is a change from nonmetallic to metallic character
(Figure 7.12). Oxygen, sulfur, and selenium are typical nonmetals. Tellurium is a metal-
loid, and polonium, which is radioactive and quite rare, is a metal. Oxygen is a colorless
gas at room temperature; all of the other members of group 6A are solids. Some of the
physical properties of the group 6A elements are given in � TABLE 7.6.

As we saw in Section 2.6, oxygen is encountered in two molecular forms, O2 and O3.
Because O2 is the more common form, people generally mean it when they say •oxygen,Ž
although the name dioxygenis more descriptive. The O3 form is ozone . The two forms
of oxygen are examples ofallotropes,defined as different forms of the same element in
the same state. (In this case both forms are gases.) About of dry air consists of O2
molecules. Ozone is present in very small amounts in the upper atmosphere and in pol-
luted air. It is also formed from O2 in electrical discharges, such as in lightning storms:

[7.27]

This reaction is strongly endothermic, telling us that O3 is less stable than O2.
Although both O2 and O3 are colorless and therefore do not absorb visible light, O3

absorbs certain wavelengths of ultraviolet light that O2 does not. Because of this differ-
ence, the presence of ozone in the upper atmosphere is beneficial, filtering out harmful

3 O2(g) ¡ 2 O3(g)  ¢ H° = 284.6 kJ

21%

H+(aq)

H-

2 H2(g) + O2(g) ¡ 2 H2O(l)  ¢ H° = - 571.7 kJ

1312 kJ/mol
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TABLE 7.6 € Some Properties of the Group 6A Elements

Element
Electron
Configuration

Melting 
Point (°C) Density

Atomic 
Radius (Å)

I1
(kJ/ mol)

Oxygen [He]2s22p4 - 218 1.43 g>L 0.73 1314

Sulfur [Ne]3s23p4 115 1.96 g>cm3 1.02 1000
Selenium [Ar]3d104s24p4 221 4.82 g>cm3 1.16 941

Tellurium [Kr]4d105s25p4 450 6.24 g>cm3 1.35 869

Polonium [Xe]4f145d106s26p4 254 9.20 g>cm3 „ 812
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UV light. Ozone and oxygen also have different chemical properties. Ozone, which has a
pungent odor, is a powerful oxidizing agent. Because of this property, ozone is some-
times added to water to kill bacteria or used in low levels to help to purify air. However,
the reactivity of ozone also makes its presence in polluted air near Earth•s surface detri-
mental to human health.

Oxygen has a great tendency to attract electrons from other elements (to oxidize
them). Oxygen in combination with a metal is almost always present as the oxide ion,

. This ion has a noble-gas configuration and is particularly stable. As shown in
Equation 7.26, the formation of nonmetal oxides is also often very exothermic and thus
energetically favorable.

In our discussion of the alkali metals, we noted two less common oxygen anions„
the peroxide ion and the superoxide ion. Compounds of these ions often
react to produce an oxide and O2:

[7.28]

For this reason, bottles of aqueous hydrogen peroxide are topped with caps that are
able to release the O2(g) produced before the pressure inside becomes too great
(� FIGURE 7.25).

G I V E  I T  S O M E  T H O U G H T

Hydrogen peroxide is light sensitive and so is stored in brown bottles because
its O! O bond is relatively weak. If we assume that the brown bottle absorbs all
visible wavelengths of light € (Section 6.1), how might you estimate the
energy of the O! O bond in hydrogen peroxide?

After oxygen, the most important member of group 6A is sulfur. This element exists
in several allotropic forms, the most common and stable of which is the yellow solid
having the molecular formula S8. This molecule consists of an eight-membered ring of
sulfur atoms (� FIGURE 7.26). Even though solid sulfur consists of S8 rings, we usually
write it simply as S(s) in chemical equations to simplify the stoichiometric coefficients.

Like oxygen, sulfur has a tendency to gain electrons from other elements to form
sulfides, which contain the ion. In fact, most sulfur in nature is present as metal sul-
fides. Sulfur is below oxygen in the periodic table, and the tendency of sulfur to form
sulfide anions is not as great as that of oxygen to form oxide ions. As a result, the chem-
istry of sulfur is more complex than that of oxygen. In fact, sulfur and its compounds
(including those in coal and petroleum) can be burned in oxygen. The main product is
sulfur dioxide, a major air pollutant:

[7.29]

Below sulfur in group 6A is selenium, Se. This relatively rare element is essential for
life in trace quantities, although it is toxic at high doses. There are many allotropes of Se,
including several eight-membered ring structures that resemble the S8 ring.

The next element in the group is tellurium, Te. Its elemental structure is even more
complex than that of Se, consisting of long, twisted chains of Te„Te bonds. Both Se and
Te favor the oxidation state, as do O and S.

From O to S to Se to Te, the elements form larger and larger molecules and become
increasingly metallic. The thermal stability of group 6A compounds with hydrogen de-
creases down the column: H2O 7 H2S7 H2Se7 H2Te, with H2O, water, being the most
stable of the series.

Group 7A: The Halogens
Some of the properties of the group 7A elements, the halogens , are given in � TABLE
7.7. Astatine, which is both extremely rare and radioactive, is omitted because many of
its properties are not yet known.

Unlike the group 6A elements, all the halogens are typical nonmetals. Their melting
and boiling points increase with increasing atomic number. Fluorine and chlorine are
gases at room temperature, bromine is a liquid, and iodine is a solid. Each element con-
sists of diatomic molecules: F2, Cl2, Br2, and I2 (� FIGURE 7.27).

- 2

S(s) + O2(g) ¡ SO2(g)

 S2-

2 H2O2(aq) ¡ 2 H2O(l) + O2(g)  ¢ H° = - 196.1 kJ

(O2
- )(O2

2- )

 O2-

� FIGURE 7.25 Hydrogen peroxide
solution in bottle with venting cap.

S

� FIGURE 7.26 Elemental sulfur exists
as the S 8 molecule. At room temperature,
this is the most common allotropic form of
sulfur.
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G I V E  I T  S O M E  T H O U G H T

The halogens do not exist as X8 molecules like sulfur and selenium do. Can you
speculate why?

The halogens have highly negative electron affinities (Figure 7.11). Thus, it is not
surprising that the chemistry of the halogens is dominated by their tendency to gain
electrons from other elements to form halide ions, (In many equations X is used to
indicate any one of the halogen elements.) Fluorine and chlorine are more reactive than
bromine and iodine. In fact, fluorine removes electrons from almost any substance with
which it comes into contact, including water, and usually does so very exothermically, as
in the following examples:

[7.30]

[7.31]

As a result, fluorine gas is difficult and dangerous to use in the laboratory, requiring spe-
cialized equipment.

Chlorine is the most industrially useful of the halogens. In 2008, total production
was 21 billion pounds, making it one of the top ten most produced chemicals in the
United States € (Section 1.1). Unlike fluorine, chlorine reacts slowly with water to
form relatively stable aqueous solutions of HCl and HOCl (hypochlorous acid):

[7.32]

Chlorine is often added to drinking water and swimming pools, where the HOCl(aq)
that is generated serves as a disinfectant.

Cl2(g) + H2O(l) ¡ HCl(aq) + HOCl(aq)

 SiO2(s) + 2 F2(g) ¡ SiF4(g) + O2(g)  ¢ H = - 704.0 kJ

 2 H2O(l) + 2 F2(g) ¡ 4 HF(aq) + O2(g)  ¢ H = - 758.9 kJ

X- .

TABLE 7.7 € Some Properties of the Halogens

Element
Electron
Configuration

Melting 
Point (°C) Density

Atomic 
Radius (Å)

I1
(kJ/ mol)

Fluorine [He]2s22p5 - 220 1.69 g>L 0.71 1681
Chlorine [Ne]3s23p5 - 102 3.12 g>L 0.99 1251
Bromine [Ar]3d104s24p5 - 7.3 3.12 g>cm3 1.14 1140

Iodine [Kr]4d105s25p5 114 4.94 g>cm3 1.33 1008

I2

Br2

Cl2

� FIGURE 7.27 The elemental
halogens exist as diatomic molecules.
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The halogens react directly with most metals to form ionic halides. The halogens
also react with hydrogen to form gaseous hydrogen halide compounds:

[7.33]

These compounds are all very soluble in water and dissolve to form the hydrohalic acids.
As we discussed in Section 4.3, HCl(aq), HBr(aq), and HI(aq) are strong acids, whereas
HF(aq) is a weak acid.

G I V E  I T  S O M E  T H O U G H T

Can you use data in Table 7.7 to provide estimates for the atomic radius and first
ionization energy of an astatine atom?

Group 8A: The Noble Gases
The group 8A elements, known as the noble gases , are all nonmetals that are gases at
room temperature. They are all monatomic(that is, they consist of single atoms rather
than molecules). Some physical properties of the noble-gas elements are listed in
� TABLE 7.8. The high radioactivity of radon (Rn, atomic number 86) has limited the
study of its reaction chemistry and some of its properties.

The noble gases have completely filled sandp subshells. All elements of group 8A
have large first ionization energies, and we see the expected decrease as we move down
the column. Because the noble gases possess such stable electron configurations, they
are exceptionally unreactive. In fact, until the early 1960s the elements were called the
inert gasesbecause they were thought to be incapable of forming chemical compounds.
In 1962, Neil Bartlett at the University of British Columbia reasoned that the ionization
energy of Xe might be low enough to allow it to form compounds. In order for this to
happen, Xe would have to react with a substance with an extremely high ability to
remove electrons from other substances, such as fluorine. Bartlett synthesized the first
noble-gas compound by combining Xe with the fluorine-containing compound PtF6.
Xenon also reacts directly with F2(g) to form the molecular compounds XeF2, XeF4, and
XeF6. Krypton has a higher I1 value than xenon and is therefore less reactive. In fact, only
a single stable compound of krypton is known, KrF2. In 2000, Finnish scientists
reported the first neutral molecule that contains argon, the HArF molecule, which is
stable only at low temperatures.

H2(g) + X2 ¡ 2 HX(g)

TABLE 7.8 € Some Properties of the Noble Gases

Element
Electron
Configuration

Boiling
Point (K)

Density
(g/ L)

Atomic 
Radius* (Å)

I1
(kJ/ mol)

Helium 1s2 4.2 0.18 0.32 2372

Neon [He]2s22p6 27.1 0.90 0.69 2081

Argon [Ne]3s23p6 87.3 1.78 0.97 1521
Krypton [Ar]3d104s24p6 120 3.75 1.10 1351
Xenon [Kr]4d105s25p6 165 5.90 1.30 1170

Radon [Xe]4f145d106s26p6 211 9.73 1.45 1037

*Only the heaviest of the noble-gas elements form chemical compounds. Thus, the atomic radii for the lighter noble-gas
elements are estimated values.

SAMPLE INTEGRATIVE EXERCISE Putting Concepts Together

The element bismuth (Bi, atomic number 83) is the heaviest member of group 5A. A salt of the
element, bismuth subsalicylate, is the active ingredient in Pepto-Bismol®, an over-the-counter
medication for gastric distress.

(a) The bonding atomic radii of thallium (Tl) and lead (Pb) are 1.48 Å and 1.47 Å, respec-
tively. Using these values and those in Figure 7.6, predict the bonding atomic radius of the ele-
ment bismuth (Bi). Explain your answer.
(b) What accounts for the general increase in atomic radius going down the group 5A
elements?
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(c) Another major use of bismuth has been as an ingredient in low-melting metal alloys, such
as those used in fire sprinkler systems and in typesetting. The element itself is a brittle white
crystalline solid. How do these characteristics fit with the fact that bismuth is in the same peri-
odic group with such nonmetallic elements as nitrogen and phosphorus?
(d) Bi2O3 is a basic oxide. Write a balanced chemical equation for its reaction with dilute nitric
acid. If 6.77 g of Bi2O3 is dissolved in dilute acidic solution to make 0.500 L of solution, what is
the molarity of the solution of ion?
(e) 209Bi is the heaviest stable isotope of any element. How many protons and neutrons are
present in this nucleus?
(f) The density of Bi at is . How many Bi atoms are present in a cube of the
element that is 5.00 cm on each edge? How many moles of the element are present?

SOLUTION
(a) Note that there is a gradual decrease in radius of the elements in groups 3A…5A as we pro-
ceed across the fifth period, that is, in the series In…Sn…Sb. Therefore, it is reasonable to expect
a decrease of about 0.02 Å as we move from Pb to Bi, leading to an estimate of 1.45 Å. The tab-
ulated value is 1.46 Å.
(b) The general increase in radius with increasing atomic number in the group 5A elements
occurs because additional shells of electrons are being added, with corresponding increases in
nuclear charge. The core electrons in each case largely screen the outermost electrons from the
nucleus, so the effective nuclear charge does not vary greatly as we go to higher atomic num-
bers. However, the principal quantum number,n, of the outermost electrons steadily increases,
with a corresponding increase in orbital radius.
(c) The contrast between the properties of bismuth and those of nitrogen and phosphorus il-
lustrates the general rule that there is a trend toward increased metallic character as we move
down in a given group. Bismuth, in fact, is a metal. The increased metallic character occurs be-
cause the outermost electrons are more readily lost in bonding, a trend that is consistent with
its lower ionization energy.
(d) Following the procedures described in Section 4.2 for writing molecular and net ionic
equations, we have the following:

Molecular equation:

Net ionic equation:  Bi2O3(s) + 6 H+(aq) ¡ 2 Bi3+(aq) + 3 H2O(l)

 Bi2O3(s) + 6 HNO3(aq) ¡ 2 Bi(NO3)3(aq) + 3 H2O(l)

9.808 g>cm325 °C

Bi3+

CHAPTER SUMMARY AND KEY TERMS

INTRODUCTION AND SECTION 7.1 The periodic table was first
developed by Mendeleev and Meyer on the basis of the similarity in
chemical and physical properties exhibited by certain elements. Mose-
ley established that each element has a unique atomic number, which
added more order to the periodic table. We now recognize that ele-
ments in the same column of the periodic table have the same number
of electrons in their valence orbitals . This similarity in valence elec-
tronic structure leads to the similarities among elements in the same

group. The differences among elements in the same group arise
because their valence orbitals are in different shells.

SECTION 7.2 Many properties of atoms are due to the average dis-
tance of the outer electrons from the nucleus and to the effective
nuclear charge experienced by these electrons. The core electrons are
very effective in screening the outer electrons from the full charge of
the nucleus, whereas electrons in the same shell do not screen each

In the net ionic equation, nitric acid is a strong acid and Bi(NO3)3 is a soluble salt, so we need
show only the reaction of the solid with the hydrogen ion forming the ion and water.
To calculate the concentration of the solution, we proceed as follows (Section 4.5):

6.77 g Bi2O3

0.500 L soln
*

1 mol Bi2O3

466.0 g Bi2O3
*

2 mol Bi3+

1 mol Bi2O3
=

0.0581 mol Bi3+

L soln
= 0.0581M

Bi3+(aq)

(e) We can proceed as in Section 2.3. Bismuth is element 83; there are therefore 83 protons 
in the nucleus. Because the atomic mass number is 209, there are neutrons in
the nucleus.
(f) We proceed as in Sections 1.4 and 3.4: The volume of the cube is .
Then we have

5.87 mol Bi*
6.022* 1023 atom Bi

1 mol Bi
= 3.53 * 1024 atoms Bi

125 cm3 Bi *
9.808 g Bi

1 cm3 *
1 mol Bi

209.0 g Bi 
= 5.87 mol Bi

125 cm3(5.00)3 cm3 =

209 - 83 = 126
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other effectively. As a result, the effective nuclear charge experienced by
valence electrons increases as we move left to right across a period.

SECTION 7.3 The size of an atom can be gauged by its bonding
atomic radius , based on measurements of the distances separating
atoms in their chemical compounds. In general, atomic radii increase
as we go down a column in the periodic table and decrease as we pro-
ceed left to right across a row.

Cations are smaller than their parent atoms; anions are larger
than their parent atoms. For ions of the same charge, size increases
going down a column of the periodic table. An isoelectronic series is
a series of ions that has the same number of electrons. For such a se-
ries, size decreases with increasing nuclear charge as the electrons are
attracted more strongly to the nucleus.

SECTION 7.4 The first ionization energy of an atom is the mini-
mum energy needed to remove an electron from the atom in the gas
phase, forming a cation. The second ionization energy is the energy
needed to remove a second electron, and so forth. Ionization energies
show a sharp increase after all the valence electrons have been removed
because of the much higher effective nuclear charge experienced by the
core electrons. The first ionization energies of the elements show
periodic trends that are opposite those seen for atomic radii, with
smaller atoms having higher first ionization energies. Thus, first ion-
ization energies decrease as we go down a column and increase as we
proceed left to right across a row.

We can write electron configurations for ions by first writing the
electron configuration of the neutral atom and then removing or
adding the appropriate number of electrons. Electrons are removed
first from the orbitals with the largest value ofn. If there are two va-
lence orbitals with the same value ofn (such as 4sand 4p), then the
electrons are lost first from the orbital with a higher value ofl (in this
case, 4p). Electrons are added to orbitals in the reverse order.

SECTION 7.5 The electron affinity of an element is the energy
change upon adding an electron to an atom in the gas phase, forming
an anion. A negative electron affinity means that the anion is stable; a
positive electron affinity means that the anion is not stable relative to
the separated atom and electron, in which case its exact value cannot
be measured. In general, electron affinities become more negative as
we proceed from left to right across the periodic table. The halogens
have the most-negative electron affinities. The electron affinities of the
noble gases are positive because the added electron would have to
occupy a new, higher-energy subshell.

SECTION 7.6 The elements can be categorized as metals, non-
metals, and metalloids. Most elements are metals; they occupy the left
side and the middle of the periodic table. Nonmetals appear in the
upper-right section of the table. Metalloids occupy a narrow band be-
tween the metals and nonmetals. The tendency of an element to

exhibit the properties of metals, called the metallic character ,
increases as we proceed down a column and decreases as we proceed
from left to right across a row.

Metals have a characteristic luster, and they are good conductors
of heat and electricity. When metals react with nonmetals, the metal
atoms are oxidized to cations and ionic substances are generally
formed. Most metal oxides are basic; they react with acids to form salts
and water.

Nonmetals lack metallic luster and are generally poor conductors of
heat and electricity. Several are gases at room temperature. Compounds
composed entirely of nonmetals are generally molecular. Nonmetals usu-
ally form anions in their reactions with metals. Nonmetal oxides are
acidic; they react with bases to form salts and water. Metalloids have
properties that are intermediate between those of metals and nonmetals.

SECTION 7.7 The periodic properties of the elements can help us
understand the properties of groups of the representative elements. The
alkali metals (group 1A) are soft metals with low densities and low
melting points. They have the lowest ionization energies of the ele-
ments. As a result, they are very reactive toward nonmetals, easily losing
their outer s electron to form ions. The alkaline earth metals
(group 2A) are harder and more dense and have higher melting points
than the alkali metals. They are also very reactive toward nonmetals, al-
though not as reactive as the alkali metals. The alkaline earth metals
readily lose their two outer selectrons to form ions. Both alkali and
alkaline earth metals react with hydrogen to form ionic substances that
contain the hydride ion , .

SECTION 7.8 Hydrogen is a nonmetal with properties that are dis-
tinct from any of the groups of the periodic table. It forms molecular
compounds with other nonmetals, such as oxygen and the halogens.

Oxygen and sulfur are the most important elements in group 6A.
Oxygen is usually found as a diatomic molecule, O2. Ozone, O3, is an
important allotrope of oxygen. Oxygen has a strong tendency to gain
electrons from other elements, thus oxidizing them. In combination
with metals, oxygen is usually found as the oxide ion, , although
salts of the peroxide ion, , and superoxide ion, , are sometimes
formed. Elemental sulfur is most commonly found as S8 molecules. In
combination with metals, it is most often found as the sulfide ion, .

The halogens (group 7A) are nonmetals that exist as diatomic
molecules. The halogens have the most negative electron affinities of
the elements. Thus, their chemistry is dominated by a tendency to
form ions, especially in reactions with metals.

The noble gases (group 8A) are nonmetals that exist as
monatomic gases. They are very unreactive because they have com-
pletely filled sandp subshells. Only the heaviest noble gases are known
to form compounds, and they do so only with very active nonmetals,
such as fluorine.

1-

S2-

O2
-O2

2-
O2-

H-

2+

1+

KEY SKILLS
€ Understand the meaning of effective nuclear charge,Zeff, and how Zeff depends on nuclear charge and electron configuration. (Section 7.2)

€ Use the periodic table to predict the trends in atomic radii, ionic radii, ionization energy, and electron affinity. (Sections 7.2, 7.3, 7.4, and 7.5)

€ Explain how the radius of an atom changes upon losing electrons to form a cation or gaining electrons to form an anion. (Section 7.3)

€ Be able to write the electron configurations of ions. (Section 7.3)

€ Explain how the ionization energy changes as we remove successive electrons. Recognize the jump in ionization energy that occurs when the
ionization corresponds to removing a core electron. (Section 7.4)

€ Understand how irregularities in the periodic trends for electron affinity can be related to electron configuration. (Section 7.5)
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€ Recognize the differences in chemical and physical properties of metals and nonmetals, including the basicity of metal oxides and the acidity
of nonmetal oxides. (Section 7.6)

€ Understand how the atomic properties, such as ionization energy and electron configuration, are related to the chemical reactivity and phys-
ical properties of the alkali and alkaline earth metals (groups 1A and 2A). (Section 7.7)

€ Be able to write balanced equations for the reactions of the group 1A and 2A metals with water, oxygen, hydrogen, and the halogens. (Sections
7.7 and 7.8)

€ Understand and recognize the unique characteristics of hydrogen. (Section 7.7)

€ Understand how the atomic properties (such as ionization energy, electron configuration, and electron affinity) of group 6A, 7A, and 8A ele-
ments are related to their chemical reactivity and physical properties. (Section 7.8)

KEY EQUATIONS
€ [7.1] Estimating effective nuclear chargeZeff = Z - S

EXERCISES
VISUALIZING CONCEPTS

7.1 We can draw an analogy between the attraction of an electron
to a nucleus and seeing a lightbulb„in essence, the more nu-
clear charge the electron •sees,Ž the greater the attraction.
(a) Within this analogy, discuss how the screening by core
electrons is analogous to putting a frosted-glass lampshade be-
tween the lightbulb and your eyes, as shown in the illustration.
(b) Explain how we could mimic moving to the right in a row
of the periodic table by changing the wattage of the lightbulb.
(c) How would you change the wattage of the bulb and/or the
frosted glass to mimic the effect of moving down a column of
the periodic table? [Section 7.2]

7.2 If you look up the radius of the sulfur atom in this book, you
will find just one number: 1.02 Å. However, if you look deeper
into the chemical literature, you can find another number for
the radius of a sulfur atom: the nonbonding radius of 1.80 Å.
This is a very large difference! Explain. [Section 7.3]

Lightbulb Frosted
glass

Observer

7.3 Consider the A2X4 molecule depicted here, where A and X are
elements. The bond length in this molecule is d1 , and
the four bond lengths are each d2. (a) In terms ofd1
and d2, how could you define the bonding atomic radii of
atoms A and X? (b) In terms ofd1 and d2, what would you
predict for the bond length of an X2 molecule?
[Section 7.3]

7.4 Make a simple sketch of the shape of the main part of the
periodic table, as shown.(a) Ignoring H and He, write a sin-
gle straight arrow from the element with the smallest bond-
ing atomic radius to the element with the largest.(b)
Ignoring H and He, write a single straight arrow from the
element with the smallest first ionization energy to the ele-
ment with the largest.(c) What significant observation can
you make from the arrows you drew in parts (a) and (b)?
[Sections 7.3 and 7.4]

A A

X

X

X

X
d1

d 2

X¬ X

A¬ X
A¬ A
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PERIODIC TABLE; EFFECTIVE NUCLEAR CHARGE (sections 7.1 and 7.2)

7.7 Explain the structure of the periodic table„two columns on
the left, a block of ten for the transition metals, a block of six
on the right, and a pair of 14-member rows below, with refer-
ence to the orbitals we discussed in Chapter 6.

7.8 The prefix eka- comes from the Sanskrit word for •one.Ž
Mendeleev used this prefix to indicate that the unknown ele-
ment was one place away from the known element that
followed the prefix. For example,eka-silicon, which we now
call germanium, is one element below silicon. Mendeleev also
predicted the existence ofeka-manganese,which was not ex-
perimentally confirmed until 1937 because this element is
radioactive and does not occur in nature. Based on the peri-
odic table shown in Figure 7.1, what do we now call the
element Mendeleev called eka-manganese?

7.9 You might have expected that the elements would have been dis-
covered in order of their relative abundance in the Earth•s crust
(Figure 1.6), but this is not the case. Suggest a general reason.

7.10 (a)Moseley•s experiments on X-rays emitted from atoms led to
the concept of atomic numbers. Where exactly do these X-rays
come from? Draw an energy-level diagram to explain.(b) Why
are chemical and physical properties of the elements more
closely related to atomic number than they are to atomic weight?

7.11 (a) What is meant by the term effective nuclear charge? (b)
How does the effective nuclear charge experienced by the va-
lence electrons of an atom vary going from left to right across
a period of the periodic table?

7.12 (a) How is the concept of effective nuclear charge used to
simplify the numerous electron…electron repulsions in a many-
electron atom? (b) Which experiences a greater effective nuclear
charge in a Be atom, the 1selectrons or the 2selectrons? Explain.

7.13 Detailed calculations show that the value ofZeff for the
outermost electrons in Na and K atoms is and ,
respectively.(a) What value do you estimate for Zeff experi-
enced by the outermost electron in both Na and K by assum-
ing core electrons contribute 1.00 and valence electrons
contribute 0.00 to the screening constant? (b) What values
do you estimate for Zeff using Slater•s rules? (c) Which
approach gives a more accurate estimate ofZeff ? (d) Does
either method of approximation account for the gradual
increase in Zeff that occurs upon moving down a group? (e)
Predict Zeff for the outermost electrons in the Rb atom based
on the calculations for Na and K.

7.14 Detailed calculations show that the value ofZeff for the
outermost electrons in Si and Cl atoms is and ,
respectively.(a) What value do you estimate for Zeff experi-
enced by the outermost electron in both Si and Cl by assuming
core electrons contribute 1.00 and valence electrons con-
tribute 0.00 to the screening constant? (b) What values do
you estimate for Zeff using Slater•s rules? (c) Which approach
gives a more accurate estimate ofZeff ?(d) Which method of
approximation more accurately accounts for the steady
increase in Zeff that occurs upon moving left to right across a
period? (e)Predict Zeff for a valence electron in P, phosphorus,
based on the calculations for Si and Cl.

7.15 Which will experience the greater effective nuclear charge, the
electrons in the shell in Ar or the shell in Kr?
Which will be closer to the nucleus? Explain.

7.16 Arrange the following atoms in order of increasing effective
nuclear charge experienced by the electrons in the elec-
tron shell: K, Mg, P, Rh, and Ti. Explain the basis for your
order.

n = 3

n = 3n = 3

6.12+4.29+

3.49+2.51+

ATOMIC AND IONIC RADII (section 7.3)

7.17 (a) Because an exact outer boundary cannot be measured or
even calculated for an atom, how are atomic radii determined?
(b) What is the difference between a bonding radius and a
nonbonding radius? (c) For a given element, which one is
larger?(d) If a free atom reacts to become part of a molecule,
would you say that the atom gets smaller or larger?

7.18 (a)Why does the quantum mechanical description of many-
electron atoms make it difficult to define a precise atomic radius?
(b) When nonbonded atoms come up against one another, what
determines how closely the nuclear centers can approach?

7.19 Tungsten has the highest melting point of any metal in the peri-
odic table: 3422 °C. The distance between W atoms in tungsten
metal is 2.74 Å.(a)What is the atomic radius of a tungsten atom
in this environment? (This radius is called the metallic radius.)
(b) If you put tungsten metal under high pressure, predict what
would happen to the distance between W atoms.

7.20 Based on the radii presented in Figure 7.6, predict the distance
between Si atoms in solid silicon. How does this compare to
the distance between the C atoms in diamond, which has the
same structure as solid silicon?

7.5 In the chemical process called electron transfer, an electron is
transferred from one atom or molecule to another. (We will
talk about electron transfer extensively in Chapter 20.) A sim-
ple electron transfer reaction is

In terms of the ionization energy and electron affinity of atom
A, what is the energy change for this reaction? For a represen-
tative nonmetal such as chlorine, is this process exothermic?
For a representative metal such as sodium, is this process
exothermic? [Sections 7.4 and 7.5]

A(g) + A(g) ¡ A+(g) + A- (g)

7.6 An element X reacts with F2(g) to form the molecular product
shown here.(a) Write a balanced equation for this reaction
(do not worry about the phases for X and the product).(b) Do
you think that X is a metal or nonmetal? Explain. [Section 7.6]

F FX

F

F
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7.21 Estimate the bond length from the data in Figure 7.6,
and compare your value to the experimental bond
length in arsenic triiodide, AsI3, 2.55 Å.

7.22 The experimental bond length in bismuth triiodide,
BiI3, is 2.81 Å. Based on this value and data in Figure 7.6, pre-
dict the atomic radius of Bi.

7.23 How do the sizes of atoms change as we move (a) from left to
right across a row in the periodic table,(b) from top to bottom
in a group in the periodic table? (c) Arrange the following
atoms in order of increasing atomic radius: O, Si, I, Ge.

7.24 (a)Among the nonmetallic elements, the change in atomic ra-
dius in moving one place left or right in a row is smaller than
the change in moving one row up or down. Explain these
observations.(b) Arrange the following atoms in order of
increasing atomic radius: Si, Al, Ge, Ga.

7.25 Using only the periodic table, arrange each set of atoms in order
from largest to smallest:(a) K, Li, Cs;(b) Pb, Sn, Si;(c) F, O, N.

7.26 Using only the periodic table, arrange each set of atoms in
order of increasing radius:(a) Ba, Ca, Na;(b) Sn, Sb, As;(c) Al,
Be, Si.

7.27 True or False:(a) Cations are larger than their corresponding
neutral atoms.(b) Li+ is smaller than Li.(c) Cl- is bigger
than I- .

7.28 Explain the following variations in atomic or ionic radii:
(a) , (b) ,
(c) .

7.29 In the reaction

which sphere represents a metal and which represents a non-
metal? Explain your answer.

7.30 Which of these spheres represents F, which represents Br, and
which represents Br…?

Reactants Products

Fe 7 Fe2+ 7 Fe3+
Ca2+ 7 Mg2+ 7 Be2+I- 7 I 7 I+

Bi¬ I

As¬ I
As¬ I 7.31 (a) What is an isoelectronic series? (b) Which neutral atom is

isoelectronic with each of the following ions: Ga3+, Zr4+,
Mn7+, I- , Pb2+?

7.32 Identify at least two ions that have the following ground-state
electron configurations:(a) [Ar]; (b) [Ar]3d5; (c) [Kr]5s24d10.

7.33 Some ions do not have a corresponding neutral atom that has
the same electron configuration. For each of the following
ions, identify the neutral atom that has the same number of
electrons and determine if this atom has the same electron
configuration. If such an atom does not exist, explain why.
(a) Cl- , (b) Sc3+, (c) Fe2+, (d) Zn2+, (e) Sn4+.

7.34 Consider the isoelectronic ions and .(a) Which ion is
smaller?(b) Using Equation 7.1 and assuming that core elec-
trons contribute 1.00 and valence electrons contribute 0.00 to
the screening constant,S, calculate Zeff for the 2p electrons in
both ions.(c) Repeat this calculation using Slater•s rules to es-
timate the screening constant,S. (d) For isoelectronic ions,
how are effective nuclear charge and ionic radius related?

7.35 Consider the isoelectronic ions and .(a) Which ion is
smaller?(b) Using Equation 7.1 and assuming that core
electrons contribute 1.00 and valence electrons contribute
nothing to the screening constant,S, calculate Zeff for these
two ions.(c) Repeat this calculation using Slater•s rules to esti-
mate the screening constant,S. (d) For isoelectronic ions, how
are effective nuclear charge and ionic radius related?

7.36 Consider S, Cl, and K and their most common ions.(a) List
the atoms in order of increasing size.(b) List the ions in order
of increasing size.(c) Explain any differences in the orders of
the atomic and ionic sizes.

7.37 For each of the following sets of atoms and ions, arrange the
members in order of increasing size:(a) , , Se;
(b) , , ; (c) Ca, , ;(d) , , Ne.

7.38 In the ionic compounds LiF, NaCl, KBr, and RbI, the measured
cation…anion distances are 2.01 Å (Li…F), 2.82 Å (Na…Cl),
3.30 Å (K…Br), and 3.67 Å (Rb…I), respectively.(a) Predict the
cation…anion distance using the values of ionic radii given in
Figure 7.7.(b) Calculate the difference between the experi-
mentally measured ion…ion distances and the ones predicted
from Figure 7.7. Assuming we have an accuracy of 0.04 Å in
the measurement, would you say that the two sets of ion…ion
distances are the same or not? (c) What estimates of the
cation…anion distance would you obtain for these four com-
pounds using bonding atomic radii? Are these estimates as
accurate as the estimates using ionic radii?

Na+Be2+Sc3+Ti4+Fe3+Fe2+Co3+
Te2-Se2-

K+Cl-

Na+F-

IONIZATION ENERGIES; ELECTRON AFFINITIES (sections 7.4 and 7.5)

7.39 Write equations that show the processes that describe the
first, second, and third ionization energies of an aluminum
atom. Which process would require the least amount of
energy?

7.40 Write equations that show the process for (a) the first two ion-
ization energies of lead and (b) the fourth ionization energy of
zirconium.

7.41 Identify each statement as true or false. If it is false, rewrite it
so that it is true:(a) Ionization energies are always negative
quantitites.(b) Oxygen has a larger first ionization energy

than fluorine.(c) The second ionization energy of an atom is
always greater than its first ionization energy.

7.42 (a)Why does Li have a larger first ionization energy than Na? (b)
The difference between the third and fourth ionization energies
of scandium is much larger than the difference between the third
and fourth ionization energies of titanium. Why? (c) Why does
Li have a much larger second ionization energy than Be?

7.43 (a) What is the general relationship between the size of an atom
and its first ionization energy? (b) Which element in the periodic
table has the largest ionization energy? Which has the smallest?
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7.44 (a)What is the trend in first ionization energies as one pro-
ceeds down the group 7A elements? Explain how this trend re-
lates to the variation in atomic radii.(b) What is the trend in
first ionization energies as one moves across the fourth period
from K to Kr? How does this trend compare with the trend in
atomic radii?

7.45 Based on their positions in the periodic table, predict which
atom of the following pairs will have the smaller first ioniza-
tion energy:(a) Cl, Ar; (b) Be, Ca;(c) K, Co; (d) S, Ge;
(e) Sn, Te.

7.46 For each of the following pairs, indicate which element has the
smaller first ionization energy:(a) Ti, Ba;(b) Ag, Cu;(c) Ge,
Cl; (d) Pb, Sb. (In each case use electron configuration and
effective nuclear charge to explain your answer.)

7.47 Write the electron configurations for the following ions:
(a) Fe2+, (b) Hg2+, (c) Mn2+, (d) Pt2+, (e) P3- .

7.48 Write electron configurations for the following ions, and de-
termine which have noble-gas configurations:(a) ,
(b) , (c) , (d) , (e) , (f) .

7.49 Find three examples of ions in the periodic table that have an
electron configuration ofnd8 (n = 3, 4, 5...).

7.50 Find three atoms in the periodic table whose ions have an elec-
tron configuration ofnd6 (n = 3, 4, 5...).

Au+Tl+Cu2+Sc3+N3-
Cr3+

7.51 The first ionization energy and electron affinity of Ar are both
positive values.(a) What is the significance of the positive
value in each case? (b) What are the units of electron affinity?

7.52 If the electron affinity for an element is a negative number,
does it mean that the anion of the element is more stable than
the neutral atom? Explain.

7.53 Although the electron affinity of bromine is a negative quan-
tity, it is positive for Kr. Use the electron configurations of the
two elements to explain the difference.

7.54 What is the relationship between the ionization energy of an
anion with a charge such as and the electron affinity of
the neutral atom, F?

7.55 Consider the first ionization energy of neon and the electron
affinity of fluorine. (a) Write equations, including electron
configurations, for each process.(b) These two quantities will
have opposite signs. Which will be positive, and which will be
negative? (c) Would you expect the magnitudesof these two
quantities to be equal? If not, which one would you expect to
be larger? Explain your answer.

7.56 Write an equation for the process that corresponds to the elec-
tron affinity of the ion. Also write the electron config-
urations of the species involved. What is the magnitude of
the energy change in the process? [Hint: The answer is in
Table 7.2.]

Mg+

F-1-

PROPERTIES OF METALS AND NONMETALS (section 7.6)

7.57 How are metallic character and first ionization energy related?

[7.58] It is possible to define metallic characteras we do in this book
and base it on the reactivity of the element and the ease with
which it loses electrons. Alternatively, one could measure how
well electricity is conducted by each of the elements to deter-
mine how •metallicŽ the elements are. On the basis of conduc-
tivity, there is not much of a trend in the periodic table: Silver
is the most conductive metal, and manganese the least. Look
up the first ionization energies of silver and manganese; which
of these two elements would you call more metallic based on
the way we define it in this book?

7.59 Discussing this chapter, a classmate says, •An element that
commonly forms a cation is a metal.Ž Do you agree or dis-
agree? Explain your answer.

7.60 Discussing this chapter, a classmate says, •Since elements that
form cations are metals and elements that form anions are
nonmetals, elements that do not form ions are metalloids.Ž Do
you agree or disagree? Explain your answer.

7.61 Predict whether each of the following oxides is ionic or molec-
ular: SnO2, Al2O3, CO2, Li2O, Fe2O3, H2O. Explain the reasons
for your choices.

7.62 Some metal oxides, such as Sc2O3, do not react with pure
water, but they do react when the solution becomes either
acidic or basic. Do you expect Sc2O3 to react when the solu-
tion becomes acidic or when it becomes basic? Write a bal-
anced chemical equation to support your answer.

7.63 (a) What is meant by the terms acidic oxideand basic oxide?
(b) How can we predict whether an oxide will be acidic or
basic based on its composition?

7.64 Arrange the following oxides in order of increasing acidity:
CO2, CaO, Al2O3, SO3, SiO2, and P2O5.

7.65 Chlorine reacts with oxygen to form Cl2O7. (a) What is the
name of this product (see Table 2.6)? (b) Write a balanced
equation for the formation of Cl2O7(l) from the elements.
(c) Under usual conditions, Cl2O7 is a colorless liquid with a
boiling point of . Is this boiling point expected or sur-
prising? (d) Would you expect Cl2O7 to be more reactive to-
ward or ? Explain.(e) If the oxygen in Cl2O7
is considered to have the - 2 oxidation state, what is the oxida-
tion state of the Cl? What is the electron configuration of Cl in
this oxidation state?

[7.66] An element X reacts with oxygen to form XO2 and with chlo-
rine to form XCl4. XO2 is a white solid that melts at high tem-
peratures (above ). Under usual conditions, XCl4 is a
colorless liquid with a boiling point of .(a) XCl4 reacts
with water to form XO2 and another product. What is the
likely identity of the other product? (b) Do you think that ele-
ment X is a metal, nonmetal, or metalloid? Explain.(c) By
using a sourcebook such as the CRC Handbook of Chemistry
and Physics,try to determine the identity of element X.

7.67 Write balanced equations for the following reactions:(a) bar-
ium oxide with water,(b) iron(II) oxide with perchloric acid,
(c) sulfur trioxide with water,(d) carbon dioxide with aqueous
sodium hydroxide.

7.68 Write balanced equations for the following reactions:
(a) potassium oxide with water,(b) diphosphorus trioxide
with water,(c) chromium(III) oxide with dilute hydrochloric
acid,(d) selenium dioxide with aqueous potassium hydroxide.

58 °C
1000 °C

OH- (aq)H+(aq)

81 °C
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GROUP TRENDS IN METALS AND NONMETALS (sections 7.7 and 7.8)

7.69 Does the reactivity of a metal correlate with its first ionization
energy? Explain.

7.70 Silver and rubidium both form +1 ions, but silver is far less
reactive. Suggest an explanation, taking into account the
ground-state electron configurations of these elements and
atomic radii.

7.71 (a) Why is calcium generally more reactive than magnesium?
(b) Why is calcium generally less reactive than potassium?

7.72 (a)One of the alkali metals reacts with oxygen to form a solid
white substance. When this substance is dissolved in water, the
solution gives a positive test for hydrogen peroxide, H2O2.
When the solution is tested in a burner flame, a lilac-purple
flame is produced. What is the likely identity of the metal?
(b) Write a balanced chemical equation for reaction of the
white substance with water.

7.73 Write a balanced equation for the reaction that occurs in each
of the following cases:(a) Potassium metal burns in an atmos-
phere of chlorine gas.(b) Strontium oxide is added to water.
(c) A fresh surface of lithium metal is exposed to oxygen gas.
(d) Sodium metal is reacted with molten sulfur.

7.74 Write a balanced equation for the reaction that occurs in
each of the following cases:(a) Cesium is added to water.
(b) Strontium is added to water.(c) Sodium reacts with
oxygen.(d) Calcium reacts with iodine.

7.75 (a) As described in Section 7.7, the alkali metals react with
hydrogen to form hydrides and react with halogens„for
example, fluorine„to form halides. Compare the roles of hy-
drogen and the halogen in these reactions. How are the forms
of hydrogen and halogen in the products alike? (b) Write bal-
anced equations for the reaction of fluorine with calcium and
for the reaction of hydrogen with calcium. What are the simi-
larities among the products of these reactions?

7.76 The interior of the planets Jupiter and Saturn are believed to
contain metallic hydrogen: hydrogen that is put under such
tremendous pressure that it no longer exists as H2 molecules,
but instead exists as an extended metallic solid. Predict what

properties metallic hydrogen might have compared to •normalŽ
hydrogen in terms of first ionization energy, atomic size, and
reactivity.

7.77 Compare the elements bromine and chlorine with respect to
the following properties:(a) electron configuration,(b) most
common ionic charge,(c) first ionization energy,(d) reactivity
toward water,(e) electron affinity,(f) atomic radius. Account
for the differences between the two elements.

7.78 Little is known about the properties of astatine, At, because of
its rarity and high radioactivity. Nevertheless, it is possible for
us to make many predictions about its properties.(a) Do you
expect the element to be a gas, liquid, or solid at room temper-
ature? Explain.(b) Would you expect At to be a metal, non-
metal, or metalloid? Explain.(c) What is the chemical formula
of the compound it forms with Na?

7.79 Until the early 1960s the group 8A elements were called the inert
gases; before that they were called the rare gases. The term rare
gaseswas dropped after it was discovered that argon accounts for
roughly of Earth•s atmosphere.(a) Why was the term inert
gasesdropped? (b) What discovery triggered this change in
name?(c) What name is applied to the group now?

7.80 (a)Why does xenon react with fluorine, whereas neon does
not?(b) Using reference sources such as the CRC Handbook of
Chemistry and Physicsor online sources, look up the bond
lengths of Xe„F bonds in several molecules. How do these
numbers compare to the radii of the elements?

7.81 Write a balanced equation for the reaction that occurs in each
of the following cases:(a) Ozone decomposes to dioxygen.
(b) Xenon reacts with fluorine. (Write three different equa-
tions.) (c) Sulfur reacts with hydrogen gas.(d) Fluorine reacts
with water.

7.82 Write a balanced equation for the reaction that occurs in each
of the following cases:(a) Chlorine reacts with water.(b) Bar-
ium metal is heated in an atmosphere of hydrogen gas.
(c) Lithium reacts with sulfur.(d) Fluorine reacts with magne-
sium metal.

1%

ADDITIONAL EXERCISES

7.83 Consider the stable elements through lead . In how
many instances are the atomic weights of the elements in the
reverse order relative to the atomic numbers of the elements?
What is the explanation for these cases?

[7.84] We saw in Chapter 6 that the probability of finding an electron
in three-dimensional space depends on what orbital it is in.
Look back at Figures 6.19 and 6.22, which show the radial
probability distribution functions for the sorbitals and con-
tour plots of the 2porbitals, respectively.(a)Which orbitals, 2s
or 2p, have more electron density at the nucleus? (b) How
would you modify Slater•s rules to adjust for the difference 
in electronic penetration of the nucleus for the 2s and 2p
orbitals?

(Z = 82) 7.85 (a) If the core electrons were totally effective at screening the
valence electrons and the valence electrons provided no
screening for each other, what would be the effective nuclear
charge acting on the 3sand 3pvalence electrons in P? (b) Repeat
these calculations using Slater•s rules.(c) Detailed calculations
indicate that the effective nuclear charge is for the 3s
electrons and for the 3p electrons. Why are the values for
the 3s and 3p electrons different? (d) If you remove a single
electron from a P atom, which orbital will it come from?
Explain.

7.86 The size of an atomic nucleus is on the order of 10- 15m. If two
protons were able to make a bond, what would you predict the
bond length to be?

4.9+
5.6+
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7.87 As we move across a period of the periodic table, why do the
sizes of the transition elements change more gradually than
those of the representative elements?

7.88 In the series of group 5A hydrides, of general formula MH3,
the measured bond distances are , 1.419 Å; ,
1.519 Å; , 1.707 Å.(a) Compare these values with those
estimated by use of the atomic radii in Figure 7.6.(b) Explain
the steady increase in bond distance in this series in
terms of the electronic configurations of the M atoms.

7.89 Elements in group 7A in the periodic table are the halogens;
elements in group 6A are called the chalcogens.(a)What is the
most common oxidation state of the chalcogens compared to
the halogens? Can you suggest an explanation for the differ-
ence? (b) For each of the following periodic properties, state
whether the halogens or the chalcogens have larger values:
atomic radii; ionic radii of the most common oxidation state;
first ionization energy; second ionization energy.

7.90 Note from the following table that the increase in atomic ra-
dius in moving from Zr to Hf is smaller than in moving from
Y to La. Suggest an explanation for this effect.

M ¬ H

Sb¬ H
As¬ HP¬ H

(a) Write a balanced equation for the formation of SrO(s)
from its elements.(b) Based on the ionic radii in Figure 7.7,
predict the length of the side of the cube in the figure (the dis-
tance from the center of an atom at one corner to the center of
an atom at a neighboring corner).(c) The density of SrO is

. Given your answer to part (b), how many formula
units of SrO are contained in the cube shown here?

7.93 Explain the variation in ionization energies of carbon, as dis-
played in this graph:

7.94 Group 4A elements have much more negative electron affini-
ties than their neighbors in groups 3A and 5A (see Figure
7.11). Suggest an explanation.

7.95 (a) Use orbital diagrams to illustrate what happens when an
oxygen atom gains two electrons.(b) Why does O3- not exist?

[7.96] Use electron configurations to explain the following observa-
tions: (a) The first ionization energy of phosphorus is greater
than that of sulfur.(b) The electron affinity of nitrogen is lower
(less negative) than those of both carbon and oxygen.(c) The
second ionization energy of oxygen is greater than the first ion-
ization energy of fluorine.(d) The third ionization energy of
manganese is greater than those of both chromium and iron.

7.97 The electron affinities, in , for the group 1B and group
2B metals are

(a) Why are the electron affinities of the group 2B elements
greater than zero? (b) Why do the electron affinities of the
group 1B elements become more negative as we move down
the group? [Hint: Examine the trends in the electron affinity
of other groups as we proceed down the periodic table.]

7.98 Hydrogen is an unusual element because it behaves in some ways
like the alkali metal elements and in other ways like nonmetals.
Its properties can be explained in part by its electron configura-
tion and by the values for its ionization energy and electron
affinity. (a) Explain why the electron affinity of hydrogen is
much closer to the values for the alkali elements than for the
halogens.(b) Is the following statement true? •Hydrogen has the
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[7.91] (a)Which ion is smaller, Co3+ or Co4+?(b) In a lithium ion
battery that is discharging to power a device, for every Li+ that
inserts into the lithium cobalt oxide electrode, a Co4+ ion
must be reduced to a Co3+ ion in order to balance charge.
Using the CRC Handbook of Chemistry and Physicsor other
standard reference, find the ionic radii of Li+, Co3+, and Co4+.
Order these ions from smallest to largest.(c) Will the lithium
cobalt electrode expand or contract as lithium ions are in-
serted? (d) Lithium is not nearly as abundant as sodium. If
sodium ion batteries were developed that function as lithium
ion ones, do you think •sodium cobalt oxideŽ would still work
as the electrode material? Explain.(e) If you don•t think cobalt
would work as the redox-active partner ion in the sodium
version of the electrode, suggest an alternative metal ion and
explain your reasoning.

[7.92] The ionic substance strontium oxide, SrO, forms from the re-
action of strontium metal with molecular oxygen. The
arrangement of the ions in solid SrO is analogous to that in
solid NaCl (Figure 2.21):
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smallest bonding atomic radius of any element that forms chem-
ical compounds.Ž If not, correct it. If it is, explain in terms of
electron configurations.(c) Explain why the ionization energy of
hydrogen is closer to the values for the halogens than for the
alkali metals.(d) The hydride ion is H- . Write out the process
corresponding to the first ionization energy of hydride.(e)How
does the process you wrote in part (d) compare to the process for
the electron affinity of elemental hydrogen?

[7.99] The first ionization energy of the oxygen molecule is the en-
ergy required for the following process:

The energy needed for this process is , very similar to
the first ionization energy of Xe. Would you expect O2 to react
with F2? If so, suggest a product or products of this reaction.

7.100 The elements of group 4A„carbon, silicon, germanium, tin,
and lead„go from nonmetal through metalloid to metal as
we go down the column.(a) Predict the order of melting tem-
perature from highest to lowest in this group and justify your
logic.(b) Using the CRC Handbok of Chemistry and Physicsor
other resource, look up the melting points of these elements.
How accurate was your prediction?

7.101 Zinc in its 2+ oxidation state is an essential metal ion for life.Zn2+

is found bound to many proteins that are involved in biological
processes, but unfortunately Zn2+ is hard to detect by common
chemical methods. Therefore, scientists who are interested in
studying Zn2+-containing proteins will frequently substitute
Cd2+ for Zn2+, since Cd2+ is easier to detect.(a) On the basis of
the properties of the elements and ions discussed in this chapter
and their positions in the periodic table, describe the pros and
cons of using Cd2+ as a Zn2+ substitute.(b) Proteins that speed up
(catalyze) chemical reactions are called enzymes. Many enzymes
are required for proper metabolic reactions in the body. One
problem with using Cd2+ to replace Zn2+ in enzymes is that Cd2+

substitution can decrease or even eliminate enzymatic activity.
Can you suggest a different metal ion that might replace Zn2+ in
enzymes instead of Cd2+? Justify your answer.

1175 kJ>mol

O2(g) ¡ O2
+(g) + e-

[7.102] A historian discovers a nineteenth-century notebook in which
some observations, dated 1822, were recorded on a substance
thought to be a new element. Here are some of the data
recorded in the notebook: •Ductile, silver-white, metallic
looking. Softer than lead. Unaffected by water. Stable in air.
Melting point: . Density: . Electrical conduc-
tivity: that of copper. Hardness: About as hard as
iron. When 4.20 g of the unknown is heated in an excess of
oxygen, 5.08 g of a white solid is formed. The solid could be
sublimed by heating to over .Ž(a) Using information in
the text and the CRC Handbook of Chemistry and Physics,and
making allowances for possible variations in numbers from
current values, identify the element reported.(b) Write a bal-
anced chemical equation for the reaction with oxygen.
(c) Judging from Figure 7.1, might this nineteenth-century
investigator have been the first to discover a new element?

7.103 In April 2010, a research team reported that they had made
Element 117. The report has yet to be confirmed. Write out
Element 117•s ground-state electron configuration, and esti-
mate values for its first ionization energy, electron affinity,
atomic size, and common oxidation state based on its position
in the periodic table.

7.104 We will see in Chapter 12 that semiconductors are materials
that conduct electricity better than nonmetals but not as well
as metals. The only two elements in the periodic table that are
technologically useful semiconductors are silicon and germa-
nium. Integrated circuits in computer chips today are based on
silicon. Compound semiconductors are also used in the elec-
tronics industry. Examples are gallium arsenide, GaAs; gallium
phosphide, GaP; cadmium sulfide, CdS; cadium selenide,
CdSe.(a) What is the relationship between the compound
semiconductors• compositions and the positions of their ele-
ments on the periodic table relative to Si and Ge? (b) Workers
in the semiconductor industry refer to •II-VIŽ and •III-VŽ ma-
terials, using Roman numerals; can you identify which com-
pound semiconductors are II-VI and which are III-V? (c)
Suggest other compositions of compound semiconductors
based on the positions of their elements in the periodic table.

800 °C

1%20%
7.3 g>cm3153 °C

INTEGRATIVE EXERCISES

[7.105] Moseley established the concept of atomic number by study-
ing X-rays emitted by the elements. The X-rays emitted by
some of the elements have the following wavelengths:

[7.106] (a) Write the electron configuration for Li, and estimate the
effective nuclear charge experienced by the valence electron.
(b) The energy of an electron in a one-electron atom or ion 

equals where Z is the nuclear charge

andn is the principal quantum number of the electron. Esti-
mate the first ionization energy of Li.(c) Compare the result
of your calculation with the value reported in Table 7.4 and
explain the difference.(d) What value of the effective nuclear
charge gives the proper value for the ionization energy? Does
this agree with your explanation in (c)?

[7.107] One way to measure ionization energies is ultraviolet photo-
electron spectroscopy (UPS, or just PES), a technique based
on the photoelectric effect.€ (Section 6.2)In PES, mono-
chromatic light is directed onto a sample, causing electrons to
be emitted. The kinetic energy of the emitted electrons is
measured. The difference between the energy of the photons
and the kinetic energy of the electrons corresponds to the en-
ergy needed to remove the electrons (that is, the ionization
energy). Suppose that a PES experiment is performed in
which mercury vapor is irradiated with ultraviolet light of
wavelength 58.4 nm.(a)What is the energy of a photon of this

( - 2.18 * 10- 18 J)a
Z2

n2 bElement Wavelength (Å)

Ne 14.610
Ca 3.358
Zn 1.435
Zr 0.786
Sn 0.491

(a) Calculate the frequency, , of the X-rays emitted by each
of the elements, in Hz.(b) Using the appropriate graphing
program on your computer, plot the square root of versus
the atomic number of the element. What do you observe
about the plot? (c) Explain how the plot in part (b) allowed
Moseley to predict the existence of undiscovered elements.
(d) Use the result from part (b) to predict the X-ray wave-
length emitted by iron.(e) A particular element emits 
X-rays with a wavelength of 0.980 Å. What element do you
think it is?

n

n
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light in eV? (b) Write an equation that shows the process cor-
responding to the first ionization energy of Hg.(c) The kinetic
energy of the emitted electrons is measured to be 10.75 eV.
What is the first ionization energy of Hg in ? (d) Using
Figure 7.9, determine which of the halogen elements has a first
ionization energy closest to that of mercury.

7.108 Mercury in the environment can exist in oxidation states 0,+1,
and +2. One major question in environmental chemistry re-
search is how to best measure the oxidation state of mercury
in natural systems; this is made more complicated by the fact
that mercury can be reduced or oxidized on surfaces differ-
ently than it would be if it were free in solution. XPS, X-ray
photoelectron spectroscopy, is a technique related to PES (see
Exercise 7.107), but instead of using ultraviolet light to eject
valence electrons, X-rays are used to eject core electrons. The
energies of the core electrons are different for different oxida-
tion states of the element. In one set of experiments,
researchers examined mercury contamination of minerals in
water. They measured the XPS signals that corresponded to
electrons ejected from mercury•s 4f orbitals at 105 eV, from an
X-ray source that provided 1253.6 eV of energy. The oxygen
on the mineral surface gave emitted electron energies at
531 eV, corresponding to the 1sorbital of oxygen. Overall the
researchers concluded that oxidation states were +2 for Hg and
- 2 for O.(a)Calculate the wavelength of the X-rays used in this

kJ>mol

experiment.(b) Compare the energies of the 4f electrons in
mercury and the 1selectrons in oxygen from these data to the
first ionization energies of mercury and oxygen from the data
in this chapter.(c)Write out the ground-state electron configu-
rations for Hg2+ and O2- ; which electrons are the valence
electrons in each case? (d) Use Slater•s rules to estimate Zeff for
the 4f and valence electrons of Hg2+ and O2- ; assume for this
purpose that all the inner electrons with ( ) or less screen
a full +1.

7.109 Consider the gas-phase transfer of an electron from a sodium
atom to a chlorine atom:

(a) Write this reaction as the sum of two reactions, one that re-
lates to an ionization energy and one that relates to an electron
affinity.(b) Use the result from part (a), data in this chapter, and
Hess•s law to calculate the enthalpy of the preceding reaction. Is
the reaction exothermic or endothermic? (c) The reaction be-
tween sodium metal and chlorine gas is highly exothermic and
produces NaCl(s), whose structure was discussed in Section 2.7.
Comment on this observation relative to the calculated
enthalpy for the aforementioned gas-phase reaction.

[7.110] When magnesium metal is burned in air (Figure 3.6), two prod-
ucts are produced. One is magnesium oxide, MgO. The other is
the product of the reaction of Mg with molecular nitrogen,

Na(g) + Cl(g) ¡ Na+(g) + Cl- (g)

n - 3
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magnesium nitride. When water is added to magnesium
nitride, it reacts to form magnesium oxide and ammonia gas.
(a) Based on the charge of the nitride ion (Table 2.5), predict
the formula of magnesium nitride.(b) Write a balanced equa-
tion for the reaction of magnesium nitride with water. What is
the driving force for this reaction? (c) In an experiment a piece
of magnesium ribbon is burned in air in a crucible. The mass
of the mixture of MgO and magnesium nitride after burning
is 0.470 g. Water is added to the crucible, further reaction oc-
curs, and the crucible is heated to dryness until the final prod-
uct is 0.486 g of MgO. What was the mass percentage of
magnesium nitride in the mixture obtained after the initial
burning? (d) Magnesium nitride can also be formed by reac-
tion of the metal with ammonia at high temperature. Write a
balanced equation for this reaction. If a 6.3-g Mg ribbon reacts
with 2.57 g NH3(g) and the reaction goes to completion,
which component is the limiting reactant? What mass of
H2(g) is formed in the reaction? (e) The standard enthalpy of
formation of solid magnesium nitride is . Cal-
culate the standard enthalpy change for the reaction between
magnesium metal and ammonia gas.

7.111 (a)The measured bond length in bismuth tribromide,
BiBr3, is 2.63 Å. Based on this value and the data in Figure 7.7,
predict the atomic radius of Bi.(b) Bismuth tribromide is sol-
uble in acidic solution. It is formed by treating solid

Bi¬ Br

- 461.08 kJ>mol

bismuth(III) oxide with aqueous hydrobromic acid. Write a
balanced chemical equation for this reaction.(c) While bis-
muth(III) oxide is soluble in acidic solutions, it is insoluble in
basic solutions such as NaOH(aq). Based on these properties,
is bismuth characterized as a metallic, metalloid, or nonmetal-
lic element? (d) Treating bismuth with fluorine gas forms
BiF5. Use the electron configuration of Bi to explain the for-
mation of a compound with this formulation.(e) While it is
possible to form BiF5 in the manner just described, penta-
halides of bismuth are not known for the other halogens.
Explain why the pentahalide might form with fluorine but not
with the other halogens. How does the behavior of bismuth
relate to the fact that xenon reacts with fluorine to form com-
pounds but not with the other halogens?

7.112 Potassium superoxide, KO2, is often used in oxygen masks (such
as those used by firefighters) because KO2 reacts with CO2 to re-
lease molecular oxygen. Experiments indicate that 2 mol of
KO2(s) react with each mole of CO2(g). (a) The products of the
reaction are K2CO3(s) and O2(g). Write a balanced equation for
the reaction between KO2(s) and CO2(g). (b) Indicate the oxida-
tion number for each atom involved in the reaction in part (a).
What elements are being oxidized and reduced? (c) What mass
of KO2(s) is needed to consume 18.0 g CO2(g)? What mass of
O2(g) is produced during this reaction?



8.3 COVALENT BONDING
We examine the bonding in molecular substances in which atoms
bond by sharing one or more electron pairs. In general, the
electrons are shared in such a way that each atom attains an octet
of electrons.

8.4 BOND POLARITY AND ELECTRONEGATIVITY
We define electronegativity as the ability of an atom in a
compound to attract electrons to itself. In general, electron pairs
are shared unequally between atoms with different electro-
negativities, leading to polar covalent bonds.

WHAT•S AHEAD
8.1 LEWIS SYMBOLS AND THE OCTET RULE
We begin with descriptions of the three main types of chemical
bonds: ionic, covalent, and metallic. In evaluating bonding, Lewis
symbols provide a useful shorthand for keeping track of valence
electrons.

8.2 IONIC BONDING
We observe that in ionic substances the atoms are held together
by the electrostatic attractions between ions of opposite charge.
We discuss the energetics of forming ionic substances and
describe the lattice energy of these substances.

8
CHEMICAL BONDING AS ART . The Atomium is a
110-m-high steel sculpture commissioned for the
1958 World•s Fair in Brussels. The nine spheres
represent atoms, and the connecting rods evoke the
chemical bonds holding them together. One sphere
sits in the center of a cube formed by the other eight,
a common arrangement of the atoms in metallic
elements, such as iron.



8.5 DRAWING LEWIS STRUCTURES
We see that Lewis structures are a simple yet powerful way of
predicting covalent bonding patterns in molecules. In addition to
the octet rule, we see that the concept of formal charge can be
used to identify the dominant Lewis structure.

8.6 RESONANCE STRUCTURES
We observe that in some cases more than one equivalent Lewis
structure can be drawn for a molecule or polyatomic ion. The
bonding description in such cases is a blend of two or more
resonance structures.

8.7 EXCEPTIONS TO THE OCTET RULE
We recognize that the octet rule is more of a guideline than an
absolute rule. Exceptions to the rule include molecules with an
odd number of electrons, molecules where large differences in
electronegativity prevent an atom from completing its octet, and
molecules where an element from period 3 or below in the
periodic table attains more than an octet of electrons.

8.8 STRENGTHS OF COVALENT BONDS
We observe that bond strengths vary with the number of shared
electron pairs as well as other factors. We use average bond
enthalpy values to estimate the enthalpies of reactions in cases
where thermodynamic data are unavailable.
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spoon to add table salt to a glass of water. Table salt is sodium chloride, NaCl, which
consists of sodium ions, , and chloride ions, . The structure is held together by
ionic bonds , which are due to the attractions between oppositely charged ions. The
water consists mainly of H2O molecules. The hydrogen and oxygen atoms are bonded
to one another through covalent bonds , in which molecules are formed by the sharing
of electrons between atoms. The spoon consists mainly of iron metal, in which Fe
atoms are connected to one another via metallic bonds , which are formed by electrons
that are relatively free to move through the metal. These different substances„NaCl,
H2O, and Fe metal„behave as they do because of the ways in which their constituent
atoms are connected to one another.

What determines the type of bonding in any substance? How do the characteristics of
these bonds give rise to different physical and chemical properties? The keys to answering
the first question are found in the electronic structure of the atoms involved, discussed in
Chapters 6 and 7. In this chapter and the next, we examine the relationship between the
electronic structure of atoms and the ionic and covalent chemical bonds they form. We
will discuss metallic bonding in greater detail in Chapter 12.

Cl-Na+

BASIC CONCEPTS
OF CHEMICAL
BONDING
WHENEVER TWO ATOMS OR IONSare strongly held together, we say
there is a chemical bond between them. There are three
general types of chemical bonds: ionic, covalent, and metallic
(� FIGURE 8.1). We can get a glimpse of these three types of
bonds by thinking about the simple act of using a stainless-steel 



8.1 | LEWIS SYMBOLS AND THE OCTET RULE
The electrons involved in chemical bonding are the valence electrons,which, for most
atoms, are those in the outermost occupied shell.€ (Section 6.8)The American
chemist G. N. Lewis (1875…1946) suggested a simple way of showing the valence elec-
trons in an atom and tracking them during bond formation, using what are now known
as either Lewis electron-dot symbolsor simply Lewis symbols.

TheLewis symbol for an element consists of the element•s chemical symbol plus a
dot for each valence electron. Sulfur, for example, has the electron configuration
[Ne]3s23p4 and therefore six valence electrons. Its Lewis symbol is

The dots are placed on the four sides of the symbol……top, bottom, left, and right……and
each side can accommodate up to two electrons. All four sides are equivalent, which
means that the choice of on which sides to place two electrons rather than one electron
is arbitrary. In general, we spread out the dots as much as possible. In the Lewis symbol
for S, for instance, we prefer the dot arrangement shown rather the arrangement having
two electrons on three of the sides and none on the fourth.

The electron configurations and Lewis symbols for the main-group elements of
periods 2 and 3 are shown in � TABLE 8.1. Notice that the number of valence electrons
in any representative element is the same as the element•s group number. For example,
the Lewis symbols for oxygen and sulfur, members of group 6A, both show six dots.

G I V E  I T  S O M E  T H O U G H T

Are all these Lewis symbols for Cl correct?

The Octet Rule
Atoms often gain, lose, or share electrons to achieve the same number of electrons as the
noble gas closest to them in the periodic table. The noble gases have very stable electron
arrangements, as evidenced by their high ionization energies, low affinity for additional
electrons, and general lack of chemical reactivity.€ (Section 7.8)Because all the noble
gases except He have eight valence electrons, many atoms undergoing reactions end up
with eight valence electrons. This observation has led to a guideline known as the octet
rule: Atoms tend to gain, lose, or share electrons until they are surrounded by eight valence
electrons.

An octet of electrons consists of full sandpsubshells in an atom. In a Lewis symbol,
an octet is shown as four pairs of valence electrons arranged around the element sym-
bol, as in the Lewis symbols for Ne and Ar in Table 8.1. There are exceptions to the octet
rule, but it provides a useful framework for introducing many important concepts of
bonding.

ClClCl

S
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Metallic
Electrons
delocalized

Ionic
Electrostatic
attraction

��

Covalent
Electrons
shared

� FIGURE 8.1 Ionic, covalent, and
metallic bonds. Different types of
interactions between atoms lead to different
types of chemical bonds.

G O  F I G U R E

Which of these three bond types
do you expect to see in CO 2(g)?

TABLE 8.1 € Lewis Symbols

Group Element
Electron
Configuration Lewis Symbol Element

Electron
Configuration Lewis Symbol

1A Li [He]2s1 Li… Na [Ne]3s1 Na…

2A Be [He]2s2 …Be… Mg [Ne]3s2 …Mg…
3A B [He]2s22p1 …B…… Al [Ne]3s23p1 …Al……

4A C [He]2s22p2 …Cªº… Si [Ne]3s23p2 …Siªº…

5A N [He]2s22p3 …Nªº� P [Ne]3s23p3 …Pªº�

6A O [He]2s22p4 � Oªº� S [Ne]3s23p4 � Sªº�

7A F [He]2s22p5 …F¶
¶

� Cl [Ne]3s23p5 …Cl¶
¶

�

8A Ne [He]2s22p6 � Ne¶
¶

� Ar [Ne]3s23p6 � Ar¶
¶

�



� FIGURE 8.3 The crystal structure
of sodium chloride.
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8.2 | IONIC BONDING
Ionic substances generally result from the interaction of metals on the left side of the
periodic table with nonmetals on the right side (excluding the noble gases, group 8A).
For example, when sodium metal, Na(s), is brought into contact with chlorine gas,
Cl2(g), a violent reaction ensues (� FIGURE 8.2). The product of this very exothermic
reaction is sodium chloride, NaCl(s):

[8.1]

Sodium chloride is composed of and ions arranged in a three-dimensional
array (� FIGURE 8.3).

The formation of from Na and from Cl2 indicates that an electron has been
lost by a sodium atom and gained by a chlorine atom„we can envision an electron
transferfrom the Na atom to the Cl atom. Two of the atomic properties discussed in
Chapter 7 give us an indication of how readily electron transfer occurs: ionization en-
ergy, which indicates how easily an electron can be removed from an atom, and electron
affinity, which measures how much an atom wants to gain an electron.€ (Sections 7.4
and 7.5)Electron transfer to form oppositely charged ions occurs when one atom read-
ily gives up an electron (low ionization energy) and another atom readily gains an
electron (high electron affinity). Thus, NaCl is a typical ionic compound because it con-
sists of a metal of low ionization energy and a nonmetal of high electron affinity. Using
Lewis electron-dot symbols (and showing a chlorine atom rather than the Cl2 mole-
cule), we can represent this reaction as

[8.2]

The arrow indicates the transfer of an electron from the Na atom to the Cl atom. Each
ion has an octet of electrons, the octet being the 2s22p6 electrons that lie below the
single 3svalence electron of the Na atom. We have put a bracket around the chloride ion
to emphasize that all eight electrons are located on it.

Na+

Cl-Na+

Cl-Na+

Na(s) + 1
2 Cl2(g) ¡ NaCl(s)  ¢ H°f = - 410.9 kJ

Na Na� �� Cl Cl[ ] �

e…

e…
e…

e…

e… e…

e…
Na(s)

NaCl(s) formsElectrons transfer
from Na( s) to Cl2(g),
forming Na �  and Cl�

Cl2(g)

Highly exothermic reaction 
forming sodium chloride, an ionic 
compound composed of sodium 
ions, Na� , and chloride ions, Cl�

� FIGURE 8.2 Reaction of sodium metal with chlorine gas to form the ionic compound 
sodium chloride.

G O  F I G U R E

Do you expect a similar reaction between potassium metal and elemental
bromine?

�  Na�

Each Na�  ion
surrounded by
six Cl�  ions

Each Cl�  ion
surrounded by
six Na�  ions

�  Cl�

G O  F I G U R E

If no color key were provided, is
there a way for you to guess
whether the green spheres repre-
sent Na+ or Cl- ? If so, what
information would you use?
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G I V E  I T  S O M E  T H O U G H T

Describe the electron transfers that occur in the formation of calcium fluoride
from elemental calcium and elemental fluorine.

Ionic substances possess several characteristic properties. They are usually brittle
substances with high melting points. They are usually crystalline. Furthermore, ionic
crystals often can be cleaved; that is, they break apart along smooth, flat surfaces. These
characteristics result from electrostatic forces that maintain the ions in a rigid, well-
defined, three-dimensional arrangement such as that shown in Figure 8.3.

Energetics of Ionic Bond Formation
The formation of sodium chloride from sodium and chlorine is veryexothermic, as in-
dicated by the large negative enthalpy of formation value given in Equation 8.1,

. Appendix C shows that the heat of formation of other ionic sub-
stances is also quite negative. What factors make the formation of ionic compounds so
exothermic?

In Equation 8.2 we represented the formation of NaCl as the transfer of an electron
from Na to Cl. Recall from Section 7.4 that the loss of electrons from an atom is always
an endothermic process. Removing an electron from Na(g) to form , for instance,
requires . Recall from Section 7.5 that when a nonmetal gains an electron,
the process is generally exothermic, as seen from the negative electron affinities of the el-
ements. Adding an electron to Cl(g), for example, releases . From the
magnitudes of these energies, we can see that the transfer of an electron from a Na atom
to a Cl atom would not be exothermic„the overall process would be an endothermic
process that requires . This endothermic process corresponds
to the formation of sodium and chloride ions that are infinitely far apart„in other
words, the positive energy change assumes that the ions do not interact with each other,
which is quite different from the situation in ionic solids.

G I V E  I T  S O M E  T H O U G H T

Consider the trends in ionization energies of the alkali metals and electron
affinities of the halogens shown in Figures 7.9 and 7.11. For which pair is
electron transfer from the alkali metal atom to the halogen atom most likely 
to be an exothermic process?

The principal reason ionic compounds are stable is the attraction between ions of
opposite charge. This attraction draws the ions together, releasing energy and causing
the ions to form a solid array, or lattice, such as that shown in Figure 8.3. A measure of
how much stabilization results from arranging oppositely charged ions in an ionic solid
is given by the lattice energy , which is the energy required to completely separate one
mole of a solid ionic compound into its gaseous ions.

To envision this process for NaCl, imagine that the structure in Figure 8.3 expands
from within, so that the distances between the ions increase until the ions are very far
apart. This process requires , which is the value of the lattice energy:

[8.3]

Notice that this process is highly endothermic. The reverse process„the coming
together of and to form NaCl(s)„is therefore highly exothermic
( ).

� TABLE 8.2 lists the lattice energies for a number of ionic compounds. The
large positive values indicate that the ions are strongly attracted to one another in
ionic solids. The energy released by the attraction between ions of unlike charge more
than makes up for the endothermic nature of ionization energies, making the forma-
tion of ionic compounds an exothermic process. The strong attractions also cause
most ionic materials to be hard and brittle with high melting points„for example,
NaCl melts at .801°C

¢ H = - 788 kJ>mol
Cl- (g)Na+(g)

NaCl(s) ¡ Na+(g) + Cl- (g)    ¢ Hlattice = +788 kJ>mol

788 kJ>mol

496 - 349 = 147 kJ>mol

349 kJ>mol

496 kJ>mol
Na+(g)

¢ H°f = - 410.9 kJ
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The magnitude of the lattice energy of an ionic solid depends on the charges of
the ions, their sizes, and their arrangement in the solid. We saw in Section 5.1 that the
potential energy of two interacting charged particles is given by

[8.4]

In this equation Q1 and Q2 are the charges on the particles,d is the distance between
their centers, and is a constant, . Equation 8.4 indicates that the
attractive interaction between two oppositely charged ions increases as the magnitudes
of their charges increase and as the distance between their centers decreases. Thus,for a
given arrangement of ions, the lattice energy increases as the charges on the ions increase
and as their radii decrease. The magnitude of lattice energies depends predominantly on
the ionic charges because ionic radii vary over only a limited range.

SAMPLE EXERCISE 8.1 Magnitudes of Lattice Energies

Without consulting Table 8.2, arrange the ionic compounds NaF, CsI, and CaO in order of
increasing lattice energy.

SOLUTION
Analyze From the formulas for three ionic compounds, we must determine their relative
lattice energies.

Plan We need to determine the charges and relative sizes of the ions in the compounds.We then
use Equation 8.4 qualitatively to determine the relative energies, knowing that (a) the larger the
ionic charges, the greater the energy and (b) the farther apart the ions are, the lower the energy.

Solve NaF consists of and ions, CsI of and ions, and CaO of and 
ions. Because the product Q1Q2 appears in the numerator of Equation 8.4, the lattice energy
increases dramatically when the charges increase. Thus, we expect the lattice energy of CaO,
which has and ions, to be the greatest of the three.

The ionic charges are the same in NaF and CsI. As a result, the difference in their lattice
energies depends on the difference in the distance between ions in the lattice. Because ionic
size increases as we go down a group in the periodic table € (Section 7.3), we know that 
is larger than and is larger than . Therefore, the distance between and ions in
NaF is less than the distance between the and ions in CsI. As a result, the lattice energy
of NaF should be greater than that of CsI. In order of increasing energy, therefore, we have

.

Check Table 8.2 confirms our predicted order is correct.

PRACTICE EXERCISE
Which substance do you expect to have the greatest lattice energy, MgF2, CaF2, or ZrO2?
Answer: ZrO2

CsI 6 NaF 6 CaO

I-Cs+
F-Na+F-I-Na+

Cs+

2-2+

O2-Ca2+I-Cs+F-Na+

8.99 * 109 J-m>C2k

Eel =
kQ1Q2

d

TABLE 8.2 € Lattice Energies for Some Ionic Compounds

Compound
Lattice Energy
(kJ>mol) Compound

Lattice Energy
(kJ>mol)

LiF 1030 MgCl2 2326
LiCl 834 SrCl2 2127
LiI 730
NaF 910 MgO 3795
NaCl 788 CaO 3414
NaBr 732 SrO 3217
NaI 682
KF 808 ScN 7547
KCl 701
KBr 671
CsCl 657
CsI 600
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Because lattice energy decreases as distance between ions increases, lattice energies
follow trends that parallel those in ionic radius shown in Figure 7.6. In particular, be-
cause ionic radius increases as we go down a group of the periodic table, we find that, for
a given type of ionic compound, lattice energy decreases as we go down a group.
� FIGURE 8.4 illustrates this trend for the alkali chlorides MCl (M Li, Na, K, Rb, Cs)
and the sodium halides NaX (X F, Cl, Br, I).

Electron Configurations of Ions of the 
s- and p-Block Elements
The energetics of ionic bond formation helps explain why many ions tend to have
noble-gas electron configurations. For example, sodium readily loses one electron to
form , which has the same electron configuration as Ne:

Even though lattice energy increases with increasing ionic charge, we never find
ionic compounds that contain ions. The second electron removed would have to
come from an inner shell of the sodium atom, and removing electrons from an inner
shell requires a very large amount of energy.€ (Section 7.4) The increase in lattice
energy is not enough to compensate for the energy needed to remove an inner-shell
electron. Thus, sodium and the other group 1A metals are found in ionic substances
only as ions.

Similarly, adding electrons to nonmetals is either exothermic or only slightly en-
dothermic as long as the electrons are added to the valence shell. Thus, a Cl atom easily
adds an electron to form , which has the same electron configuration as Ar:

To form a ion, the second electron would have to be added to the next higher
shell of the Cl atom, an addition that is energetically very unfavorable. Therefore, we
never observe ions in ionic compounds. We thus expect ionic compounds of the
representative metals from groups 1A, 2A, and 3A to contain , , and cations,
respectively, and usually expect ionic compounds of the representative nonmetals of
groups 5A, 6A, and 7A to contain , , and anions, respectively.1-2-3-

3+2+1+
Cl2-

Cl2-

Cl-    1s22s22p63s23p6 = [Ne]3s23p6 = [Ar]

Cl    1s22s22p63s23p5 = [Ne]3s23p5

Cl-

1+

Na2+

 Na+   1s22s22p6 = [Ne]

 Na   1s22s22p63s1 = [Ne]3s1
Na+

=
=

834
LiCl

910
NaF

788
NaCl
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NaBr

682
NaI
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� FIGURE 8.4 Periodic trends in lattice 
energy as a function of cation or anion 
radius.

G O  F I G U R E

Using this figure, can you place an upper and lower limit on the lattice energy of KF?
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SAMPLE EXERCISE 8.2 Charges on Ions

Predict the ion generally formed by (a) Sr,(b) S,(c) Al.

SOLUTION
Analyze We must decide how many electrons are most likely to be gained or lost by atoms of
Sr, S, and Al.

Plan In each case we can use the element•s position in the periodic table to predict whether
the element forms a cation or an anion. We can then use its electron configuration to deter-
mine the most likely ion formed.

Solve (a) Strontium is a metal in group 2A and therefore forms a cation. Its electron config-
uration is [Kr]5s2, and so we expect that the two valence electrons can be lost easily to give an

ion. (b) Sulfur is a nonmetal in group 6A and will thus tend to be found as an anion. Its
electron configuration ([Ne]3s23p4) is two electrons short of a noble-gas configuration. Thus,
we expect that sulfur will form ions.(c)Aluminum is a metal in group 3A. We therefore ex-
pect it to form ions.Al3+

S2-

Sr2+

The result of the five-step pathway is formation of NaCl(s) from
Na(s) and . Thus, from Hess•s law we know that the sum of
the enthalpy changes for the five steps equals the enthalpy change for
the direct reaction (Equation 8.5):

Solving for :

Thus, the lattice energy of NaCl is .

RELATED EXERCISES:8.28, 8.29, 8.30, 8.83, 8.102, 8.103

788 kJ>mol

= 788 kJ

¢ Hlattice = 108 kJ+ 122 kJ+ 496 kJ- 349 kJ+ 411 kJ

¢ Hlattice

- 411 kJ= 108 kJ+ 122 kJ+ 496 kJ- 349 kJ- ¢ Hlattice

+I1(Na) + E(Cl) - ¢ Hlattice

¢ H°f [NaCl(s)] = ¢ H°f [Na(g)] + ¢ H°f [Cl(g)]

1
2 Cl2(g)

CALCULATION OF LATTICE ENERGIES:
THE BORN…HABER CYCLE

Lattice energies cannot be determined directly by ex-
periment. They can, however, be calculated by

envisioning the formation of an ionic compound
as occurring in a series of well-defined steps. We

can then use Hess•s law € (Section 5.6)to combine the steps in a
way that gives the lattice energy for the compound. By so doing, we
construct a Born…Haber cycle, a thermochemical cycle named after
the German scientists Max Born (1882…1970) and Fritz Haber
(1868…1934), who introduced it to analyze the factors contributing
to the stability of ionic compounds.

In the Born…Haber cycle for NaCl, we consider the formation
of NaCl(s) from Na(s) and Cl2(g) by two routes, as shown in
� FIGURE 8.5. The enthalpy change for the direct route (red arrow)
is the heat of formation of NaCl(s):

[8.5]

The indirect route has five steps (green arrows in Figure 8.5).
First, we generate Na(g) atoms by vaporizing Na(s). Then we form
Cl(g) atoms by breaking the bonds in Cl2 molecules. The enthalpy
changes are (Appendix C):

[8.6]

[8.7]

Note that both processes are endothermic.
In the next two steps we remove the electron from Na(g) to form

and then add the electron to Cl(g) to form . The
enthalpy changes for these processes equal the first ionization energy
of Na,I1(Na), and the electron affinity of Cl, denoted E(Cl), respec-
tively:€ (Sections 7.4, 7.5)

[8.8]

[8.9]

Finally, we combine the (g) and Cl- (g) to form NaCl(s). Be-
cause forming solid NaCl is the reverse of breaking the solid into its
gaseous ions, the enthalpy change for solid formation is the negative
of the lattice energy, the quantity we want to determine:

[8.10]¢ H = - ¢ Hlattice = ?Na+(g) + Cl- (g) ¡ NaCl(s)

Na+

Cl(g) + e- ¡ Cl- (g)  ¢ H = E(Cl) = - 349 kJ

 Na(g) ¡ Na+(g) + e-   ¢ H = I1(Na) = 496 kJ

Cl- (g)Na+(g)

1
2 Cl2(g) ¡ Cl(g)  ¢ H°f [Cl(g)] = 122 kJ

Na(s) ¡ Na(g)  ¢ H°f [Na(g)] = 108 kJ

¢ H°f [NaCl(s)] = - 411 kJNa(s) + 1
2 Cl2(g) ¡ NaCl(s)

A CLOSER LOOK

Na� (g) �  e� �  Cl(g)

Na� (g) �  Cl� (g)

E(Cl)

Na(g) �  Cl(g)

I1(Na)

� H°f [Cl( g)]

� H°f [Na( g)]

� H°f [NaCl( s)]

NaCl( s)

Na(g) �   Cl2(g)1…
2

Na(s) �   Cl2(g)
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� FIGURE 8.5 Born…Haber cycle for formation of NaCl. This
Hess•s law representation shows the energetic relationships in the
formation of the ionic solid from its elements.
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(b)

� �

(a)

��

�

Electrons
repel each
other

Nuclei and 
electronsattract
each other

Concentration of 
electron density 
between the nuclei 
is covalent bond

Nuclei
repel each
other

�

� FIGURE 8.6 The covalent bond in H 2.
(a) The attractions and repulsions among
electrons and nuclei in the hydrogen
molecule. (b) Electron distribution in the H 2
molecule.

G O  F I G U R E

What would happen to the magni-
tudes of the attractions and
repulsions represented in (a) if the
nuclei were farther apart?

Check The ionic charges we predict here are confirmed in Tables 2.4 and 2.5.

PRACTICE EXERCISE
Predict the charges on the ions formed when magnesium reacts with nitrogen.
Answer: and

Transition-Metal Ions
Because ionization energies increase rapidly for each successive electron removed, the
lattice energies of ionic compounds are generally large enough to compensate for the
loss of up to only three electrons from atoms. Thus, we find cations with charges of ,

, or in ionic compounds. Most transition metals, however, have more than three
electrons beyond a noble-gas core. Silver, for example, has a [Kr]4d105s1 electron config-
uration. Metals of group 1B (Cu, Ag, Au) often occur as ions (as in CuBr and AgCl).
In forming , the 5selectron is lost, leaving a completely filled 4d subshell. As in this
example, transition metals generally do not form ions that have a noble-gas configura-
tion. The octet rule, although useful, is clearly limited in scope.

Recall from Section 7.4 that when a positive ion forms from an atom, electrons are
always lost first from the subshell having the largest value ofn. Thus,in forming ions,
transition metals lose the valence-shellselectrons first, then as manyd electrons as required
to reach the charge of the ion. For instance, in forming from Fe, which has the elec-
tron configuration [Ar]3d64s2, the two 4s electrons are lost, leading to an [Ar]3d6

configuration. Removal of an additional electron gives , whose electron configura-
tion is [Ar]3d5.

G I V E  I T  S O M E  T H O U G H T

Which element forms a ion that has the electron configuration [Kr]4 d6?

8.3 | COVALENT BONDING
The vast majority of chemical substances do not have the characteristics of ionic mate-
rials. Most of the substances with which we come into daily contact„such as
water„tend to be gases, liquids, or solids with low melting points. Many, such as gaso-
line, vaporize readily. Many are pliable in their solid forms„for example, plastic bags
and paraffin.

For the very large class of substances that do not behave like ionic substances, we
need a different model for the bonding between atoms. G. N. Lewis reasoned that atoms
might acquire a noble-gas electron configuration by sharing electrons with other atoms.
A chemical bond formed by sharing a pair of electrons is a covalent bond.

The hydrogen molecule, H2, provides the simplest example of a covalent bond.
When two hydrogen atoms are close to each other, the two positively charged nuclei
repel each other, the two negatively charged electrons repel each other, and the nuclei
and electrons attract each other, as shown in � FIGURE 8.6(a). Because the molecule is
stable, we know that the attractive forces must overcome the repulsive ones. Let•s take a
closer look at the attractive forces that hold this molecule together.

By using quantum mechanical methods analogous to those used for atoms in
Section 6.5, we can calculate the distribution of electron density in molecules. Such a
calculation for H2 shows that the attractions between the nuclei and the electrons cause
electron density to concentrate between the nuclei, as shown in Figure 8.6(b). As a re-
sult, the overall electrostatic interactions are attractive. Thus, the atoms in H2 are held
together principally because the two positive nuclei are attracted to the concentration of
negative charge between them. In essence, the shared pair of electrons in any covalent
bond acts as a kind of •glueŽ to bind atoms together.

3+

Fe3+

Fe2+

Ag+
1+

3+2+
1+

N3-Mg2+
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G I V E  I T  S O M E  T H O U G H T

Ionizing an H2 molecule to changes the strength of the bond. Based on the
description of covalent bonding given previously, do you expect the bond
in to be weaker or stronger than the bond in H 2?

Lewis Structures
The formation of covalent bonds can be represented with Lewis symbols. The formation
of the H2 molecule from two H atoms, for example, can be represented as

In forming the covalent bond, each hydrogen atom acquires a second electron, achieving
the stable, two-electron, noble-gas electron configuration of helium.

Formation of a covalent bond between two Cl atoms to give a Cl2 molecule can be
represented in a similar way:

By sharing the bonding electron pair, each chlorine atom has eight electrons (an octet)
in its valence shell, thus achieving the noble-gas electron configuration of argon.

The structures shown here for H2 and Cl2 are called either Lewis structures or
Lewis electron-dot structures. In writing Lewis structures, we usually show each shared
electron pair as a line and any unshared electron pairs as dots. Written this way, the
Lewis structures for H2 and Cl2 are

For nonmetals, the number of valence electrons in a neutral atom is the same as the
group number. Therefore, one might predict that 7A elements, such as F, would form
one covalent bond to achieve an octet; 6A elements, such as O, would form two covalent
bonds; 5A elements, such as N, would form three; and 4A elements, such as C, would
form four. These predictions are borne out in many compounds, as in, for example, the
compounds with hydrogen of the nonmetals of the second row of the periodic table:

SAMPLE EXERCISE 8.3 Lewis Structure of a Compound

Given the Lewis symbols for nitrogen and fluorine in Table 8.1, predict the formula of the sta-
ble binary compound (a compound composed of two elements) formed when nitrogen reacts
with fluorine and draw its Lewis structure.

SOLUTION
Analyze The Lewis symbols for nitrogen and fluorine reveal that nitrogen has five valence
electrons and fluorine has seven.

Plan We need to find a combination of the two elements that results in an octet of electrons
around each atom. Nitrogen requires three additional electrons to complete its octet, and flu-
orine requires one. Sharing a pair of electrons between one N atom and one F atom will result
in an octet of electrons for fluorine but not for nitrogen. We therefore need to figure out a way
to get two more electrons for the N atom.

Solve Nitrogen must share a pair of electrons with three fluorine atoms to complete its octet.
Thus, the binary compound these two elements form must be NF3:

F FF F
F

F

NN F3� N

H F H

H

O H H

H

N H H

H

H

C

Cl ClH H

Cl � ClCl Cl

H H H H�

H ¬ HH2
+

H ¬ H
H2

+



N ¬ N N • N N ‘ N

1.47 Å 1.24 Å 1.10 Å
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Check The Lewis structure in the center shows that each atom is surrounded by an octet of
electrons. Once you are accustomed to thinking of each line in a Lewis structure as represent-
ing twoelectrons, you can just as easily use the structure on the right to check for octets.

PRACTICE EXERCISE
Compare the Lewis symbol for neon with the Lewis structure for methane, CH4. In what
important way are the electron arrangements about neon and carbon alike? In what important
way are they different?
Answer: Both atoms have an octet of electrons. However, the electrons about neon are
unshared electron pairs, whereas those about carbon are shared with four hydrogen atoms.

Multiple Bonds
A shared electron pair constitutes a single covalent bond, generally referred to simply as
a single bond . In many molecules, atoms attain complete octets by sharing more than
one pair of electrons. When two electron pairs are shared, two lines are drawn in the
Lewis structure, representing a double bond . In carbon dioxide, for example, bonding
occurs between carbon, with four valence electrons, and oxygen, with six:

As the diagram shows, each oxygen atom acquires an octet by sharing two electron pairs
with carbon. Carbon acquires an octet by sharing two electron pairs with each of the
two oxygen atoms; each double bond involves four electrons.

A triple bond corresponds to the sharing of three pairs of electrons, such as in the
N2 molecule:

Because each nitrogen atom has five valence electrons, three electron pairs must be
shared to achieve the octet configuration.

The properties of N2 are in complete accord with its Lewis structure. Nitrogen is a
diatomic gas with exceptionally low reactivity that results from the very stable nitrogen…
nitrogen bond. The nitrogen atoms are separated by only 1.10 Å. The short separation
distance between the two N atoms is a result of the triple bond between the atoms. From
studies of the structures of many different substances in which nitrogen atoms share one
or two electron pairs, we have learned that the average distance between bonded nitro-
gen atoms varies with the number of shared electron pairs:

N N N N (or  N    N )�

� �O OC O C O (or  O     C     O)

As a general rule, the length of the bond between two atoms decreases as the num-
ber of shared electron pairs increases.

G I V E  I T  S O M E  T H O U G H T

The bond length in carbon monoxide, CO, is 1.13 Å, whereas the 
bond length in CO2 is 1.24 Å. Without drawing a Lewis structure, do you think
that CO contains a single, double, or triple bond?

8.4 | BOND POLARITY AND
ELECTRONEGATIVITY

When two identical atoms bond, as in Cl2 or H2, the electron pairs must be shared
equally. When two atoms from opposites sides of the periodic table bond, such as NaCl,
there is relatively little sharing of electrons, which means that NaCl is best described as
composed of and ions. The 3selectron of the Na atom is, in effect, transferredCl-Na+

C ¬ OC ¬ O
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completely to chlorine. The bonds that are found in most substances fall somewhere
between these extremes.

Bond polarity is a measure of how equally or unequally the electrons in any cova-
lent bond are shared. A nonpolar covalent bond is one in which the electrons are
shared equally, as in Cl2 and N2. In a polar covalent bond , one of the atoms exerts a
greater attraction for the bonding electrons than the other. If the difference in relative
ability to attract electrons is large enough, an ionic bond is formed.

Electronegativity
We use a quantity called electronegativity to estimate whether a given bond is nonpolar
covalent, polar covalent, or ionic.Electronegativity is defined as the ability of an atom
in a moleculeto attract electrons to itself. The greater an atom•s electronegativity, the
greater its ability to attract electrons to itself. The electronegativity of an atom in a mol-
ecule is related to the atom•s ionization energy and electron affinity, which are
properties of isolated atoms. An atom with a very negative electron affinity and a high
ionization energy both attracts electrons from other atoms and resists having its elec-
trons attracted away; it is highly electronegative.

Electronegativity values can be based on a variety of properties, not just ionization
energy and electron affinity. The American chemist Linus Pauling (1901…1994) developed
the first and most widely used electronegativity scale, which is based on thermochemical
data. As � FIGURE 8.7 shows, there is generally an increase in electronegativity from
left to right across a period……that is, from the most metallic to the most nonmetallic
elements. With some exceptions (especially in the transition metals), electronegativity
decreases with increasing atomic number in a group. This is what we expect because we
know that ionization energies decrease with increasing atomic number in a group and
electron affinities do not change very much.

You do not need to memorize electronegativity values. Instead, you should know the
periodic trends so that you can predict which of two elements is more electronegative.

G I V E  I T  S O M E  T H O U G H T

How does the electronegativity of an element differ from its electron affinity?

Increasing electronegativity
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� FIGURE 8.7 Electronegativity values
based on Pauling•s thermochemical data.

G O  F I G U R E

For the group 6A elements, what is the trend in electronegativity with 
increasing atomic number?
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Electronegativity and Bond Polarity
We can use the difference in electronegativity between two atoms to gauge the polarity
of the bond the atoms form. Consider these three fluorine-containing compounds:

In F2 the electrons are shared equally between the fluorine atoms and, thus, the co-
valent bond is nonpolar. A nonpolar covalent bond results when the electronegativities
of the bonded atoms are equal.

In HF the fluorine atom has a greater electronegativity than the hydrogen atom,
with the result that the electrons are shared unequally„the bond is polar. In general, a
polar covalent bond results when the atoms differ in electronegativity. In HF the more
electronegative fluorine atom attracts electron density away from the less electronega-
tive hydrogen atom, leaving a partial positive charge on the hydrogen atom and a partial
negative charge on the fluorine atom. We can represent this charge distribution as

The and (read •delta plusŽ and •delta minusŽ) symbolize the partial positive and
negative charges, respectively.

In LiF the electronegativity difference is very large, meaning that the electron den-
sity is shifted far toward F. The resultant bond is therefore most accurately described as
ionic.

The shift of electron density toward the more electronegative atom in a bond can
be seen in the results of calculations of electron density distributions. For the three
species in our example, the calculated electron density distributions are shown in
� FIGURE 8.8. You can see that in F2 the distribution is symmetrical, in HF the elec-
tron density is clearly shifted toward fluorine, and in LiF the shift is even greater.
These examples illustrate, therefore, that the greater the difference in electronegativity
between two atoms, the more polar their bond.

d-d+

H
d+

¬ F
d-

F2 HF LiF
Electronegativity difference4.0 - 4.0 = 0 4.0 - 2.1 = 1.9 4.0 - 1.0 = 3.0
Type of bond Nonpolar covalent Polar covalent Ionic

F2 LiFHF

� FIGURE 8.8 Electron density distribution. This computer-generated rendering shows the
calculated electron-density distribution on the surface of the F 2, HF, and LiF molecules.

SAMPLE EXERCISE 8.4 Bond Polarity

In each case, which bond is more polar:(a) or , (b) or ? Indicate
in each case which atom has the partial negative charge.

SOLUTION
Analyze We are asked to determine relative bond polarities, given nothing but the atoms
involved in the bonds.

P¬ ClP¬ FC¬ ClB¬ Cl

G I V E  I T  S O M E  T H O U G H T

Based on differences in electronegativity, how would you characterize the
bonding in sulfur dioxide, SO 2? Do you expect the bonds between S and O
to be nonpolar, polar covalent, or ionic?
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Plan Because we are not asked for quantitative answers, we can use the periodic table and our
knowledge of electronegativity trends to answer the question.

Solve
(a) The chlorine atom is common to both bonds. Therefore, the analysis reduces to a compar-
ison of the electronegativities of B and C. Because boron is to the left of carbon in the periodic
table, we predict that boron has the lower electronegativity. Chlorine, being on the right side of
the table, has a higher electronegativity. The more polar bond will be the one between the
atoms having the lowest electronegativity (boron) and the highest electronegativity (chlorine).
Consequently, the bond is more polar; the chlorine atom carries the partial negative
charge because it has a higher electronegativity.
(b) In this example phosphorus is common to both bonds, and the analysis reduces to a com-
parison of the electronegativities of F and Cl. Because fluorine is above chlorine in the periodic
table, it should be more electronegative and will form the more polar bond with P. The higher
electronegativity of fluorine means that it will carry the partial negative charge.

Check
(a) Using Figure 8.7: The difference in the electronegativities of chlorine and boron is

the difference between chlorine and carbon is Hence, the
bond is more polar, as we had predicted.

(b) Using Figure 8.7: The difference in the electronegativities of chlorine and phosphorus is
the difference between fluorine and phosphorus is Hence,

the bond is more polar, as we had predicted.

PRACTICE EXERCISE
Which of the following bonds is most polar: , , , or ?
Answer: Se¬ Cl

Se¬ BrSe¬ ClS¬ BrS¬ Cl

P¬ F
4.0 - 2.1 = 1.9.3.0 - 2.1 = 0.9;

B¬ Cl
3.0 - 2.5 = 0.5.3.0 - 2.0 = 1.0;

B¬ Cl

Dipole Moments
The difference in electronegativity between H and F leads to a polar covalent bond in
the HF molecule. As a consequence, there is a concentration of negative charge on the
more electronegative F atom, leaving the less electronegative H atom at the positive end
of the molecule. A molecule such as HF, in which the centers of positive and negative
charge do not coincide, is a polar molecule . Thus, we describe both bonds and entire
molecules as being polar and nonpolar.

We can indicate the polarity of the HF molecule in two ways:

In the notation on the right, the arrow denotes the shift in electron density toward the
fluorine atom. The crossed end of the arrow can be thought of as a plus sign designating
the positive end of the molecule.

Polarity helps determine many properties we observe at the macroscopic level in
the laboratory and in everyday life. Polar molecules align themselves with respect to one
another, with the negative end of one molecule and the positive end of another attract-
ing each other. Polar molecules are likewise attracted to ions. The negative end of a polar
molecule is attracted to a positive ion, and the positive end is attracted to a negative ion.
These interactions account for many properties of liquids, solids, and solutions, as you
will see in Chapters 11, 12, and 13.

How can we quantify the polarity of a molecule? Whenever two electrical charges
of equal magnitude but opposite sign are separated by a distance, a dipole is estab-
lished. The quantitative measure of the magnitude of a dipole is called its dipole
moment , denoted . If two equal and opposite charges and are separated by
a distance r, as in � FIGURE 8.9, the magnitude of the dipole moment is the product
of Q andr:

[8.11]m = Qr

Q-Q+m

H
d+

¬ F
d-
 or H ¬ F

?:

Q�

r

Dipole moment m� Qr

Q�

� FIGURE 8.9 Dipole and dipole
moment. When charges of equal magnitude
and opposite sign and are separated
by a distance r, a dipole is produced.

Q-Q+

G O  F I G U R E

If the charged particles are moved
closer together, does mincrease,
decrease, or stay the same?
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This expression tells us that dipole moment increases as the magnitude ofQ increases
and as r increases. For a nonpolar molecule, such as F2, the dipole moment is zero be-
cause there is no charge separation.

G I V E  I T  S O M E  T H O U G H T

Chlorine monofluoride, ClF, and iodine monofluoride, IF, are interhalogen
compounds„compounds that contain bonds between different halogen
elements. Which of these molecules has the larger dipole moment?

Dipole moments are usually reported in debyes(D), a unit that equals 
coulomb-meters (C-m). For molecules, we usually measure charge in units of the electronic
charge e, , and distance in angstroms. This means we need to convert units
whenever we want to report a dipole moment in debyes. Suppose that two charges and

(in units ofe) are separated by 1.00 Å. The dipole moment produced is

Measurement of the dipole moments can provide us with valuable information about
the charge distributions in molecules, as illustrated in Sample Exercise 8.5.

m = Qr = (1.60 * 10- 19C)(1.00 Å)¢
10- 10m

1 Å
� ¢

1 D

3.34 * 10- 30C-m
� = 4.79 D

1-
1+

1.60 * 10- 19 C

3.34 * 10- 30

SAMPLE EXERCISE 8.5 Dipole Moments of Diatomic Molecules

The bond length in the HCl molecule is 1.27 Å.(a)Calculate the dipole moment, in debyes, that results if the
charges on the H and Cl atoms were and , respectively.(b) The experimentally measured dipole mo-
ment of HCl(g) is 1.08 D. What magnitude of charge, in units ofe,on the H and Cl atoms leads to this dipole
moment?

SOLUTION

1-1+

Solve:
(a) The charge on each atom is the electronic charge,

The separation is 1.27 Å. The
dipole moment is therefore
e = 1.60 * 10- 19 C. m = Qr = (1.60 * 10- 19C)(1.27 Å)¢

10- 10 m

1 Å
� ¢

1 D

3.34 * 10- 30C-m
� = 6.08 D

(b) We know the value of , 1.08 D, and the value of
r, 1.27 Å. We want to calculate the value ofQ:

m
Q =

m

r
=

(1.08 D)¢
3.34 * 10- 30C-m

1 D
�

(1.27 Å)¢
10- 10 m

1 Å
�

= 2.84 * 10- 20C

We can readily convert this charge to units ofe: Charge in e = (2.84 * 10- 20 C)¢
1 e

1.60 * 10- 19C
� = 0.178e

Thus, the experimental dipole moment indicates that
the charge separation in the HCl molecule is H

0.178+
¬ Cl

0.178-

Because the experimental dipole moment is less than that calculated
in part (a), the charges on the atoms are much less than a full elec-

tronic charge. We could have anticipated this because the 
bond is polar covalent rather than ionic.

H ¬ Cl

Analyze and Plan We are asked in (a) to calculate the dipole mo-
ment of HCl that would result if there were a full charge transferred
from H to Cl. We can use Equation 8.11 to obtain this result. In (b),

we are given the actual dipole moment for the molecule and will use
that value to calculate the actual partial charges on the H and Cl
atoms.

PRACTICE EXERCISE
The dipole moment of chlorine monofluoride, ClF(g), is 0.88 D. The bond length of the molecule is 1.63 Å.
(a) Which atom is expected to have the partial negative charge? (b) What is the charge on that atom in units
of e?

Answers: (a) F,(b) 0.11-
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� TABLE 8.3 presents the bond lengths and dipole moments of the hydrogen
halides. Notice that as we proceed from HF to HI, the electronegativity difference de-
creases and the bond length increases. The first effect decreases the amount of charge
separated and causes the dipole moment to decrease from HF to HI, even though the
bond length is increasing. Calculations identical to those used in Sample Exercise 8.5
show that the charges on the atoms decrease from and in HF to 0.057+
and 0.057- in HI. We can visualize the varying degree of electronic charge shift in these
substances from computer-generated renderings based on calculations of electron dis-
tribution, as shown in � FIGURE 8.10. For these molecules, the change in the
electronegativity difference has a greater effect on the dipole moment than does the
change in bond length.

G I V E  I T  S O M E  T H O U G H T

The bond between carbon and hydrogen is one of the most important types of
bonds in chemistry. The length of a bond is approximately 1.1 Å. Based on
this distance and differences in electronegativity, do you expect the dipole moment
of an individual bond to be larger or smaller than that of the bond?

Before leaving this section, let•s return to the LiF molecule in Figure 8.8. Under
standard conditions, LiF exists as an ionic solid with an arrangement of atoms analo-
gous to the sodium chloride structure shown in Figure 8.3. However, it is possible to
generate LiF moleculesby vaporizing the ionic solid at high temperature. The molecules
have a dipole moment of 6.28 D and a bond distance of 1.53 Å. From these values we
can calculate the charge on lithium and fluorine to be and , respectively.
This bond is extremely polar, and the presence of such large charges strongly favors the
formation of an extended ionic lattice in which each lithium ion is surrounded by fluo-
ride ions and vice versa.

0.857-0.857+

H ¬ IH ¬ C

H ¬ C

0.41-0.41+

HF HCl HBr HI

� FIGURE 8.10 Charge separation in the hydrogen halides. In HF, the strongly 
electronegative F pulls much of the electron density away from H. In HI, the I, being much less 
electronegative than F, does not attract the shared electrons as strongly and, consequently, there 
is far less polarization of the bond.

G O  F I G U R E

How do you interpret the fact that there is no red in the HBr and HI 
representations?

TABLE 8.3 € Bond Lengths, Electronegativity Differences, and Dipole
Moments of the Hydrogen Halides

Compound Bond Length (Å)
Electronegativity
Difference Dipole Moment (D)

HF 0.92 1.9 1.82
HCl 1.27 0.9 1.08
HBr 1.41 0.7 0.82
HI 1.61 0.4 0.44
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Differentiating Ionic and Covalent Bonding
To understand the interactions responsible for chemical bonding, it is advantageous to treat
ionic and covalent bonding separately. That is the approach taken in this chapter, as well as
in most other undergraduate-level chemistry texts. In reality, however, there is a continuum
between the extremes of ionic and covalent bonding. This lack of a well-defined separation
between the two types of bonding may seem unsettling or confusing at first.

The simple models of ionic and covalent bonding presented in this chapter go a
long way toward understanding and predicting the structures and properties of chemi-
cal compounds. When covalent bonding is dominant, more often than not we expect
compounds to exist as molecules,* having all the properties we associate with molecular
substances, such as relatively low melting and boiling points and nonelectrolyte behav-
ior when dissolved in water. When ionic bonding is dominant, we expect the
compounds to be brittle, high-melting solids with extended lattice structures and ex-
hibiting strong electrolyte behavior when dissolved in water.

There are, of course, exceptions to these general characterizations, some of which
we examine later in the book. Nonetheless, the ability to quickly categorize the predom-
inant bonding interactions in a substance as covalent or ionic imparts considerable
insight into the properties of that substance. The question then becomes the best way to
recognize which type of bonding dominates.

The simplest approach is to assume that the interaction between a metal and a non-
metal is ionic and that between two nonmetals is covalent. While this classification
scheme is reasonably predictive, there are far too many exceptions to use it blindly. For
example, tin is a metal and chlorine is a nonmetal, but SnCl4 is a molecular substance
that exists as a colorless liquid at room temperature. It freezes at and boils
at . Clearly this substance does not have the characteristics of an ionic substance.
A more sophisticated approach is to use the difference in electronegativity as the main
criterion for determining whether ionic or covalent bonding will be dominant. This ap-
proach correctly predicts the bonding in SnCl4 to be polar covalent based on an
electronegativity difference of 1.2 and at the same time correctly predicts the bonding in
NaCl to be predominantly ionic based on an electronegativity difference of 2.1.

Evaluating bonding based on electronegativity difference is a useful system, but it
has one shortcoming. The electronegativity values given in Figure 8.7 do not take into
account changes in bonding that accompany changes in the oxidation state of the metal.
For example, Figure 8.7 gives the electronegativity difference between manganese and
oxygen as , which falls in the range where the bonding is normally con-
sidered ionic (the electronegativity difference for NaCl is 3.0 0.9 2.1). Therefore, it
is not surprising to learn that manganese(II) oxide, MnO, is a green solid that melts at

and has the same crystal structure as NaCl.
However, the bonding between manganese and oxygen is not always ionic. Man-

ganese(VII) oxide, Mn2O7, is a green liquid that freezes at , which indicates that
covalent rather than ionic bonding dominates. The change in the oxidation state of
manganese is responsible for the change in bonding. In general, as the oxidation state of
a metal increases, so does the degree of covalent bonding. When the oxidation state of
the metal is highly positive (roughly speaking, or larger), we should expect signifi-
cant covalency in the bonds it forms with nonmetals. Thus, with metals in high
oxidation states we find molecular substances, such as Mn2O7, or polyatomic ions, such
as and , rather than ionic compounds.

G I V E  I T  S O M E  T H O U G H T

You have a yellow solid that melts at and boils at and a green solid
that melts at . If you are told that one of them is Cr 2O3 and the other is
OsO4, which one do you expect to be the yellow solid?

2320 °C
131 °C41 °C

CrO4
2-MnO4

-

+4

5.9°C

1842°C

=-
3.5 - 1.5 = 2.0

114°C
- 33°C

*There are some exceptions to this statement, such as network solids, including diamond, silicon, and germa-
nium, where an extended structure is formed even though the bonding is clearly covalent. These examples are
discussed in Section 12.7.
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8.5 | DRAWING LEWIS STRUCTURES
Lewis structures can help us understand the bonding in many compounds and are fre-
quently used when discussing the properties of molecules. For this reason, drawing
Lewis structures is an important skill that you should practice. To do so, you should use
the following procedure.

1. Sum the valence electrons from all atoms.(Use the periodic table to help you
determine the number of valence electrons in each atom.) For an anion, add one
electron to the total for each negative charge. For a cation, subtract one electron
from the total for each positive charge. Do not worry about keeping track of
which electrons come from which atoms. Only the total number is important.

2. Write the symbols for the atoms, show which atoms are attached to which, and
connect them with a single bond (a dash, representingtwo electrons). Chemical
formulas are often written in the order in which the atoms are connected in the
molecule or ion. The formula HCN, for example, tells you that the carbon atom is
bonded to the H and to the N. In many polyatomic molecules and ions, the central
atom is usually written first, as in and SF4. Remember that the central atom
is generally less electronegative than the atoms surrounding it. In other cases, you
may need more information before you can draw the Lewis structure.

3. Complete the octets around all the atoms bonded to the central atom.Remember,
however, that a hydrogen atom has only a single pair of electrons around it.

4. Place any leftover electrons on the central atom,even if doing so results in
more than an octet of electrons around the atom.

5. If there are not enough electrons to give the central atom an octet, try multiple
bonds. Use one or more of the unshared pairs of electrons on the atoms bonded
to the central atom to form double or triple bonds.

CO3
2-

SAMPLE EXERCISE 8.6 Drawing a Lewis Structure

Draw the Lewis structure for phosphorus trichloride, PCl3.

SOLUTION

Analyze and Plan We are asked to draw a Lewis structure from a molecular formula.
Our plan is to follow the five-step procedure just described.

Solve
First, we sum the valence electrons. Phosphorus (group 5A) has five
valence electrons, and each chlorine (group 7A) has seven. The total
number of valence electrons is therefore 5+ (3 * 7) = 26

Second, we arrange the atoms to show which atom is connected to
which, and we draw a single bond between them. There are various
ways the atoms might be arranged. In binary compounds, however,
the first element in the chemical formula is generally surrounded by
the remaining atoms. Thus, we begin with a skeleton structure that
shows a single bond between the P atom and each Cl atom: Cl

Cl ClP

(It is not crucial that the Cl atoms be left of, right of, and below the P
atom„any structure that shows each of the three Cl atoms bonded to
P will work.)

Third, we complete the octets on the atoms bonded to the central
atom. Placing octets around each Cl atom accounts for 24 electrons
(remember, each line in our structure represents twoelectrons): Cl

Cl ClP

Fourth, recalling that our total number of electrons is 26, we place the
remaining two electrons on the central atom, completing the octet
around it: Cl

Cl ClP

This structure gives each atom an octet, so we stop at this point. (In checking for octets,
remember to count both electrons in a single bond twice, once for each atom in the bond.)
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SAMPLE EXERCISE 8.7 Lewis Structure with a Multiple Bond

Draw the Lewis structure for HCN.

SOLUTION
Hydrogen has one valence electron, carbon (group 4A) has four, and nitrogen (group 5A) has
five. The total number of valence electrons is, therefore, . In principle, there
are different ways in which we might choose to arrange the atoms. Because hydrogen can ac-
commodate only one electron pair, it always has only one single bond associated with it.
Therefore, is an impossible arrangement. The remaining two possibilities are

and . The first is the arrangement found experimentally. You might
have guessed this because (a) the formula is written with the atoms in this order and (b) car-
bon is less electronegative than nitrogen. Thus, we begin with the skeleton structure

The two bonds account for four electrons. The H atom can have only two electrons associated
with it, and so we will not add any more electrons to it. If we place the remaining six electrons
around N to give it an octet, we do not achieve an octet on C:

We therefore try a double bond between C and N, using one of the unshared pairs we placed
on N. Again we end up with fewer than eight electrons on C, and so we next try a triple bond.
This structure gives an octet around both C and N:

The octet rule is satisfied for the C and N atoms, and the H atom has two electrons around it.
This is a correct Lewis structure.

PRACTICE EXERCISE
Draw the Lewis structure for (a) ion, (b) C2H4.

Answers: (a) , (b)
H

H

H

H
CC[� N ‘ O� ]+

NO+

CH N CH N

NH C

H ¬ C¬ N

H ¬ N ¬ CH ¬ C¬ N
C¬ H ¬ N

1 + 4 + 5 = 10

SAMPLE EXERCISE 8.8 Lewis Structure for a Polyatomic Ion

Draw the Lewis structure for the ion.

SOLUTION
Bromine (group 7A) has seven valence electrons, and oxygen (group 6A) has six. We must add
one more electron to our sum to account for the charge of the ion. The total number of va-
lence electrons is, therefore, . For oxyanions„ , , ,

, and so forth„the oxygen atoms surround the central nonmetal atom. After following
this format and then putting in the single bonds and distributing the unshared electron pairs,
we have

�
OO

O

Br

CO3
2-

NO3
-SO4

2-BrO3
-7 + (3 * 6) + 1 = 26

1-

BrO3
-

PRACTICE EXERCISE

(a) How many valence electrons should appear in the Lewis structure for CH2Cl2?
(b) Draw the Lewis structure.

Answers: (a) 20,(b)

H

H

CCl Cl
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Notice that the Lewis structure for an ion is written in brackets and the charge is shown out-
side the brackets at the upper right.

PRACTICE EXERCISE
Draw the Lewis structure for (a) , (b) .

Answers:

Formal Charge and Alternative Lewis Structures
When we draw a Lewis structure, we are describing how the electrons are distributed in
a molecule or polyatomic ion. In some instances we can draw more than one Lewis
structure and have all of them obey the octet rule. All these structures can be thought of
as contributing to the actualarrangement of the electrons in the molecule, but not all of
them will contribute to the same extent. How do we decide which of several Lewis struc-
tures is the most important? One approach is to do some •bookkeepingŽ of the valence
electrons to determine the formal chargeof each atom in each Lewis structure. The
formal charge of any atom in a molecule is the charge the atom would have if all the
atoms in the molecule had the same electronegativity (that is, if each bonding electron
pair in the molecule were shared equally between its two atoms).

To calculate the formal charge on any atom in a Lewis structure, we assign electrons
to the atom as follows:

1. All unshared (nonbonding) electrons are assigned to the atom on which they are
found.

2. For any bond„single, double, or triple„halfof the bonding electrons are assigned
to each atom in the bond.

The formal charge of each atom is calculated by subtracting the number of electrons
assigned to the atom from the number of valence electrons in the neutral atom.

Let•s practice by calculating the formal charges in the cyanide ion, , which has
the Lewis structure

For the C atom, there are two nonbonding electrons and three electrons from the six in
the triple bond for a total of five. The number of valence electrons on a
neutral C atom is four. Thus, the formal charge on C is . For N, there are
two nonbonding electrons and three electrons from the triple bond. Because the num-
ber of valence electrons on a neutral N atom is five, its formal charge is :

Notice that the sum of the formal charges equals the overall charge on the ion, . The
formal charges on a neutral molecule must add to zero, whereas those on an ion add to
give the charge on the ion.

If we can draw several Lewis structures for a molecule, the concept of formal charge can
help us decide which is the most important, which we shall call the dominantLewis struc-
ture. One Lewis structure for CO2 , for instance, has two double bonds, as we saw on page
298. However, we can also satisfy the octet rule by drawing a Lewis structure having one sin-
gle bond and one triple bond. Calculating formal charges in these structures, we have

�

OO

46 6 46 6
46 6 47 5
00

Valence electrons:
� (Electrons assigned to atom):

Formal charge: 0 01 1

CO CO

�

1-

[� C
- 1

‘ N
0
� ] -

5 - 5 = 0

4 - 5 = - 1
(1
2 * 6 = 3)

[� C‘ N� ] -

CN-

O(b)(a) O

O

O

P

3�

OO Cl
�

PO4
3-ClO2

-
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Note that in both cases the formal charges add up to zero, as they must because CO2 is a
neutral molecule. So, which is the more correct structure? As a general rule, when more
than one Lewis structure is possible, we will use the following guidelines to choose the
dominant one:

1. The dominant Lewis structure is generally the one in which the atoms bear for-
mal charges closest to zero.

2. A Lewis structure in which any negative charges reside on the more electronegative
atoms is generally more dominant than one that has negative charges on the less
electronegative atoms.

Thus, the first Lewis structure of CO2 is the dominant one because the atoms carry no
formal charges and so satisfy the first guideline. The other Lewis structure shown (and
the similar one that has a triple bond to the left O and a single bond to the right O) do
contribute to the actual structure but to a much smaller extent.

Although the concept of formal charge helps us to arrange alternative Lewis struc-
tures in order of importance, it is important that you remember that formal charges do
not represent real charges on atoms. These charges are just a bookkeeping convention.
The actual charge distributions in molecules and ions are determined not by formal
charges but by a number of other factors, including electronegativity differences be-
tween atoms.

G I V E  I T  S O M E  T H O U G H T

Suppose a Lewis structure for a neutral fluorine-containing molecule results in a
formal charge on the fluorine atom of . What conclusion would you draw?+1

SAMPLE EXERCISE 8.9 Lewis Structures and Formal Charges

Three possible Lewis structures for the thiocyanate ion, , are

(a) Determine the formal charges in each structure.(b) Based on the formal charges, which
Lewis structure is the dominant one?

SOLUTION
(a) Neutral N, C, and S atoms have five, four, and six valence electrons, respectively. We can de-
termine the formal charges in the three structures by using the rules we just discussed:

As they must, the formal charges in all three structures sum to , the overall charge of the ion.
(b) The dominant Lewis structure generally produces formal charges of the smallest magni-
tude (guideline 1). That rules out the left structure as the dominant one. Further, as discussed
in Section 8.4, N is more electronegative than C or S. Therefore, we expect any negative formal
charge to reside on the N atom (guideline 2). For these two reasons, the middle Lewis structure
is the dominant one for .

PRACTICE EXERCISE
The cyanate ion, NCO- , has three possible Lewis structures.(a) Draw these three structures
and assign formal charges in each.(b) Which Lewis structure is dominant?

Answers: (a)

(b) Structure (iii), which places a negative charge on oxygen, the most electronegative element
in the ion, is the dominant Lewis structure.

O[ ]CN N O[ ]CNO[ ]C

(i) (iii)(ii)

2 0 0 00 01 1 1�� � �

� � �

NCS-

1-

S[ ]CN N S[ ]CNS[ ]C

2 0 0 00 01 1 1�� � �

� � �

S[ ]CN N S[ ]CNS[ ]C ���

NCS-
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8.6 | RESONANCE STRUCTURES
We sometimes encounter molecules and ions in which the experimentally determined
arrangement of atoms is not adequately described by a single dominant Lewis structure.
Consider ozone, O3, which is a bent molecule with two equal bond lengths
(� FIGURE 8.12). Because each oxygen atom contributes 6 valence electrons, the ozone
molecule has 18 valence electrons. This means the Lewis structure must have one

single bond and one double bond to attain an octet about each atom:

However, this single structure cannot by itself be dominant because it requires that one
bond be different from the other, contrary to the observed structure„we would

expect the double bond to be shorter than the single bond.€ (Section
8.3)In drawing the Lewis structure, however, we could just as easily have put the 
bond on the left:

O
O O

O• O
O¬ OO• O

O¬ O

O
O O

O• OO¬ O

O¬ O

It seems reasonable that electrons in covalent bonds should be ap-
portioned according to the relative electronegativities of the bonded
atoms. From Figure 8.7 we see that Cl has an electronegativity of 3.0,
while that of H is 2.1. The more electronegative Cl atom might there-
fore be expected to have roughly of the
electrical charge in the bonding pair, whereas the H atom has

of the charge. Because the bond consists of
two electrons, the Cl atom•s share is , or 0.18e
more than the neutral Cl atom. This gives rise to a partial negative
charge of on Cl and a partial positive charge of on H.
(Notice again that we place the plus and minus signs beforethe mag-
nitude in writing oxidation numbers and formal charges but afterthe
magnitude in writing actual charges.)

The dipole moment of HCl gives an experimental measure of the
partial charge on each atom. In Sample Exercise 8.5 we saw that the di-
pole moment of HCl indicates a partial charge of on H and

on Cl, in remarkably good agreement with our simple approx-
imation based on electronegativities. Although our approximation
method provides •ballparkŽ numbers for the magnitude of charge on
atoms, the relationship between electronegativities and charge separa-
tion is generally more complicated. As we have already seen, computer
programs employing quantum mechanical principles have been devel-
oped to obtain more accurate estimates of the partial charges on
atoms, even in complex molecules. A computer-graphical representa-
tion of the charge distribution in HCl is shown in Figure 8.11(c).

RELATED EXERCISES8.8, 8.49, 8.50, 8.51, 8.52, 8.86, 8.87, 8.90, and 8.91

0.178-
0.178+

0.18+0.18-

0.59 * 2e = 1.18e
2.1>(3.0 + 2.1) = 0.41

3.0>(3.0 + 2.1) = 0.59

OXIDATION NUMBERS, FORMAL
CHARGES, AND ACTUAL PARTIAL

CHARGES

In Chapter 4 we introduced the rules for assigning
oxidation numbersto atoms. The concept of elec-
tronegativity is the basis of these numbers. An

atom•s oxidation number is the charge the atom would have if its
bonds were completely ionic. That is, in determining oxidation num-
ber, all shared electrons are counted with the more electronegative
atom. For example, consider the Lewis structure of HCl in
� FIGURE 8.11(a). To assign oxidation numbers, both electrons in
the covalent bond between the atoms are assigned to the more elec-
tronegative Cl atom. This procedure gives Cl eight valence electrons,
one more than in the neutral atom. Thus, its oxidation number is .
Hydrogen has no valence electrons when they are counted this way,
giving it an oxidation number of .

To assign formal charges in this molecule, we ignore electroneg-
ativity and assign the electrons in bonds equally to the two bonded
atoms. In the case of HCl, we divide the bonding pair of electrons
equally between H and Cl, as in Figure 8.11(b). In this case Cl has
seven assigned electrons, the same as that of the neutral Cl atom, and
H has one assigned electron. Thus, the formal charges of both Cl and
H in this compound are 0.

Neither oxidation number nor formal charge gives an accurate
depiction of the actual charges on atoms because oxidation numbers
overstate the role of electronegativity and formal charges ignore it.

+1

- 1

A CLOSER LOOK

(b) (c)(a)

H ClH Cl

� FIGURE 8.11 Oxidation number, formal
charge, and electron density distribution for
the HCl molecule.

1.278 Å

117�

1.278 Å

� FIGURE 8.12 Molecular structure of
ozone.

G O  F I G U R E

What feature of this structure
suggests that the two outer O
atoms are in some way equivalent
to each other?
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There is no reason for one of these Lewis structures to be dominant because they are
equally valid representations of the molecule. The placement of the atoms in these two
alternative but completely equivalent Lewis structures is the same, but the placement of
the electrons is different. Lewis structures of this sort are called resonance structures.
To describe the structure of ozone properly, we write both resonance structures and use
a double-headed arrow to indicate that the real molecule is described by an average of
the two:

To understand why certain molecules require more than one resonance structure,
we can draw an analogy to mixing paint (� FIGURE 8.13). Blue and yellow are both
primary colors of paint pigment. An equal blend of blue and yellow pigments produces
green pigment. We cannot describe green paint in terms of a single primary color, yet it
still has its own identity. Green paint does not oscillate between its two primary colors:
It is not blue part of the time and yellow the rest of the time. Similarly, molecules such as
ozone cannot be described as oscillating between the two individual Lewis structures
shown previously„there are two equivalent dominant Lewis structures that contribute
equally to the actual structure of the molecule.

The actual arrangement of the electrons in molecules such as O3 must be consid-
ered as a blend of two (or more) Lewis structures. By analogy to the green paint, the
molecule has its own identity separate from the individual resonance structures. For ex-
ample, the ozone molecule always has two equivalent bonds whose lengths are
intermediate between the lengths of an oxygen…oxygen single bond and an oxygen…
oxygen double bond. Another way of looking at it is to say that the rules for drawing
Lewis structures do not allow us to have a single dominant structure for the ozone mol-
ecule. For example, there are no rules for drawing half-bonds. We can get around this
limitation by drawing two equivalent Lewis structures that, when averaged, amount to
something very much like what is observed experimentally.

G I V E  I T  S O M E  T H O U G H T

The bonds in ozone are often described as •one-and-a-halfŽ bonds. Is
this description consistent with the idea of resonance?

As an additional example of resonance structures, consider the nitrate ion, ,
for which three equivalent Lewis structures can be drawn:

Notice that the arrangement of atoms is the same in each structure„only the place-
ment of electrons differs. In writing resonance structures, the same atoms must be
bonded to each other in all structures, so that the only differences are in the arrange-
ments of electrons. All three NO3

- Lewis structures are equally dominant and taken
together adequately describe the ion, in which all three bond lengths are the
same.

G I V E  I T  S O M E  T H O U G H T

In the same sense that we describe the bonds in O 3 as •one-and-a-halfŽ
bonds, how would you describe the bonds in ?

In some instances, all the possible Lewis structures for a species may not be equiva-
lent to one another. Instead, one or more may be dominant. We will encounter examples
of this as we proceed.

NO3
-N ¬ O

O¬ O

N ¬ O

N N N

O OO

OO OO OO

� � �

NO3
-

O¬ O

O¬ O

O
O O

O
O O

Resonance
structure

Resonance
structure

(b)

Ozone molecule

Primary color Primary color

(a)

Blue Yellow

Green

O
O O

O O O

� FIGURE 8.13 Resonance. Describing
a molecule as a blend of different resonance
structures is similar to describing a paint
color as a blend of primary colors. (a) Green
paint is a blend of blue and yellow. We
cannot describe green as a single primary
color. (b) The ozone molecule is a blend of
two resonance structures. We cannot
describe the ozone molecule in terms of a
single Lewis structure.

G O  F I G U R E

Is the electron density consistent
with equal weights for the two res-
onance structures for O 3? Explain.
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SAMPLE EXERCISE 8.10 Resonance Structures

Which is predicted to have the shorter sulfur…oxygen bonds, SO3 or ?

SOLUTION
The sulfur atom has six valence electrons, as does oxygen. Thus, SO3contains 24 valence electrons.
In writing the Lewis structure, we see that three equivalent resonance structures can be drawn:

As with , the actual structure of SO3 is an equal blend of all three. Thus, each bond
length should be about one-third of the way between the length of a single bond and the length of
a double bond. That is, they should be shorter than single bonds but not as short as double bonds.

The ion has 26 electrons, which leads to a dominant Lewis structure in which all
the bonds are single:

Our analysis of the Lewis structures leads us to conclude that SO3 should have the shorter
bonds and the longer ones. This conclusion is correct: The experimentally meas-

ured bond lengths are 1.42 Å in SO3 and 1.51 Å in .

PRACTICE EXERCISE
Draw two equivalent resonance structures for the formate ion, .

Answer:

Resonance in Benzene
Resonance is an important concept in describing the bonding in organic molecules, par-
ticularlyaromaticorganic molecules, a category that includes the hydrocarbon benzene,
C6H6. The six C atoms are bonded in a hexagonal ring, and one H atom is bonded to
each C atom. We can write two equivalent dominant Lewis structures for benzene, each
of which satisfies the octet rule. These two structures are in resonance:

Note that the double bonds are in different places in the two structures. Each of these res-
onance structures shows three carbon…carbon single bonds and three carbon…carbon
double bonds. However, experimental data show that all six bonds are of equal
length, 1.40 Å, intermediate between the typical bond lengths for a single bond
(1.54 Å) and a double bond (1.34 Å). Each of the C„C bonds in benzene can be
thought of as a blend of a single bond and a double bond (� FIGURE 8.14).

Benzene is commonly represented by omitting the hydrogen atoms and showing only
the carbon…carbon framework with the vertices unlabeled. In this convention, the resonance
in the molecule is represented either by two structures separated by a double-headed arrow
or by a shorthand notation in which we draw a hexagon with a circle inside:

The shorthand notation reminds us that benzene is a blend of two resonance structures„
it emphasizes that the double bonds cannot be assigned to specific edges of the
hexagon. Chemists use both representations of benzene interchangeably.
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� FIGURE 8.14 Benzene, an
•aromaticŽ organic compound. The
benzene molecule is a regular hexagon of
carbon atoms with a hydrogen atom bonded
to each one. The dashed lines represent the
blending of two equivalent resonance
structures, leading to C ¬ C bonds that are
intermediate between single and double
bonds.

G O  F I G U R E

What is the significance of the
dashed bonds in this ball-and-
stick model?
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The bonding arrangement in benzene confers special stability to the molecule. As a
result, millions of organic compounds contain the six-membered ring characteristic of
benzene. Many of these compounds are important in biochemistry, in pharmaceuticals,
and in the production of modern materials.

G I V E  I T  S O M E  T H O U G H T

Each Lewis structure of benzene has three double bonds. Another
hydrocarbon containing three double bonds is hexatriene, C6H8. A Lewis
structure of hexatriene is

Do you expect hexatriene to have multiple resonance structures? If not, why is
this molecule different from benzene with respect to resonance?

8.7 | EXCEPTIONS TO THE OCTET RULE
The octet rule is so simple and useful in introducing the basic concepts of bonding that you
might assume it is always obeyed. In Section 8.2, however, we noted its limitation in dealing
with ionic compounds of the transition metals. The rule also fails in many situations in-
volving covalent bonding. These exceptions to the octet rule are of three main types:

1. Molecules and polyatomic ions containing an odd number of electrons

2. Molecules and polyatomic ions in which an atom has fewer than an octet of valence
electrons

3. Molecules and polyatomic ions in which an atom has more than an octet of valence
electrons

Odd Number of Electrons
In the vast majority of molecules and polyatomic ions, the total number of valence elec-
trons is even, and complete pairing of electrons occurs. However, in a few molecules and
polyatomic ions, such as ClO2, NO, NO2, and , the number of valence electrons is
odd. Complete pairing of these electrons is impossible, and an octet around each atom
cannot be achieved. For example, NO contains valence electrons. The two
most important Lewis structures for this molecule are

G I V E  I T  S O M E  T H O U G H T

Which of the Lewis structures for NO is dominant based on analysis of the
formal charges?

Less than an Octet of Valence Electrons
A second type of exception occurs when there are fewer than eight valence electrons
around an atom in a molecule or polyatomic ion. This situation is also relatively rare
(with the exception of hydrogen and helium as we have already discussed), most often
encountered in compounds of boron and beryllium. As an example, let•s consider boron
trifluoride, BF3. If we follow the first four steps of our procedure for drawing Lewis
structures, we obtain the structure

B

F

F F

N O and N O

5 + 6 = 11
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-
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which has only six electrons around the boron atom. The formal charge is zero on both
B and F, and we could complete the octet around boron by forming a double bond (step
5). In so doing, we see that there are three equivalent resonance structures (the formal
charges are shown in red):

Each of these structures forces a fluorine atom to share additional electrons with the
boron atom, which is inconsistent with the high electronegativity of fluorine. In fact, the
formal charges tell us that this is an unfavorable situation. In each structure, the F atom
involved in the double bond has a formal charge of , while the less electroneg-
ative B atom has a formal charge of . Thus, the resonance structures containing a

double bond are less important than the one in which there are fewer than an
octet of valence electrons around boron:

We usually represent BF3 solely by the dominant resonance structure, in which
there are only six valence electrons around boron. The chemical behavior of BF3 is con-
sistent with this representation. In particular, BF3 reacts energetically with molecules
having an unshared pair of electrons that can be used to form a bond with boron, as, for
example, in the reaction

In the stable compound NH3BF3, boron has an octet of valence electrons.

More than an Octet of Valence Electrons
The third and largest class of exceptions consists of molecules or polyatomic ions in
which there are more than eight electrons in the valence shell of an atom. When we draw
the Lewis structure for PF5, for example, we are forced to place ten electrons around the
central phosphorus atom:

Molecules and ions with more than an octet of electrons around the central atom
are often called hypervalent. Other examples of hypervalent species are SF4, , and

. The corresponding molecules with a second-period atom as the central atom,
such as NCl5 and OF4, do notexist.
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Hypervalent molecules are formed only for central atoms from period 3 and below
in the periodic table. The principal reason for their formation is the relatively larger size
of the central atom. For example, a P atom is large enough that five F (or even five Cl)
atoms can be bonded to it without being too crowded. By contrast, an N atom is too
small to accommodate five atoms bonded to it. Because size is a factor, hypervalent mol-
ecules occur most often when the central atom is bonded to the smallest and most
electronegative atoms……F, Cl, and O.

The notion of a valence shell containing more than an octet of electrons is also con-
sistent with the presence of unfilled nd orbitals in atoms from period 3 and below. By
comparison, elements of the second period have only the 2s and 2p valence orbitals
available for bonding. Detailed analyses of the bonding in molecules such as PF5 and SF6
suggest that the presence of unfilled 3d orbitals in P and S has a relatively minor impact
on the formation of hypervalent molecules, and the general current belief is that the
increased size of third-period atoms is the more important factor.

SAMPLE EXERCISE 8.11 Lewis Structure for an Ion with More than an
Octet of Electrons

Draw the Lewis structure for 

SOLUTION

ICl4
- .

Iodine (group 7A) has seven valence electrons. Each chlorine
atom (group 7A) also has seven. An extra electron is added to ac-
count for the charge of the ion. Therefore, the total number
of valence electrons is

1- 7 + (4 * 7) + 1 = 36

The I atom is the central atom in the ion. Putting eight electrons
around each Cl atom (including a pair of electrons between I
and each Cl to represent the single bond between these atoms)
requires electrons.8 * 4 = 32

We are thus left with electrons to be placed on the
larger iodine:

36 - 32 = 4 Cl

Cl Cl

Cl
I

�

Iodine has 12 valence electrons around it, four more than needed for an octet.

PRACTICE EXERCISE
(a) Which of the following atoms is never found with more than an octet of valence electrons
around it: S, C, P, Br? (b) Draw the Lewis structure for XeF2.

Answers: (a) C,(b) XeF F

Finally, there are Lewis structures where you might have to choose between satisfying
the octet rule and obtaining the most favorable formal charges by using more than an octet
of electrons. For example, consider these Lewis structures for the phosphate ion, :

The formal charges on the atoms are shown in red. In the left structure, the P atom
obeys the octet rule. In the right structure, however, the P atom has five electron pairs,
leading to smaller formal charges on the atoms. (You should be able to see that there are
three additional resonance structures for the Lewis structure on the right.)

Chemists are still debating which of these two structures is dominant for .
Recent theoretical calculations based on quantum mechanics suggest to some researchers
that the left structure is the dominant one. Other researchers claim that the bond
lengths in the ion are more consistent with the right structure being dominant. This dis-
agreement is a convenient reminder that, in general, multiple Lewis structures can
contribute to the actual electron distribution in an atom or molecule.
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8.8 | STRENGTHS OF COVALENT BONDS
The stability of a molecule is related to the strengths of its covalent bonds. The strength
of a covalent bond between two atoms is determined by the energy required to break the
bond. It is easiest to relate bond strength to the enthalpy change in reactions in which
bonds are broken.€ (Section 5.4)Thebond enthalpy is the enthalpy change, , for
the breaking of a particular bond in one mole of a gaseous substance. For example, the
bond enthalpy for the bond in Cl2 is the enthalpy change when 1 mol of Cl2(g) dissoci-
ates into chlorine atoms:

We use the letter D followed by the bond in question to represent bond enthalpies. Thus,
for example,D(Cl¬ Cl) is the bond enthalpy for the Cl2 bond, and D(H¬ Br) is the
bond enthalpy for the HBr bond.

It is relatively simple to assign bond enthalpies to the bond in a diatomic molecule
because in these cases the bond enthalpy is just the energy required to break the mole-
cule into its atoms. However, many important bonds, such as the bond, exist
only in polyatomic molecules. For these bonds, we usually use averagebond enthalpies.
For example, the enthalpy change for the following process in which a methane mole-
cule is decomposed into its five atoms (a process called atomization) can be used to
define an average bond enthalpy for the bond,D( ):

Because there are four equivalent bonds in methane, the enthalpy of atomization is
equal to the sum of the bond enthalpies of the four bonds. Therefore, the average

bond enthalpy for CH4 is .
The bond enthalpy for a given pair of atoms, say , depends on the rest of the

molecule containing the atom pair. However, the variation from one molecule to another
is generally small, which supports the idea that bonding electron pairs are localized be-
tween atoms. If we consider bond enthalpies in many different compounds, we
find that the average bond enthalpy is , close to the we just calcu-
lated from CH4.

G I V E  I T  S O M E  T H O U G H T

How can you use the enthalpy of atomization of the hydrocarbon ethane,
C2H6(g), along with the value to estimate the value for

?

� TABLE 8.4 lists average bond enthalpies for a number of atom pairs.The bond
enthalpy is always a positive quantity; energy is always required to break chemical bonds.
Conversely, energy is alwaysreleased when a bond forms between two gaseous atoms or
molecular fragments. The greater the bond enthalpy, the stronger the bond. Further, a
molecule with strong chemical bonds generally has less tendency to undergo chemical
change than does one with weak bonds. For example, N2, which has a very strong N# N
triple bond, is very unreactive, whereas hydrazine, N2H4, which has an N¬ N single
bond, is highly reactive.

G I V E  I T  S O M E  T H O U G H T

Based on bond enthalpies, which do you expect to be more reactive, oxygen,
O2, or hydrogen peroxide, H 2O2?

D(C¬ C)
D(C¬ H) = 413 kJ>mol

415 kJ>mol413 kJ>mol
C¬ H

C¬ H
415 kJ>mol(1660>4) kJ>mol =D(C¬ H) =C¬ H

C¬ H
C¬ H

C H

H

H

H H     1660 kJ(g) (g) 4 HC (g)�

C¬ HC¬ H

C¬ H

Cl Cl ( g) Cl2 (g)

¢ H



316 CHAPTER 8 Basic Concepts of Chemical Bonding

Bond Enthalpies and the Enthalpies of Reactions
We can use average bond enthalpies to estimate the enthalpies of reactions in which
bonds are broken and new bonds are formed. This procedure allows us to estimate
quickly whether a given reaction will be endothermic or exothermic

even if we do not know for all the species involved.
Our strategy for estimating reaction enthalpies is a straightforward application of

Hess•s law.€ (Section 5.6)We use the fact that breaking bonds is always endothermic
and forming bonds is always exothermic. We therefore imagine that the reaction occurs
in two steps:

1. We supply enough energy to break those bonds in the reactants that are not pres-
ent in the products. The enthalpy of the system is increased by the sum of the
bond enthalpies of the bonds that are broken.

2. We form the bonds in the products that were not present in the reactants. This step
releases energy and therefore lowers the enthalpy of the system by the sum of the
bond enthalpies of the bonds that are formed.

The enthalpy of the reaction, is estimated as the sum of the bond enthalpies of
the bonds broken minus the sum of the bond enthalpies of the bonds formed:

[8.12]

Consider, for example, the gas-phase reaction between methane, CH4, and chlorine
to produce methyl chloride, CH3Cl, and hydrogen chloride, HCl:

[8.13]H ¬ CH3(g) + Cl¬ Cl(g) ¡ Cl¬ CH3(g) + H ¬ Cl(g) ¢ Hrxn = ?

g (bond enthalpies of bonds formed)
¢ Hrxn = g (bond enthalpies of bonds broken)-

¢ Hrxn,

¢ Hf°(¢ H 6 0)
(¢ H 7 0)

TABLE 8.4 € Average Bond Enthalpies (kJ / mol)

Single Bonds

C¬ H 413 N¬ H 391 O¬ H 463 F¬ F 155
C¬ C 348 N¬ N 163 O¬ O 146
C¬ N 293 N¬ O 201 O¬ F 190 Cl¬ F 253
C¬ O 358 N¬ F 272 O¬ Cl 203 Cl¬ Cl 242
C¬ F 485 N¬ Cl 200 O¬ I 234
C¬ Cl 328 N¬ Br 243 Br¬ F 237
C¬ Br 276 S¬ H 339 Br¬ Cl 218
C¬ I 240 H¬ H 436 S¬ F 327 Br¬ Br 193
C¬ S 259 H¬ F 567 S¬ Cl 253

H ¬ Cl 431 S¬ Br 218 I¬ Cl 208
Si¬ H 323 H¬ Br 366 S¬ S 266 I¬ Br 175
Si¬ Si 226 H¬ I 299 I¬ I 151
Si¬ C 301
Si¬ O 368
Si¬ Cl 464

Multiple Bonds

C• C 614 N • N 418 O2 495
C‘ C 839 N ‘ N 941
C• N 615 N • O 607 S• O 523
C‘ N 891 S• S 418
C• O 799
C‘ O 1072
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Our two-step procedure is outlined in � FIGURE 8.15. We note that the following
bonds are broken and made:

Bonds broken:

Bonds made:

We first supply enough energy to break the and bonds, which raises the en-
thalpy of the system (indicated as in Figure 8.15). We then form the and

bonds, which release energy and lower the enthalpy of the system ( ). We
then use Equation 8.12 and data from Table 8.4 to estimate the enthalpy of the reaction:

The reaction is exothermic because the bonds in the products (especially the 
bond) are stronger than the bonds in the reactants (especially the bond).

We usually use bond enthalpies to estimate only if we do not have the needed
values readily available. For the preceding reaction, we cannot calculate from
values and Hess•s law because for CH3Cl(g) is not given in Appendix C. If we

obtain the value of for CH3Cl(g) from another source and use Equation 5.31,

we find that for the reaction in Equation 8.13. Thus, the use of aver-
age bond enthalpies provides a reasonably accurate estimate of the actual reaction
enthalpy change.

It is important to remember that bond enthalpies are derived for gaseousmolecules
and that they are often averagedvalues. Nonetheless, average bond enthalpies are useful
for estimating reaction enthalpies quickly, especially for gas-phase reactions.

¢ Hrxn = - 99.8 kJ

¢ H°rxn = ©n¢ H°f (products) - © m¢ H°f (reactants)

¢ H°f

¢ H°f¢ H°f

¢ Hrxn¢ H°f

¢ Hrxn

Cl¬ Cl
H ¬ Cl

= (413 kJ+ 242 kJ)- (328 kJ+ 431 kJ)= - 104 kJ

¢ Hrxn = [D(C¬ H) + D(Cl ¬ Cl)] - [D(Cl ¬ Cl) + D(H ¬ Cl)]

¢ H2 6 0H ¬ Cl
C¬ Cl¢ H1 7 0

Cl¬ ClC¬ H

1 mol C¬ Cl, 1 mol H¬ Cl

1 mol C¬ H, 1 mol Cl¬ Cl

�

E
nt

ha
lp

y 
(H

)

1 Break
C     H and Cl     Cl
bonds

� H1 � 0

� Hrxn

� H2 � 0

2 Make
C     Cl and H     Cl
bonds

� � �

�

C

H

Cl

� FIGURE 8.15 Using bond enthalpies
to calculate . Average bond enthalpies
are used to estimate for the reaction in
Equation 8.13.

¢ Hrxn

¢ Hrxn

G O  F I G U R E :

Is this reaction exothermic or endothermic?
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SAMPLE EXERCISE 8.12 Using Average Bond Enthalpies

Using data from Table 8.4, estimate for the reaction

SOLUTION
Analyze We are asked to estimate the enthalpy change for a chemical reaction by using aver-
age bond enthalpies for the bonds broken and formed.

Plan In the reactants, we must break twelve bonds and two bonds in the two
molecules of C2H6 and seven O2 bonds in the seven O2 molecules. In the products, we form
eight bonds (two in each CO2) and twelve bonds (two in each H2O).

Solve Using Equation 8.12 and data from Table 8.4, we have

Check This estimate can be compared with the value of kJ calculated from more
accurate thermochemical data; the agreement is good.

PRACTICE EXERCISE
Using Table 8.4, estimate for the reaction

Answer:

Bond Enthalpy and Bond Length
Just as we can define an average bond enthalpy, we can also define an average bond
length for a number of common bonds (� TABLE 8.5). Of particular interest is the re-
lationship, in any atom pair, among bond enthalpy, bond length, and number of bonds
between the atoms. For example, we can use data in Tables 8.4 and 8.5 to compare the
bond lengths and bond enthalpies of carbon…carbon single, double, and triple bonds:

- 86 kJ

H N

H

N NH( g) N( g) � H( g)2 H

H

¢ H

- 2856

= - 2831 kJ

= 9117 kJ- 11948 kJ

= [12(413 kJ)+ 2(348 kJ)+ 7(495 kJ)]- [8(799 kJ)+ 12(463 kJ)]

¢ H = [12D(C¬ H) + 2D(C¬ C) + 7D(O2)] - [8D(C• O) + 12D(O ¬ H)]

O¬ HC• O

C¬ CC¬ H

C

H

H

C CH( g) 7 O2(g) O(g) O H( g)6 H2 H

H

H

�� 4 O

¢ H

TABLE 8.5 € Average Bond Lengths for Some Single, Double, 
and Triple Bonds

Bond Bond Length (Å) Bond Bond Length (Å)

C¬ C 1.54 N ¬ N 1.47
C• C 1.34 N • N 1.24
C‘ C 1.20 N ‘ N 1.10
C¬ N 1.43 N ¬ O 1.36
C• N 1.38 N • O 1.22
C‘ N 1.16

O¬ O 1.48
C¬ O 1.43 O• O 1.21
C• O 1.23
C‘ O 1.13

C¬ C C• C C‘ C
1.54 Å 1.34 Å 1.20 Å
348 kJ>mol 614 kJ>mol 839 kJ>mol
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Nitroglycerin is a pale yellow, oily liquid. It is highly shock-
sensitive: Merely shaking the liquid can cause its explosive
decomposition into nitrogen, carbon dioxide, water, and oxygen
gases:

The large bond enthalpies of N2 , CO2
, and H2O make this reaction

enormously exothermic. Nitroglycerin is an exceptionally unstable
explosive because it is in nearly perfect explosive balance: With the ex-
ception of a small amount of O2(g) produced, the only products are
N2, CO2, and H2O. Note also that, unlike combustion reactions
€ (Section 3.2), explosions are entirely self-contained. No other
reagent, such as O2(g), is needed for the explosive decomposition.

Because nitroglycerin is so unstable, it is difficult to use as a
controllable explosive. The Swedish inventor Alfred Nobel
(� FIGURE 8.16) found that mixing nitroglycerin with an absorbent
solid material such as diatomaceous earth or cellulose gives a solid
explosive (dynamite) that is much safer than liquid nitroglycerin.

RELATED EXERCISES:8.98 and 8.99

(2 * 463 kJ>mol)(2 * 799 kJ>mol)
(941 kJ>mol)

6 N2(g) + 12 CO2(g) + 10 H2O(g) + O2(g)4 C3H5N3O9(l) ¡

Explosives and Alfred Nobel

Enormous amounts of energy can be stored in chemical
bonds. Perhaps the most graphic illustration of this fact

is seen in certain molecular substances used as explo-
sives. Our discussion of bond enthalpies allows us to

examine more closely some of the properties of
such explosive substances.

A useful explosive substance must (1) decompose very exother-
mically, (2) have gaseous products so that a tremendous gas pressure
accompanies the decomposition, (3) decompose very rapidly, and (4)
be stable enough so that it can be detonated predictably. The combi-
nation of the first three effects leads to the violent evolution of heat
and gases.

To give the most exothermic reaction, an explosive should have
weak chemical bonds and should decompose into molecules that
have very strong bonds. Table 8.4 tells us that , , and

bonds are among the strongest. Not surprisingly, explosives
are usually designed to produce the gaseous products N2(g), CO(g),
and CO2(g). Water vapor is nearly always produced as well.

Many common explosives are organic molecules that contain
nitro (NO2) or nitrate (NO3) groups attached to a carbon skeleton.
The Lewis structures of two of the most familiar explosives, nitroglyc-
erin and trinitrotoluene (TNT), are shown here (resonance structures
are not shown for clarity). TNT contains the six-membered ring char-
acteristic of benzene.
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Trinitrotoluene (TNT)
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� FIGURE 8.16 Alfred Nobel (1833…1896), Swedish inventor of
dynamite. By many accounts Nobel•s discovery that nitroglycerin
could be made more stable by absorbing it onto cellulose was an
accident. This discovery made Nobel a wealthy man. He was also a
complex and lonely man, however, who never married, was
frequently ill, and suffered from chronic depression. He had invented
the most powerful military explosive to date, but he strongly
supported international peace movements. His will stated that his
fortune be used to establish prizes awarding those who •have
conferred the greatest benefit on mankind,Ž including the promotion
of peace and •fraternity between nations.Ž The Nobel Prize is
probably the most coveted award that a scientist, writer, or peace
advocate can receive.

CHEMISTRY PUT TO WORK

As the number of bonds between the carbon atoms increases, the bond length de-
creases and the bond enthalpy increases. That is, the carbon atoms are held more closely
and more tightly together. In general,as the number of bonds between two atoms in-
creases, the bond grows shorter and stronger. This trend is illustrated in � FIGURE 8.17
for N„N single, double, and triple bonds.
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SAMPLE INTEGRATIVE EXERCISE Putting Concepts Together

Phosgene, a substance used in poisonous gas warfare during World War I, is so named because
it was first prepared by the action of sunlight on a mixture of carbon monoxide and chlorine
gases. Its name comes from the Greek words phos(light) and genes(born of). Phosgene has the
following elemental composition: , , and by mass. Its molar
mass is .(a) Determine the molecular formula of this compound.(b) Draw three
Lewis structures for the molecule that satisfy the octet rule for each atom. (The Cl and O atoms
bond to C.) (c) Using formal charges, determine which Lewis structure is the dominant one.
(d) Using average bond enthalpies, estimate for the formation of gaseous phosgene from
CO(g) and Cl2(g).

SOLUTION
(a) The empirical formula of phosgene can be determined from its elemental composition.
€ (Section 3.5)Assuming 100 g of the compound and calculating the number of moles of C,
O, and Cl in this sample, we have

The ratio of the number of moles of each element, obtained by dividing each number of moles
by the smallest quantity, indicates that there is one C and one O for each two Cl in the empiri-
cal formula, COCl2.

The molar mass of the empirical formula is ,
the same as the molar mass of the molecule. Thus, COCl2 is the molecular formula.
(b) Carbon has four valence electrons, oxygen has six, and chlorine has seven, giving

electrons for the Lewis structures. Drawing a Lewis structure with all sin-
gle bonds does not give the central carbon atom an octet. Using multiple bonds, three struc-
tures satisfy the octet rule:

C

O

Cl Cl CCl ClC

O O

Cl Cl

4 + 6 + 2(7) = 24

98.91 g>mol12.01+ 16.00+ 2(35.45)=

 (71.69 g Cl)¢
1 mol Cl
35.45 g Cl

� = 2.022 mol Cl

 (16.17 g O)¢
1 mol O
16.00 g O

� = 1.011 mol O

 (12.14 g C)¢
1 mol C
12.01 g C

� = 1.011 mol C

¢ H

98.9 g>mol
71.69% Cl16.17% O12.14% C
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� FIGURE 8.17 Bond strength versus 
bond length for N„N bonds.

G O  F I G U R E

The line segments in the graph both have negative slopes. Why does this make sense?



Chapter Summary and Key Terms 321

(c) Calculating the formal charges on each atom gives

The first structure is expected to be the dominant one because it has the lowest formal charges
on each atom. Indeed, the molecule is usually represented by this single Lewis structure.

(d) Writing the chemical equation in terms of the Lewis structures of the molecules, we have

Thus, the reaction involves breaking a bond and a bond and forming a 
bond and two bonds. Using bond enthalpies from Table 8.4, we have

Notice that the reaction is exothermic. Nevertheless, energy is needed from sunlight or another
source for the reaction to begin, as is the case for the combustion of H2(g) and O2(g) to form
H2O(g) (Figure 5.14).

= 1072 kJ+ 242 kJ- [799 kJ+ 2(328 kJ)]= - 141 kJ

¢ H = D(C‘ O) + D(Cl ¬ Cl) - [D(C• O) + 2D(C¬ Cl)]

C¬ Cl
C• OCl¬ ClC‘ O

ClClC O

O

Cl C Cl�
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0

0 0
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0
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0 0

1

1 10 0
CCl ClC

O
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O

Cl Cl
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INTRODUCTION AND SECTION 8.1 In this chapter we have fo-
cused on the interactions that lead to the formation ofchemical
bonds . We classify these bonds into three broad groups:ionic bonds ,
which result from the electrostatic forces that exist between ions of op-
posite charge;covalent bonds , which result from the sharing of elec-
trons by two atoms; and metallic bonds , which result from a
delocalized sharing of electrons in metals. The formation of bonds in-
volves interactions of the outermost electrons of atoms, their valence
electrons. The valence electrons of an atom can be represented by
electron-dot symbols, called Lewis symbols . The tendencies of atoms
to gain, lose, or share their valence electrons often follow the octet
rule , which can be viewed as an attempt by atoms to achieve a noble-
gas electron configuration.

SECTION 8.2 Ionic bonding results from the transfer of electrons
from one atom to another, leading to the formation of a three-
dimensional lattice of charged particles. The stabilities of ionic sub-
stances result from the strong electrostatic attractions between an ion
and the surrounding ions of opposite charge. The magnitude of these
interactions is measured by the lattice energy , which is the energy
needed to separate an ionic lattice into gaseous ions. Lattice energy in-
creases with increasing charge on the ions and with decreasing distance
between the ions. The Born…Haber cycle is a useful thermochemical
cycle in which we use Hess•s law to calculate the lattice energy as the
sum of several steps in the formation of an ionic compound.

SECTION 8.3 A covalent bond results from the sharing of electrons.
We can represent the electron distribution in molecules by means of
Lewis structures , which indicate how many valence electrons are in-
volved in forming bonds and how many remain as unshared electron
pairs. The octet rule helps determine how many bonds will be formed
between two atoms. The sharing of one pair of electrons produces a
single bond ; the sharing of two or three pairs of electrons between two
atoms produces double or triple bonds , respectively. Double and triple

bonds are examples of multiple bonding between atoms. The bond
length decreases as the number of bonds between the atoms increases.

SECTION 8.4 In covalent bonds, the electrons may not necessarily
be shared equally between two atoms.Bond polarity helps describe
unequal sharing of electrons in a bond. In a nonpolar covalent bond
the electrons in the bond are shared equally by the two atoms; in a
polar covalent bond one of the atoms exerts a greater attraction for
the electrons than the other.

Electronegativity is a numerical measure of the ability of an
atom to compete with other atoms for the electrons shared between
them. Fluorine is the most electronegative element, meaning it has the
greatest ability to attract electrons from other atoms. Electronegativity
values range from 0.7 for Cs to 4.0 for F. Electronegativity generally
increases from left to right in a row of the periodic table and decreases
going down a column. The difference in the electronegativities of
bonded atoms can be used to determine the polarity of a bond. The
greater the electronegativity difference, the more polar the bond.

A polar molecule is one whose centers of positive and negative
charge do not coincide. Thus, a polar molecule has a positive side and
a negative side. This separation of charge produces a dipole, the mag-
nitude of which is given by the dipole moment , which is measured in
debyes (D). Dipole moments increase with increasing amount of
charge separated and increasing distance of separation. Any diatomic
molecule in which X and Y have different electronegativities is a
polar molecule.

Most bonding interactions lie between the extremes of covalent and
ionic bonding.While it is generally true that the bonding between a metal
and a nonmetal is predominantly ionic, exceptions to this guideline are
not uncommon when the difference in electronegativity of the atoms is
relatively small or when the oxidation state of the metal becomes large.

SECTIONS 8.5 AND 8.6 If we know which atoms are connected to
one another, we can draw Lewis structures for molecules and ions by a

X¬ Y

CHAPTER SUMMARY AND KEY TERMS
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simple procedure. Once we do so, we can determine the formal charge
of each atom in a Lewis structure, which is the charge that the atom
would have if all atoms had the same electronegativity. In general, the
dominant Lewis structure will have low formal charges with any nega-
tive formal charges residing on more electronegative atoms.

Sometimes a single dominant Lewis structure is inadequate to
represent a particular molecule (or ion). In such situations, we de-
scribe the molecule by using two or more resonance structures for
the molecule. The molecule is envisioned as a blend of these multiple
resonance structures. Resonance structures are important in describ-
ing the bonding in molecules such as ozone, O3, and the organic
molecule benzene, C6H6.

SECTION 8.7 The octet rule is not obeyed in all cases. Exceptions
occur when (a) a molecule has an odd number of electrons, (b) it is
not possible to complete an octet around an atom without forcing an

unfavorable distribution of electrons, or (c) a large atom is surrounded
by a sufficiently large number of small electronegative atoms that it has
more than an octet of electrons around it. Lewis structures with more
than an octet of electrons are observed for atoms in the third row and
beyond in the periodic table.

SECTION 8.8 The strength of a covalent bond is measured by its
bond enthalpy , which is the molar enthalpy change upon breaking a
particular bond. Average bond enthalpies can be determined for a wide
variety of covalent bonds. The strengths of covalent bonds increase
with the number of electron pairs shared between two atoms. We can
use bond enthalpies to estimate the enthalpy change during chemical
reactions in which bonds are broken and new bonds formed. The aver-
age bond length between two atoms decreases as the number of bonds
between the atoms increases, consistent with the bond being stronger
as the number of bonds increases.

KEY SKILLS
€ Write Lewis symbols for atoms and ions. (Section 8.1)

€ Understand lattice energy and be able to arrange compounds in order of increasing lattice energy based on the charges and sizes of the ions
involved. (Section 8.2)

€ Use atomic electron configurations and the octet rule to write Lewis structures for molecules to determine their electron distribution.
(Section 8.3)

€ Use electronegativity differences to identify nonpolar covalent, polar covalent, and ionic bonds. (Section 8.4)

€ Calculate charge separation in diatomic molecules based on the experimentally measured dipole moment and bond distance. (Section 8.4)

€ Calculate formal charges from Lewis structures and use those formal charges to identify the dominant Lewis structure for a molecule or ion.
(Section 8.5)

€ Recognize molecules where resonance structures are needed to describe the bonding. (Section 8.6)

€ Recognize exceptions to the octet rule and draw accurate Lewis structures even when the octet rule is not obeyed. (Section 8.7)

€ Understand the relationship between bond type (single, double, and triple), bond strength (or enthalpy), and bond length. (Section 8.8)

€ Use bond enthalpies to estimate enthalpy changes for reactions involving gas-phase reactants and products. (Section 8.8)

KEY EQUATIONS

€ [8.4] The potential energy of two interacting charges

€ [8.11] The dipole moment of two charges of equal magnitude but opposite
sign, separated by a distance r

€ [8.12] The enthalpy change as a function of bond enthalpies for 
reactions involving gas-phase moleculesg (bond enthalpies of bonds formed)

¢ Hrxn = g (bond enthalpies of bonds broken)-

m = Qr

Eel =
kQ1Q2

d

EXERCISES
VISUALIZING CONCEPTS

8.1 For each of these Lewis symbols, indicate the group in the
periodic table in which the element X belongs: [Section 8.1]

(a) (b) (c)

8.2 Illustrated are four ions„A, B, X, and Y„ showing their rela-
tive ionic radii. The ions shown in red carry positive charges: a

XXX

A B X Y

� 2
� 1

� 1
� 2
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charge for A and a charge for B. Ions shown in blue
carry negative charges: a charge for X and a charge for Y.
(a) Which combinations of these ions produce ionic com-
pounds where there is a ratio of cations and anions?
(b) Among the combinations in part (a), which leads to the
ionic compound having the largest lattice energy? (c) Which
combination of ions leads to the ionic compound having the
smallest lattice energy? [Section 8.2]

1� 1

2-1-
1+2+ 8.5 In the Lewis structure shown here,A, D, E, Q, X, and Z represent

elements in the first two rows of the periodic table (H Ne).
Identify all six elements so that the formal charges of all atoms
are zero. [Section 8.3]

8.6 Incomplete Lewis structures for the nitrous acid molecule,
HNO2, and the nitrite ion, , are shown below.(a) Com-
plete each Lewis structure by adding electron pairs as needed.
(b) Is the formal charge on N the same or different in these
two species? (c) Would either HNO2 or NO2

- be expected to
exhibit resonance? (d) Would you expect the bond in
HNO2 to be longer, shorter, or the same length as the N O
bonds in NO2

� ? Explain. [Sections 8.5 and 8.6]

8.7 The partial Lewis structure that follows is for a hydrocarbon
molecule. In the full Lewis structure, each carbon atom satis-
fies the octet rule, and there are no unshared electron pairs in
the molecule. The carbon…carbon bonds are labeled 1, 2, and
3. (a) Determine where the hydrogen atoms are in the mole-
cule.(b) Rank the carbon…carbon bonds in order of increasing
bond length.(c) Rank the carbon…carbon bonds in order of
increasing bond enthalpy. [Sections 8.3 and 8.8]

8.8 Consider the Lewis structure for the polyatomic oxyanion
shown here, where X is an element from the third period
(Na Ar). By changing the overall charge,n, from to 
to we get three different polyatomic ions. For each of these
ions(a) identify the central atom, X;(b) determine the formal
charge of the central atom, X;(c) draw a Lewis structure that
makes the formal charge on the central atom equal to zero.
[Sections 8.5, 8.6, and 8.7]

OO

O

O

X

n�

3-
2-1-¬

C C C C
1 2 3

H ¬ O¬ N • O  O¬ N • O

¬
N • O

NO2
-

A D Q

X

Z

E

¬

LEWIS SYMBOLS (section 8.1)
8.9 (a) What are valence electrons? (b) How many valence elec-

trons does a nitrogen atom possess? (c) An atom has the
electron configuration 1s22s22p63s23p2. How many valence
electrons does the atom have?

8.10 (a)What is the octet rule? (b) How many electrons must a sul-
fur atom gain to achieve an octet in its valence shell? (c) If an
atom has the electron configuration 1s22s22p3, how many elec-
trons must it gain to achieve an octet?

8.11 Write the electron configuration for silicon. Identify the va-
lence electrons in this configuration and the nonvalence elec-
trons. From the standpoint of chemical reactivity, what is the
important difference between them?

8.12 (a)Write the electron configuration for the element titanium,
Ti. How many valence electrons does this atom possess? (b)
Hafnium, Hf, is also found in group 4B. Write the electron
configuration for Hf.(c) Ti and Hf behave as though they pos-
sess the same number of valence electrons. Which of the sub-
shells in the electron configuration of Hf behave as valence
orbitals? Which behave as core orbitals?

8.13 Write the Lewis symbol for atoms of each of the following ele-
ments:(a) Al, (b) Br, (c) Ar, (d) Sr.

8.14 What is the Lewis symbol for each of the following atoms or
ions:(a) K, (b) As,(c) , (d) N3� ?Sn2+

8.3 A portion of a two-dimensional •slabŽ of NaCl(s) is shown
here (see Figure 8.3) in which the ions are numbered.(a) Of
the following types of interactions (identified by color), which
are attractive and which are repulsive: •purple-purple,Ž
•purple-green,Ž •green-greenŽ? Explain.(b) Consider the
•green-greenŽ interactions between ions 1 and 3, ions 1 and 5,
and ions 3 and 5. Which one or more of these three will result
in the interaction of largest magnitude? Which one or more
will result in the interaction of the smallest magnitude?
(c) Consider the •green-greenŽ interactions between ions 1
and 5 and the •green-purpleŽ interactions between ions 1 and
2. Which of these will have the greater magnitude? (d) Does
your answer to part (c) help explain why NaCl is a stable ionic
solid? [Section 8.2]

8.4 The orbital diagram that follows shows the valence electrons
for a ion of an element.(a) What is the element? (b) What
is the electron configuration of an atom of this element?
[Section 8.2]

4d

2+

1 2 3

7 8 9

4
5

6
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IONIC BONDING (section 8.2)
8.15 Using Lewis symbols, diagram the reaction between magne-

sium and oxygen atoms to give the ionic substance MgO.

8.16 Use Lewis symbols to represent the reaction that occurs
between Ca and F atoms.

8.17 Predict the chemical formula of the ionic compound formed
between the following pairs of elements:(a) Al and F,(b) K
and S,(c) Y and O,(d) Mg and N.

8.18 Which ionic compound is expected to form from combining
the following pairs of elements:(a) barium and fluorine,
(b) cesium and chlorine,(c) lithium and nitrogen,(d) alu-
minum and oxygen?

8.19 Write the electron configuration for each of the following
ions, and determine which ones possess noble-gas configura-
tions: (a) , (b) , (c) , (d) , (e) , (f) .

8.20 Write electron configurations for the following ions, and de-
termine which have noble-gas configurations:(a) ,
(b) , (c) , (d) , (e) , (f) .

8.21 (a) Define the term lattice energy. (b) Which factors govern the
magnitude of the lattice energy of an ionic compound?

8.22 NaCl and KF have the same crystal structure. The only differ-
ence between the two is the distance that separates cations and
anions.(a) The lattice energies of NaCl and KF are given in
Table 8.2. Based on the lattice energies, would you expect the
Na¬ Cl or the K¬ F distance to be longer? (b) Use the ionic
radii given in Figure 7.7 to estimate the Na¬ Cl and K¬ F dis-
tances. Does this estimate agree with the prediction you made
based on the lattice energies?

8.23 The ionic substances KF, CaO, and ScN are isoelectronic (they
have the same number of electrons). Examine the lattice

Ag+As3-Ru3+Zr4+P3-
Cd2+

Mn3+Br-Ni2+Se2-Ti2+Sr2+

energies for these substances in Table 8.2, and account for the
trends you observe.

8.24 (a)Does the lattice energy of an ionic solid increase or de-
crease (i) as the charges of the ions increase, (ii) as the sizes of
the ions increase? (b) Arrange the following substances not
listed in Table 8.2 according to their expected lattice energies,
listing them from lowest lattice energy to the highest: MgS, KI,
GaN, LiBr.

8.25 The lattice energies of KBr and CsCl are nearly equal (Table
8.2). What can you conclude from this observation?

8.26 Explain the following trends in lattice energy:
(a) ; (b) ; (c) SrO SrCl2.

8.27 Energy is required to remove two electrons from Ca to form
and is required to add two electrons to O to form .

Why, then, is CaO stable relative to the free elements?

8.28 List the individual steps used in constructing a Born…Haber
cycle for the formation of BaI2 from the elements. Which of
the steps would you expect to be exothermic?

8.29 Use data from Appendix C, Figure 7.9, and Figure 7.11 to cal-
culate the lattice energy of RbCl. Is this value greater than or
less than the lattice energy of NaCl? Explain.

8.30 (a)Based on the lattice energies of MgCl2 and SrCl2 given in
Table 8.2, what is the range of values that you would expect for
the lattice energy of CaCl2?(b) Using data from Appendix C,
Figure 7.9, and Figure 7.11 and the value of the second ioniza-
tion energy for Ca, , calculate the lattice energy of
CaCl2.

1145 kJ>mol

O2-Ca2+

7BaO 7 KFRbBr 7 CsBrNaCl 7

COVALENT BONDING, ELECTRONEGATIVITY, AND BOND POLARITY
(sections 8.3 and 8.4)

8.31 (a) What is meant by the term covalent bond?(b) Give three
examples of covalent bonding.(c) A substance XY, formed
from two different elements, boils at . Is XY likely to be
a covalent or an ionic substance? Explain.

8.32 Which of these elements are unlikely to form covalent bonds:
S, H, K, Ar, Si? Explain your choices.

8.33 Using Lewis symbols and Lewis structures, diagram the for-
mation of SiCl4 from Si and Cl atoms.

8.34 Use Lewis symbols and Lewis structures to diagram the for-
mation of PF3 from P and F atoms.

8.35 (a) Construct a Lewis structure for O2 in which each atom
achieves an octet of electrons.(b) Explain why it is necessary
to form a double bond in the Lewis structure.(c) The bond in
O2 is shorter than the bond in compounds that con-
tain an single bond. Explain this observation.

8.36 (a)Construct a Lewis structure for hydrogen peroxide, H2O2,
in which each atom achieves an octet of electrons.(b) Do you
expect the bond in H2O2 to be longer or shorter than
the bond in O2?

8.37 (a) What is meant by the term electronegativity? (b) On the
Pauling scale what is the range of electronegativity values for
the elements? (c) Which element has the greatest electronega-
tivity? (d) Which element has the smallest electronegativity?

O¬ O
O¬ O

O¬ O
O¬ O

- 33°C

8.38 (a)What is the trend in electronegativity going from left to
right in a row of the periodic table? (b) How do electronega-
tivity values generally vary going down a column in the peri-
odic table? (c) How do periodic trends in electronegativity
relate to those for ionization energy and electron affinity?

8.39 Using only the periodic table as your guide, select the most
electronegative atom in each of the following sets:(a) Na, Mg,
K, Ca;(b) P, S, As, Se;(c) Be, B, C, Si;(d) Zn, Ge, Ga, As.

8.40 By referring only to the periodic table, select (a) the most elec-
tronegative element in group 6A;(b) the least electronegative
element in the group Al, Si, P;(c) the most electronegative
element in the group Ga, P, Cl, Na;(d) the element in the
group K, C, Zn, F that is most likely to form an ionic com-
pound with Ba.

8.41 Which of the following bonds are polar:(a) , (b) ,
(c) , (d) ? Which is the more electronegative
atom in each polar bond?

8.42 Arrange the bonds in each of the following sets in order of
increasing polarity:(a) , , ; (b) ,

, ; (c) , , .

8.43 (a) From the data in Table 8.3, calculate the effective charges
on the H and Br atoms of the HBr molecule in units of
the electronic charge,e. (b) Compare your answers to part

N ¬ OB¬ FC¬ SC¬ PS¬ Br
O¬ ClBe¬ FO¬ FC¬ F

H ¬ ISe¬ O
Cl¬ ClB¬ F
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(a) with those in Sample Exercise 8.5 for the HCl molecule.
Can you explain why the values are different?

8.44 The iodine monobromide molecule, IBr, has a bond length of
2.49 Å and a dipole moment of 1.21 D.(a) Which atom of the
molecule is expected to have a negative charge? Explain.
(b) Calculate the effective charges on the I and Br atoms in IBr,
in units of the electronic charge,e.

8.45 In the following pairs of binary compounds determine which
one is a molecular substance and which one is an ionic

substance. Use the appropriate naming convention (for ionic
or molecular substances) to assign a name to each compound:
(a) SiF4 and LaF3, (b) FeCl2 and ReCl6, (c) PbCl4 and RbCl.

8.46 In the following pairs of binary compounds determine which
one is a molecular substance and which one is an ionic sub-
stance. Use the appropriate naming convention (for ionic or
molecular substances) to assign a name to each compound:
(a) TiCl4 and CaF2, (b) ClF3 and VF3, (c) SbCl5 and AlF3.

LEWIS STRUCTURES; RESONANCE STRUCTURES (sections 8.5 and 8.6)
8.47 Draw Lewis structures for the following:(a) SiH4, (b) CO,

(c) SF2, (d) H2SO4 (H is bonded to O),(e) , (f) NH2OH.

8.48 Write Lewis structures for the following:(a) H2CO (both H
atoms are bonded to C),(b) H2O2, (c) C2F6 (contains a 
bond), (d) , (e) H2SO3 (H is bonded to O),(f) C2H2.

8.49 (a) When talking about atoms in a Lewis structure, what is
meant by the term formal charge?(b) Does the formal charge
of an atom represent the actual charge on that atom? Explain.
(c) How does the formal charge of an atom in a Lewis struc-
ture differ from the oxidation number of the atom?

8.50 (a) Write a Lewis structure for the phosphorus trifluoride
molecule, PF3. Is the octet rule satisfied for all the atoms in
your structure? (b) Determine the oxidation numbers of the P
and F atoms.(c) Determine the formal charges of the P and F
atoms.(d) Is the oxidation number for the P atom the same as
its formal charge? Explain.

8.51 Write Lewis structures that obey the octet rule for each of the
following, and assign oxidation numbers and formal charges
to each atom:(a) OCS,(b) SOCl2 (S is bonded to the two Cl
atoms and to the O),(c) BrO3

� , (d) HClO2 (H is bonded to O).

8.52 For each of the following molecules or ions of sulfur and oxy-
gen, write a single Lewis structure that obeys the octet rule,
and calculate the oxidation numbers and formal charges on all
the atoms:(a) SO2, (b) SO3, (c) (d) Arrange these mol-
ecules/ions in order of increasing bond distance.

8.53 (a) Write one or more appropriate Lewis structures for the ni-
trite ion, (b) With what allotrope of oxygen is it isoelec-
tronic? (c) What would you predict for the lengths of the
bonds in relative to single bonds and double
bonds?

N ¬ ONO2
-

NO2
- .

S¬ O
SO3

2- .

AsO3
3-

C¬ C

ClO2
-

8.54 Consider the formate ion, , which is the anion formed
when formic acid loses an ion. The H and the two O atoms
are bonded to the central C atom.(a) Write one or more ap-
propriate Lewis structures for this ion.(b) Are resonance
structures needed to describe the structure? (c) What would
you predict for the bond lengths in the formate ion rel-
ative to those in CO2?

8.55 Predict the ordering of the bond lengths in CO, CO2,
and

8.56 Based on Lewis structures, predict the ordering of
bond lengths in , and 

8.57 (a) Use the concept of resonance to explain why all six 
bonds in benzene are equal in length.(b) Are the bond
lengths in benzene shorter than single bonds? Are they
shorter than double bonds?

8.58 Mothballs are composed of naphthalene, C10H8, a molecule of
which consists of two six-membered rings of carbon fused
along an edge, as shown in this incomplete Lewis structure:

(a) Write two complete Lewis structures for naphthalene.
(b) The observed bond lengths in the molecule are in-
termediate between single and double bonds.
Explain.(c) Represent the resonance in naphthalene in a way
analogous to that used to represent it in benzene.

C• CC¬ C
C¬ C

C

H

H

H

C

C

H

H

C
C

C
H

H

H
C

C

C

C

CC

C• C
C¬ C

C¬ C
C¬ C

NO3
- .NO2

- ,NO+
N ¬ O

CO3
2- .

C¬ O

C¬ O

H+
HCO2

-

EXCEPTIONS TO THE OCTET RULE (section 8.7)
8.59 (a) State the octet rule.(b) Does the octet rule apply to ionic as

well as to covalent compounds? Explain using examples as
appropriate.

8.60 Considering the nonmetals, what is the relationship between
the group number for an element (carbon, for example, be-
longs to group 4A; see the periodic table on the inside front
cover) and the number of single covalent bonds that element
needs to form to conform to the octet rule?

8.61 The chlorine oxides, in which a chlorine atom is bonded to
one or more oxygen atoms, are important molecules in the
chemistry of the atmosphere. Will any of the chlorine oxides
obey the octet rule? Why or why not?

8.62 For elements in the third row of the periodic table and be-
yond, the octet rule is often not obeyed. What factors are usu-
ally cited to explain this fact?

8.63 Draw the Lewis structures for each of the following ions or
molecules. Identify those that do not obey the octet rule, and
explain why they do not:(a) , (b) AlH3, (c) ,
(d) CH2Cl2, (e) SbF5.

8.64 Draw the Lewis structures for each of the following molecules
or ions. Which do not obey the octet rule? (a) NO, (b) BF3,
(c) , (d) OPBr3 (the P is the central atom),(e) XeF4.

8.65 In the vapor phase, BeCl2 exists as a discrete molecule.
(a) Draw the Lewis structure of this molecule, using only

ICl2
-

N3
-SO3

2-
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single bonds. Does this Lewis structure satisfy the octet rule?
(b) What other resonance structures are possible that satisfy
the octet rule? (c) On the basis of the formal charges, which
Lewis structure is expected to be dominant for BeCl2?

8.66 (a)Describe the molecule xenon trioxide, XeO3, using four
possible Lewis structures, one each with zero, one, two, or
three Xe„O double bonds.(b) Do any of these resonance
structures satisfy the octet rule for every atom in the molecule?
(c) Do any of the four Lewis structures have multiple reso-
nance structures? If so, how many resonance structures do you
find?(d) Which of the Lewis structures in (a) yields the most
favorable formal charges for the molecule?

8.67 Consider the following statement: •For some molecules and
ions, a Lewis structure that satisfies the octet rule does not lead

to the lowest formal charges, and a Lewis structure that leads
to the lowest formal charges does not satisfy the octet rule.Ž
Illustrate this statement using the hydrogen sulfite ion, ,
as an example (the H atom is bonded to one of the O atoms).

8.68 Some chemists believe that satisfaction of the octet rule
should be the top criterion for choosing the dominant Lewis
structure of a molecule or ion. Other chemists believe that
achieving the best formal charges should be the top criterion.
Consider the dihydrogen phosphate ion, , in which
the H atoms are bonded to O atoms.(a) What would be the
predicted dominant Lewis structure if satisfying the octet rule
is the top criterion? (b) What would it be if achieving the best
formal charges is the top criterion? (c) Is there another Lewis
structure you can draw that satisfies neither of these criteria?

H2PO4
-

HSO3
-

BOND ENTHALPIES (section 8.8)
8.69 Using Table 8.4, estimate for each of the following gas-

phase reactions:

8.70 Using Table 8.4, estimate for the following gas-phase
reactions:

Br C

Br

Br

H Cl Cl�

Cl Cl

H Cl�

H N N
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H �
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(b)
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�
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¢ H 8.71 Using Table 8.4, estimate for each of the following reactions:

(a)

(b)

(c)

8.72 Use Table 8.4 to estimate the enthalpy change for each of the
following reactions:

(a)

(b)

(c) (the six carbon atoms
form a six-membered ring with two H atoms on each C atom)

8.73 Ammonia is produced directly from nitrogen and hydrogen
by using the Haber process. The chemical reaction is

(a) Use Table 8.4 to estimate the enthalpy change for the reac-
tion. Is it exothermic or endothermic? (b) Compare the en-
thalpy change you calculate in (a) to the true enthalpy change
as obtained using values.

8.74 (a)Use bond enthalpies to estimate the enthalpy change for
the reaction of hydrogen with ethylene:

(b) Calculate the standard enthalpy change for this reaction,
using heats of formation. Why does this value differ from that
calculated in (a)?

8.75 Given the following bond-dissociation energies, calculate the
average bond enthalpy for the bond.Ti ¬ Cl

H2(g) + C2H4(g) ¡ C2H6(g)

¢ H°f

N2(g) + 3 H2(g) ¡ 2 NH3(g)

3 H2C• CH2(g) ¡  C6H12(g)

H2O2(g) + 2 CO(g) ¡  H2(g) +  2 CO2(g)

H2C• O(g) + HCl(g) ¡  H3C¬ O¬ Cl(g)

2 H2O2(g) ¡ 2 H2O(g) + O2(g)

H2(g) + Br2(g) ¡ 2 HBr(g)

2 CH4(g) + O2(g) ¡ 2 CH3OH(g)

¢ H

� H(kJ/ mol)

TiCl4(g) ¡ TiCl3(g) + Cl(g) 335
TiCl3(g) ¡ TiCl2(g) + Cl(g) 423
TiCl2(g) ¡ TiCl(g) + Cl(g) 444
TiCl(g) ¡ Ti(g) + Cl(g) 519

[8.76] (a) Using average bond enthalpies, predict which of the fol-
lowing reactions will be most exothermic:

(i)

(ii)

(iii)

(b) Explain the trend, if any, that exists between reaction
exothermicity and the extent to which the carbon atom is
bonded to oxygen.

CO2(g) + 4 F2 ¡ CF4(g) + 2 OF2(g)

CO(g) + 3 F2 ¡ CF4(g) + OF2(g)

C(g) + 2 F2(g) ¡ CF4(g)
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ADDITIONAL EXERCISES
8.77 How many elements in the periodic table are represented by a

Lewis symbol with a single dot? Are all these elements in the
same group? Explain.

[8.78] From Equation 8.4 and the ionic radii given in Figure 7.7, cal-
culate the potential energy of the following pairs of ions. As-
sume that the ions are separated by a distance equal to the sum
of their ionic radii:(a) , ; (b) , ; (c) ,

8.79 (a) Explain the following trend in lattice energy: BeH2,
; MgH2, ; CaH2, ; SrH2,
; BaH2, . (b) The lattice energy of

ZnH2 is . Based on the data given in part (a), the
radius of the ion is expected to be closest to that of which
group 2A element?

8.80 Based on data in Table 8.2, estimate (within ) the
lattice energy for (a) LiBr, (b) CsBr,(c) CaCl2.

8.81 An ionic substance of formula MX has a lattice energy of
. Is the charge on the ion M likely to be ,

or ? Explain your reasoning.

[8.82] From the ionic radii given in Figure 7.7, calculate the potential
energy of a and ion pair that is just touching (the
magnitude of the electronic charge is given on the back inside
cover). Calculate the energy of a mole of such pairs. How does
this value compare with the lattice energy of CaO (Table 8.2)?
Explain the difference.

8.83 Construct a Born…Haber cycle for the formation of the hypo-
thetical compound NaCl2, where the sodium ion has a 
charge (the second ionization energy for sodium is given in
Table 7.2).(a) How large would the lattice energy need to be
for the formation of NaCl2 to be exothermic? (b) If we were to
estimate the lattice energy of NaCl2 to be roughly equal to that
of MgCl2 ( from Table 8.2), what value would you
obtain for the standard enthalpy of formation, , of NaCl2?

8.84 (a)How does a polar molecule differ from a nonpolar one?
(b) Atoms X and Y have different electronegativities. Will the
diatomic molecule necessarily be polar? Explain.
(c) What factors affect the size of the dipole moment of a di-
atomic molecule?

8.85 For the following collection of nonmetallic elements, O, P, Te,
I, B, (a) which two would form the most polar single bond?
(b) Which two would form the longest single bond? (c) Which
two would be likely to form a compound of formula XY2?
(d) Which combinations of elements would likely yield a com-
pound of empirical formula X2Y3? In each case explain your
answer.

8.86 The substance chlorine monoxide, ClO(g), is important in at-
mospheric processes that lead to depletion of the ozone layer.
The ClO molecule has a dipole moment of 1.24 D and the

bond length is 1.60 Å.(a) Determine the magnitude of
the charges on the Cl and O atoms in units of the electronic
charge,e. (b) Based on the electronegativities of the elements,
which atom would you expect to have a negative charge in the
ClO molecule? (c) By using formal charges as a guide, propose
the dominant Lewis structure for the molecule. Are the formal
charges consistent with your answers to parts (a) and (b)? Can
you reconcile any differences you find?

[8.87] Using the electronegativities of Br and Cl, estimate the partial
charges on the atoms in the molecule. Using these
partial charges and the atomic radii given in Figure 7.7, esti-
mate the dipole moment of the molecule. The measured
dipole moment is 0.57 D.

Br¬ Cl

Cl¬ O

X¬ Y

¢ H°f

2326 kJ>mol

2+

O2-Ca2+

3+2+
1+6 * 103 kJ>mol

30 kJ>mol

Zn2+
2870 kJ>mol

2121 kJ/mol2250 kJ>mol
2410 kJ>mol2791 kJ>mol3205 kJ>mol

S2- .Sr2+Br-Rb+Br-Na+

8.88 A major challenge in implementing the •hydrogen economyŽ
is finding a safe, lightweight, and compact way of storing hy-
drogen for use as a fuel. The hydrides of light metals are at-
tractive for hydrogen storage because they can store a high
weight percentage of hydrogen in a small volume. For exam-
ple, NaAlH4 can release of its mass as H2 upon decom-
posing to NaH(s), Al(s), and H2(g). NaAlH4 possesses both
covalent bonds, which hold polyatomic anions together, and
ionic bonds.(a)Write a balanced equation for the decomposi-
tion of NaAlH4. (b) Which element in NaAlH4 is the most
electronegative? Which one is the least electronegative?
(c) Based on electronegativity differences, what do you think
is the identity of the polyatomic anion? Draw a Lewis struc-
ture for this ion.

8.89 Although is known, is not. Using Lewis structures,
explain why does not form.

8.90 Calculate the formal charge on the indicated atom in each of
the following molecules or ions:(a) the central oxygen atom in
O3, (b) phosphorus in ,(c) nitrogen in NO2, (d) iodine in
ICl3, (e) chlorine in HClO4 (hydrogen is bonded to O).

8.91 (a)Determine the formal charge on the chlorine atom in the
hypochlorite ion, , and the perchlorate ion, , using
resonance structures where the Cl atom has an octet.(b) What
are the oxidation numbers of chlorine in and in ?
(c) Is it uncommon for the formal charge and the oxidation
state to be different? Explain.(d) Perchlorate is a much
stronger oxidizing agent than hypochlorite. Would you expect
there to be any relationship between the oxidizing power of
the oxyanion and either the oxidation state or the formal
charge of chlorine?

8.92 The following three Lewis structures can be drawn for N2O:

(a) Using formal charges, which of these three resonance
forms is likely to be the most important? (b) The bond
length in N2O is 1.12 Å, slightly longer than a typical 
bond; and the bond length is 1.19 Å, slightly shorter
than a typical bond. (See Table 8.5.) Rationalize these
observations in terms of the resonance structures shown pre-
viously and your conclusion for part (a).

[8.93] (a) Triazine, C3H3N3, is like benzene except that in triazine
every other group is replaced by a nitrogen atom. Draw
the Lewis structure(s) for the triazine molecule.(b) Estimate
the carbon…nitrogen bond distances in the ring.

[8.94] Ortho-dichlorobenzene, C6H4Cl2, is obtained when two of the
adjacent hydrogen atoms in benzene are replaced with Cl
atoms. A skeleton of the molecule is shown here.(a) Complete
a Lewis structure for the molecule using bonds and electron
pairs as needed.(b) Are there any resonance structures for the
molecule? If so, sketch them.(c) Are the resonance structures
in (a) and (b) equivalent to one another as they are in ben-
zene? If not, explain what makes them different.

C

Cl

H

H

CC

Cl

H

H C C

C

C¬ H

N • O
N ¬ O

N ‘ N
N ¬ N

N ON N ON N ON

ClO4
-ClO-

ClO4
-ClO-

PF6
-

F3
-

F3
-I3

-

5.6%
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8.95 Consider the hypothetical molecule . How could
you use an experimentally determined structure of the mole-
cule to decide whether resonance is important in it?

8.96 An important reaction for the conversion of natural gas to
other useful hydrocarbons is the conversion of methane to
ethane.

In practice, this reaction is carried out in the presence of oxy-
gen, which converts the hydrogen produced to water.

Use Table 8.4 to estimate for these two reactions. Why is
the conversion of methane to ethane more favorable when
oxygen is used?

8.97 Two compounds are isomers if they have the same chemical
formula but a different arrangement of atoms. Use Table 8.4 to
estimate for each of the following gas-phase isomerization
reactions, and indicate which isomer has the lower enthalpy:

H

H

CH CN

H

H

CH NC

Methyl isocyanide Acetonitrile

(d)

C
CC

C

H

H

H
H

H

H

H
H

H

H

H

H C

H

C

H

C

H

C
C C

H

Cyclopentene Pentadiene

(c)

H C H

OO

Ethylene oxide

H

H

C

H

H

C

H

C H

Acetaldehyde

(b)

Ethanol Dimeth yl ether

H C

H

H

H C

H

H

C

H

H

O H HO C

H

H

(a)

¢ H

¢ H

2 CH4(g) + 1
2 O2(g) ¡ C2H6(g) + H2O(g)

2 CH4(g) ¡ C2H6(g) + H2(g)

B¬ A• B [8.98] With reference to the •Chemistry Put to WorkŽ box on explo-
sives,(a) use bond enthalpies to estimate the enthalpy change
for the explosion of 1.00 g of nitroglycerin.(b) Write a bal-
anced equation for the decomposition of TNT. Assume that,
upon explosion, TNT decomposes into N2(g), CO2(g),
H2O(g), and C(s).

[8.99] The •plasticŽ explosive C-4, often used in action movies, con-
tains the molecule cyclotrimethylenetrinitramine,which is
often called RDX (for Royal Demolition eXplosive):

(a) Complete the Lewis structure for the molecule by adding
unshared electron pairs where they are needed.(b) Does the
Lewis structure you drew in part (a) have any resonance struc-
tures? If so, how many? (c) The molecule causes an explosion
by decomposing into CO(g), N2(g), and H2O(g). Write a bal-
anced equation for the decomposition reaction.(d) With ref-
erence to Table 8.4, which is the weakest type of bond in the
molecule?(e) Use average bond enthalpies to estimate the en-
thalpy change when 5.0 g of RDX decomposes.

8.100 The bond lengths of carbon…carbon, carbon…nitrogen, carbon…
oxygen, and nitrogen…nitrogen single, double, and triple bonds
are listed in Table 8.5. Plot bond enthalpy (Table 8.4) versus
bond length for these bonds (as in Figure 8.17). What do you
conclude about the relationship between bond length and
bond enthalpy? What do you conclude about the relative
strengths of , , , and bonds?N ¬ NC¬ OC¬ NC¬ C

O

N

N

C

C C

N

H

H

N

H

H

HH

N
O O

O
Cyclotrimethylenetrinitramine (RDX)

N
OO

INTEGRATIVE EXERCISES
8.101 The ion is isoelectronic with the Ca atom.(a) Are there

any differences in the electron configurations of and Ca?
(b) With reference to Figure 6.24, comment on the changes in
the ordering of the 4sand 3d subshells in Ca and .(c) Will
Ca and have the same number of unpaired electrons?
Explain.

[8.102] (a)Write the chemical equations that are used in calculating
the lattice energy of SrCl2(s) via a Born…Haber cycle.(b) The
second ionization energy of Sr(g) is . Use this fact
along with data in Appendix C, Figure 7.9, Figure 7.11, and
Table 8.2 to calculate for SrCl2(s).

[8.103] The electron affinity of oxygen is , correspon-
ding to the reaction

O(g) + e- ¡ O- (g)

- 141 kJ>mol

¢ H°f

1064 kJ>mol

Ti2+
Ti2+

Ti2+
Ti2+ The lattice energy of K2O(s) is . Use these data

along with data in Appendix C and Figure 7.9 to calculate the
•second electron affinityŽ of oxygen, corresponding to the
reaction

8.104 You and a partner are asked to complete a lab entitled •Oxides
of RutheniumŽ that is scheduled to extend over two lab peri-
ods. The first lab, which is to be completed by your partner, is
devoted to carrying out compositional analysis. In the second
lab, you are to determine melting points. Upon going to lab
you find two unlabeled vials, one containing a soft yellow sub-
stance and the other a black powder. You also find the follow-
ing notes in your partner•s notebook„Compound 1:
Ru and O (by mass),Compound 2: Ru and61.2%24.0%

76.0%

O- (g) + e- ¡ O2- (g)

2238 kJ>mol
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O (by mass).(a) What is the empirical formula for
Compound 1? (b) What is the empirical formula for Com-
pound 2? (c) Upon determining the melting points of these
two compounds, you find that the yellow compound melts at

, while the black powder does not melt up to the maxi-
mum temperature of your apparatus, . What is the
identity of the yellow compound? What is the identity of the
black compound? Be sure to use the appropriate naming
convention depending on whether the compound is better de-
scribed as a molecular or ionic compound.

[8.105] One scale for electronegativity is based on the concept
that the electronegativity of any atom is proportional to the
ionization energy of the atom minus its electron affinity:

, where k is a proportionality
constant.(a) How does this definition explain why the elec-
tronegativity of F is greater than that of Cl even though Cl has
the greater electron affinity? (b) Why are both ionization en-
ergy and electron affinity relevant to the notion of electroneg-
ativity? (c) By using data in Chapter 7, determine the value of
k that would lead to an electronegativity of 4.0 for F under this
definition. (d) Use your result from part (c) to determine the
electronegativities of Cl and O using this scale. Do these values
follow the trend shown in Figure 8.7?

8.106 The compound chloral hydrate, known in detective stories
as knockout drops, is composed of , ,

, and O by mass and has a molar mass of
. (a) What is the empirical formula of this sub-

stance? (b) What is the molecular formula of this substance?
(c) Draw the Lewis structure of the molecule, assuming that
the Cl atoms bond to a single C atom and that there are a

bond and two bonds in the compound.

8.107 Barium azide is Ba and N. Each azide ion has
a net charge of .(a) Determine the chemical formula of the
azide ion.(b) Write three resonance structures for the azide
ion. (c) Which structure is most important? (d) Predict the
bond lengths in the ion.

8.108 Acetylene (C2H2) and nitrogen (N2) both contain a triple bond,
but they differ greatly in their chemical properties.(a)Write the
Lewis structures for the two substances.(b) By referring to Ap-
pendix C, look up the enthalpies of formation of acetylene and
nitrogen and compare their reactivities.(c) Write balanced
chemical equations for the complete oxidation of N2 to form
N2O5(g) and of acetylene to form CO2(g) and H2O(g). (d) Cal-
culate the enthalpy of oxidation per mole of N2 and C2H2 (the
enthalpy of formation of N2O5(g) is ). How do
these comparative values relate to your response to part (b)?
Both N2 and C2H2 possess triple bonds with quite high bond
enthalpies (Table 8.4). What aspect of chemical bonding in
these molecules or in the oxidation products seems to account
for the difference in chemical reactivities?

[8.109] Under special conditions, sulfur reacts with anhydrous liquid
ammonia to form a binary compound of sulfur and nitrogen.

11.30 kJ>mol

1-
37.96%62.04%

C¬ OC¬ C

165.4 g>mol
19.35%64.30% Cl

1.83% H14.52% C

electronegativity= k(IE - EA)

1200°C
25°C

38.8% The compound is found to consist of S and N.
Measurements of its molecular mass yield a value of

. The compound occasionally detonates on
being struck or when heated rapidly. The sulfur and nitrogen
atoms of the molecule are joined in a ring. All the bonds in the
ring are of the same length.(a) Calculate the empirical and
molecular formulas for the substance.(b) Write Lewis struc-
tures for the molecule, based on the information you are
given. (Hint: You should find a relatively small number of
dominant Lewis structures.) (c) Predict the bond distances be-
tween the atoms in the ring. (Note: The distance in the
S8 ring is 2.05 Å.) (d) The enthalpy of formation of the com-
pound is estimated to be . of S(g) is

. Estimate the average bond enthalpy in the
compound.

[8.110] A common form of elemental phosphorus is the tetrahedral
P4 molecule, where all four phosphorus atoms are equivalent:

At room temperature phosphorus is a solid.(a) Do you think
there are any unshared pairs of electrons in the P4 molecule?
(b) How many bonds are there in the molecule? (c) Can
you draw a Lewis structure for a linear P4 molecule that satis-
fies the octet rule? (d) Using formal charges, what can you say
about the stability of the linear molecule versus that of the
tetrahedral molecule?

[8.111] Consider benzene (C6H6) in the gas phase.(a) Write the reac-
tion for breaking all the bonds in C6H6(g), and use data in Ap-
pendix C to determine the enthalpy change for this reaction.
(b) Write a reaction that corresponds to breaking all the
carbon…carbon bonds in C6H6(g). (c) By combining your an-
swers to parts (a) and (b) and using the average bond enthalpy
for from Table 8.4, calculate the average bond enthalpy
for the carbon…carbon bonds in C6H6(g). (d) Comment on
your answer from part (c) as compared to the values for

single bonds and double bonds in Table 8.4.

8.112 Average bond enthalpies are generally defined for gas-phase
molecules. Many substances are liquids in their standard state.
€ (Section 5.7)By using appropriate thermochemical data
from Appendix C, calculate average bond enthalpies in the liq-
uid state for the following bonds, and compare these values to
the gas-phase values given in Table 8.4:(a) , from
Br2(l); (b) from CCl4(l); (c) , from H2O2(l)
(assume that the bond enthalpy is the same as in the
gas phase).(d) What can you conclude about the process of
breaking bonds in the liquid as compared to the gas phase? Ex-
plain the difference in the values between the two phases.¢ H

O¬ H
O¬ OC¬ Cl,

Br¬ Br

C• CC¬ C

C¬ H

P¬ P

P4

222.8 kJ mol- 1
¢ H°f480 kJ mol- 1

S¬ S

184.3 g mol- 1

30.4%69.6%



9.3 MOLECULAR SHAPE AND MOLECULAR POLARITY
Once we know the geometry of a molecule and the types of
bonds it contains, we can determine whether the molecule is polar
or nonpolar.

9.4 COVALENT BONDING AND ORBITAL OVERLAP
We recognize that electrons are shared between atoms in a
covalent bond. In valence-bond theory, the bonding electrons are
visualized as originating in atomic orbitals on two atoms. A
covalent bond is formed when these orbitals overlap.

WHAT•S AHEAD
9.1 MOLECULAR SHAPES
We begin by discussing molecular shapes and examining some
shapes commonly encountered in molecules.

9.2 THE VSEPR MODEL
We consider how molecular geometries can be predicted using
the valence-shell electron-pair repulsion, or VSEPR,model, which
is based on Lewis structures and the repulsions between regions
of high electron density.

9

THE DRUG SHOWN HERE IS DIAZEPAM, better known
as Valium. It is commonly prescribed for a wide range of
disorders, including anxiety, insomnia , seizures, muscle
spasms, restless legs syndrome , and obsessive-compulsive
disorder . Valium was invented by Leo Sternbach at Hoffmann-
LaRoche Pharmaceuticals and first licensed for use in 1960.
It was the top-selling pharmaceutical in the United States
from 1969 to 1982, with peak sales in 1978 of 2.3 billion
tablets! It continues to be an important medication and is on
the World Health Organization•s Essential Drugs list.



9.5 HYBRID ORBITALS
To account for molecular shape, we consider how the orbitals of
one atom mix with one another, or hybridize, to create hybrid
orbitals.

9.6 MULTIPLE BONDS
Atomic orbitals that contribute to covalent bonding in a molecule
can overlap in multiple ways to produce sigma and pi bonds
between atoms. Single bonds generally consist of one sigma
bond; multiple bonds involve one sigma and one or more pi
bonds. We examine the geometric arrangements of these bonds
and how they are exemplified in organic compounds.

9.7 MOLECULAR ORBITALS
We examine a more sophisticated treatment of bonding called
molecular orbital theory, which introduces the concepts of
bonding and antibonding molecular orbitals .

9.8 PERIOD 2 DIATOMIC MOLECULES
We consider how molecular orbital theory is used to construct
energy-level diagrams for second-row diatomic molecules.

331

moleculararchitecture……are defined by the angles and distances between the nuclei of the
component atoms.

The shape and size of a molecule of a substance, together with the strength and
polarity of its bonds, largely determine the properties of that substance. Some of the
most dramatic examples of the important roles of molecular architecture are seen in
biochemical reactions. For example, the chapter-opening photograph shows a
molecular model of diazepam, better known as Valium. In the body, this relatively
simple molecule enters into an extraordinary array of biochemical interactions. Valium
works by binding to certain important sites in the central nervous system. Its

MOLECULAR
GEOMETRY 
AND BONDING
THEORIES
WE SAW IN CHAPTER 8 THAT LEWIS STRUCTUREShelp us understand
the compositions of molecules and their covalent bonds.
However, Lewis structures do not show one of the most
important aspects of molecules„their overall shapes. The
shape and size of molecules„sometimes referred to as 
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effectiveness is highly dependent on the shape and size of the molecule as well on the
charge distributions within it. Even a small modification to molecular shape or size
alters the drug•s effectiveness.

One of our goals in this chapter is to develop a sense of the shapes of molecules
and how those shapes are governed in large measure by the kinds of bonds that exist
between the atoms making up the molecules.

Our first goal is to learn the relationship between two-dimensional Lewis
structures and three-dimensional molecular shapes. Armed with this knowledge, we
can examine the nature of covalent bonds. The lines used to depict bonds in Lewis
structures provide important clues about the orbitals that molecules use in bonding.
By examining these orbitals, we can gain a greater understanding of the behavior of
molecules. Mastering the material in this chapter will help you in later discussions of
the physical and chemical properties of substances.

9.1 | MOLECULAR SHAPES
In Chapter 8 we used Lewis structures to account for the formulas of covalent com-
pounds.€ (Section 8.5)Lewis structures, however, do not indicate the shapes of
molecules; they simply show the number and types of bonds. For example, the Lewis
structure of CCl4 tells us only that four Cl atoms are bonded to a central C atom:

The Lewis structure is drawn with the atoms all in the same plane. As shown in � FIGURE
9.1, however, the actual arrangement is the Cl atoms at the corners of atetrahedron,a geo-
metric object with four corners and four faces, each an equilateral triangle.

The shape of a molecule is determined by its bond angles , the angles made by the
lines joining the nuclei of the atoms in the molecule. The bond angles of a molecule, to-
gether with the bond lengths€ (Section 8.8), define the shape and size of the
molecule. In Figure 9.1, you should be able to see that there are six bond
angles in CCl4 and that they all have the same value of , the angle size characteris-
tic of a tetrahedron. In addition, all four bonds are the same length (1.78 Å).
Thus, the shape and size of CCl4 are completely described by stating that the molecule is
tetrahedral with bonds of length 1.78 Å.

We begin our discussion of molecular shapes with molecules (and ions) that, like
CCl4, have a single central atom bonded to two or more atoms of the same type. Such
molecules have the general formula ABn in which the central atom A is bonded to n

C¬ Cl

C¬ Cl
109.5°

Cl¬ C¬ Cl

CCl Cl

Cl

Cl

Tetrahedron Ball and stick model Space-fillin g model

CCl4 CCl4
All C„ Cl bond
lengths 1.78 Å

Four equivalent 
faces

All Cl„ C„ Cl
angles 109.5°

� FIGURE 9.1 Tetrahedral shape of CCl 4.

G O  F I G U R E

In the space-filling model, what determines the relative sizes of the spheres?
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B atoms. Both CO2 and H2O are AB2 molecules, for example, whereas SO3 and NH3 are
AB3 molecules, and so on.

The number of shapes possible for ABn molecules depends on the value ofn. Those
commonly found for AB2 and AB3 molecules are shown in � FIGURE 9.2. An AB2 mol-
ecule must be either linear or bent . For AB3
molecules, the two most common shapes place the B atoms at the corners of an equilat-
eral triangle. If the A atom lies in the same plane as the B atoms, the shape is trigonal
planar. If the A atom lies above the plane of the B atoms, the shape is trigonal pyramidal
(a pyramid with an equilateral triangle as its base). Some AB3 molecules, such as ClF3,
are T-shaped, the relatively unusual shape shown in Figure 9.2. The atoms lie in one
plane, but the angles between them vary as shown.

Compare Figures 9.1 and 9.2 to notice the difference between NF3 and CCl4. The
CCl4 molecule is tetrahedral because the four atoms bonded to the carbon are disposed
at the four apexes of a tetrahedron around the central atom. The NF3 molecule is
pyramidal because the three atoms bonded to nitrogen lie at the base of a trigonal
pyramid.

The shapes that maximize the separation of outer atoms are shown in � FIGURE
9.3. In addition to the shapes we have already seen, this figure shows those encountered
when there are five or six atoms surrounding a central atom. The trigonal bipyramid can
be thought of as two face-to-face trigonal pyramids; the octahedron is like two face-to-
face square pyramids.

(bond angleZ 180°)(bond angle= 180°)

AB2 linear
CO2

AB2 bent
SO2

AB3 T-shaped
ClF3

AB3 trigonal planar
SO3

AB3 trigonal
pyramidal

NF3

� FIGURE 9.2 Shapes of AB 2 and AB 3 molecules.

AB2 linear AB 3 trigonal planar

AB5 trigonal bipyramidal AB 6 octahedral

AB4 tetrahedral

180�

90�

90�120�

90�

120�
109.5�

� FIGURE 9.3 Shapes allowing
maximum distances between atoms in
ABn molecules.

G O  F I G U R E

Which of these molecular shapes do you expect for the SF 6 molecule?
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Some molecules have shapes other than those shown in Figure 9.3, but we can usu-
ally derive the shape of those molecules from Figure 9.3. Neither trigonal pyramidal nor
bent is shown in Figure 9.3, for instance, but � FIGURE 9.4 shows how we can arrive at
these shapes by removing atoms from the tetrahedral shape.

Why do so many ABn molecules have shapes related to those shown in Figure 9.3,
and can we predict these shapes? When A is a representative element (one from the s
block or p block of the periodic table), we can answer these questions by using the
valence-shell electron-pair repulsion (VSEPR) model . Although the name is rather
imposing, the model is quite simple. It has useful predictive capabilities, as we will see in
Section 9.2.

G I V E  I T  S O M E  T H O U G H T

In addition to tetrahedral, another common shape for AB 4 molecules is square
planar. All five atoms lie in the same plane, with the B atoms at the corners of a
square and the A atom at the center of the square. Which shape in Figure 9.3
could lead to a square-planar shape upon removal of one or more atoms?

9.2 | THE VSEPR MODEL
Imagine tying two identical balloons together at their ends. As shown in � FIGURE 9.5,
the two balloons naturally orient themselves to point away from each other; that is, they
try to •get out of each other•s wayŽ as much as possible. If we add a third balloon, the
balloons orient themselves toward the vertices of an equilateral triangle, and if we add a
fourth balloon, they adopt a tetrahedral shape. We see that an optimum geometry exists
for each number of balloons.

In some ways, the electrons in molecules behave like these balloons. We have seen
that a single covalent bond is formed between two atoms when a pair of electrons occu-
pies the space between the atoms.€ (Section 8.3)A bonding pair of electrons thus
defines a region in which the electrons are most likely to be found. We will refer to such
a region as an electron domain . Likewise, a nonbonding pair (or lone pair ) of elec-
trons defines an electron domain that is located principally on one atom. For example,
the Lewis structure of NH3 has four electron domains around the central nitrogen atom
(three bonding pairs, represented as usual by short lines, and one nonbonding pair, rep-
resented by dots):

Each multiple bond in a molecule also constitutes a single electron domain. Thus,
the resonance structure for O3 has three electron domains around the central oxygen
atom (a single bond, a double bond, and a nonbonding pair of electrons):

In general,each nonbonding pair, single bond, or multiple bond produces a single elec-
tron domain around the central atom in a molecule.

O OO

N

H

HH

Tetrahedral Trigonal pyramidal Bent

Removal of one
corner atom

Removal of a
second
corner atom

� FIGURE 9.4 Derivatives of the
tetrahedral molecular shape.

Two balloons
linear orientation

Three balloons
trigonal-planar orientation

Four balloons
tetrahedral orientation

� FIGURE 9.5 A balloon analogy for
electron domains.
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G I V E  I T  S O M E  T H O U G H T

Suppose a particular AB3 molecule has the resonance structure

Does this structure follow the octet rule? How many electron domains are there
around the A atom?

The VSEPR model is based on the idea that electron domains are negatively charged
and therefore repel one another. Like the balloons in Figure 9.5, electron domains try to
stay out of one another•s way.The best arrangement of a given number of electron domains
is the one that minimizes the repulsions among them. In fact, the analogy between electron
domains and balloons is so close that the same preferred geometries are found in both
cases. Like the balloons in Figure 9.5, two electron domains orient linearly, three
domains orient in a trigonal-planarfashion, and four orient tetrahedrally. These
arrangements, together with those for five- and six-electron domains, are summarized
in � TABLE 9.1. If you compare the geometries in Table 9.1 with those in Figure 9.3,

A

B

BB

TABLE 9.1 € Electron-Domain Geometries as a Function of Number
of Electron Domains

2 Linear 180�

180�

3 Trigonal
planar

120�

120�

90�

90�

90�

120�

4 Tetrahedral 109.5�

109.5�

5 Trigonal
bipyramidal

120�
  90�

6 Octahedral   90�

Number of
Electron Domains

Arrangement of
Electron Domains

Electron-Domain
Geometry

Predicted
Bond Angles
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N

H
H

H

2. Determine electron-domain
geometry by counting all
electron domains, then use
Table 9.1 to determine
appropriate electron
domain geomtry.

3. Determine molecular
geometry by counting only
bonding electron domains to
see arrangement of bonded
atoms (trigonal pyramidal)

1. Draw Lewis
structure

NH 3

� FIGURE 9.6 Determining the
molecular geometry of NH 3.

you will see that they are the same.The shapes of different ABn molecules or ions depend
on the number of electron domains surrounding the central atom.

The arrangement of electron domains about the central atom of an ABn molecule
or ion is called its electron-domain geometry . In contrast, the molecular geometry is
the arrangement ofonly the atomsin a molecule or ion„any nonbonding pairs in the
molecule are notpart of the description of the molecular geometry.

In determining the shape of any molecule, we first use the VSEPR model to predict the
electron-domain geometry. From knowing how many of the domains are due to nonbond-
ing pairs, we can then predict the molecular geometry. When all the electron domains in a
molecule arise from bonds, the molecular geometry is identical to the electron-domain
geometry.When, however, one or more domains involve nonbonding pairs of electrons, we
must remember to ignore those domains when talking about molecular shape.

We can generalize the steps we follow in using the VSEPR model to predict the
shapes of molecules or ions:

1. Draw the Lewis structureof the molecule or ion, and count the number of elec-
tron domains around the central atom. Each nonbonding electron pair, each sin-
gle bond, each double bond, and each triple bond counts as one electron domain.

2. Determine the electron-domain geometryby arranging the electron domains about
the central atom so that the repulsions among them are minimized, as shown in
Table 9.1.

3. Use the arrangement of the bonded atoms to determine the molecular geometry.

� FIGURE 9.6 shows how these steps are applied to predict the geometry of the
NH3 molecule. The three bonds and one nonbonding pair in the Lewis structure tell us
we have four electron domains. We know from Table 9.1 that the repulsions among four
electron domains are minimized when the domains point toward the vertices of a tetra-
hedron, so the electron-domain geometry of NH3 is tetrahedral. We know from the
Lewis structure that one electron domain holds a nonbonding pair of electrons, which
occupies one of the four vertices of the tetrahedron. The bonding arrangement is there-
fore three atoms bonded to a central atom, with the central atom not in the same plane
as the three others. This is just the situation we find in the middle molecule of Figure
9.4. Hence, the molecular geometry of NH3 is trigonal pyramidal. Notice that the tetra-
hedral arrangement of the four electron domains leads us to predict the
trigonal-pyramidal molecular geometry.

Because the trigonal-pyramidal molecular geometry is based on a tetrahedral
electron-domain geometry, the ideal bond anglesare 109.5°. As we will soon see, bond
angles deviate from ideal values when the surrounding atoms and electron domains are
not identical.

G I V E  I T  S O M E  T H O U G H T

From the standpoint of the VSEPR model, what do nonbonding electron pairs,
single bonds, and multiple bonds have in common?
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As one more example, let•s determine the shape of the CO2 molecule. Its Lewis struc-
ture reveals two electron domains (each one a double bond) around the central carbon:

Two electron domains orient in a linear electron-domain geometry (Table 9.1). Because
neither domain is a nonbonding pair of electrons, the molecular geometry is also linear,
and the bond angle is .

� TABLE 9.2 summarizes the possible molecular geometries when an ABn molecule
has four or fewer electron domains about A. These geometries are important because
they include all the shapes usually seen in molecules or ions that obey the octet rule.

180°O¬ C¬ O

CO O

TABLE 9.2 € Electron-Domain and Molecular Geometries for Two, Three, and Four 
Electron Domains around a Central Atom

Number of
Electron
Domains

Electron-
Domain
Geometry

Bonding
Domains

2

3

2

3

2

4

0

0

1

1

2

0

Nonbonding
Domains

Molecular
Geometry Example

Linear

2

3

4

Trigonal planar

Tetrahedral

F

H

FF

OO

B

O OC

N

C

H
H

H

H

H

N

H H

O

H

Linear

Trigonal planar

Bent

Tetrahedral

Trigonal
pyramidal

Bent

�



338 CHAPTER 9 Molecular Geometry and Bonding Theories

SAMPLE EXERCISE 9.1 Using the VSEPR Model

Use the VSEPR model to predict the molecular geometry of(a) O3, (b) .

SOLUTION

SnCl3
-

Solve
(a) We can draw two resonance structures for O3: O OO O OO

Because of resonance, the bonds between the central O atom and the
outer O atoms are of equal length. In both resonance structures the cen-
tral O atom is bonded to the two outer O atoms and has one
nonbonding pair. Thus, there are three electron domains about the cen-
tral O atoms. (Remember that a double bond counts as a single electron
domain.) The arrangement of three electron domains is trigonal planar
(Table 9.1). Two of the domains are from bonds, and one is due to a
nonbonding pair. So, the molecule has a bent shape with an ideal bond
angle of (Table 9.2).120° O O

O

Comment As this example illustrates, when a molecule exhibits resonance, any one of the resonance struc-
tures can be used to predict the molecular geometry.
(b) The Lewis structure for isSnCl3

-

Cl

ClCl Sn
�

The central Sn atom is bonded to the three Cl atoms and has one non-
bonding pair; thus, we have four electron domains, meaning tetrahedral
electron-domain geometry (Table 9.1) with one vertex occupied by a
nonbonding pair of electrons. Tetrahedral electron-domain geometry
with three bonding and one nonbonding domains means the molecular
geometry is trigonal pyramidal (Table 9.2).

Cl Cl

Cl

Sn

PRACTICE EXERCISE
Predict the electron-domain and molecular geometries for (a) SeCl2, (b) .
Answers: (a) tetrahedral, bent;(b) trigonal planar, trigonal planar

CO3
2-

Effect of Nonbonding Electrons and 
Multiple Bonds on Bond Angles
We can refine the VSEPR model to explain slight distortions from the ideal geometries
summarized in Table 9.2. For example, consider methane (CH4), ammonia (NH3), and
water (H2O). All three have a tetrahedral electron-domain geometry, but their bond an-
gles differ slightly:

Notice that the bond angles decrease as the number of nonbonding electron pairs in-
creases. A bonding pair of electrons is attracted by both nuclei of the bonded atoms, but
a nonbonding pair is attracted primarily by only one nucleus. Because a nonbonding
pair experiences less nuclear attraction, its electron domain is spread out more in space
than is the electron domain for a bonding pair (� FIGURE 9.7). Nonbonding electron
pairs therefore take up more space than bonding pairs. As a result,electron domains for
nonbonding electron pairs exert greater repulsive forces on adjacent electron domains and
tend to compress bond angles.

H

H
109.5�H

HH
C

107� 104.5�
H

H

N
H

H

O

Analyze We are given the molecular formulas of a molecule and a
polyatomic ion, both conforming to the general formula ABn and
both having a central atom from the p block of the periodic table.

Plan To predict the molecular geometries, we draw their Lewis struc-
tures and count electron domains around the central atom to get the
electron-domain geometry. We then obtain the molecular geometry
from the arrangement of the domains that are due to bonds.
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Because multiple bonds contain a higher electronic-charge density than single
bonds, multiple bonds also represent enlarged electron domains. Consider the Lewis
structure of phosgene:

Because three electron domains surround the central atom, we might expect a trigonal-
planar geometry with bond angles. The double bond, however, seems to act much
like a nonbonding pair of electrons, reducing the bond angle to :

In general,electron domains for multiple bonds exert a greater repulsive force on adja-
cent electron domains than do electron domains for single bonds.

G I V E  I T  S O M E  T H O U G H T

One resonance structure of the nitrate ion is

The bond angles in this ion are . Is this observation consistent with the
preceding discussion of the effect of multiple bonds on bond angles?

Molecules with Expanded Valence Shells
Atoms from period 3 and beyond may be surrounded by more than four electron pairs.
€ (Section 8.7)Molecules with five or six electron domains around the central atom
have molecular geometries based on either a trigonal-bipyramidal(five domains) or
octahedral(six domains) electron-domain geometry (� TABLE 9.3).

The most stable electron-domain geometry for five electron domains is the trigonal
bipyramid (two trigonal pyramids sharing a base). Unlike the other arrangements we
have seen, the electron domains in a trigonal bipyramid can point toward two geomet-
rically distinct types of positions. Two domains point toward axial positionsand three
point toward equatorial positions(� FIGURE 9.8). Each axial domain makes a angle
with any equatorial domain. Each equatorial domain makes a angle with either of
the other two equatorial domains and a angle with either axial domain.

Suppose a molecule has five electron domains, and there are one or more nonbond-
ing pairs. Will the domains from the nonbonding pairs occupy axial or equatorial
positions? To answer this question, we must determine which location minimizes repul-
sion between domains. Repulsion between two domains is much greater when they are
situated from each other than when they are at . An equatorial domain is 
from only two other domains (the axial domains), but an axial domain is from three
other domains (the equatorial domains). Hence, an equatorial domain experiences less
repulsion than an axial domain. Because the domains from nonbonding pairs exert
larger repulsions than those from bonding pairs, nonbonding domains always occupy
the equatorial positions in a trigonal bipyramid.

G I V E  I T  S O M E  T H O U G H T

It might seem that a square-planar geometry of four electron domains around a
central atom would be more favorable than a tetrahedron. Can you rationalize
why the tetrahedron is preferred, based on angles between electron domains?

90°
90°120°90°

90°
120°

90°

120°

N

O

O O

�

C

Cl

Cl

O
124.3

124.3

111.4

�

�

�

111.4°Cl¬ C¬ Cl
120°

C O

Cl

Cl

Nuclei

Nucleus

Bonding electron pair

Nonbonding pair

� FIGURE 9.7 Relative volumes
occupied by bonding and nonbonding
electron domains.

G O  F I G U R E

Why is the volume occupied by the
nonbonding electron pair domain
larger than the volume occupied
by the bonding domain?

Axial position

Axial position

Three
equatorial
positions form
an equilateral
triangle

� FIGURE 9.8 In a trigonal-bipyramidal
geometry, there are two types of positions
for the outer atoms.

G O  F I G U R E

What is the bond angle formed by
an axial atom, the central atom,
and any equatorial atom?
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TABLE 9.3 € Electron-Domain and Molecular Geometries for Five and Six 
Electron Domains around a Central Atom

Seesaw

T-shaped

Linear

Octahedral

Square pyramidal

Square planar

Trigonal
bipyramidal

Trigonal
bipyramidal

55

4

3

2

66

5

4

0 PCl5

1

2

3

0

1

2

SF4

ClF3

XeF2

SF6

BrF5

XeF4

Octahedral

Number of
Electron
Domains

Electron-
Domain
Geometry

Bonding
Domains

Nonbonding
Domains

Molecular
Geometry Example
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The most stable electron-domain geometry for six electron domains is the
octahedron. An octahedron is a polyhedron with six vertices and eight faces, each an
equilateral triangle. An atom with six electron domains around it can be visualized as
being at the center of the octahedron with the electron domains pointing toward the six
vertices, as shown in Table 9.3. All the bond angles are , and all six vertices are equiv-
alent. Therefore, if an atom has five bonding electron domains and one nonbonding
domain, we can put the nonbonding domain at any of the six vertices of the octahedron.
The result is always a square-pyramidalmolecular geometry. When there are two non-
bonding electron domains, however, their repulsions are minimized by pointing them
toward opposite sides of the octahedron, producing a square-planarmolecular geome-
try, as shown in Table 9.3.

90°

SAMPLE EXERCISE 9.2 Molecular Geometries of Molecules with Expanded Valence Shells

Use the VSEPR model to predict the molecular geometry of(a) SF4, (b) IF5.

SOLUTION
Analyze The molecules are of the ABn type with a central p-block atom.

Plan We first draw Lewis structures and then use the VSEPR model to determine the electron-domain 
geometry and molecular geometry.

Solve
(a) The Lewis structure for SF4 is

F

S

F

F F

The sulfur has five electron domains around it: four from the
bonds and one from the nonbonding pair. Each domain

points toward a vertex of a trigonal bipyramid. The domain
from the nonbonding pair will point toward an equatorial posi-
tion. The four bonds point toward the remaining four positions,
resulting in a molecular geometry that is described as seesaw-
shaped:

S¬ F

S

F
F

F

186� 116�

F

Comment The experimentally observed structure is shown on the right. We can infer that the nonbonding
electron domain occupies an equatorial position, as predicted. The axial and equatorial bonds are
slightly bent away from the nonbonding domain, suggesting that the bonding domains are •pushedŽ by the
nonbonding domain, which exerts a greater repulsion (Figure 9.7).

S¬ F

(b) The Lewis structure of IF5 is

I

F F

F

FF

The iodine has six electron domains around it, one of which is
nonbonding. The electron-domain geometry is therefore octa-
hedral, with one position occupied by the nonbonding pair, and
the molecular geometry is square pyramidal(Table 9.3): FF

I
FF

F

PRACTICE EXERCISE
Predict the electron-domain and molecular geometries of(a) BrF3, (b) .
Answers: (a) trigonal bipyramidal, T-shaped;(b) octahedral, square planar

ICl4
-

Comment Because the nonbonding domain is larger than the bonding domains, we predict that the four F
atoms in the base of the pyramid will be tipped up slightly toward the top F atom. Experimentally, we find that
the angle between the base atoms and top F atom is , smaller than the ideal angle of an octahedron.90°82°
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Electron-domain geometry tetrahedral,
molecular geometry tetrahedral

Electron-domain geometry trigonal planar,
molecular geometry trigonal planar

Electron-domain geometry tetrahedral,
molecular geometry bent

� FIGURE 9.9 Acetic acid, CH 3COOH.

G O  F I G U R E

Although the electron-domain
geometry around the right O is
tetrahedral, the C ¬ O¬ H bond is
slightly less than 109.5 o. Explain.

Shapes of Larger Molecules
Although the molecules and ions we have considered contain only a single central atom,
the VSEPR model can be extended to more complex molecules. For the acetic acid mol-
ecule, for example,

we can use the VSEPR model to predict the geometry about each atom:

The left C has four electron domains (all bonding), and so the electron-domain and
molecular geometries around that atom are both tetrahedral. The central C has three
electron domains (counting the double bond as one domain), making both the
electron-domain and the molecular geometries trigonal planar. The O on the right has
four electron domains (two bonding, two nonbonding), so its electron-domain geome-
try is tetrahedral and its molecular geometry is bent. The bond angles about the central
C atom and the O atom are expected to deviate slightly from the ideal values of and

because of the spatial demands of multiple bonds and nonbonding electron
pairs.

The structure of the acetic acid molecule is shown in � FIGURE 9.9.

SAMPLE EXERCISE 9.3 Predicting Bond Angles

Eyedrops for dry eyes usually contain a water-soluble polymer called poly(vinyl alcohol),which
is based on the unstable organic molecule vinyl alcohol:

Predict the approximate values for the and bond angles in vinyl
alcohol.

SOLUTION
Analyze We are given a Lewis structure and asked to determine two bond angles.

Plan To predict a bond angle, we determine the number of electron domains surrounding the
middle atom in the bond. The ideal angle corresponds to the electron-domain geometry
around the atom. The angle will be compressed somewhat by nonbonding electrons or multi-
ple bonds.

Solve In , the O atom has four electron domains (two bonding, two nonbond-
ing). The electron-domain geometry around O is therefore tetrahedral, which gives an ideal
angle of . The angle is compressed somewhat by the nonbonding pairs, so
we expect this angle to be slightly less than .

To predict the bond angle, we examine the middle atom in the angle. In the
molecule, there are three atoms bonded to this C atom and no nonbonding pairs, and so it has
three electron domains about it. The predicted electron-domain geometry is trigonal planar,
resulting in an ideal bond angle of . Because of the larger size of the domain, the
bond angle should be slightly greater than .120°

C• C120°

O¬ C¬ C
109.5°

H ¬ O¬ C109.5°

H ¬ O¬ C

O¬ C¬ CH ¬ O¬ C

C

H

C

H

H O H

109.5°
120°

C

H

4Number of electron domains

Electron-domain geometry

3 4

Predicted bond angles 120�109.5� 109.5�

Tetrahedral Trigonal
planar

Tetrahedral

H

H C

O

O H

C

H

H

H C

O

O H
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PRACTICE EXERCISE
Predict the and bond angles in propyne:

Answers: ,

9.3 | MOLECULAR SHAPE AND 
MOLECULAR POLARITY

Recall that bond polarity is a measure of how equally the electrons in a bond are shared
between the two atoms of the bond. As the difference in electronegativity between the
two atoms increases, so does the bond polarity.€ (Section 8.4)We saw that the dipole
moment of a diatomic molecule is a measure of the amount of charge separation in the
molecule.

For a molecule consisting of more than two atoms,the dipole moment depends on
both the polarities of the individual bonds and the geometry of the molecule. For each bond
in the molecule, we consider the bond dipole , which is the dipole moment due only to
the two atoms in that bond. Consider the linear CO2 molecule, for example. As shown in
� FIGURE 9.10, each bond is polar, and because the bonds are identical,
the bond dipoles are equal in magnitude. A plot of the molecule•s electron density
clearly shows that the individual bonds are polar, but what can we say about the overall
dipole moment of the molecule?

Bond dipoles and dipole moments are vector quantities; that is, they have both a
magnitude and a direction. The dipole moment of a polyatomic molecule is the vec-
tor sum of its bond dipoles. Both the magnitudes and the directions of the bond
dipoles must be considered when summing vectors. The two bond dipoles in CO2, al-
though equal in magnitude, are opposite in direction. Adding them is the same as
adding two numbers that are equal in magnitude but opposite in sign, such as

. The bond dipoles, like the numbers, •cancelŽ each other. Therefore,
the dipole moment of CO2 is zero, even though the individual bonds are polar. The
geometry of the molecule dictates that the overall dipole moment be zero, making
CO2 a nonpolarmolecule.

Now consider H2O, a bent molecule with two polar bonds (� FIGURE 9.11).
Again, the two bonds are identical, and the bond dipoles are equal in magnitude. Be-
cause the molecule is bent, however, the bond dipoles do not directly oppose each other
and therefore do not cancel. Hence, the H2O molecule has an overall nonzero dipole
moment and is therefore a polarmolecule. The oxygen atom carries a par-
tial negative charge, and the hydrogen atoms each have a partial positive charge, as
shown in the electron-density model.

G I V E  I T  S O M E  T H O U G H T

The molecule is linear and has a Lewis structure analogous to that of
CO2. Would you expect this molecule to have a dipole moment?

� FIGURE 9.12 shows some polar and nonpolar molecules, all with polar bonds.
The molecules in which the central atom is symmetrically surrounded by identical
atoms (BF3 and CCl4) are nonpolar. For ABn molecules in which all the B atoms are the
same, certain symmetrical shapes„linear (AB2), trigonal planar (AB3), tetrahedral and
square planar (AB4), trigonal bipyramidal (AB5), and octahedral (AB6)„must lead to
nonpolar molecules even though the individual bonds might be polar.

O• C • S

(m = 1.85 D)

100 + ( - 100)

C• OC• O

180°109.5°

C

H

H

CH C H

C¬ C¬ CH ¬ C¬ H

Overall dipole moment �   0
2.5 3.53.5

Equal and oppositely directed bond dipoles

OO C

High electron density

Low electron
density

� FIGURE 9.10 CO2, a nonpolar
molecule. The numbers are
electronegativity values for these two atoms.

G O  F I G U R E

Explain how the directions of the
red bond dipole arrows relate to
the electron density picture.

Overall dipole moment

2.12.1

3.5

Bond dipoles

� FIGURE 9.11 H2O, a polar molecule.
The numbers are electronegativity values.
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SAMPLE EXERCISE 9.4 Polarity of Molecules

Predict whether these molecules are polar or nonpolar:(a) BrCl,(b) SO2, (c) SF6.

SOLUTION
Analyze We are given three molecular formulas and asked to predict whether the molecules
are polar.

Plan A molecule containing only two atoms is polar if the atoms differ in electronegativity.
The polarity of a molecule containing three or more atoms depends on both the molecular
geometry and the individual bond polarities. Thus, we must draw a Lewis structure for each
molecule containing three or more atoms and determine its molecular geometry. We then use
electronegativity values to determine the direction of the bond dipoles. Finally, we see whether
the bond dipoles cancel to give a nonpolar molecule or reinforce each other to give a polar one.

Solve
(a) Chlorine is more electronegative than bromine. All diatomic molecules with polar bonds
are polar molecules. Consequently, BrCl is polar, with chlorine carrying the partial negative
charge:

The measured dipole moment of BrCl is .
(b) Because oxygen is more electronegative than sulfur, SO2 has polar bonds. Three resonance
forms can be written:

For each of these, the VSEPR model predicts a bent molecular geometry. Because the molecule
is bent, the bond dipoles do not cancel, and the molecule is polar:

Experimentally, the dipole moment of SO2 is .
(c) Fluorine is more electronegative than sulfur, so the bond dipoles point toward fluorine.
For clarity, only one dipole is shown. The six bonds are arranged octahedrally
around the central sulfur:

F

F
F

F

FF

S

S¬ FS¬ F

m = 1.63 D

O O

S

SO O SO O SO O

m = 0.57 D

Br Cl

CCl4
Nonpolar

BF3
Nonpolar

NH 3
Polar

CH3Cl
Polar

HCl
Polar

2.1 3.0

4.0

3.0
2.5

2.5
2.5

3.0

2.1

2.1

3.0

� FIGURE 9.12 Polar and nonpolar
molecules containing polar bonds. The
numbers are electronegativity values.
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Because the octahedral molecular geometry is symmetrical, the bond dipoles cancel, and the
molecule is nonpolar, meaning that .

PRACTICE EXERCISE
Determine whether the following molecules are polar or nonpolar:(a) NF3, (b) BCl3.
Answers: (a) polar because polar bonds are arranged in a trigonal-pyramidal geometry,
(b) nonpolar because polar bonds are arranged in a trigonal-planar geometry

9.4 | COVALENT BONDING AND 
ORBITAL OVERLAP

The VSEPR model provides a simple means for predicting molecular geometries but
does not explain why bonds exist between atoms. In developing theories of covalent
bonding, chemists have approached the problem from another direction, using quan-
tum mechanics. How can we use atomic orbitals to explain bonding and to account for
molecular geometries? The marriage of Lewis•s notion of electron-pair bonds and the
idea of atomic orbitals leads to a model of chemical bonding, called valence-bond
theory , in which bonding electron pairs are concentrated in the regions between atoms
and nonbonding electron pairs lie in directed regions of space. By extending this ap-
proach to include the ways in which atomic orbitals can mix with one another, we
obtain an explanatory picture that corresponds to the VSEPR model.

In Lewis theory, covalent bonding occurs when atoms share electrons because the
sharing concentrates electron density between the nuclei. In valence-bond theory, we vi-
sualize the buildup of electron density between two nuclei as occurring when a valence
atomic orbital of one atom shares space, or overlaps,with a valence atomic orbital of an-
other atom. The overlap of orbitals allows two electrons of opposite spin to share the
space between the nuclei, forming a covalent bond.

The coming together of two H atoms to form H2 is depicted in � FIGURE 9.13.
Each atom has a single electron in a 1sorbital. As the orbitals overlap, electron density is
concentrated between the nuclei. Because the electrons in the overlap region are simul-
taneously attracted to both nuclei, they hold the atoms together, forming a covalent
bond.

The idea of orbital overlap producing a covalent bond applies equally well to other
molecules. In HCl, for example, chlorine has the electron configuration [Ne]3s23p5. All
the valence orbitals of chlorine are full except one 3p orbital, which contains a single
electron. This 3p electron pairs with the single 1selectron of H to form a covalent bond
(Figure 9.13). Because the other two chlorine 3p orbitals are already filled with a pair of
electrons, they do not participate in the bonding to hydrogen. Likewise, we can explain
the covalent bond in Cl2 in terms of the overlap of the singly occupied 3p orbital of one
Cl atom with the singly occupied 3p orbital of another.

There is always an optimum distance between the two nuclei in any covalent bond.
� FIGURE 9.14 shows how the potential energy of a system consisting of two H atoms
changes as the atoms come together to form an H2 molecule. When the atoms are infi-
nitely far apart, they do not •feelŽ each other and so the energy approaches zero. As the
distance between the atoms decreases, the overlap between their 1s orbitals increases.
Because of the resultant increase in electron density between the nuclei, the potential
energy of the system decreases. That is, the strength of the bond increases, as shown by
the decrease in the potential energy of the two-atom system. However, Figure 9.14 also
shows that as the atoms come closer together than 0.74 Å, the energy increases sharply.
This increase, which becomes significant at short internuclear distances, is due mainly
to the electrostatic repulsion between the nuclei. The internuclear distance, or bond
length, is the distance that corresponds to the minimum of the potential-energy curve.
The potential energy at this minimum corresponds to the bond strength. Thus, the
observed bond length is the distance at which the attractive forces between unlike
charges (electrons and nuclei) are balanced by the repulsive forces between like charges
(electron…electron and nucleus…nucleus).

m = 0

HH

ClH

H2

1s

1s 1s

3p

3p 3p

ClCl

� FIGURE 9.13 Covalent bonds in H 2,
HCl, and Cl 2 result from overlap of atomic
orbitals.
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9.5 | HYBRID ORBITALS
The VSEPR model, simple as it is, does a surprisingly good job at predicting molecular
shape, despite the fact that it has no obvious relationship to the filling and shapes of
atomic orbitals. For example, based on the shapes and orientations of the 2sand 2p or-
bitals on a carbon atom, it is not obvious why a CH4 molecule should have a tetrahedral
geometry. How can we reconcile the notion that covalent bonds are formed from over-
lap of atomic orbitals with the molecular geometries that come from the VSEPR model?

To begin with, we recall that atomic orbitals are mathematical functions that come
from the quantum mechanical model for atomic structure.€ (Section 6.5)To explain
molecular geometries, we can assume that the atomic orbitals on an atom (usually the
central atom) mix to form new orbitals called hybrid orbitals . The shape of any hybrid
orbital is different from the shapes of the original atomic orbitals. The process of mixing
atomic orbitals is a mathematical operation called hybridization . The total number
of atomic orbitals on an atom remains constant, so the number of hybrid orbitals on an
atom equals the number of atomic orbitals that are mixed.

As we examine the common types of hybridization, notice the connection between
the type of hybridization and certain of the molecular geometries predicted by the
VSEPR model: linear, bent, trigonal planar, and tetrahedral.

sp Hybrid Orbitals
To illustrate the process of hybridization, consider the BeF2 molecule, which has the
Lewis structure

The VSEPR model correctly predicts that BeF2 is linear with two identical 
bonds. How can we use valence-bond theory to describe the bonding? The electron con-
figuration of F (1s22s22p5) indicates an unpaired electron in a 2p orbital. This electron
can be paired with an unpaired Be electron to form a polar covalent bond. Which or-
bitals on the Be atom, however, overlap with those on the F atoms to form the 
bonds?

Be¬ F

Be¬ F

F Be F

E
ne

rg
y 

(k
J/

m
ol

)

H distanceH
0.74 Å

0

� 436

Potential energy decreases
with increasing orbital overlap

Balance between attractive
and repulsive forces

Nucleus…nucleus repulsion
increasingly important

� FIGURE 9.14 Formation of the H 2 molecule as atomic orbitals overlap.

G O  F I G U R E

On the left part of the curve the potential energy rises above zero. What
causes this to happen?
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The orbital diagram for a ground-state Be atom is

Because it has no unpaired electrons, the Be atom in its ground state cannot bond with
the fluorine atoms. The Be atom could form two bonds, however, by •promotingŽ one of
the 2selectrons to a 2p orbital:

The Be atom now has two unpaired electrons and can therefore form two polar covalent
bonds with F atoms. The two bonds would not be identical, however, because a Be 2s
orbital would be used to form one of the bonds and a 2p orbital would be used to form
the other. Therefore, although the promotion of an electron allows two bonds to
form, we still have not explained the structure of BeF2.

We can solve this dilemma by •mixingŽ the 2sorbital with one 2p orbital to generate
two new orbitals, as shown in � FIGURE 9.15. Like p orbitals, each new orbital has two
lobes. Unlike p orbitals, however, one lobe is much larger than the other. The two new or-
bitals are identical in shape, but their large lobes point in opposite directions. These two
new orbitals, which we color-code purple in Figure 9.15, are hybrid orbitals. Because we
have hybridized one sand one p orbital, we call each hybrid an sphybrid orbital.According
to the valence-bond model, a linear arrangement of electron domains impliessphybridization.

Be¬ F

2s 2p1s

2s 2p1s

One s atomic orbital

�

One p atomic orbital

Hybridize

Two sp hybrid orbitals sp hybrid orbitals shown together
(large lobes only)

� FIGURE 9.15 Formation of sp hybrid orbitals.

Large lobes from two Be sphybrid orbitals

F FBe

F 2p atomic orbital F 2p atomic orbitalOverlap region
� FIGURE 9.16 Formation of two
equivalent bonds in BeF 2.Be ¬ F

G O  F I G U R E

Why is it reasonable to take account of only the large lobes of the Be hybrid 
orbitals in considering the bonding to F?

For the Be atom of BeF2, we write the orbital diagram for the formation of two sp
hybrid orbitals as

The electrons in the sp hybrid orbitals can form bonds with the two fluorine atoms
(� FIGURE 9.16). Because the sphybrid orbitals are equivalent but point in opposite

sp 2p1s
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directions, BeF2 has two identical bonds and a linear geometry. The remaining two 2p
atomic orbitals of Be remain unhybridized and are vacant. Remember also that each fluo-
rine atom has two other valence p atomic orbitals, each containing one nonbonding
electron pair. Those atomic orbitals are omitted from Figure 9.16 to keep the illustration
simpler.

G I V E  I T  S O M E  T H O U G H T

What is the orientation of the two unhybridized p orbitals on Be with respect to
the two bonds?

sp2 and sp3 Hybrid Orbitals
Whenever we mix a certain number of atomic orbitals, we get the same number of
hybrid orbitals. Each hybrid orbital is equivalent to the others but points in a different
direction. Thus, mixing one 2sand one 2patomic orbital yields two equivalent sphybrid
orbitals that point in opposite directions (Figure 9.15). Other combinations of atomic
orbitals can be hybridized to obtain different geometries. In BF3, for example, mixing
the 2sand two of the 2p atomic orbitals yields three equivalent sp2 (pronounced •s-p-
twoŽ) hybrid orbitals (� FIGURE 9.17).

The three sp2 hybrid orbitals lie in the same plane, apart from one another.
They are used to make three equivalent bonds with the three fluorine atoms, leading to
the trigonal-planar molecular geometry of BF3. Notice that an unfilled 2patomic orbital
remains unhybridized. This unhybridized orbital will be important when we discuss
double bonds in Section 9.6.

G I V E  I T  S O M E  T H O U G H T

In an sp2 hybridized atom, what is the orientation of the unhybridized p atomic
orbital relative to the three sp2 hybrid orbitals?

An satomic orbital can also mix with all three p atomic orbitals in the same sub-
shell. For example, the carbon atom in CH4 forms four equivalent bonds with the four

120°

Be ¬ F

One s orbital

Two p orbitals

sp2 hybrid orbitals
shown together
(large lobes only)

Threesp2

hybrid orbitals

Hybridize�

� FIGURE 9.17 Formation of sp2 hybrid
orbitals.

G O  F I G U R E .

How many atomic orbitals contribute to form the three sp2 hybrid orbitals?
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Shown together (large lobes only)

Hybridize to form four sp3 hybrid orbitals

One s orbital Three p orbitals

�

� FIGURE 9.18 Formation of sp3 hybrid
orbitals.

hydrogen atoms. We envision this process as resulting from the mixing of the 2sand all
three 2p atomic orbitals of carbon to create four equivalent sp3 (pronounced •s-p-
threeŽ) hybrid orbitals. Each sp3 hybrid orbital has a large lobe that points toward one
vertex of a tetrahedron (� FIGURE 9.18). These hybrid orbitals can be used to form
two-electron bonds by overlap with the atomic orbitals of another atom, such as H.
Using valence-bond theory, we can describe the bonding in CH4 as the overlap of four
equivalent sp3 hybrid orbitals on C with the 1sorbitals of the four H atoms to form four
equivalent bonds.

The idea of hybridization is also used to describe the bonding in molecules contain-
ing nonbonding pairs of electrons. In H2O, for example, the electron-domain geometry
around the central O atom is approximately tetrahedral (� FIGURE 9.19). Thus, the
four electron pairs can be envisioned as occupying sp3 hybrid or-
bitals. Two of the hybrid orbitals contain nonbonding pairs of
electrons, and the other two form bonds with the hydrogen atoms.

So far our discussion of hybridization has extended only to
period 2 elements, specifically carbon, nitrogen, and oxygen. The
elements of period 3 and beyond introduce a new consideration be-
cause in many of their compounds these elements have more than
an octet of electrons in the valence shell, as we saw in Section 9.2.
How do we analyze the bonding in compounds such as PCl5, SF6, or
BrF5? The use of only sandp orbitals on the central atom limits us
to four hybrid orbitals, yet in these compounds the central atom is
involved in bonding to five or six other atoms.

For such elements, the number of hybrid orbitals formed could
be increased by including valence-shell d orbitals. For example, to
explain the bonding in SF6 we could include two sulfur 3dorbitals

Two O sp3 orbitals contain
non-bonding electron pairs

OH single bonds

Tetrahedral arrangement
of four sp3 hybrid orbitals
about the oxygen

H

H O

� FIGURE 9.19 Hybrid orbital
description of H 2O.
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in addition to the 3sand three 3porbitals. These six atomic orbitals could make six hy-
brid orbitals, but there is more involved in hybridization than simply finding a set of
orbitals that point in the right directions; we must also consider orbital energies. The
sulfur 3d orbitals lie substantially higher in energy than the 3sand 3p orbitals. The
amount of energy needed to form the six hybrid orbitals is greater than the amount re-
turned by forming bonds with the six fluorine atoms. Theoretical calculations seem to
show that the sulfur 3dorbitals do not participate to a significant degree in the bonding
between sulfur and the six fluorine atoms.

The valence-bond model we have developed for period 2 elements works well for
compounds of period 3 elements so long as we have no more than an octet of electrons in
the valence-shell orbitals. Thus, for example, it is appropriate to discuss the bonding in PF3
or H2Se in terms of hybrid sandporbitals on the central atom. However, the model turns
out not to be appropriate when there is more than an octet of electrons about the central
atom. How then do we account for the bonding in SF6 and other compounds of the main
group elements in which the central atom has more than an octet of valence electrons? To
address that question from the viewpoint of bonding theory requires a treatment beyond
the scope of a general chemistry text. Fortunately, the VSEPR model, although it does not
explain the bonding in such molecules, can accurately predict their geometries.

This discussion points up the important fact that models in science are not reality but
rather are our attempts to describe aspects of reality that we have been able to measure, such
as bond distances, bond energies, molecular geometries, and so on.A model may work well
up to a certain point but not beyond it, as with the idea of hybrid orbitals. The hybrid or-
bital model for period 2 elements has proven very useful and is an essential part of any
modern discussion of bonding and molecular geometry in organic chemistry. When it
comes to substances such as SF6, however, we encounter the limitations of the model.

Hybrid Orbital Summary
Overall, hybrid orbitals provide a convenient model for using valence-bond theory to de-
scribe covalent bonds in molecules in which the molecular geometry conforms to the
electron-domain geometry predicted by the VSEPR model. The picture of hybrid orbitals
has limited predictive value.When we know the electron-domain geometry,however,we can
employ hybridization to describe the atomic orbitals used by the central atom in bonding.

The following steps allow us to describe the hybrid orbitals used by an atom in
bonding:

1. Draw the Lewis structurefor the molecule or ion.

2. Use the VSEPR model to determine the electron-domain geometry around the cen-
tral atom.

3. Specify the hybrid orbitalsneeded to accommodate the electron pairs based on their
geometric arrangement (� TABLE 9.4).

These steps are illustrated in � FIGURE 9.20, which shows how the hybridization
at N in NH3 is determined.

N

H
H

H

2. Determine electron-domain
geometry about central atom
from VSEPR model and Table 9.1

3. Using Table 9.4, select
sp3 hybrid orbital set

1. Draw Lewis
structure

NH 3

sp3 hybridization
� FIGURE 9.20 Hybrid orbital
description of bonding in NH 3. Note the
comparison with Figure 9.6. Here we focus
on the hybrid orbitals used to make bonds
and hold nonbonding electron pairs.
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TABLE 9.4 € Geometric Arrangements Characteristic of Hybrid Orbital Sets

180�

120�

109.5�

Linear

Trigonal
planar

Tetrahedral

s,p Two sp BeF2, HgCl2

s,p,p Three sp2 BF3, SO3

s,p,p,p Four sp3 CH4, NH 3, H2O, NH 4
�

Atomic
Orbital Set

Hybrid
Orbital Set Geometry Examples

SAMPLE EXERCISE 9.5 Hybridization

Indicate the orbital hybridization around the central atom in .

SOLUTION
Analyze We are given the chemical formula for a polyatomic anion and asked to describe the
type of hybrid orbitals surrounding the central atom.

Plan To determine the central atom hybrid orbitals, we must know the electron-domain
geometry around the atom. Thus, we draw the Lewis structure to determine the number of
electron domains around the central atom. The hybridization conforms to the number and
geometry of electron domains around the central atom as predicted by the VSEPR model.

Solve The Lewis structure is

Because there are four electron domains around N, the electron-domain geometry is tetrahe-
dral. The hybridization that gives a tetrahedral electron-domain geometry is sp3 (Table 9.4).
Two of the sp3 hybrid orbitals contain nonbonding pairs of electrons, and the other two are
used to make bonds with the hydrogen atoms.

PRACTICE EXERCISE
Predict the electron-domain geometry and hybridization of the central atom in .
Answer: tetrahedral,sp3

SO3
2-

HH N
�

NH2
-

9.6 | MULTIPLE BONDS
In the covalent bonds we have considered thus far, the electron density is concentrated
along the line connecting the nuclei (the internuclear axis). In other words, the line join-
ing the two nuclei passes through the middle of the overlap region. These bonds are
calledsigma bonds . The overlap of two sorbitals in H2, the overlap of an sand a p(S)
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Internuclear
axis

Internuclear
axis

s  bond

p  bond

p p

p p

� FIGURE 9.21 Comparison of and
bonds. Note that the two regions of

overlap in the p bond, above and below the
internuclear axis, constitute a single p bond.

P
S

� FIGURE 9.22 Trigonal-planar
molecular geometry of ethylene. The
double bond is made up of one 
bond and one bond.C ¬ C p

C ¬ C s

orbital in HCl, the overlap of two p orbitals in Cl2 (all shown in Figure 9.13), and the
overlap of a p orbital and an sphybrid orbital in BeF2 (Figure 9.16) are all bonds.

To describe multiple bonding, we must consider a second kind of bond, this one the
result of overlap between two p orbitals oriented perpendicularly to the internuclear
axis (� FIGURE 9.21). This sideways overlap ofp orbitals produces a pi bond . A 
bond is one in which the overlap regions lie above and below the internuclear axis.
Unlike in a bond, in a bond the electron density is not concentrated on the internu-
clear axis. Although it is not evident in Figure 9.21, the sideways orientation ofporbitals
in a p bond makes for weaker overlap. As a result, bonds are generally weaker than 
bonds.

In almost all cases, single bonds are bonds. A double bond consists of one bond
and one bond, and a triple bond consists of one bond and two bonds:

To see how these ideas are used, consider ethylene (C2H4), which has a dou-
ble bond. As illustrated by the ball-and-stick model of� FIGURE 9.22, the three bond
angles about each carbon are all approximately , suggesting that each carbon atom
usessp2 hybrid orbitals (Figure 9.17) to form bonds with the other carbon and with
two hydrogens. Because carbon has four valence electrons, after sp2 hybridization one
electron in each carbon remains in the unhybridized 2p orbital, which is directed per-
pendicular to the plane that contains the three sp2 hybrid orbitals.

Each sp2 hybrid orbital on a carbon atom contains one electron.� FIGURE 9.23
shows how the bonds are formed by overlap ofsp2 hybrid orbitals on C with
the 1sorbitals on each H atom. We use eight electrons to form these four C¬ H bonds.
The bond is formed by the overlap of two sp2 hybrid orbitals, one on each car-
bon atom, and requires two more electrons. Thus, ten of the 12 valence electrons in the
C2H4 molecule are used to form five bonds.

The remaining two valence electrons reside in the unhybridized 2p orbitals, one
electron on each carbon. These two orbitals can overlap sideways with each other, as
shown in Figure 9.23. The resultant electron density is concentrated above and below
the bond axis, which means this is a bond (Figure 9.21). Thus, the 
double bond in ethylene consists of one bond and one bond. You should note one
point about the carbon porbitals that form the p bond. It appears from Figure 9.21 that
thep orbitals on the two carbons don•t overlap sufficiently to form a p bond. The prob-
lem is that we can•t show the true extent of overlap in the drawing without obscuring
other aspects of the figure. Although p bonding of the p orbitals does occur, as pointed
out earlier,p bonds are generally weaker than s bonds.

Although we cannot experimentally observe a bond directly (all we can observe
are the positions of the atoms), the structure of ethylene provides strong support for its
presence. First, the bond length in ethylene (1.34 Å) is much shorter than in
compounds with single bonds (1.54 Å), consistent with the presence of a
stronger double bond. Second, all six atoms in C2H4 lie in the same plane. The 2p
orbitals that make up the bond can achieve a good overlap only when the two CH2p
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sp2 hybrid orbitals

2p orbitals

C„C p  bond

form C„C p  bond

CC

CC

CC

C„C s  bondC„H s  bond

add H•s

Remember that p
orbitals have two 
lobes, so the pi bond 
also has two lobes, 
one above and the 
other below the 
molecular plane.

� FIGURE 9.23 The orbital structure of
ethylene.

G O  F I G U R E

Why is it important that the sp2 hybrid orbitals of the two carbon atoms lie 
in the same plane?

fragments lie in the same plane. If the bond were absent, there would be no reason for
the two CH2 fragments to lie in the same plane. Because bonds require that portions
of a molecule be planar, they can introduce rigidity into molecules.

G I V E  I T  S O M E  T H O U G H T

The molecule called diazine has the formula N2H2 and the Lewis structure

Do you expect diazine to be a linear molecule (all four atoms on the same
line)? If not, do you expect the molecule to be planar (all four atoms in the
same plane)?

Triple bonds can also be explained using hybrid orbitals. Acetylene (C2H2), for exam-
ple, is a linear molecule containing a triple bond: . The linear geometry
suggests that each carbon atom uses sphybrid orbitals to form bonds with the others

H ¬ C‘ C¬ H

N HH N

p
p



carbon and one hydrogen. Each carbon atom thus has two unhybridized 2porbitals at right
angles to each other and to the axis of the sphybrid set (� FIGURE 9.24). These p orbitals
overlap to form a pair of bonds. Thus, the triple bond in acetylene consists of one bond
and two bonds.

Although it is possible to make bonds from d orbitals, the only bonds we will
consider are those formed by the overlap ofp orbitals. These bonds can form only if
unhybridized p orbitals are present on the bonded atoms. Therefore, only atoms having
spor sp2 hybridization can form bonds. Further, double and triple bonds (and hence

bonds) are more common in molecules made up of period 2 atoms, especially C, N,
and O. Larger atoms, such as S, P, and Si, form bonds less readily.

SAMPLE EXERCISE 9.6 Describing and Bonds in a Molecule

Formaldehyde has the Lewis structure

Describe how the bonds in formaldehyde are formed in terms of overlaps of hybrid and unhy-
bridized orbitals.

SOLUTION
Analyze We are asked to describe the bonding in formaldehyde in terms of hybrid orbitals.

Plan Single bonds are bonds, and double bonds consist of one bond and one bond.
The ways in which these bonds form can be deduced from the molecular geometry, which we
predict using the VSEPR model.

Solve The C atom has three electron domains around it, which suggests a trigonal-planar geom-
etry with bond angles of about . This geometry implies sp2 hybrid orbitals on C (Table 9.4).
These hybrids are used to make the two and one bonds to C. There remains an
unhybridized 2porbital on carbon, perpendicular to the plane of the three sp2 hybrids.

The O atom also has three electron domains around it, and so we assume it has sp2 hy-
bridization as well. One of these hybrid orbitals participates in the bond, while the
other two hold the two nonbonding electron pairs of the O atom. Like the C atom, therefore,
the O atom has an unhybridized 2p orbital that is perpendicular to the plane of the molecule.
These two orbitals overlap to form a bond (� FIGURE 9.25).

PRACTICE EXERCISE
(a) Predict the bond angles around each carbon atom in acetonitrile:

(b) Describe the hybridization at each carbon atom, and (c) determine the number of and 
bonds in the molecule.
Answers: (a) approximately around the left C and around the right C;(b) sp3, sp;
(c) five bonds and two bondsps
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� FIGURE 9.24 Formation of two 
bonds in acetylene, C 2H2.
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� FIGURE 9.25 Formation of and 
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G O  F I G U R E

Based on the models of bonding
in ethylene and acetylene, which
molecule should have the higher
carbon…carbon bond energy?
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Resonance Structures, Delocalization, and Bonding
In the molecules we have discussed thus far in this section, the bonding electrons are
localized. By this we mean that the and electrons are associated totally with the two
atoms that form the bond. In many molecules, however, we cannot adequately describe
the bonding as being entirely localized. This situation arises particularly in molecules
that have two or more resonance structures involving bonds.

One molecule that cannot be described with localized bonds is benzene (C6H6),
which has two resonance structures:€ (Section 8.6)

To describe the bonding in benzene using hybrid orbitals, we first choose a hy-
bridization scheme consistent with the geometry of the molecule. Because each carbon
is surrounded by three atoms at angles, the appropriate hybrid set is sp2. Six local-
ized bonds and six localized bonds are formed from the sp2 hybrid
orbitals, as shown in � FIGURE 9.26(a). This leaves on each carbon a 2p orbital ori-
ented perpendicular to the plane of the molecule. The situation is very much like that in
ethylene except we now have six carbon 2p orbitals arranged in a ring [Figure 9.26(b)].
Each unhybridized 2p orbital is occupied by one electron, leaving six electrons to be
accounted for by bonding.p
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� FIGURE 9.26 and bond
networks in benzene, C 6H6. (a) The s bond
framework. (b) The p bonds are formed from
overlap of the unhybridized 2 p orbitals on the
six carbon atoms.
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� FIGURE 9.27 Delocalized bonds in
benzene.

P

G O  F I G U R E

What are the two kinds of s bonds found in benzene?

We could envision using the unhybridized 2p orbitals to form three localized 
bonds. As shown in � FIGURE 9.27, there are two equivalent ways to make these local-
ized bonds, each corresponding to one resonance structure. However, a representation
that reflects bothresonance structures has the six electrons •smeared outŽ among all
six carbon atoms, as shown on the right in Figure 9.27. Notice how this combined rep-
resentation corresponds to the circle-in-a-hexagon drawing we often use to represent
benzene. This model leads us to predict that all the carbon…carbon bond lengths will be
identical, with a bond length between that of a single bond (1.54 Å) and that of a

double bond (1.34 Å). This prediction is consistent with the observed
carbon…carbon bond length in benzene (1.40 Å).
C• C

C¬ C

p

p



356 CHAPTER 9 Molecular Geometry and Bonding Theories

Because we cannot describe the bonds in benzene as individual bonds between
neighboring atoms, we say that the bonds are delocalized among the six carbon
atoms. Delocalization of the electrons in its bonds gives benzene a special stability.
Delocalization of bonds is also responsible for the color of many organic molecules.
A final important point to remember about delocalized bonds is the constraint they
place on the geometry of a molecule. For optimal overlap of the unhybridized porbitals,
all the atoms involved in a delocalized bonding network should lie in the same plane.
This restriction imparts a certain rigidity to the molecule that is absent in molecules
containing only bonds (see the •Chemistry and LifeŽ box on vision).

If you take a course in organic chemistry, you will see many examples of how elec-
tron delocalization influences the properties of organic molecules.

SAMPLE EXERCISE 9.7 Delocalized Bonding

Describe the bonding in the nitrate ion, . Does this ion have delocalized bonds?

SOLUTION
Analyze Given the chemical formula for a polyatomic anion, we are asked to describe the
bonding and determine whether the ion has delocalized bonds.

Plan Our first step is to draw Lewis structures. Multiple resonance structures involving the
placement of the double bonds in different locations suggest that the component of the
double bonds is delocalized.

Solve In Section 8.6 we saw that has three resonance structures:

In each structure, the electron-domain geometry at nitrogen is trigonal planar, which im-
pliessp2 hybridization of the N atom. The sp2 hybrid orbitals are used to construct the three

bonds present in each resonance structure.
The unhybridized 2p orbital on the N atom can be used to make bonds. For any one of

the three resonance structures shown, we might imagine a single localized bond
formed by the overlap of the unhybridized 2p orbital on N and a 2p orbital on one of the O
atoms, as shown in � FIGURE 9.28. Because each resonance structure contributes equally to
the observed structure of however, we represent the bonding as delocalized over the
three bonds, as shown in the figure.

PRACTICE EXERCISE
Which of these species have delocalized bonding: SO3, , H2CO, O3, ?
Answer: SO3 and O3, as indicated by the presence of two or more resonance structures
involving bonding for each of these moleculesp
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General Conclusions
On the basis of the examples we have seen, we can draw a few helpful conclusions for
using hybrid orbitals to describe molecular structures:

1. Every pair of bonded atoms shares one or more pairs of electrons. The lines we draw
in Lewis structures represent two electrons each. In every bond at least one pair of
electrons is localized in the space between the atoms in a bond. The appropriate set
of hybrid orbitals used to form the bonds between an atom and its neighbors is de-
termined by the observed geometry of the molecule. The correlation between the set
of hybrid orbitals and the geometry about an atom is given in Table 9.4.

2. The electrons in bonds are localized in the region between two bonded atoms and
do not make a significant contribution to the bonding between any other two atoms.

3. When atoms share more than one pair of electrons, one pair is used to form a 
bond; the additional pairs form bonds. The centers of charge density in a bond
lie above and below the internuclear axis.
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4. Molecules with two or more resonance structures can have bonds that extend
over more than two bonded atoms. Electrons in bonds that extend over more
than two atoms are said to be •delocalized.Ž

p
p

THE CHEMISTRY OF VISION

Vision begins when light is focused by the lens of the
eye onto the retina, the layer of cells lining the interior

of the eyeball. The retina contains photoreceptorcells
called rods and cones (� FIGURE 9.29). The rods

are sensitive to dim light and are used in night
vision. The cones are sensitive to colors. The tops of the rods and
cones contain a molecule called rhodopsin,which consists of a pro-
tein, opsin, bonded to a reddish purple pigment called retinal.
Structural changes around a double bond in the retinal portion of the
molecule trigger a series of chemical reactions that result in vision.

We know that a double bond between two atoms is stronger
than a single bond between the same atom, but our recent discus-
sions allow us to appreciate another aspect of double bonds: the
rigidity they introduce into molecules.

Imagine rotating one „CH2 group in ethylene relative to the
other „CH 2 group, as in � FIGURE 9.30. This rotation destroys the
overlap ofp orbitals, breaking the bond, a process that requiresp

H H

HH

H

H

H

H

C…C
p  bond

90� rotation
around
double bond

� FIGURE 9.30 Rotation about the carbon…carbon double
bond in ethylene breaks the p bond.

Rods

Cones

� FIGURE 9.29
Inside the eye. A
color-enhanced
scanning electron
micrograph of the rods
and cones in the retina
of the human eye.
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H
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180° rotation about this
bond when light absorbed

� FIGURE 9.31 The rhodopsin molecule, the chemical basis of vision. When rhodopsin absorbs visible light, the 
component of the double bond shown in red breaks, allowing rotation that produces a change in molecular geometry

before the p bond re-forms.
p

considerable energy. Thus, the presence of a double bond restricts
bond rotation in a molecule. In contrast, molecules can rotate almost
freely around the bond axis in single bonds because this motion
has no effect on the orbital overlap for a bond. This rotation allows
molecules with single bonds to twist and fold almost as if their atoms
were attached by hinges.

Our vision depends on the rigidity of double bonds in retinal. In
its normal form, retinal is held rigid by its double bonds. Light entering
the eye is absorbed by rhodopsin, and the energy is used to break the 

-bond portion of the double bond shown in red in � FIGURE 9.31.
The molecule then rotates around this bond, changing its geometry.
The retinal then separates from the opsin, triggering the reactions that
produce a nerve impulse that the brain interprets as the sensation of vi-
sion. It takes as few as five closely spaced molecules reacting in this
fashion to produce the sensation of vision. Thus, only five photons of
light are necessary to stimulate the eye.

The retinal slowly reverts to its original form and reattaches to
the opsin. The slowness of this process helps explain why intense
bright light causes temporary blindness. The light causes all the reti-
nal to separate from opsin, leaving no molecules to absorb light.

RELATED EXERCISES:9.108 and 9.112
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G I V E  I T  S O M E  T H O U G H T

When two atoms are bonded by a triple bond, what is the hybridization of the
orbitals that make up the s -bond component of the bond?

9.7 | MOLECULAR ORBITALS
Valence-bond theory and hybrid orbitals allow us to move in a straightforward way
from Lewis structures to rationalizing the observed geometries of molecules in terms of
atomic orbitals. The valence-bond model, however, does not explain all aspects of bond-
ing. It is not successful, for example, in describing the excited states of molecules, which
we must understand to explain how molecules absorb light, giving them color.

Some aspects of bonding are better explained by a more sophisticated model called
molecular orbital theory . In Chapter 6 we saw that electrons in atoms can be described
by wave functions, which we call atomic orbitals. In a similar way, molecular orbital
theory describes the electrons in molecules by using specific wave functions called
molecular orbitals (MO) .

Molecular orbitals have many of the same characteristics as atomic orbitals. For ex-
ample, an MO can hold a maximum of two electrons (with opposite spins), it has a
definite energy, and we can visualize its electron-density distribution by using a contour
representation, as we did with atomic orbitals. Unlike atomic orbitals, however, MOs are
associated with an entire molecule, not with a single atom.

The Hydrogen Molecule
We begin our study of MO theory with the hydrogen molecule, H2. Whenever two
atomic orbitals overlap, two molecular orbitals form. Thus, the overlap of the 1sorbitals of
two hydrogen atoms to form H2 produces two MOs (� FIGURE 9.32). One MO is
formed by adding the wave functions for the two 1s orbitals. We refer to this as
constructive combination. The energy of the resulting MO is lower than the energy of the
two atomic orbitals from which it was made. It is called the bonding molecular orbital .

The other MO is formed by combining the two atomic orbitals in a way that causes
the electron density to be more or less canceled in the central region where the two over-
lap. We refer to this as destructive combination. The process is discussed more fully in the
•Closer LookŽ box later in the chapter; we don•t need to concern ourselves with it to un-
derstand molecular orbital bond formation. The energy of the resulting MO, referred to
as the antibonding molecular orbital , is higher than the energy of the atomic orbitals.

As illustrated in Figure 9.32, in the bonding MO electron density is concentrated in
the region between the two nuclei. This sausage-shaped MO results from summing the

H atomic orbitals

H2 molecular orbitals

Destructive
combination leads to
antibonding H 2
molecular orbital

Nodal plane
between nuclei

Constructive
combination leads to
bonding H 2 molecular
orbital

Concentrated
electron density
between nuclei

E
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1s

1s
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�

� FIGURE 9.32 The two molecular
orbitals of H 2, one a bonding MO and one
an antibonding MO.
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two atomic orbitals so that the atomic orbital wave functions combine in the region be-
tween the two nuclei. Because an electron in this MO is attracted to both nuclei, the
electron is more stable (it has lower energy) than it is in the 1satomic orbital of an iso-
lated hydrogen atom. Further, because this bonding MO concentrates electron density
between the nuclei, it holds the atoms together in a covalent bond.

By contrast, the antibonding MO has very little electron density between the nuclei.
Instead of combining in the region between the nuclei, the atomic orbital wave func-
tions cancel each other in this region, leaving the greatest electron density on opposite
sides of the two nuclei. Thus, this MO excludes electrons from the very region in which
a bond must be formed. Antibonding orbitals invariably have a nodal plane in the re-
gion between the nuclei, where the electron density is zero. (The nodal plane is shown as
a dashed line in Figure 9.32 and subsequent figures.) An electron in an antibonding MO
is repelled from the bonding region and is therefore less stable (it has higher energy)
than it is in the 1satomic orbital of a hydrogen atom.

Notice from Figure 9.32 that the electron density in both the bonding MO and the
antibonding MO of H2 is centered about the internuclear axis. MOs of this type are
calledsigma molecular orbitals (by analogy to bonds). The bonding sigma MO
of H2 is labeled the subscript indicates that the MO is formed from two 1sorbitals.
The antibonding sigma MO of H2 is labeled (read •sigma-star-one-sŽ); the asterisk
denotes that the MO is antibonding.

The relative energies of two 1satomic orbitals and the molecular orbitals formed
from them are represented by an energy-level diagram (also called a molecular orbital
diagram ). Such diagrams show the interacting atomic orbitals on the left and right and
the MOs in the middle, as shown in � FIGURE 9.33. Like atomic orbitals, each MO can
accommodate two electrons with their spins paired (Pauli exclusion principle).
€ (Section 6.7)

As the MO diagram for H2 in Figure 9.33 shows, each H atom brings one electron to
the molecule, so there are two electrons in H2. These two electrons occupy the lower-
energy bonding MO, and their spins are paired. Electrons occupying a bonding
molecular orbital are called bonding electrons. Because the MO is lower in energy than
the 1satomic orbitals, the H2 molecule is more stable than the two separate H atoms.

By analogy with atomic electron configurations, the electron configurations for
molecules can be written with superscripts to indicate electron occupancy. The electron
configuration for H2, then, is .s 1s

2

s 1s
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s *1s

s 1s;
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2s 1s
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� FIGURE 9.33 Energy-level diagrams and electron configurations for H 2 and He 2.

G O  F I G U R E

By referring to Figure 9.32, determine which molecular orbital in He 2 has a 
node between the nuclei.
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Figure 9.33 also shows the energy-level diagram for the hypothetical He2 molecule,
which requires four electrons to fill its molecular orbitals. Because only two electrons
can go in the MO, the other two electrons must go in the MO. The electron con-
figuration of He2 is thus . The energy decrease realized in going from He atomic
orbitals to the He bonding MO is offset by the energy increase realized in going from the
atomic orbitals to the He antibonding MO.• Hence, He2 is an unstable molecule. Mole-
cular orbital theory correctly predicts that hydrogen forms diatomic molecules but
helium does not.

Bond Order
In molecular orbital theory, the stability of a covalent bond is related to its bond order ,
defined as half the difference between the number of bonding electrons and the number
of antibonding electrons:

[9.1]

We take half the difference because we are used to thinking of bonds as pairs of elec-
trons.A bond order of 1 represents a single bond, a bond order of 2 represents a double
bond, and a bond order of 3 represents a triple bond. Because MO theory also treats
molecules containing an odd number of electrons, bond orders of , , or are
possible.

Because, as Figure 9.33 shows, H2 has two bonding electrons and zero antibonding
electrons, it has a bond order of 1. Because He2 has two bonding electrons and two anti-
bonding electrons, it has a bond order of 0. A bond order of 0 means that no bond
exists.

G I V E  I T  S O M E  T H O U G H T

Suppose one electron in H2 is excited from the MO to the MO. Would
you expect the H atoms to remain bonded to each other, or would the molecule 
fall apart?

SAMPLE EXERCISE 9.8 Bond Order

What is the bond order of the ion? Would you expect this ion to be stable relative to the 
separated He atom and ion?

SOLUTION
Analyze We will determine the bond order for the ion and use it to predict whether the
ion is stable.

Plan To determine the bond order, we must determine the number of electrons in the mole-
cule and how these electrons populate the available MOs. The valence electrons of He are in
the 1s orbital, and the 1s orbitals combine to give an MO diagram like that for H2 or He2
(Figure 9.33). If the bond order is greater than 0, we expect a bond to exist, and the ion is
stable.

Solve The energy-level diagram for the ion is shown in � FIGURE 9.34. This ion has
three electrons. Two are placed in the bonding orbital and the third in the antibonding orbital.
Thus, the bond order is

Because the bond order is greater than 0, we predict the ion to be stable relative to
the separated He and . Formation of in the gas phase has been demonstrated in lab-
oratory experiments.

PRACTICE EXERCISE
Determine the bond order of the ion.
Answer: 1

2

H2
-

He2
+He+

He2
+

Bond order= 1
2 (2 - 1) = 1

2

He2
+

He2
+

He+
He2

+

s 1s*s 1s

5>23>21>2

Bond order= 1
2 (no. of bonding electrons- no. of antibonding electrons)

s 1s
2s *1s

2
s *1ss 1s

•Antibonding MOs are slightly more energetically unfavorable than bonding MOs are energetically favorable.
Thus, whenever there is an equal number of electrons in bonding and antibonding orbitals, the energy of the
molecule is slightly higher than that for the separated atoms. As a result, no bond is formed.
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� FIGURE 9.34 Energy-level diagram
for the ion.He2
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G O  F I G U R E

Which electrons in this diagram
contribute to the stability of the
He2

+ ion?
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9.8 | PERIOD 2 DIATOMIC MOLECULES
In considering the MO description of diatomic molecules other than H2, we will ini-
tially restrict our discussion to homonucleardiatomic molecules (those composed of
two identical atoms) of period 2 elements.

Period 2 atoms have valence 2sand 2p orbitals, and we need to consider how they
interact to form MOs. The following rules summarize some of the guiding principles for
the formation of MOs and for how they are populated by electrons:

1. The number of MOs formed equals the number of atomic orbitals combined.

2. Atomic orbitals combine most effectively with other atomic orbitals of similar energy.

3. The effectiveness with which two atomic orbitals combine is proportional to their
overlap. That is, as the overlap increases, the energy of the bonding MO is lowered
and the energy of the antibonding MO is raised.

4. Each MO can accommodate, at most, two electrons, with their spins paired (Pauli
exclusion principle).€ (Section 6.7)

5. When MOs of the same energy are populated, one electron enters each orbital (with
the same spin) before spin pairing occurs (Hund•s rule).€ (Section 6.8)

Molecular Orbitals for Li 2 and Be2

Lithium has the electron configuration 1s22s1. When lithium metal is heated above its boil-
ing point , Li2molecules are found in the vapor phase. The Lewis structure for Li2
indicates a single bond. We will now use MOs to describe the bonding in Li2.

� FIGURE 9.35 shows that the Li 1sand 2satomic orbitals have substantially dif-
ferent energy levels. From this, we can assume that the 1s orbital on one Li atom
interacts only with the 1sorbital on the other atom (rule 2), just as Figure 9.35 indicates.
Likewise, the 2s orbitals interact only with each other. Notice that combining four
atomic orbitals produces four MOs (rule 1).

The Li 1sorbitals combine to form and bonding and antibonding MOs, as
they did for H2. The 2s orbitals interact with one another in exactly the same way,
producing bonding and antibonding MOs. In general, the separation be-
tween bonding and antibonding MOs depends on the extent to which the constituent
atomic orbitals overlap. Because the Li 2s orbitals extend farther from the nucleus
than the 1sorbitals do, the 2sorbitals overlap more effectively. As a result, the energy
difference between the and orbitals is greater than the en-
ergy difference between the and orbitals. The 1sorbitals of
Li are so much lower in energy than the 2sorbitals, however, that
the energy of the antibonding MO is much lower than the en-
ergy of bonding MO.

Each Li atom has three electrons, so six electrons must be placed
in Li2 MOs. As shown in Figure 9.35, these electrons occupy the ,

, and MOs, each with two electrons. There are four electrons
in bonding orbitals and two in antibonding orbitals, so the bond
order is . The molecule has a single bond, in agree-
ment with its Lewis structure.

Because both the and MOs of Li2 are completely filled,
the 1sorbitals contribute almost nothing to the bonding. The single
bond in Li2 is due essentially to the interaction of the valence 2s
orbitals on the Li atoms. This example illustrates the general rule that
core electrons usually do not contribute significantly to bonding in mol-
ecules. The rule is equivalent to using only the valence electrons when
drawing Lewis structures. Thus, we need not consider further the 1s
orbitals while discussing the other period 2 diatomic molecules.

The MO description of Be2 follows readily from the energy-level
diagram for Li2. Each Be atom has four electrons (1s22s2), so we must
place eight electrons in molecular orbitals. Thus, we completely fill the
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� FIGURE 9.35 Energy-level diagram for the Li 2 molecule.

G O  F I G U R E

Why do the 1 s orbitals of the Li atoms not 
contribute to the bonding in Li 2?
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, , , and MOs. With equal numbers of bonding and antibonding electrons,
the bond order is zero; thus, Be2 does not exist.

G I V E  I T  S O M E  T H O U G H T

Would you expect to be a stable ion?

Molecular Orbitals from 2 p Atomic Orbitals
Before we can consider the remaining period 2 diatomic molecules, we must look at the
MOs that result from combining 2p atomic orbitals. The interactions between p orbitals
are shown in � FIGURE 9.36, where we have arbitrarily chosen the internuclear axis
to be the z-axis. The 2pz orbitals face each other head to head. Just as with sorbitals,
we can combine 2pz orbitals in two ways. One combination concentrates electron
density between the nuclei and is, therefore, a bonding molecular orbital. The other com-
bination excludes electron density from the bonding region and so is an antibonding
molecular orbital. In both MOs the electron density lies along the internuclear axis, so
they are molecular orbitals: and .

The other 2p orbitals overlap sideways and thus concentrate electron density above
and below the internuclear axis. MOs of this type are called pi molecular orbitals by(P)
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� FIGURE 9.36 Contour
representations of the molecular orbitals 
formed by 2 p orbitals.

GO FIGURE
In what types of MOs do we find nodal planes?
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PHASES IN ATOMIC AND MOLECULAR
ORBITALS

Our discussion of atomic orbitals in Chapter 6 and mo-
lecular orbitals in this chapter highlights some of the

most important applications of quantum mechanics
in chemistry. In the quantum mechanical treat-

ment of electrons in atoms and molecules, we are mainly interested in
determining two characteristics of the electrons„their energies and
their distribution in space. Recall that solving Schrödinger•s wave equa-
tion yields the electron•s energy,E, and wave function, , but that 
does not have a direct physical meaning.€ (Section 6.5)The contour
representations of atomic and molecular orbitals we have presented
thus far are based on (the probability density), which gives the prob-
ability of finding the electron at a given point in space.

Because probability densities are squares of functions, their val-
ues must be nonnegative (zero or positive) at all points in space.
However, the functions themselves can have negative values. Consider,
for example, the sine function plotted in � FIGURE 9.37. In the top
graph, the sine function is negative for x between 0 and and posi-
tive for x between 0 and We say that the phaseof the sine function
is negative between 0 and and positive between 0 and . If we
square the sine function (bottom graph), we get two peaks that are
symmetrical about the origin. Both peaks are positive because squar-
ing a negative number produces a positive number. In other words,we
lose the phase information of the function upon squaring it.

Like the sine function, the more complicated wave functions for
atomic orbitals can also have phases. Consider, for example, the rep-
resentations of the 1sorbital in � FIGURE 9.38. Note that here we
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� FIGURE 9.37 Graphs for a sine function and the same
function squared.
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� FIGURE 9.38 Phases in wave functions of s and p atomic orbitals.

plot this orbital a bit differently from what is shown in Section 6.6. The
origin is the point where the nucleus resides, and the wave function for

A CLOSER LOOK
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the 1sorbital extends from the origin out into space. The plot shows
the value of for a slice taken along the z-axis. Below the plot is a
contour representation of the 1sorbital. Notice that the value of the
1swave function is always a positive number. Thus, it has only one
phase. Notice also that the wave function approaches zero only at a
long distance from the nucleus. It therefore has no nodes, as we saw
in Figure 6.21.

In the Figure 9.38 graph for the 2pz orbital, the wave function
changes sign when it passes through . Notice that the two halves
of the wave have the same shape except that one has positive values and
the other negative values. Analogously to the sine function, the wave
function changes phase when it passes through the origin. Mathemati-
cally the 2pz wave function is equal to zero whenever . This
corresponds to any point on the xyplane, so we say that the xyplane is a
nodal planeof the 2pzorbital. The wave function for a porbital is much
like a sine function because it has two equal parts that have opposite
phases.Figure 9.38 gives a typical representation used by chemists of the
wave function for a pz orbital.* The plus and minus signs indicate the
phases of the orbital. As with the sine function, the origin is a node.

The third graph in Figure 9.38 shows that when we square the
wave function of the 2pzorbital, we get two peaks that are symmetrical
about the origin. Both peaks are positive because squaring a negative
number produces a positive number. Thus,we lose the phase informa-
tion of the function upon squaring itjust as we did for the sine function.
When we square the wave function for the pz orbital, we get the proba-
bility density for the orbital, which is given as a contour representation
in Figure 9.38. This is what we saw in the earlier presentation ofp or-
bitals. € (Section 6.6)For this squared wave function, both lobes
have the same phase and therefore the same sign. We use this represen-
tation throughout most of this book because it has a simple physical
interpretation: The square of the wave function at any point in space
represents the electron density at that point.

The lobes of the wave functions for the d orbitals also have dif-
ferent phases. For example, the wave function for a dxy orbital has
four lobes, with the phase of each lobe opposite the phase of its near-
est neighbors (� FIGURE 9.39). The wave functions for the other d
orbitals likewise have lobes in which the phase in one lobe is opposite
that in an adjacent lobe.

Why do we need to consider the complexity introduced by con-
sidering the phase of the wave function? While it is true that the
phase is not necessary to visualize the shape of an atomic orbital in
an isolated atom, it does become important when we consider over-
lap of orbitals in molecular orbital theory. Let•s use the sine function
as an example again. If you add two sine functions having the same
phase, they add constructively,resulting in increased amplitude:

Constructive
combination

Destructive
combination

��

z = 0

z = 0

c

but if you add two sine functions having opposite phases, they add
destructivelyand cancel each other.

The idea of constructive and destructive interactions of wave func-
tions is key to understanding the origin of bonding and antibonding
molecular orbitals. For example, the wave function of the MO of H2
is generated by adding the wave function for the 1sorbital on one atom
to the wave function for the 1sorbital on the other atom, with both or-
bitals having the same phase. The atomic wave functions overlap
constructivelyin this case to increase the electron density between the
two atoms (� FIGURE 9.40). The wave function of the MO of H2 is
generated by subtracting the wave function for a 1sorbital on one atom
from the wave function for a 1sorbital on the other atom. The result is
that the atomic orbital wave functions overlap destructivelyto create a
region of zero electron density between the two atoms„a node. Notice
the similarity between this figure and Figure 9.32. In Figure 9.40 we use
plus and minus signs to denote positive and negative phases in the H
atomic orbitals. However, chemists may alternatively draw contour rep-
resentations in different colors to denote the two phases.

When we square the wave function of the MO, we get the
electron density representation which we saw earlier, in Figure 9.32.
Notice once again that we lose the phase information when we look
at the electron density.

RELATED EXERCISES:9.103, 9.115, 9.117
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*The mathematical development of this three-dimensional function (and its
square) is beyond the scope of this book and, as is typically done by chemists,
we have used lobes that are the same shape as in Figure 6.22.
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� FIGURE 9.39 Phases in d orbitals.
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analogy to bonds. We get one bonding MO by combining the 2px atomic orbitals and
another from the 2py atomic orbitals. These two molecular orbitals have the same en-
ergy; in other words, they are degenerate. Likewise, we get two degenerate antibonding
MOs that are perpendicular to each other like the 2porbitals from which they were made.
These orbitals have four lobes, pointing away from the two nuclei, as shown in Figure
9.36. The 2pz orbitals on two atoms point directly at each other. Hence, the overlap of two
2pz orbitals is greater than that of two 2px or 2py orbitals. From rule 3 we therefore expect
the MO to be lower in energy (more stable) than the MOs. Similarly, the MO
should be higher in energy (less stable) than the MOs.

Electron Configurations for B 2 through Ne 2

We can combine our analyses of MOs formed from s orbitals (Figure 9.32) and from 
p orbitals (Figure 9.36) to construct an energy-level diagram (� FIGURE 9.41) for
homonuclear diatomic molecules of the elements boron through neon, all of which have
valence 2sand 2patomic orbitals. The following features of the diagram are notable:

1. The 2s atomic orbitals are substantially lower in energy than the 2p atomic
orbitals.€ (Section 6.7)Consequently, both MOs formed from the 2sorbitals are
lower in energy than the lowest-energy MO derived from the 2p atomic orbitals.

2. The overlap of the two 2pz orbitals is greater than that of the two 2px or 2py orbitals.
As a result, the bonding MO is lower in energy than the MOs, and the anti-
bonding MO is higher in energy than the MOs.

3. Both the and MOs are doubly degenerate; that is, there are two degenerate
MOs of each type.

Before we can add electrons to Figure 9.41, we must consider one more effect. We
have constructed the diagram assuming no interaction between the 2sorbital on one atom
and the 2p orbitals on the other. In fact, such interactions can and do take place.
� FIGURE 9.42 shows the overlap of a 2sorbital on one of the atoms with a 2porbital on
the other. These interactions increase the energy difference between the and MOs,
with the energy decreasing and the energy increasing (Figure 9.42). These 2s…2p
interactions can be strong enough that the energetic ordering of the MOs can be altered:
For B2, C2, and N2, the MO is above the MOs in energy. For O2, F2, and Ne2, the

MO is below the MOs .p 2ps 2p

p 2ps 2p

s 2ps 2s
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� FIGURE 9.41 Energy-level diagram
for MOs of period 2 homonuclear diatomic
molecules. The diagram assumes no
interaction between the 2 s atomic orbital on
one atom and the 2p atomic orbitals on the
other atom, and experiment shows that it fits
only for O2, F2, and Ne2.
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s 2s…s 2p interaction causes
energy splitting. s 2p goes
to higher energy, s 2s goes
to lower energy

s 2p

s 2s
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Increasing 2s…2p interaction

B2, C2, N2O2, F2, Ne2
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� FIGURE 9.42 The effect of interactions between 2 s and 2p atomic orbitals.

G O  F I G U R E

Which molecular orbitals have switched relative energy in the group on the 
right as compared with the group on the left?

Given the energy ordering of the molecular orbitals, it is a simple matter to deter-
mine the electron configurations for the diatomic molecules B2 through Ne2. For
example, a boron atom has three valence electrons. (Remember that we are ignoring the
1selectrons.) Thus, for B2 we must place six electrons in MOs. Four of them fill the 
and MOs, leading to no net bonding. The fifth electron goes in one MO, and the
sixth goes in the other MO, with the two electrons having the same spin. Therefore,
B2 has a bond order of 1.

Each time we move one element to the right in period 2, two more electrons must
be placed in the diagram of Figure 9.41. For example, on moving to C2, we have two
more electrons than in B2, and these electrons are placed in the MOs, completely
filling them. The electron configurations and bond orders for B2 through Ne2 are given
in � FIGURE 9.43.

Electron Configurations and Molecular Properties
The way a substance behaves in a magnetic field can in some cases provide insight into
the arrangements of its electrons. Molecules with one or more unpaired electrons are at-
tracted to a magnetic field. The more unpaired electrons in a species, the stronger the
attractive force. This type of magnetic behavior is called paramagnetism .

Substances with no unpaired electrons are weakly repelled by a magnetic field. This
property is called diamagnetism . The distinction between paramagnetism and diamagnet-
ism is nicely illustrated in an older method for measuring magnetic properties (� FIGURE
9.44). It involves weighing the substance in the presence and absence of a magnetic field. A
paramagnetic substance appears to weigh more in the magnetic field; a diamagnetic sub-
stance appears to weigh less. The magnetic behaviors observed for the period 2 diatomic
molecules agree with the electron configurations shown in Figure 9.43.

G I V E  I T  S O M E  T H O U G H T

Figure 9.43 indicates that C2 is diamagnetic. Would that be expected if the 
MO were lower in energy than the MOs?

Electron configurations in molecules can also be related to bond distances and
bond enthalpies.€ (Section 8.8)As bond order increases, bond distances decrease

p 2p
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p 2p

p 2p

p 2ps *2s
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B2

Large 2s…2p interaction Small 2 s…2p interaction

C2 N2 O2 F2 Ne2
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s 2s
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s 2p

s 2p
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s 2s

p 2p

p 2p

p 2p

Bond order
Bond enthalpy (kJ/mol)
Bond length (Å)
Magnetic behavior

1
290
1.59
Paramagnetic

2
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1.31
Diamagnetic

3
941
1.10
Diamagnetic

2
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1.21
Paramagnetic

1
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1.43
Diamagnetic

0
„
„
„

� FIGURE 9.43 Molecular orbital electron configurations and some experimental data 
for period 2 diatomic molecules.

G O  F I G U R E

What difference in electron configuration accounts for most of the difference 
between the bond enthalpy of N 2 and that of F 2?

Sample

Weigh sample in absence
of a magnetic field

A diamagnetic
sample appears to
weigh less in
magnetic field
(weak effect)

A paramagnetic
sample appears to
weigh more in
magnetic field

N S N S
� FIGURE 9.44 Determining the
magnetic properties of a sample.

and bond enthalpies increase. N2, for example, whose bond order is 3, has a short bond
distance and a large bond enthalpy. The N2 molecule does not react readily with other
substances to form nitrogen compounds. The relatively high bond order of the molecule
helps explain its exceptional stability. We should also note, however, that molecules with
the same bond orders do not have the same bond distances and bond enthalpies. Bond
order is only one factor influencing these properties. Other factors include nuclear
charge and extent of orbital overlap.

Bonding in O2 provides an interesting test case for molecular orbital theory. The
Lewis structure for this molecule shows a double bond and complete pairing of electrons:

The short bond distance (1.21 Å) and relatively high bond enthalpy 
are in agreement with the presence of a double bond. However, Figure 9.43 tells us that

(495 kJ>mol)O¬ O

O O
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the molecule contains two unpaired electrons, a detail not discernible in the Lewis struc-
ture. Unpaired electrons mean paramagnetism, and the paramagnetism of O2 is
demonstrated in � FIGURE 9.45. The Lewis structure fails to account for this paramag-
netism, but molecular orbital theory correctly predicts two unpaired electrons in the 
orbital. The MO description also correctly indicates a bond order of 2.

Going from O2 to F2, we add two electrons, completely filling the MOs. Thus,
F2 is expected to be diamagnetic and have an single bond, in accord with its Lewis
structure. Finally, the addition of two more electrons to make Ne2 fills all the bonding
and antibonding MOs. Therefore, the bond order of Ne2 is zero, and the molecule is not
expected to exist.

SAMPLE EXERCISE 9.9 Molecular Orbitals of a Period 2 Diatomic Ion

For the ion, predict (a) number of unpaired electrons,(b) bond order,(c) bond enthalpy
and bond length.

SOLUTION
Analyze Our task is to predict several properties of the cation .

Plan We will use the MO description of to determine the desired properties. We must 
first determine the number of electrons in and then draw its MO energy diagram. The
unpaired electrons are those without a partner of opposite spin. The bond order is one-half
the difference between the number of bonding and antibonding electrons. After calculating
the bond order, we can use Figure 9.43 to estimate the bond enthalpy and bond length.

Solve
(a) The ion has 11 valence electrons, one fewer than O2. The electron removed from O2
to form is one of the two unpaired electrons (see Figure 9.43). Therefore, has one
unpaired electron.

O2
+p*2pO2

+
O2

+

O2
+

O2
+

O2
+

O2
+

F¬ F
p*2p

p*2p

Because O2 molecules are
paramagnetic ƒ

ƒ they are attracted into
the magnetic field.

� FIGURE 9.45 Paramagnetism of O 2.

G O  F I G U R E

What would you expect to see if liquid nitrogen were poured between 
the poles of the magnet?



(b) The molecule has eight bonding electrons (the same as O2) and three antibonding elec-
trons (one fewer than O2). Thus, its bond order is

(c) The bond order of is between that for O2 (bond order 2) and N2 (bond order 3).
Thus, the bond enthalpy and bond length should be about midway between those for O2
and N2, approximately and 1.15 Å. (The experimentally measured values are

and 1.123 Å.)

PRACTICE EXERCISE
Predict the magnetic properties and bond orders of(a) the peroxide ion, (b) the
acetylide ion, .
Answers: (a) diamagnetic, 1;(b) diamagnetic, 3

Heteronuclear Diatomic Molecules
The principles we have used in developing an MO description of homonuclear diatomic
molecules can be extended to heteronucleardiatomic molecules„those in which the
two atoms in the molecule are not the same……and we conclude this section with a fasci-
nating heteronuclear diatomic molecule„nitric oxide, NO.

The NO molecule controls several important human physiological functions. Our
bodies use it, for example, to relax muscles, kill foreign cells, and reinforce memory. The
1998 Nobel Prize in Physiology or Medicine was awarded to three scientists for their re-
search that uncovered the importance of NO as a •signalingŽmolecule in the cardiovascular
system. NO also functions as a neurotransmitter and is implicated in many
other biological pathways. That NO plays such an important role in human
metabolism was unsuspected before 1987 because NO has an odd number
of electrons and is highly reactive. The molecule has 11 valence electrons,
and two possible Lewis structures can be drawn. The Lewis structure with
the lower formal charges places the odd electron on the N atom:

Both structures indicate the presence of a double bond, but when com-
pared with the molecules in Figure 9.43, the experimental bond length of
NO (1.15 Å) suggests a bond order greater than 2. How do we treat NO
using the MO model?

If the atoms in a heteronuclear diatomic molecule do not differ too
greatly in electronegativities, their MOs resemble those in homonuclear
diatomics, with one important modification: The energy of the atomic
orbitals of the more electronegative atom is lower than that of the atomic
orbitals of the less electronegative element. In � FIGURE 9.46, you see
that the 2sand 2p atomic orbitals of oxygen are slightly lower than those
of nitrogen because oxygen is more electronegative than nitrogen. The
MO energy-level diagram for NO is much like that of a homonuclear di-
atomic molecule„because the 2s and 2p orbitals on the two atoms
interact, the same types of MOs are produced.

There is one other important difference in the MOs of heteronuclear
molecules. The MOs are still a mix of atomic orbitals from both atoms,
but in general an MO in a heteronuclear diatomic molecule has a greater
contribution from the atomic orbital to which it is closer in energy. In the
case of NO, for example, the bonding MO is closer in energy to the
O 2satomic orbital than to the N 2satomic orbital. As a result, the 
MO has a slightly greater contribution from O than from N„the orbital
is no longer an equal mixture of the two atoms, as was the case for the
homonuclear diatomic molecules. Similarly, the antibonding MO is
weighted more heavily toward the N atom because that MO is closest in
energy to the N 2satomic orbital.
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G O  F I G U R E

How many valence-shell electrons are there in
NO?

� FIGURE 9.46 The energy-level diagram for atomic
and molecular orbitals in NO.
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In discussing light absorption by molecules, we can focus on
two MOs. The highest occupied molecular orbital(HOMO) is the MO
of highest energy that has electrons in it. The lowest unoccupied mo-
lecular orbital(LUMO) is the MO of lowest energy that does not have
electrons in it. In N2, for example, the HOMO is the MO and the
LUMO is the MO (Figure 9.43).

The energy difference between the HOMO and the LUMO„
known as the HOMO…LUMO gap„is related to the minimum
energy needed to excite an electron in the molecule. Colorless or
white substances usually have such a large HOMO…LUMO gap that
visible light is not energetic enough to excite an electron to the higher
level. The minimum energy needed to excite an electron from the
HOMO to the LUMO in N2 corresponds to light with a wavelength
of less than 200 nm, which is far into the ultraviolet part of the spec-
trum. € (Figure 6.4)As a result, N2 cannot absorb visible light and
is therefore colorless.

The magnitude of the energy gap between filled and empty elec-
tronic states is critical for solar energy conversion. Ideally, we want a
substance that absorbs as many solar photons as possible and then
converts the energy of those photons into a useful form of energy.
Titanium dioxide is a readily available material that can be reason-
ably efficient at converting light directly into electricity. However,
TiO2 is white and absorbs only a small amount of the Sun•s radiant
energy. Scientists are working to make solar cells in which TiO2 is
mixed with highly colored molecules, whose HOMO…LUMO gaps
correspond to visible and near-infrared light. That way, the mole-
cules can absorb more of the solar spectrum. The molecule•s HOMO
must also be higher in energy than the TiO2•s HOMO so that the ex-
cited electrons can flow from the molecules into the TiO2, thereby
generating electricity when the device is illuminated with light and
connected to an external circuit.

� FIGURE 9.47 shows a solar cell made from ruthenium-
containing molecules, which appear red, mixed with TiO2 in a paste
that is sandwiched between two glass plates. Incoming light excites
electrons on the ruthenium-containing molecules from occupied
MOs to empty MOs. The electrons are then transferred into the TiO2
and move through the external circuit, generating enough current to
run the small fan.

RELATED EXERCISES:9.105, 9.116

p*2p

s 2p

Orbitals and Energy

Asked to identify the major technological challenge for
the twenty-first century, you might say •energy,Ž rea-

soning that development of sustainable energy
sources is crucial to meet the needs of future gen-

erations of people on our planet. Currently, the
majority of the world, in one way or another, relies on exothermic
combustion reactions of oil, coal, or natural gas to provide heat
and power. These are all fossil fuels„carbon-containing compounds
that are the long-term decomposition products of ancient plants and
animals.

Fossil fuels are not renewable in the several-hundred-year time-
frame in which we need them, but every day our planet receives
plenty of energy from the Sun to easily power the world for millions
of years. Whereas combustion of fossil fuels releases CO2 into the at-
mosphere, solar energy represents a renewable energy source that is
potentially less harmful to the environment. One way to utilize solar
energy is to convert it into electrical energy via photovoltaic solar
cells. The problem with this alternative is that the current efficiency
of solar-cell devices is low; only about of sunlight is con-
verted into useful energy. Furthermore, the cost of manufacturing
solar cells is relatively high.

How does solar energy conversion work? Fundamentally, we
need to be able to use photons from the Sun to excite electrons in
molecules and materials to different energy levels. The brilliant col-
ors around you„those of your clothes, the photographs in this book,
the foods you eat„are due to the selective absorption of light by
chemicals. Light excites electrons in molecules. In a molecular orbital
picture, we can envision light exciting an electron from a filled mo-
lecular orbital to an empty one at higher energy. Because the MOs
have definite energies, only light of the proper wavelengths can excite
electrons. The situation is analogous to that of atomic line spectra.
€ (Section 6.3)If the appropriate wavelength for exciting electrons
is in the visible portion of the electromagnetic spectrum, the sub-
stance appears colored: Certain wavelengths of white light are
absorbed; others are not. A green leaf appears green because green
light is most strongly reflected by the leaf while other wavelengths of
visible light are absorbed.

10…15%

CHEMISTRY PUT TO WORK

TiO2 matrix

Incoming light
source

Light excites
electrons in a
ruthenium
complex.

Excited electrons
flow in external
circuit, powering fan

� FIGURE 9.47 Light into electricity.
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We complete the MO diagram for NO by filling the MOs in Figure 9.46 with the 11
valence electrons. Eight bonding and three antibonding electrons give a bond order of

, which agrees better with experiment than the Lewis structures do. The1
2 (8 - 3) = 21

2
unpaired electron resides in one of the MOs, which are more heavily weighted 
toward the N atom. (We could have placed this electron in either the left or right 
MO.) Thus, the Lewis structure that places the unpaired electron on nitrogen (the one
preferred on the basis of formal charge) is the more accurate description of the true
electron distribution in the molecule.

SAMPLE INTEGRATIVE EXERCISE Putting Concepts Together

Elemental sulfur is a yellow solid that consists of S8 molecules. The structure of the S8 mole-
cule is a puckered, eight-membered ring (see Figure 7.26). Heating elemental sulfur to high
temperatures produces gaseous S2 molecules:

(a) The electron configuration of which period 2 element is most similar to that of sulfur? (b)
Use the VSEPR model to predict the bond angles in S8 and the hybridization at S in
S8. (c) Use MO theory to predict the sulfur…sulfur bond order in S2. Do you expect this mole-
cule to be diamagnetic or paramagnetic? (d) Use average bond enthalpies (Table 8.4) to
estimate the enthalpy change for this reaction. Is the reaction exothermic or endothermic?

SOLUTION
(a) Sulfur is a group 6A element with an [Ne]3s23p4 electron configuration. It is expected to
be most similar electronically to oxygen (electron configuration, [He]2s22p4), which is imme-
diately above it in the periodic table.
(b) The Lewis structure of S8 is

There is a single bond between each pair of S atoms and two nonbonding electron pairs on
each S atom. Thus, we see four electron domains around each S atom and expect a tetrahe-
dral electron-domain geometry corresponding to sp3 hybridization. Because of the
nonbonding pairs, we expect the angles to be somewhat less than 109.5°, the tetra-
hedral angle. Experimentally, the angle in S8 is , in good agreement with this
prediction. Interestingly, if S8 were a planar ring, it would have angles of . In-
stead, the S8 ring puckers to accommodate the smaller angles dictated by sp3 hybridization.
(c) The MOs of S2 are analogous to those of O2, although the MOs for S2 are constructed
from the 3sand 3p atomic orbitals of sulfur. Further, S2 has the same number of valence elec-
trons as O2. Thus, by analogy with O2, we expect S2 to have a bond order of 2 (a double bond)
and to be paramagnetic with two unpaired electrons in the molecular orbitals of S2.
(d) We are considering the reaction in which an S8 molecule falls apart into four S2 molecules.
From parts (b) and (c), we see that S8 has single bonds and S2 has double bonds.
During the reaction, therefore, we are breaking eight single bonds and forming four

double bonds. We can estimate the enthalpy of the reaction by using Equation 8.12 and
the average bond enthalpies in Table 8.4:

Recall that D(X¬ Y) represents the X¬ Y bond enthalpy. Because , the reaction is
endothermic.€ (Section 5.4)The very positive value of suggests that high tempera-
tures are required to cause the reaction to occur.

¢ Hrxn

¢ Hrxn 7 0

¢ Hrxn = 8 D(S¬ S) - 4 D(S• S) = 8(266 kJ)- 4(418 kJ)= +456 kJ
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CHAPTER SUMMARY AND KEY TERMS

INTRODUCTION AND SECTION 9.1 The three-dimensional shapes
and sizes of molecules are determined by their bond angles and bond
lengths. Molecules with a central atom A surrounded by n atoms B, de-
noted ABn, adopt a number of different geometric shapes, depending
on the value ofn and on the particular atoms involved. In the over-
whelming majority of cases, these geometries are related to five basic
shapes (linear, trigonal pyramidal, tetrahedral, trigonal bipyramidal,
and octahedral).

SECTION 9.2 Thevalence-shell electron-pair repulsion (VSEPR)
model rationalizes molecular geometries based on the repulsions be-
tween electron domains , which are regions about a central atom in
which electrons are likely to be found.Bonding pairs of electrons,
which are those involved in making bonds, and nonbonding pairs of
electrons, also called lone pairs , both create electron domains around
an atom. According to the VSEPR model, electron domains orient
themselves to minimize electrostatic repulsions; that is, they remain as
far apart as possible. Electron domains from nonbonding pairs exert
slightly greater repulsions than those from bonding pairs, which leads
to certain preferred positions for nonbonding pairs and to the depar-
ture of bond angles from idealized values. Electron domains from
multiple bonds exert slightly greater repulsions than those from single
bonds. The arrangement of electron domains around a central atom is
called the electron-domain geometry ; the arrangement of atoms is
called the molecular geometry .

SECTION 9.3 The dipole moment of a polyatomic molecule depends
on the vector sum of the dipole moments associated with the individ-
ual bonds, called the bond dipoles . Certain molecular shapes, such as
linear AB2 and trigonal planar AB3, assure that the bond dipoles can-
cel, producing a nonpolar molecule, which is one whose dipole
moment is zero. In other shapes, such as bent AB2 and trigonal pyram-
idal AB3, the bond dipoles do not cancel and the molecule will be polar
(that is, it will have a nonzero dipole moment).

SECTION 9.4 Valence-bond theory is an extension of Lewis•s no-
tion of electron-pair bonds. In valence-bond theory, covalent bonds
are formed when atomic orbitals on neighboring atoms overlap one
another. The overlap region is one of low energy, or greater stability,
for the two electrons because of their simultaneous attraction to two
nuclei. The greater the overlap between two orbitals, the stronger will
be the bond that is formed.

SECTION 9.5 To extend the ideas of valence-bond theory to poly-
atomic molecules, we must envision mixing s, p,and sometimes d
orbitals to form hybrid orbitals . The process ofhybridization leads to
hybrid atomic orbitals that have a large lobe directed to overlap with
orbitals on another atom to make a bond. Hybrid orbitals can also ac-
commodate nonbonding pairs. A particular mode of hybridization can
be associated with each of three common electron-domain geometries
( ; ; ).

SECTION 9.6 Covalent bonds in which the electron density lies
along the line connecting the atoms (the internuclear axis) are called
sigma bonds . Bonds can also be formed from the sideways overlap
of p orbitals. Such a bond is called a pi bond. A double bond, such
as that in C2H4, consists of one bond and one bond; a triple bond,ps

(P)
(S)

tetrahedral= sp3trigonal planar= sp2linear = sp

such as that in C2H2, consists of one and two bonds. The forma-
tion of a bond requires that molecules adopt a specific orientation;
the two CH2 groups in C2H4, for example, must lie in the same plane.
As a result, the presence of bonds introduces rigidity into molecules.
In molecules that have multiple bonds and more than one resonance
structure, such as C6H6, the bonds are delocalized ; that is, the 
bonds are spread among several atoms.

SECTION 9.7 Molecular orbital theory is another model used to
describe the bonding in molecules. In this model the electrons exist in
allowed energy states called molecular orbitals (MOs) . An MO can
extend over all the atoms of a molecule. Like an atomic orbital, a mo-
lecular orbital has a definite energy and can hold two electrons of
opposite spin. We can think of molecular orbitals as built up by com-
bining atomic orbitals on different atomic centers. In the simplest case,
the combination of two atomic orbitals leads to the formation of two
MOs, one at lower energy and one at higher energy relative to the en-
ergy of the atomic orbitals. The lower-energy MO concentrates charge
density in the region between the nuclei and is called a bonding
molecular orbital . The higher-energy MO excludes electrons from the
region between the nuclei and is called an antibonding molecular
orbital . Occupation of bonding MOs favors bond formation, whereas
occupation of antibonding MOs is unfavorable. The bonding and anti-
bonding MOs formed by the combination ofsorbitals are sigma
molecular orbitals ; they lie on the internuclear axis.

The combination of atomic orbitals and the relative energies of
the molecular orbitals are shown by an energy-level (or molecular
orbital ) diagram . When the appropriate number of electrons are put
into the MOs, we can calculate the bond order of a bond, which is half
the difference between the number of electrons in bonding MOs and
the number of electrons in antibonding MOs. A bond order of 1 corre-
sponds to a single bond, and so forth. Bond orders can be fractional
numbers.

SECTION 9.8 Electrons in core orbitals do not contribute to the
bonding between atoms, so a molecular orbital description usually
needs to consider only electrons in the outermost electron subshells. In
order to describe the MOs of period 2 homonuclear diatomic mole-
cules, we need to consider the MOs that can form by the combination
of p orbitals. The p orbitals that point directly at one another can form

bonding and antibonding MOs. The p orbitals that are oriented
perpendicular to the internuclear axis combine to form pi molec-
ular orbitals . In diatomic molecules the molecular orbitals occur as
a pair of degenerate (same energy) bonding MOs and a pair of degen-
erate antibonding MOs. The bonding MO is expected to be lower
in energy than the bonding MOs because of larger orbital overlap
of the p orbitals directed along the internuclear axis. However, this or-
dering is reversed in B2, C2, and N2 because of interaction between the
2sand 2p atomic orbitals of different atoms.

The molecular orbital description of period 2 diatomic molecules
leads to bond orders in accord with the Lewis structures of these mol-
ecules. Further, the model predicts correctly that O2 should exhibit
paramagnetism , which leads to attraction of a molecule into a mag-
netic field due to the influence of unpaired electrons. Molecules in
which all the electrons are paired exhibit diamagnetism , which leads
to weak repulsion from a magnetic field.
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Exercises 373

KEY SKILLS
€ Be able to describe the three-dimensional shapes of molecules using the VSEPR model. (Section 9.2)

€ Determine whether a molecule is polar or nonpolar based on its geometry and the individual bond dipole moments. (Section 9.3)

€ Be able to explain the role of orbital overlap in the formation of covalent bonds. (Section 9.4)

€ Be able to specify the hybridization state of atoms in molecules based on observed molecular structures. (Section 9.5)

€ Be able to sketch how orbitals overlap to form sigma and pi bonds. (Section 9.6)

€ Be able to explain the existence of delocalized p bonds in molecules such as benzene. (Section 9.6)

€ Be able to explain the concept of bonding and antibonding orbitals. (Section 9.7)

€ Be able to draw molecular orbital energy-level diagrams and place electrons into them to obtain the bond orders and electron configurations
of diatomic molecules using molecular orbital theory. (Sections 9.7 and 9.8)

€ Understand the relationships among bond order, bond strength (bond enthalpy), and bond length. (Section 9.8)

KEY EQUATION
€ [9.1]

EXERCISES
VISUALIZING CONCEPTS

Bond order= 1
2 (no. of bonding electrons- no. of antibonding electrons)

(p )(s )

9.1 A certain AB4 molecule has a •seesawŽ shape:

From which of the fundamental geometries shown in Figure
9.3 could you remove one or more atoms to create a molecule
having this seesaw shape? [Section 9.1]

9.2 (a)If these three balloons are all the same size, what angle is
formed between the red one and the green one? (b) If addi-
tional air is added to the blue balloon so that it gets larger,
what happens to the angle between the red and green bal-
loons?(c) What aspect of the VSEPR model is illustrated by
part (b)? [Section 9.2]

9.3 For each molecule (a)-(f), indicate how many different elec-
tron-domain geometries are consistent with the molecular
geometry shown. [Section 9.2]

(a) (b)

9.4 The molecule shown here is difluoromethane(CH2F2), which is
used as a refrigerant called R-32.(a) Based on the structure, how
many electron domains surround the C atom in this molecule?
(b) Would the molecule have a nonzero dipole moment? (c) If
the molecule is polar, in what direction will the overall dipole
moment vector point in the molecule? [Sections 9.2 and 9.3]

(c)

(e) (f)

(d)
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9.5 The following plot shows the potential energy of two Cl atoms
as a function of the distance between them.(a) To what does
an energy of zero correspond in this diagram? (b) According
to the valence-bond model, why does the energy decrease as
the Cl atoms move from a large separation to a smaller one?
(c) What is the significance of the Cl¬ Cl distance at the min-
imum point in the plot? (d) Why does the energy rise at
Cl¬ Cl distances less than that at the minimum point in the
plot? (e) How can you estimate the bond strength of the
Cl¬ Cl bond from the plot? [Section 9.4]

9.6 In the series SiF4, PF3, and SF2, estimate the F¬ X¬ F bond
angle in each case and explain your rationale. [Section 9.2]

9.7 The orbital diagram that follows presents the final step in the
formation of hybrid orbitals by a silicon atom. What type of
hybrid orbital is produced in this hybridization? [Section 9.5]

9.8 In the hydrocarbon
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(a) What is the hybridization at each carbon atom in the mol-
ecule?(b) How many bonds are there in the molecule?
(c) How many bonds? (d) Identify all the 120o bond angles
in the molecule. [Section 9.6]

9.9 For each of these contour representations of molecular or-
bitals, identify (a) the atomic orbitals (sor p) used to construct
the MO (b) the type of MO ( or ),(c) whether the MO is
bonding or antibonding, and (d) the locations of nodal
planes. [Sections 9.7 and 9.8]

9.10 The diagram that follows shows the highest-energy occupied
MOs of a neutral molecule CX, where element X is in the same
row of the periodic table as C.(a) Based on the number of
electrons, can you determine the identity of X? (b) Would the
molecule be diamagnetic or paramagnetic? (c) Consider the

MOs of the molecule. Would you expect them to have a
greater atomic orbital contribution from C, have a greater
atomic orbital contribution from X, or be an equal mixture of
atomic orbitals from the two atoms? [Section 9.8]

p 2p

s 2p

p 2p

(i) (ii)

(iii)

ps

p
s

MOLECULAR SHAPES; THE VSEPR MODEL (sections 9.1 and 9.2)
9.11 An AB2 molecule is described as linear, and the bond

length is known.(a) Does this information completely de-
scribe the geometry of the molecule? (b) Can you tell how
many nonbonding pairs of electrons are around the A atom
from this information?

9.12 (a)Methane (CH4) and the perchlorate ion are both
described as tetrahedral. What does this indicate about their
bond angles? (b) The NH3 molecule is trigonal pyramidal,
while BF3 is trigonal planar. Which of these molecules is flat?

9.13 How does a trigonal pyramid differ from a tetrahedron so far
as molecular geometry is concerned?

9.14 Describe the bond angles to be found in each of the follow-
ing molecular structures:(a) planar trigonal,(b) tetrahedral,
(c) octahedral,(d) linear.

9.15 (a) What is meant by the term electron domain?(b) Explain in
what way electron domains behave like the balloons in Figure
9.5. Why do they do so?

(ClO4
- )

A¬ B 9.16 What property of the electron causes electron domains to have
an effect on molecular shapes?

9.17 (a) How does one determine the number of electron domains
in a molecule or ion? (b) What is the difference between a
bonding electron domainand a nonbonding electron domain?

9.18 Would you expect the nonbonding electron-pair domain in
NH3 to be greater or less in size than for the corresponding
one in PH3? Explain.

9.19 In which of these molecules or ions does the presence of
nonbonding electron pairs produce an effect on molecular
shape, assuming they are all in the gaseous state? (a) SiH4,
(b) PF3, (c) HBr, (d) HCN, (e) SO2.

9.20 In which of the following molecules can you confidently pre-
dict the bond angles about the central atom, and for which
would you be a bit uncertain? Explain in each case.(a) H2S,
(b) BCl3, (c) CH3I, (d) CBr4, (e) TeBr4.
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9.21 How many nonbonding electron pairs are there in each of
the following molecules:(a) (CH3)2S, (b) HCN, (c) H2C2,
(d) CH3F?

9.22 Describe the characteristic electron-domain geometry of each
of the following numbers of electron domains about a central
atom:(a) 3,(b) 4,(c) 5,(d) 6.

9.23 What is the difference between the electron-domain geometry
and the molecular geometry of a molecule? Use the water
molecule as an example in your discussion. Why do we need to
make this distinction?

9.24 An AB3 molecule is described as having a trigonal-bipyramidal
electron-domain geometry. How many nonbonding domains
are on atom A? Explain.

9.25 Give the electron-domain and molecular geometries of a mole-
cule that has the following electron domains on its central
atom: (a) four bonding domains and no nonbonding
domains,(b) three bonding domains and two nonbonding
domains,(c) five bonding domains and one nonbonding do-
main,(d) four bonding domains and two nonbonding domains.

9.26 What are the electron-domain and molecular geometries of
a molecule that has the following electron domains on its central
atom? (a) three bonding domains and no nonbonding domains,
(b) three bonding domains and one nonbonding domain,(c)
two bonding domains and two nonbonding domains.

9.27 Give the electron-domain and molecular geometries for the
following molecules and ions:(a) HCN, (b) , (c) SF4,
(d) , (e) , (f)

9.28 Draw the Lewis structure for each of the following molecules
or ions, and predict their electron-domain and molecular
geometries:(a) AsF3, (b) , (c) BrF3, (d) ClO3

- , (e) XeF2,
(f) .

9.29 The figure that follows shows ball-and-stick drawings of three
possible shapes of an AF3 molecule.(a) For each shape, give the
electron-domain geometry on which the molecular geometry is
based.(b) For each shape, how many nonbonding electron do-
mains are there on atom A? (c)Which of the following elements
will lead to an AF3 molecule with the shape in (ii): Li, B, N, Al, P,
Cl?(d) Name an element A that is expected to lead to the AF3
structure shown in (iii). Explain your reasoning.

9.30 The figure that follows contains ball-and-stick drawings of
three possible shapes of an AF4 molecule.(a) For each shape,
give the electron-domain geometry on which the molecular
geometry is based.(b) For each shape, how many nonbonding
electron domains are there on atom A? (c) Which of the fol-
lowing elements will lead to an AF4 molecule with the shape in
(iii): Be, C, S, Se, Si, Xe? (d) Name an element A that is ex-
pected to lead to the AF4 structure shown in (i).

(ii) (iii)(i)

(i) (ii) (iii)

BrO2
-

CH3
+

N3
- .NH3Cl+PF6

-
SO3

2-

9.31 Give the approximate values for the indicated bond angles in
the following molecules:

9.32 Give approximate values for the indicated bond angles in the
following molecules:

9.33 In which of the following AFn molecules or ions is there more
than one F¬ A¬ F bond angle: SiF4, PF5, SF4, AsF3?

9.34 The three species , NH3, and have 
bond angles of , , and , respectively. Explain this
variation in bond angles.

9.35 (a) Explain why is square planar, whereas is tetra-
hedral.(b) How would you expect the H¬ X¬ H bond angle
to vary in the series H2O, H2S, H2Se? Explain. (Hint: The size
of an electron pair domain depends in part on the electroneg-
ativity of the central atom.)

9.36 (a)Explain why the following ions have different bond angles:
and . Predict the bond angle in each case.(b) Ex-

plain why the XeF2 molecule is linear.
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SHAPES AND POLARITY OF POLYATOMIC MOLECULES (section 9.3)
9.37 What is the distinction between a bond dipole and a molecu-

lar dipole moment?
9.38 Consider a molecule with formula AX3. Supposing the A¬ X

bond is polar, how would you expect the dipole moment of
the AX3 molecule to change as the X¬ A¬ X bond angle in-
creases from 100o to 120o?

9.39 (a) Does SCl2 have a dipole moment? If so, in which direction
does the net dipole point? (b) Does BeCl2 have a dipole mo-
ment? If so, in which direction does the net dipole point?

9.40 (a) The PH3 molecule is polar. Does this offer experimental
proof that the molecule cannot be planar? Explain.(b) It turns
out that ozone, O3, has a small dipole moment. How is this
possible, given that all the atoms are the same?

9.41 (a) Consider the AF3 molecules in Exercise 9.29. Which of these
will have a nonzero dipole moment? Explain.(b) Which of the
AF4 molecules in Exercise 9.30 will have a zero dipole moment?

9.42 (a)What conditions must be met if a molecule with polar
bonds is nonpolar? (b) What geometries will signify nonpolar
molecules for AB2, AB3, and AB4 geometries?

9.43 Predict whether each of the following molecules is polar or
nonpolar:(a) IF, (b) CS2, (c) SO3, (d) PCl3, (e) SF6, (f) IF5.

9.44 Predict whether each of the following molecules is polar or
nonpolar: (a) CCl4, (b) NH3, (c) SF4, (d) XeF4, (e) CH3Br,
(f) GaH3.

9.45 Dichloroethylene (C2H2Cl2) has three forms (isomers), each
of which is a different substance.(a) Draw Lewis structures of
the three isomers, all of which have a carbon…carbon double
bond.(b) Which of these isomers has a zero dipole moment?
(c) How many isomeric forms can chloroethylene, C2H3Cl,
have? Would they be expected to have dipole moments?

9.46 Dichlorobenzene, C6H4Cl2, exists in three forms (isomers)
calledortho, meta,andpara:

Which of these has a nonzero dipole moment? Explain.

Cl

Cl

Cl

Cl

Cl

Cl

parametaortho

ORBITAL OVERLAP; HYBRID ORBITALS (sections 9.4 and 9.5)
9.47 (a) What is meant by the term orbital overlap? (b) Describe

what a chemical bond is in terms of electron density between
two atoms.

9.48 Draw sketches illustrating the overlap between the following or-
bitals on two atoms:(a) the 2sorbital on each atom,(b) the 2pz
orbital on each atom (assume both atoms are on the z-axis),(c)
the 2sorbital on one atom and the 2pzorbital on the other atom.

9.49 Consider the bonding in an MgH2 molecule.(a) Draw a Lewis
structure for the molecule, and predict its molecular geome-
try. (b) What hybridization scheme is used in MgH2?
(c) Sketch one of the two-electron bonds between an Mg
hybrid orbital and an H 1satomic orbital.

9.50 How would you expect the extent of overlap of the bonding
atomic orbitals to vary in the series IF, ICl, IBr, and I2? Explain
your answer.

9.51 Fill in the blank spaces in the following chart. If the molecule
column is blank, find an example that fulfills the conditions of
the rest of the row.

9.53 (a)Starting with the orbital diagram of a boron atom, describe
the steps needed to construct hybrid orbitals appropriate to
describe the bonding in BF3. (b) What is the name given to the
hybrid orbitals constructed in (a)? (c) Sketch the large lobes of
the hybrid orbitals constructed in part (a).(d) Are any valence
atomic orbitals of B left unhybridized? If so, how are they ori-
ented relative to the hybrid orbitals?

9.54 (a)Starting with the orbital diagram of a sulfur atom, describe
the steps needed to construct hybrid orbitals appropriate to
describe the bonding in SF2. (b) What is the name given to the
hybrid orbitals constructed in (a)? (c) Sketch the large lobes of
these hybrid orbitals.(d) Would the hybridization scheme in
part (a) be appropriate for SF4? Explain.

9.55 Indicate the hybridization of the central atom in (a) BCl3,
(b) , (c) CS2, (d) GeH4.

9.56 What is the hybridization of the central atom in (a) SiCl4,
(b) HCN, (c) SO3, (d) TeCl2.

9.57 Shown here are three pairs of hybrid orbitals, with each set at
a characteristic angle. For each pair, determine the type of hy-
bridization, if any, that could lead to hybrid orbitals at the
specified angle.

AlCl4
-

Molecule
Electron-Domain
Geometry

Hybridization of
Central Atom

Dipole Moment?
Yes or No

CO2

sp3 Yes

sp3 No

Trigonal planar No

SF4
Octahedral No

sp2 Yes

Trigonal
bipyramidal

No

XeF2

9.58 (a) Which geometry and central atom hybridization would you
expect in the series BH4

� , CH4, NH4
� ?(b) What would you ex-

pect for the magnitude and direction of the bond dipoles in this
series?(c)Write the formulas for the analogous species of the el-
ements of period 3; would you expect them to have the same
hybridization at the central atom?

90�
109.5� 120�

9.52 Why are there no sp4 or sp5 hybrid orbitals?
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MULTIPLE BONDS (section 9.6)
9.59 (a) Draw a picture showing how two p orbitals on two differ-

ent atoms can be combined to make a sigma bond.(b) Sketch
a bond that is constructed from p orbitals.(c) Which is gen-
erally stronger, a bond or a bond? Explain. (d) Can two s
orbitals combine to form a bond? Explain.

9.60 (a)If the valence atomic orbitals of an atom are sphybridized,
how many unhybridized porbitals remain in the valence shell?
How many bonds can the atom form? (b) Imagine that you
could hold two atoms that are bonded together, twist them,
and not change the bond length. Would it be easier to twist
(rotate) around a single bond or around a double ( plus )
bond, or would they be the same? Explain.

9.61 (a) Draw Lewis structures for ethane (C2H6), ethylene (C2H4),
and acetylene (C2H2). (b) What is the hybridization of the car-
bon atoms in each molecule? (c) Predict which molecules, if any,
are planar.(d) How many and bonds are there in each mol-
ecule?(e) Suppose that silicon could form molecules that are
precisely the analogs of ethane, ethylene, and acetylene. How
would you describe the bonding about Si in terms of hydrid or-
bitals? Silicon does not readily form some of the analogous
compounds containing p bonds. Why might this be the case?

9.62 The nitrogen atoms in N2 participate in multiple bonding,
whereas those in hydrazine, N2H4, do not. (a) Draw Lewis
structures for both molecules.(b) What is the hybridization of
the nitrogen atoms in each molecule? (c) Which molecule has
the stronger N¬ N bond?

9.63 Propylene, C3H6, is a gas that is used to form the important
polymer called polypropylene. Its Lewis structure is

(a)What is the total number of valence electrons in the propy-
lene molecule? (b) How many valence electrons are used to
make bonds in the molecule? (c) How many valence elec-
trons are used to make bonds in the molecule? (d) How
many valence electrons remain in nonbonding pairs in the
molecule?(e) What is the hybridization at each carbon atom
in the molecule?

9.64 Ethyl acetate, C4H8O2, is a fragrant substance used both as a
solvent and as an aroma enhancer. Its Lewis structure is

(a) What is the hybridization at each of the carbon atoms of
the molecule? (b) What is the total number of valence elec-
trons in ethyl acetate? (c) How many of the valence electrons
are used to make bonds in the molecule? (d) How manys
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valence electrons are used to make bonds? (e)How many va-
lence electrons remain in nonbonding pairs in the molecule?

9.65 Consider the Lewis structure for glycine, the simplest amino
acid:

(a) What are the approximate bond angles about each of the
two carbon atoms, and what are the hybridizations of the or-
bitals on each of them? (b) What are the hybridizations of the
orbitals on the two oxygens and the nitrogen atom, and what
are the approximate bond angles at the nitrogen? (c) What is
the total number of bonds in the entire molecule, and what
is the total number of bonds?

9.66 Acetylsalicylic acid, better known as aspirin, has the Lewis
structure

(a) What are the approximate values of the bond angles la-
beled 1, 2, and 3? (b) What hybrid orbitals are used about the
central atom of each of these angles? (c) How many bonds
are in the molecule?

9.67 (a) What is the difference between a localized bond and a
delocalized one? (b) How can you determine whether a mole-
cule or ion will exhibit delocalized bonding? (c) Is the 
bond in localized or delocalized?

9.68 (a)Write a single Lewis structure for SO3, and determine the
hybridization at the S atom.(b) Are there other equivalent
Lewis structures for the molecule? (c) Would you expect SO3
to exhibit delocalized bonding? Explain.

9.69 Predict the molecular geometry of each of the following
molecules:

9.70 What hybridization do you expect for the atom indicated in
red in each of the following species?

(a) CH3CO2
- ; (b) PH4

+; (c) AlF3; (d) H2 CH¬ CH2
+C•
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MOLECULAR ORBITALS AND SECOND-ROW DIATOMIC MOLECULES
(sections 9.7 and 9.8)

9.71 (a) What is the difference between hybrid orbitals and molec-
ular orbitals? (b) How many electrons can be placed into each
MO of a molecule? (c) Can antibonding molecular orbitals
have electrons in them?

9.72 (a)If you combine two atomic orbitals on two different atoms
to make a new orbital, is this a hybrid orbital or a molecular
orbital? (b) If you combine two atomic orbitals on oneatom to
make a new orbital, is this a hybrid orbital or a molecular
orbital? (c) Does the Pauli exclusion principle (Section 6.7)
apply to MOs? Explain.
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ADDITIONAL EXERCISES
9.87 (a)What is the physical basis for the VSEPR model? (b) When

applying the VSEPR model, we count a double or triple bond
as a single electron domain. Why is this justified?

9.88 What is the fundamental basis on which we assign electrons to
electron domains in pairs and with their spins paired?

9.89 The molecules SiF4, SF4, and XeF4 have molecular formulas of
the type AF4, but the molecules have different molecular
geometries. Predict the shape of each molecule, and explain
why the shapes differ.

9.90 Consider the molecule PF4Cl. (a) Draw a Lewis structure for
the molecule, and predict its electron-domain geometry.(b)

Which would you expect to take up more space, a bond
or a bond? Explain.(c) Predict the molecular geometry
of PF4Cl. How did your answer for part (b) influence your an-
swer here in part (c)? (d) Would you expect the molecule to
distort from its ideal electron-domain geometry? If so, how
would it distort?

[9.91] The vertices of a tetrahedron correspond to four alternating
corners of a cube. By using analytical geometry, demonstrate
that the angle made by connecting two of the vertices to a
point at the center of the cube is , the characteristic
angle for tetrahedral molecules.

109.5°

P¬ Cl
P¬ F

9.73 Consider the ion.(a) Sketch the molecular orbitals of the
ion and draw its energy-level diagram.(b) How many elec-
trons are there in the ion? (c) Draw the electron
configuration of the ion in terms of its MOs.(d) What is the
bond order in ? (e)Suppose that the ion is excited by light
so that an electron moves from a lower-energy to a higher-
energy MO. Would you expect the excited-state ion to be
stable or to fall apart? Explain.

9.74 (a)Sketch the molecular orbitals of the ion and draw its
energy-level diagram.(b) Write the electron configuration of
the ion in terms of its MOs.(c) Calculate the bond order in

(d) Suppose that the ion is excited by light, so that an
electron moves from a lower-energy to a higher-energy molec-
ular orbital. Would you expect the excited-state ion to be
stable? Explain.

9.75 Draw a picture that shows all three 2p orbitals on one atom
and all three 2p orbitals on another atom. (a) Imagine the
atoms coming close together to bond. How many bonds can
the two sets of 2p orbitals make with each other? (b) How
many bonds can the two sets of 2p orbitals make with each
other?(c) How many antibonding orbitals, and of what type,
can be made from the two sets of 2p orbitals?

9.76 (a)What is the probability of finding an electron on the inter-
nuclear axis if the electron occupies a molecular orbital? (b)
For a homonuclear diatomic molecule, what similarities and
differences are there between the MO made from the 2px
atomic orbitals and the MO made from the 2py atomic or-
bitals?(c) How do the MOs formed from the 2px and 2py
atomic orbitals differ from the MOs in terms of energies
and electron distributions?

9.77 (a)What are the relationships among bond order, bond length,
and bond energy? (b) According to molecular orbital theory,
would either Be2 or be expected to exist? Explain.

9.78 Explain the following:(a) Theperoxideion, , has a longer
bond length than the superoxideion, . (b) The magnetic
properties of B2 are consistent with the MOs being lower
in energy than the MO.(c) The ion has a stronger
O¬ O bond than O2 itself.

9.79 (a) What does the term diamagnetismmean?(b) How does a
diamagnetic substance respond to a magnetic field? (c) Which
of the following ions would you expect to be diamagnetic:

, , ?

9.80 (a)What does the term paramagnetismmean?(b) How can one
determine experimentally whether a substance is paramagnetic?
(c) Which of the following ions would you expect to be para-
magnetic: , , , ? For those ions that are
paramagnetic, determine the number of unpaired electrons.
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+ 9.81 Using Figures 9.35 and 9.43 as guides, draw the molecular or-

bital electron configuration for (a) , (b) , (c) , (d)
. In each case indicate whether the addition of an elec-

tron to the ion would increase or decrease the bond order of
the species.

9.82 If we assume that the energy-level diagrams for homonuclear
diatomic molecules shown in Figure 9.43 can be applied to
heteronuclear diatomic molecules and ions, predict the bond
order and magnetic behavior of(a) (b) , (c) ,
(d) .

9.83 Determine the electron configurations for , CN, and .
(a) Which species has the strongest C¬ N bond? (b) Which
species, if any, has unpaired electrons?

9.84 (a)The nitric oxide molecule, NO, readily loses one electron
to form the ion. Why is this consistent with the elec-
tronic structure of NO? (b) Predict the order of the 
bond strengths in NO, , and , and describe the mag-
netic properties of each.(c) With what neutral homonuclear
diatomic molecules are the and ions isoelectronic
(same number of electrons)?

[9.85] Consider the molecular orbitals of the P2 molecule. Assume
that the MOs of diatomics from the third row of the periodic
table are analogous to those from the second row.(a) Which
valence atomic orbitals of P are used to construct the MOs of
P2?(b) The figure that follows shows a sketch of one of the
MOs for P2. What is the label for this MO? (c) For the P2 mol-
ecule, how many electrons occupy the MO in the figure? (d) Is
P2 expected to be diamagnetic or paramagnetic? Explain.

[9.86] The iodine bromide molecule, IBr, is an interhalogen com-
pound. Assume that the molecular orbitals of IBr are
analogous to the homonuclear diatomic molecule F2. (a)
Which valence atomic orbitals of I and of Br are used to con-
struct the MOs of IBr? (b) What is the bond order of the IBr
molecule?(c) One of the valence MOs of IBr is sketched here.
Why are the atomic orbital contributions to this MO different
in size? (d) What is the label for the MO? (e)For the IBr mole-
cule, how many electrons occupy the MO?

NO-NO+

NO-NO+
N ¬ O

NO+

CN-CN+
NeF+

OF+NO-CO+,

Ne2
2+

N2
+Li2

+B2
+
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9.92 From their Lewis structures, determine the number of and
bonds in each of the following molecules or ions:(a) CO2;

(b) cyanogen, (CN)2; (c) formaldehyde, H2CO;(d) formic acid,
HCOOH, which has one H and two O atoms attached to C.

9.93 The lactic acid molecule, CH3CH(OH)COOH, gives sour milk
its unpleasant, sour taste.(a) Draw the Lewis structure for the
molecule, assuming that carbon always forms four bonds in its
stable compounds.(b) How many and how many bonds
are in the molecule? (c) Which CO bond is shortest in the
molecule?(d) What is the hybridization of atomic orbitals
around the carbon atom associated with that short bond?
(e) What are the approximate bond angles around each car-
bon atom in the molecule?

9.94 The PF3 molecule has a dipole moment of 1.03 D, but BF3 has
a dipole moment of zero. How can you explain the difference?

9.95 An AB5 molecule adopts the
geometry shown here.(a) What
is the name of this geometry? (b)
Do you think there are any non-
bonding electron pairs on atom
A? Why or why not? (c) Suppose
the atoms B are halogen atoms.
Can you determine uniquely to
which group in the periodic table atom A belongs?

sp

p
s (a) Draw a Lewis structure for XeF6. (b) If you try to use the

VSEPR model to predict the molecular geometry of XeF6, you
run into a problem. What is it? (c) What could you do to resolve
the difficulty in part (b)? (d) The molecule IF7 has a pentagonal-
bipyramidal structure (five equatorial fluorine atoms at the
vertices of a regular pentagon and two axial fluorine atoms).
Based on the structure of IF7, suggest a structure for XeF6.

[9.99] The Lewis structure for allene is

Make a sketch of the structure of this molecule that is analo-
gous to Figure 9.25. In addition, answer the following three
questions:(a) Is the molecule planar? (b) Does it have a
nonzero dipole moment? (c) Would the bonding in allene be
described as delocalized? Explain.

[9.100] The azide ion, , is linear with two bonds of equal
length, 1.16 Å.(a) Draw a Lewis structure for the azide ion.(b)
With reference to Table 8.5, is the observed bond
length consistent with your Lewis structure? (c) What hy-
bridization scheme would you expect at each of the nitrogen
atoms in ? (d) Show which hybridized and unhybridized
orbitals are involved in the formation of and bonds in

. (e) It is often observed that bonds that involve an sp
hybrid orbital are shorter than those that involve only sp2 or
sp3 hybrid orbitals. Can you propose a reason for this? Is this
observation applicable to the observed bond lengths in ?

[9.101] In ozone, O3, the two oxygen atoms on the ends of the mole-
cule are equivalent to one another.(a) What is the best choice
of hybridization scheme for the atoms of ozone? (b) For one
of the resonance forms of ozone, which of the orbitals are used
to make bonds and which are used to hold nonbonding pairs
of electrons? (c) Which of the orbitals can be used to delocal-
ize the electrons? (d) How many electrons are delocalized in
the system of ozone?

9.102 Butadiene, C4H6, is a planar molecule that has the following
carbon…carbon bond lengths:

(a) Predict the bond angles around each of the carbon atoms
and sketch the molecule.
(b) Compare the bond lengths to the average bond lengths
listed in Table 8.5. Can you explain any differences?

[9.103] The following sketches show the atomic orbital wave func-
tions (with phases) used to construct some of the MOs of a
homonuclear diatomic molecule. For each sketch, determine
the type of MO that will result from mixing the atomic orbital
wave functions as drawn. Use the same labels for the MOs as
in the •Closer LookŽ box on phases.

(a) (b)

(c)

� �

�

1.34 Å 1.34 Å1.48 Å
H2C CH CH CH2

p
p

N3
-

sN3
-

ps
N3

-

N ¬ N

N ¬ NN3
-

CCC

H

H

H

H

9.96 There are two compounds of the formula Pt(NH3)2Cl2:

The compound on the right,cisplatin,is used in cancer ther-
apy. The compound on the left,transplatin,is ineffective for
cancer therapy. Both compounds have a square-planar geom-
etry. (a) Which compound has a nonzero dipole moment? (b)
The reason cisplatin is a good anticancer drug is that it binds
tightly to DNA. Cancer cells are rapidly dividing, producing a
lot of DNA. Consequently, cisplatin kills cancer cells at a faster
rate than normal cells. However, since normal cells also are
making DNA, cisplatin also attacks healthy cells, which leads
to unpleasant side effects. The way both molecules bind to
DNA involves the ions leaving the Pt ion, to be replaced by
two nitrogens in DNA. Draw a picture in which a long vertical
line represents a piece of DNA. Draw the Pt(NH3)2 fragments
of cisplatin and transplatin with the proper shape. Also draw
them attaching to your DNA line. Can you explain from your
drawing why the shape of the cisplatin causes it to bind to
DNA more effectively than transplatin?

[9.97] The bond lengths in the water molecule (H2O) are
0.96 Å, and the angle is 104.5º. The dipole mo-
ment of the water molecule is 1.85 D.(a) In what directions do
the bond dipoles of the bonds point? In what direction
does the dipole moment vector of the water molecule point?
(b) Calculate the magnitude of the bond dipole of the 
bonds. (Note:You will need to use vector addition to do this.)
(c) Compare your answer from part (b) to the dipole mo-
ments of the hydrogen halides (Table 8.3). Is your answer in
accord with the relative electronegativity of oxygen?

[9.98] The reaction of three molecules of fluorine gas with a Xe atom
produces the substance xenon hexafluoride, XeF6:

Xe(g) + 3 F2(g) ¡ XeF6(s)

O¬ H

O¬ H

H ¬ O¬ H
O¬ H

Cl-

Pt

NH 3

NH 3

ClCl Pt

Cl

NH 3

NH 3Cl
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hydrogen with the 2sorbital of fluorine. The 1sorbital of hy-
drogen will mix only with one 2p orbital of fluorine. Draw
pictures showing the proper orientation of all three 2porbitals
on F interacting with a 1sorbital on H. Which of the 2p or-
bitals can actually make a bond with a 1s orbital, assuming
that the atoms lie on the z-axis?(d) In the most accepted pic-
ture of HF, all the other atomic orbitals on fluorine move over
at the same energy into the molecular orbital energy-level dia-
gram for HF. These are called •nonbonding orbitals.Ž Sketch
the energy-level diagram for HF using this information and
calculate the bond order. (Nonbonding electrons do not con-
tribute to bond order.) (e) Look at the Lewis structure for HF.
Where are the nonbonding electrons?

[9.107] Carbon monoxide, CO, is isoelectronic to N2. (a) Draw a
Lewis structure for CO that satisfies the octet rule.(b) Assume
that the diagram in Figure 9.46 can be used to describe the
MOs of CO. What is the predicted bond order for CO? Is this
answer in accord with the Lewis structure you drew in part
(a)? (c) Experimentally, it is found that the highest-energy
electrons in CO reside in a -type MO. Is that observation
consistent with Figure 9.46? If not, what modification needs to
be made to the diagram? How does this modification relate to
Figure 9.43? (d) Would you expect the MOs of CO to have
equal atomic orbital contributions from the C and O atoms? If
not, which atom would have the greater contribution?

9.108 The energy-level diagram in Figure 9.36 shows that the side-
ways overlap of a pair ofp orbitals produces two molecular
orbitals, one bonding and one antibonding. In ethylene there
is a pair of electrons in the bonding p orbital between the two
carbons. Absorption of a photon of the appropriate wave-
length can result in promotion of one of the bonding
electrons from the p 2p to the molecular orbital.(a) What
would you expect this electronic transition to do to the car-
bon…carbon bond order in ethylene? (b) How does this relate
to the fact that absorption of a photon of appropriate wave-
length can cause ready rotation about the carbon…carbon
bond, as described in the •Chemistry and LifeŽ box and shown
in Figure 9.30?

p*2p

p 2p

s

9.104 Write the electron configuration for the first excited state for
N2 „that is, the state with the highest-energy electron moved
to the next available energy level. (a) Is the nitrogen in its first
excited state diamagnetic or paramagnetic? (b) Is the N¬ N
bond strength in the first excited state stronger or weaker
compared to that in the ground state? Explain.

9.105 Azo dyesare organic dyes that are used for many applications,
such as the coloring of fabrics. Many azo dyes are derivatives
of the organic substance azobenzene,C12H10N2. A closely
related substance is hydrazobenzene,C12H12N2. The Lewis
structures of these two substances are

(Recall the shorthand notation used for benzene.) (a) What is
the hybridization at the N atom in each of the substances? (b)
How many unhybridized atomic orbitals are there on the N
and the C atoms in each of the substances? (c) Predict the

angles in each of the substances.(d) Azobenzene
is said to have greater delocalization of its electrons than hy-
drazobenzene. Discuss this statement in light of your answers
to (a) and (b).(e)All the atoms of azobenzene lie in one plane,
whereas those of hydrazobenzene do not. Is this observation
consistent with the statement in part (d)? (f) Azobenzene is an
intense red-orange color, whereas hydrazobenzene is nearly
colorless. Which molecule would be a better one to use in a
solar energy conversion device? (See the •Chemistry Put to
WorkŽ box for more information about solar cells.)

[9.106] (a)Using only the valence atomic orbitals of a hydrogen atom
and a fluorine atom, and following the model of Figure 9.46,
how many MOs would you expect for the HF molecule? (b)
How many of the MOs from part (a) would be occupied by
electrons? (c) It turns out that the difference in energies be-
tween the valence atomic orbitals of H and F are sufficiently
different that we can neglect the interaction of the 1sorbital of

p
N ¬ N ¬ C

Azobenzene

N N

Hydrazobenzene

N

H

N

H

INTEGRATIVE EXERCISES
9.109 A compound composed of , , and 

has a molar mass of approximately .(a) What is the
molecular formula of the compound? (b) What is its Lewis
structure if H is bonded to O? (c) What is the geometry of the
molecule?(d) What is the hybridization of the orbitals around
the N atom? (e) How many and how many bonds are
there in the molecule?

9.110 Sulfur tetrafluoride (SF4) reacts slowly with O2 to form sulfur
tetrafluoride monoxide (OSF4) according to the following un-
balanced reaction:

The O atom and the four F atoms in OSF4 are bonded to a
central S atom.(a) Balance the equation.(b) Write a Lewis
structure of OSF4 in which the formal charges of all atoms are
zero.(c) Use average bond enthalpies (Table 8.4) to estimate
the enthalpy of the reaction. Is it endothermic or exothermic?
(d) Determine the electron-domain geometry of OSF4, and
write two possible molecular geometries for the molecule
based on this electron-domain geometry.(e) Which of the
molecular geometries in part (d) is more likely to be observed
for the molecule? Explain.

SF4(g) + O2(g) ¡ OSF4(g)

ps

50 g>mol
68.1% O29.8% N2.1% H [9.111] The phosphorus trihalides (PX3) show the following variation

in the bond angle : PF3, ; PCl3, ; PBr3,
; PI3, . The trend is generally attributed to the

change in the electronegativity of the halogen.(a) Assuming
that all electron domains are the same size, what value of the

angle is predicted by the VSEPR model? (b) What
is the general trend in the angle as the halide elec-
tronegativity increases? (c) Using the VSEPR model, explain
the observed trend in angle as the electronegativ-
ity of X changes.(d) Based on your answer to part (c), predict
the structure of PBrCl4.

[9.112] The molecule 2-butene, C4H8, can undergo a geometric
change called cis-trans isomerization:

As discussed in the •Chemistry and LifeŽ box on the chemistry
of vision, such transformations can be induced by light and

CC

CH3

H

cis-2-butene

H3C

H

CC

H

CH3

trans-2-butene

H3C

H

X¬ P¬ X

X¬ P¬ X
X¬ P¬ X

102.0°101.0°
100.3°96.3°X¬ P¬ X



are the key to human vision.(a) What is the hybridization at
the two central carbon atoms of 2-butene? (b) The isomeriza-
tion occurs by rotation about the central bond. With
reference to Figure 9.30, explain why the bond between the
two central carbon atoms is destroyed halfway through the ro-
tation from cis- to trans-2-butene.(c) Based on average bond
enthalpies (Table 8.4), how much energy per molecule must
be supplied to break the bond? (d) What is the
longest wavelength of light that will provide photons of suffi-
cient energy to break the bond and cause the
isomerization? (e) Is the wavelength in your answer to part (d)
in the visible portion of the electromagnetic spectrum? Com-
ment on the importance of this result for human vision.

9.113 (a) Compare the bond enthalpies (Table 8.4) of the
carbon…carbon single, double, and triple bonds to deduce an
average -bond contribution to the enthalpy. What fraction of
a single bond does this quantity represent? (b) Make a similar
comparison of nitrogen…nitrogen bonds. What do you ob-
serve? (c) Write Lewis structures of N2H4, N2H2, and N2, and
determine the hybridization around nitrogen in each case.(d)
Propose a reason for the large difference in your observations
of parts (a) and (b).

9.114 Use average bond enthalpies (Table 8.4) to estimate for
the atomization of benzene, C6H6:

Compare the value to that obtained by using data given
in Appendix C and Hess•s law. To what do you attribute the
large discrepancy in the two values?

[9.115] Many compounds of the transition-metal elements contain
direct bonds between metal atoms. We will assume that the 
z-axis is defined as the metal…metal bond axis.(a) Which of
the 3d orbitals (Figure 6.23) can be used to make a bond
between metal atoms? (b) Sketch the bonding and 
antibonding MOs.(c) With reference to the •Closer LookŽ box
on the phases of orbitals, explain why a node is generated in
the MO.(d) Sketch the energy-level diagram for the Sc2
molecule, assuming that only the 3d orbital from part (a) is
important.(e)What is the bond order in Sc2?

[9.116] The organic molecules shown here are derivatives of benzene
in which six-membered rings are •fusedŽ at the edges of the
hexagons.

Tetracene

Naphthalene Anthracene

s *3d

s *3ds 3d

s

¢ Hf°
C6H6(g) ¡ 6 C(g) + 6 H(g)

¢ H

p

C¬ C p

C¬ C p

p
C¬ C

(a) Determine the empirical formula of benzene and of these
three compounds.(b) Suppose you are given a sample of one
of the compounds. Could combustion analysis be used to
determine unambiguously which of the three it is? (c) Naph-
thalene, the active ingredient in mothballs, is a white solid.
Write a balanced equation for the combustion of naphthalene
to CO2(g) and H2O(g). (d) Using the Lewis structure for
naphthalene and the average bond enthalpies in Table 8.4, es-
timate the heat of combustion of naphthalene in .(e)
Would you expect naphthalene, anthracene, and tetracene to
have multiple resonance structures? If so, draw the additional
resonance structures for naphthalene.(f) Benzene, naphtha-
lene, and anthracene are colorless, but tetracene is orange.
What does this imply about the relative HOMO…LUMO en-
ergy gaps in these molecules? See the •Chemistry Put to WorkŽ
box on orbitals and energy.

[9.117] Antibonding molecular orbitals can be used to make bonds to
other atoms in a molecule. For example, metal atoms can use
appropriate d orbitals to overlap with the orbitals of the
carbon monoxide molecule. This is called backbonding.
(a) Draw a coordinate axis system in which the y-axis is verti-
cal in the plane of the paper and the x-axis horizontal. Write
•MŽ at the origin to denote a metal atom. (b) Now, on the x-
axis to the right of M, draw the Lewis structure of a CO
molecule, with the carbon nearest the M. The CO bond axis
should be on the x-axis. (c) Draw the CO orbital, with
phases (see the •Closer LookŽ box on phases) in the plane of
the paper. Two lobes should be pointing toward M. (d) Now
draw the dxy orbital of M, with phases. Can you see how they
will overlap with the orbital of CO? (e) What kind of bond
is being made with the orbitals between M and C, or ? (f)
Predict what will happen to the strength of the CO bond in a
metal…CO complex compared to CO alone.

9.118 Methyl isocyanate, CH3NCO, was made infamous in 1984
when an accidental leakage of this compound from a storage
tank in Bhopal, India, resulted in the deaths of about 3,800
people and severe and lasting injury to many thousands more.
(a) Draw a Lewis structure for methyl isocyanate.(b) Draw a
ball-and-stick model of the structure, including estimates of
all the bond angles in the compound.(c) Predict all the bond
distances in the molecule.(d) Do you predict that the mole-
cule will have a dipole moment? Explain.

ps
p*2p

p*2p

d…p
p*2p

kJ>mol
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10.4 THE IDEAL-GAS EQUATION
We find that the gas laws yield the ideal-gas equation, .
Although this equation is not obeyed exactly by any real gas, most
gases come very close to obeying it at ordinary temperatures and
pressures.

10.5 FURTHER APPLICATIONS OF THE 
IDEAL-GAS EQUATION
We use the ideal-gas equation in many calculations, such as the
calculation of the density or molar mass of a gas.

PV = nRT

WHAT•S AHEAD
10.1 CHARACTERISTICS OF GASES
We begin by comparing the distinguishing characteristics of gases
with those of liquids and solids.

10.2 PRESSURE
We then study gas pressure, how it is measured, and the units
used to express it, as well as consider Earth•s atmosphere and the
pressure it exerts.

10.3 THE GAS LAWS
We next see that the state of a gas can be expressed in terms of
its volume, pressure, temperature, and quantity and examine
several gas laws, which are empirical relationships among these
four variables.

EARTH•S ATMOSPHERE, which is mostly made of
nitrogen and oxygen gases, extends about 350 miles up
from Earth•s surface. Over 95% of the mass of the
atmosphere, however, is in the 30 miles closest to the
surface. Most of what we perceive as •weatherŽ occurs in
the first 10 miles above the surface.



10.6 GAS MIXTURES AND PARTIAL PRESSURES
We recognize that in a mixture of gases, each gas exerts a
pressure that is part of the total pressure. This partial pressure is
the pressure the gas would exert if it were by itself.

10.7 THE KINETIC-MOLECULAR THEORY OF GASES
We see that this theory helps us understand gas behavior on the
molecular level. According to the theory, the atoms or molecules
that make up a gas move with an average kinetic energy that is
proportional to the gas temperature.

10.8 MOLECULAR EFFUSION AND DIFFUSION
We observe that the kinetic-molecular theory helps us account for
such gas properties as effusion, movement through tiny openings,
and diffusion, movement through another substance.

10.9 REAL GASES: DEVIATIONS FROM IDEAL BEHAVIOR
We learn that real gases deviate from ideal behavior because the gas
molecules have finite volume and because attractive forces exist
between molecules. The van der Waals equationgives an accurate
account of real gas behavior at high pressures and low temperatures.
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enormous numbers of atoms or molecules. Large collections of gas atoms and gas
molecules in the atmosphere, for example, are responsible for weather„the gentle
breezes and the gales, the humidity and the rain. Hurricanes, such as the one shown in
the chapter-opening photo, are large storms (up to 500 miles in diameter) that form over
the ocean and are characterized by a low-pressure center (the •eyeŽ), heavy rains, and
violent winds, with wind speeds up to 200 miles per hour. Hurricane formation is still
not completely understood, but in general the atoms and molecules of the atmosphere
are driven by a combination of low pressures, warm temperatures at the sea surface that
rapidly cool with height, and high humidity to produce the storms.

We now know that the properties of gases (as well as those of liquids and solids)
are readily understood in terms of the behavior of their component atoms, ions, and
molecules; in this chapter we examine the physical properties of gases and explain
these properties in terms of the behavior of gas molecules.

GASES
IN THE PAST SEVERAL CHAPTERSwe learned about the electronic
structure of atoms and about how atoms combine to form
molecules and ionic substances. In everyday life, however, we
do not have any direct experience with atoms. Instead, we
encounter matter as gases, liquids, or solids made up of 
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10.1 | CHARACTERISTICS OF GASES
In many ways gases are the most easily understood form of matter. Even though differ-
ent gaseous substances may have very different chemicalproperties, they behave quite
similarly as far as their physicalproperties are concerned. For example, we live in an at-
mosphere composed of the mixture of gases we refer to as air, a mixture of primarily N2

and O2 , with small amounts of several other gases, including Ar .
Although N2 and O2 have very different chemical properties„O2 supports human life
but N2 does not, to name just one difference„these two components of air behave
physically as one gaseous material because their physical properties are essentially iden-
tical. Of the few elements that exist as gases at ordinary temperatures and pressures, He,
Ne, Ar, Kr, and Xe are monatomic and H2, N2, O2, F2, and Cl2 are diatomic. Many molec-
ular compounds are gases, and � TABLE 10.1 lists a few of them. Notice that all of these
gases are composed entirely of nonmetallic elements. Furthermore, all have simple
molecular formulas and, therefore, low molar masses.

Substances that are liquids or solids under ordinary conditions can also exist in the
gaseous state, where they are often referred to as vapors . The substance H2O, for exam-
ple, can exist as liquid water, solid ice, or water vapor.

Gases differ significantly from solids and liquids in several respects. For example, a
gas expands spontaneously to fill its container. Consequently, the volume of a gas equals
the volume of its container. Gases also are highly compressible: When pressure is applied
to a gas, its volume readily decreases. Solids and liquids, on the other hand, do not
expand to fill their containers and are not readily compressible.

Two or more gases form a homogeneous mixture regardless of the identities or
relative proportions of the gases; the atmosphere serves as an excellent example. Two or
more liquids or two or more solids may or may not form homogeneous mixtures, de-
pending on their chemical nature. For example, when water and gasoline are mixed, the
two liquids remain as separate layers. In contrast, the water vapor and gasoline vapors
above the liquids form a homogeneous gas mixture.

The characteristic properties of gases……expanding to fill a container, being highly
compressible, forming homogeneous mixtures……arise because the molecules are rela-
tively far apart. In any given volume of air, for example, the molecules take up only
about of the total volume with the rest being empty space. Thus, each molecule
behaves largely as though the others were not present. As a result, different gases behave
similarly even though they are made up of different molecules.

G I V E  I T  S O M E  T H O U G H T

Do the compounds in Table 10.1 have small (less than 100 g>mol) or large
molecular weights?

0.1%

(0.9%)(21%)(78%)

TABLE 10.1 € Some Common Compounds That Are Gases at 
Room Temperature

Formula Name Characteristics

HCN Hydrogen cyanide Very toxic, slight odor of bitter almonds
H2S Hydrogen sulfide Very toxic, odor of rotten eggs
CO Carbon monoxide Toxic, colorless, odorless
CO2 Carbon dioxide Colorless, odorless
CH4 Methane Colorless, odorless, flammable
C2H4 Ethene (Ethylene) Colorless, ripens fruit
C3H8 Propane Colorless, odorless, bottled gas
N2O Nitrous oxide Colorless, sweet odor, laughing gas
NO2 Nitrogen dioxide Toxic, red-brown, irritating odor
NH3 Ammonia Colorless, pungent odor
SO2 Sulfur dioxide Colorless, irritating odor
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10.2 | PRESSURE
In everyday terms,pressure conveys the idea of force, a push that tends to move some-
thing in a given direction. Pressure,P,is defined in science as the force,F, that acts on a
given area,A.

[10.1]

Gases exert a pressure on any surface with which they are in contact. The gas in an
inflated balloon, for example, exerts a pressure on the inside surface of the balloon.

Atmospheric Pressure and the Barometer
People, coconuts, and nitrogen molecules all experience an attractive gravitational force
that pulls them toward the center of Earth. When a coconut comes loose from a tree, for
example, this force causes the coconut to be accelerated toward Earth, its speed increas-
ing as its potential energy is converted into kinetic energy.€ (Section 5.1)The gas
atoms and molecules of the atmosphere also experience a gravitational acceleration. Be-
cause these particles have such tiny masses, however, their thermal energies of motion
(their kinetic energies) override the gravitational forces, so the particles that make up
the atmosphere don•t pile up at Earth•s surface. Nevertheless, the gravitational force does
operate, and it causes the atmosphere as a whole to press down on Earth•s surface, creat-
ing atmospheric pressure, defined as the force exerted by the atmosphere on a given
surface area.

You can demonstrate the existence of atmospheric pressure with an empty plastic
water bottle. If you suck on the mouth of the empty bottle, chances are you can cause
the bottle to partially cave in. When you break the partial vacuum you have created, the
bottle pops out to its original shape. The bottle caves in because, once you•ve sucked out
some of the air molecules, air molecules in the atmosphere exert a force on the outside
of the bottle that is greater than the force exerted by the lesser number of air molecules
inside the bottle. We calculate the magnitude of this atmospheric pressure as follows:
The force,F,exerted by any object is the product of its mass,m, and its acceleration,a:

. The acceleration given by Earth•s gravitational force to any object located near
Earth•s surface is . Now imagine a column of air 1 in cross section extending
through the entire atmosphere (� FIGURE 10.1). That column has a mass of roughly
10,000 kg. The downward gravitational force exerted on this column is

where N is the abbreviation for newton,the SI unit for force: . The
pressure exerted by the column is this force divided by the cross-sectional area,A, over
which the force is applied. Because our air column has a cross-sectional area of 1 , we
have for the magnitude of atmospheric pressure at sea level

The SI unit of pressure is the pascal (Pa), named for Blaise Pascal (1623…1662), a
French scientist who studied pressure: A related pressure unit is the
bar : . Thus, the atmospheric pressure at sea level we just
calculated, 100 kPa, can be reported as 1 bar. (The actual atmospheric pressure at any
location depends on weather conditions and altitude.) Another pressure unit is pounds
per square inch (psi, ). At sea level, atmospheric pressure is 14.7 psi.

G I V E  I T  S O M E  T H O U G H T

Assume the top of your head has a surface area of . How many
pounds of air are you carrying on your head if you are at sea level?

In the seventeenth century many scientists and philosophers believed that the at-
mosphere had no weight. Evangelista Torricelli (1608…1647), a student of Galileo•s,

10 in. * 10 in

lbs>in.2

1 bar = 105 Pa = 105 N>m2
1 Pa= 1 N>m2.

P =
F
A

=
1 * 105 N

1 m2 = 1 * 105 N>m2 = 1 * 105 Pa = 1 * 102 kPa

m2

1 N = 1 kg-m>s2

F = (10,000 kg)(9.8 m>s2) = 1 * 105 kg-m>s2 = 1 * 105 N

m29.8 m>s2
F = ma

P =
F
A

Atmospheric pressure
at Earth•s surface

1 m 

Air column, 
cross-sectional
area 1 m2,
mass 104 kg

Gravitational
force

1 m 

� FIGURE 10.1 Calculating
atmospheric pressure.



proved this untrue. He invented the barometer(� FIGURE 10.2), which is made from a
glass tube more than 760 mm long that is closed at one end, completely filled with mer-
cury, and inverted into a dish of mercury. (Care must be taken so that no air gets into the
tube.) When the tube is inverted into the dish, some of the mercury flows out of
the tube, but a column of mercury remains in the tube. Torricelli argued that the mer-
cury surface in the dish experiences the full force of Earth•s atmosphere, which pushes
the mercury up the tube until the pressure exerted by the mercury column downward,
due to gravity, equals the atmospheric pressure at the base of the tube. Therefore the
height,h, of the mercury column is a measure of atmospheric pressure and changes as
atmospheric pressure changes.

Although Torricelli•s explanation met with fierce opposition, it also had supporters.
Blaise Pascal, for example, had one of Torricelli•s barometers carried to the top of a
mountain and compared its reading there with the reading on a duplicate barometer at
the base of the mountain. As the barometer was carried up, the height of the mercury
column diminished, as expected, because the amount of atmosphere pressing down on
the mercury in the dish decreased as the instrument was carried higher. These and other
experiments eventually prevailed, and the idea that the atmosphere has weight became
accepted.

Standard atmospheric pressure , which corresponds to the typical pressure at sea
level, is the pressure sufficient to support a column of mercury 760 mm high. In SI units
this pressure is . Standard atmospheric pressure defines some com-
mon non…SI units used to express gas pressure, such as the atmosphere (atm) and the
millimeter of mercury(mm Hg). The latter unit is also called the torr , after Torricelli:

. Thus, we have

We will usually express gas pressure in atmospheres, pascals, kilopascals, or torr, so you
should be comfortable converting pressures from one unit to another.

1 atm = 760. mm Hg= 760. torr = 1.01325* 105 Pa = 101.325 kPa= 1.01325 bar

1 torr = 1 mm Hg

1.01325* 105 Pa
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Hg

Vacuum

h

Pressure exerted 
by atmosphere on 
Hg surface

Pressure exerted 
by Hg column on 
Hg surface

� FIGURE 10.2 A mercury barometer.

G O  F I G U R E

What happens to h, the height of
the mercury column, if the atmo-
spheric pressure increases?

SAMPLE EXERCISE 10.1 Converting Pressure Units

(a) Convert 0.357 atm to torr.(b) Convert to atmospheres.(c) Convert 147.2 kPa to torr.

SOLUTION
Analyze In each case we are given the pressure in one unit and asked to convert it to another unit. Our
task, therefore, is to choose the appropriate conversion factors.

Plan We can use dimensional analysis to perform the desired conversions.

6.6 * 10- 2 torr

(a) To convert atmospheres to torr, we use the relationship :760 torr = 1 atm (0.357 atm)¢
760 torr
1 atm

� = 271 torr

Note that the units cancel in the required manner.

(b) We use the same relationship as in part (a). To get the appropriate units to
cancel, we must use the conversion factor as follows: (6.6 * 10- 2 torr) ¢

1 atm
760 torr

� = 8.7 * 10- 5 atm

(c) The relationship allows us to write an appropriate
conversion factor for this problem:

760 torr = 101.325 kPa
(147.2 kPa)¢

760 torr
101.325 kPa

� = 1104 torr

Check In each case, compare the magnitude of the answer with the starting value. The torr is a much
smaller unit than the atmosphere (since there are 760 torr in 1 atm), so we expect the numericalanswer to
be larger than the starting quantity in (a) and smaller in (b). In (c) notice that there are nearly 8 torr per kPa,
so the numerical answer in torr should be about eight times larger than its value in kPa, consistent with our
calculation.

PRACTICE EXERCISE
(a) In countries that use the metric system, atmospheric pressure in weather reports is given in kilopascals.
Convert a pressure of 745 torr to kilopascals.(b) The pressure at the center of Hurricane Katrina was 
902 mbar (millibars). There are 1000 mbar in 1 bar; convert this pressure to atmospheres.
Answers: (a) 99.3 kPa,(b) 0.890 atm

Solve
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We use various devices to measure the pressures of enclosed gases. Tire gauges, for
example, measure the pressure of air in automobile and bicycle tires. In laboratories we
sometimes use a manometer,which operates on a principle similar to that of a barome-
ter, as shown in Sample Exercise 10.2.

SAMPLE EXERCISE 10.2 Using a Manometer to Measure Gas Pressure

Solve

(a) The pressure of the gas equals the atmospheric pressure plus h:

= 797.3 torr
= 764.7 torr+ (136.4 torr - 103.8 torr)

Pgas = Patm + h

We convert the pressure of the gas to atmospheres: Pgas = (797.3 torr)¢
1 atm

760 torr
� = 1.049 atm

(b) To calculate the pressure in kPa, we employ the conversion factor between
atmospheres and kPa: 1.049 atm ¢

101.3 kPa
1 atm

� = 106.3 kPa

Check The calculated pressure is a bit more than 1 atm, which is about 101 kPa. This makes sense because
we anticipated that the pressure in the flask would be greater than the atmospheric pressure

acting on the manometer.

PRACTICE EXERCISE
Convert a pressure of 0.975 atm into Pa and kPa.
Answers: and 98.8 kPa9.88 * 104 Pa

(764.7 torr = 1.01 atm)

10.3 | THE GAS LAWS
Four variables are needed to define the physical condition, or state,of a gas: tempera-
ture, pressure, volume, and amount of gas, usually expressed as number of moles. The
equations that express the relationships among these four variables are known as the gas
laws. Because volume is easily measured, the first gas laws to be studied expressed the ef-
fect of one of the variables on volume, with the remaining two variables held constant.

On a certain day a laboratory barometer indicates that the atmospheric pressure is 764.7 torr. A
sample of gas is placed in a flask attached to an open-end mercury manometer (� FIGURE
10.3), and a meter stick is used to measure the height of the mercury in the two arms of the U
tube. The height of the mercury in the open-end arm is 136.4 mm, and the height in the arm in
contact with the gas in the flask is 103.8 mm. What is the pressure of the gas in the flask (a) in at-
mospheres,(b) in kilopascals?

SOLUTION
Analyze We are given the atmospheric pressure (764.7 torr) and the mercury heights in the
two arms of the manometer and asked to determine the gas pressure in the flask. Recall that
millimeters of mercury is a pressure unit. We know that the gas pressure from the flask must
be greater than atmospheric pressure because the mercury level in the arm on the flask side
(103.8 mm) is lower than the level in the arm open to the atmosphere (136.4 mm). Therefore,
the gas from the flask is pushing mercury from the arm in contact with the flask into the arm
open to the atmosphere.

Plan We will use the difference in height between the two arms (h in Figure 10.3) to obtain the
amount by which the pressure of the gas exceeds atmospheric pressure. Because an open-end
mercury manometer is used, the height difference directly measures the pressure difference in
mm Hg or torr between the gas and the atmosphere.

Pgas

Open end

Patm

Pgas� Patm � Ph

h

103.8 mm

136.4 mm

� FIGURE 10.3 A mercury manometer.
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The Pressure…Volume Relationship: Boyle•s Law
An inflated weather balloon released at Earth•s surface expands as it rises (� FIGURE 10.5)
because the pressure of the atmosphere decreases with increasing elevation. Thus, for our
first pressure…volume relationship we can use our experience with balloons to say that
gas volume increases as the pressure exerted on the gas decreases.

British chemist Robert Boyle (1627…1691) first investigated the relationship
between the pressure of a gas and its volume, using a J-shaped tube like that shown in
� FIGURE 10.6. In the tube on the left, a quantity of gas is trapped above a column of
mercury. Boyle then changed the pressure on the gas by adding mercury to the tube. He
found that the volume of the gas decreased as the pressure increased. For example, dou-
bling the pressure caused the gas volume to decrease to half its original value.

Hypertensionis abnormally high blood pressure. The usual
criterion is a blood pressure greater than , although recent stud-
ies suggest that health risks increase for systolic readings above 120.
Hypertension significantly increases the workload on the heart and
places a stress on the walls of the blood vessels throughout the body.
These effects increase the risk of aneurysms, heart attacks, and strokes.

140>90
BLOOD PRESSURE

When your blood pressure is measured, two values are
reported, such as (120 over 80). The first

measurement is systolic pressure,the maximum
pressure when the heart is pumping. The second is

diastolic pressure,the pressure when the heart is
in the resting part of its pumping cycle. The units associated with
these pressure measurements are torr.

Blood pressure is measured using a pressure gauge attached to a
closed, air-filled cuff applied like a tourniquet to the arm (� FIGURE
10.4). The pressure gauge may be a mercury manometer or related de-
vice. A small pump is used to increase the pressure in the cuff until it is
above the systolic pressure and therefore prevents blood from flowing.
The pressure inside the cuff is slowly reduced until blood just begins to
pulse through the artery, and the person measuring the pressure hears,
through a stethoscope, a characteristic sound. At this point the pres-
sure in the cuff equals the pressure that the blood exerts inside the
artery. Reading the gauge gives the systolic pressure. The pressure in
the cuff is then reduced further until the blood flows freely, indicated
by another characteristic sound. The pressure at this point is the dias-
tolic pressure.

120>80

CHEMISTRY AND LIFE

� FIGURE 10.4 Measuring blood pressure.

760 mmHg added

Atmospheric
pressure �  760 torr

Atmospheric
pressure �  760 torr

Gas volume
�  60 mL

Gas volume
�  30 mL

760
mm

� FIGURE 10.6 Boyle•s experiment relating pressure and volume for a gas.

G O  F I G U R E

What is the total pressure on the gas after the 760 mm Hg has been added?

Atmosphere

Balloon rises
up through
atmosphere

� FIGURE 10.5 As a balloon rises in
the atmosphere, its volume increases.

G O  F I G U R E

Does atmospheric pressure
increase or decrease as altitude
increases? (Neglect changes in
temperature.)
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Boyle•s law , which summarizes these observations, states that the volume of a fixed
quantity of gas maintained at constant temperature is inversely proportional to the
pressure. When two measurements are inversely proportional, one gets smaller as the
other gets larger. Boyle•s law can be expressed mathematically as

[10.2]

The value of the constant depends on temperature and on the amount of gas in the sample.
The graph ofV versus P in � FIGURE 10.7 shows the curve obtained for a given

quantity of gas at a fixed temperature. A linear relationship is obtained when V is plot-
ted versus as shown on the right in Figure 10.7.

Boyle•s law occupies a special place in the history of science because Boyle was the
first to carry out experiments in which one variable was systematically changed to deter-
mine the effect on another variable. The data from the experiments were then employed
to establish an empirical relationship„a •law.Ž

We apply Boyle•s law every time we breathe. The rib cage,
which can expand and contract, and the diaphragm, a muscle
beneath the lungs, govern the volume of the lungs. Inhalation
occurs when the rib cage expands and the diaphragm moves
downward. Both actions increase the volume of the lungs, thus
decreasing the gas pressure inside the lungs. Atmospheric
pressure then forces air into the lungs until the pressure in the
lungs equals atmospheric pressure. Exhalation reverses the
process„the rib cage contracts and the diaphragm moves up,
decreasing the volume of the lungs. Air is forced out of the
lungs by the resulting increase in pressure.

G I V E  I T  S O M E  T H O U G H T

What happens to the pressure of a gas if you double its
volume while its temperature is held constant?

The Temperature…Volume Relationship:
Charles•s Law
As � FIGURE 10.8 illustrates, the volume of an inflated bal-
loon increases when the temperature of the gas inside the
balloon increases and decreases when the temperature of the
gas decreases.

1>P

V = constant*
1
P
 or PV = constant

P

V

1/P

V

1.0 1.0

0.5

1.0 2.0

0.5

0
0 3.0 1.00.5

0
0

� FIGURE 10.7 Boyle•s Law. For a fixed quantity of gas at constant temperature, the
volume of the gas is inversely proportional to its pressure.

G O  F I G U R E

What would a plot of P versus 1/ V look like for a fixed quantity of gas at a
fixed temperature?

� FIGURE 10.8 The effect of temperature on volume.
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The relationship between gas volume and temperature„volume
increases as temperature increases and decreases as temperature
decreases„was discovered in 1787 by French scientist Jacques Charles
(1746…1823). Some typical volume…temperature data are shown in
� FIGURE 10.9. Notice that the extrapolated (dashed) line passes
through . Note also that the gas is predicted to have zero
volume at this temperature. This condition is never realized, however,
because all gases liquefy or solidify before reaching this temperature.

In 1848 William Thomson (1824…1907), a British physicist whose
title was Lord Kelvin, proposed an absolute-temperature scale, now
known as the Kelvin scale. On this scale 0 K, called absolute zero,equals

. € (Section 1.4)In terms of the Kelvin scale,Charles•s
law states:The volume of a fixed amount of gas maintained at constant
pressure is directly proportional to its absolute temperature. Thus, dou-
bling the absolute temperature causes the gas volume to double.
Mathematically, Charles•s law takes the form

[10.3]

with the value of the constant depending on the pressure and on the
amount of gas.

G I V E  I T  S O M E  T H O U G H T

Does the volume of a fixed quantity of gas decrease to half its original value
when the temperature is lowered from to ?

The Quantity…Volume Relationship: Avogadro•s Law
The relationship between the quantity of a gas and its volume follows from the work of
Joseph Louis Gay-Lussac (1778…1823) and Amedeo Avogadro (1776…1856).

Gay-Lussac was one of those extraordinary figures in the history of science who could
truly be called an adventurer. In 1804 he ascended to 23,000 ft in a hot-air balloon„an ex-
ploit that held the altitude record for several decades. To better control the balloon,
Gay-Lussac studied the properties of gases. In 1808 he observed the law of combining vol-
umes: At a given pressure and temperature, the volumes of gases that react with one another
are in the ratios of small whole numbers. For example, two volumes of hydrogen gas react
with one volume of oxygen gas to form two volumes of water vapor.€ (Section 3.1)

Three years later Amedeo Avogadro interpreted Gay-Lussac•s observation by pro-
posing what is now known as Avogadro•s hypothesis : Equal volumes of gases at the
same temperature and pressure contain equal numbers of molecules. For example, 22.4 L of
any gas at and 1 atm contain gas molecules (that is, 1 mol), as depicted
in � FIGURE 10.10.

6.02 * 10230 °C

50 °C100 °C

V = constant* T or 
V
T

= constant

- 273.15°C

- 273°C

� 300 � 200 � 100 0 100 200 300

10

20

30

40

50

Temperature (�C)� 273�C

V
ol

um
e 

(c
m

3 )

0

� FIGURE 10.9 Charles•s Law. For a fixed quantity of gas
at constant pressure, the volume of the gas is proportional to its
temperature.

He

Volume
Pressure
Temperature
Mass of gas

22.4 L
1 atm
0 �C
4.00 g
6.02�  1023

N2

22.4 L
1 atm
0 �C
28.0 g
6.02�  1023Number of

gas molecules

CH4

22.4 L
1 atm
0 �C
16.0 g
6.02�  1023

� FIGURE 10.10 Avogadro•s 
hypothesis. At the same volume, pressure, 
and temperature, samples of different gases 
have the same number of molecules but 
different masses.

G O  F I G U R E

How many moles of gas are in each vessel?
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Avogadro•s law follows from Avogadro•s hypothesis:The volume of a gas main-
tained at constant temperature and pressure is directly proportional to the number of moles
of the gas. That is,

[10.4]

where n is number of moles. Thus, for instance, doubling the number of moles of gas
causes the volume to double ifT andPremain constant.

SAMPLE EXERCISE 10.3 Evaluating the Effects of Changes in P, V, n,
and T on a Gas

Suppose we have a gas confined to a cylinder with a movable piston.€ (Sections 5.2, 5.3)
Consider the following changes (assuming no leaks):(a) Heat the gas from 298 K to 360 K at
constant pressure.(b) Reduce the volume from 1 L to 0.5 L at constant temperature.(c) Inject
additional gas, keeping temperature and volume constant. Indicate how each change affects
the average distance between molecules, the pressure of the gas, and the number of moles of
gas in the cylinder.

SOLUTION
Analyze We need to think how each change affects (1) the distance between molecules,
(2) the pressure of the gas, and (3) the number of moles of gas in the cylinder.

Plan We will use the gas laws and the general properties of gases to analyze each situation.

Solve

(a) Heating the gas while maintaining constant pressure will cause the piston to move and the
volume to increase (Charles•s law). Thus, the distance between molecules will increase. At con-
stant pressure, obviously, the pressure will not change. The total number of moles of gas
remains the same.

(b) Compressing the gas into a smaller volume does not change the total number of gas mol-
ecules; thus, the total number of moles remains the same. The average distance between
molecules, however, must decrease because of the smaller volume. The reduction in volume
causes the pressure to increase (Boyle•s law).

(c) Injecting more gas into the cylinder while keeping the volume and temperature constant
results in more molecules and, thus, an increase in the number of moles of gas in the cylinder.
The average distance between molecules must decrease because their number per unit volume
increases. Avogadro•s law tells us that the volume of the cylinder should have increased when
we added more gas, but here the volume is fixed. Boyle•s law comes to our aid: If the volume is
low, then pressure is high. Therefore, we expect that the pressure will increase in the cylinder if
we inject more gas, keeping volume and temperature constant.

PRACTICE EXERCISE
Recall that density is mass per volume.€ (Section 1.4)What happens to the density of a gas
as(a) the gas is heated in a constant-volume container;(b) the gas is compressed at constant
temperature;(c) additional gas is added to a constant-volume container?

Answers: (a) no change,(b) increases,(c) increases

V = constant* n

10.4 | THE IDEAL-GAS EQUATION
All three laws we just examined were obtained by holding two of the four variables P, V,
T, andn constant and seeing how the remaining two variables affect each other. We can
express each law as a proportionality relationship. Using the symbol for •is propor-
tional to,Ž we have

Boyle•s law:

Charles•s law:

Avogadro•s law:

We can combine these relationships into a general gas law:

V r
nT
P

V r n (constantP, T)

V r T (constantn, P)

V r
1
P
 (constantn, T)

r
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and if we call the proportionality constant R,we obtain an equality:

which we can rearrange to

[10.5]

which is the ideal-gas equation (also called the ideal-gas law ). An ideal gas is a hypo-
thetical gas whose pressure, volume, and temperature relationships are described
completely by the ideal-gas equation.

In deriving the ideal-gas equation, we assume (a) that the molecules of an ideal gas
do not interact with one another and (b) that the combined volume of the molecules is
much smaller than the volume the gas occupies; for this reason, we consider the mole-
cules as taking up no space in the container. In many cases, the small error introduced by
these assumptions is acceptable. If more accurate calculations are needed, we can correct
for the assumptions if we know something about the attraction molecules have for one
another and if we know the diameter of the molecules.

The term Rin the ideal-gas equation is the gas constant . The value and units ofR
depend on the units ofP, V, n,and T. The value for T in the ideal-gas equation must
alwaysbe the absolute temperature (in kelvins instead of degrees Celsius). The quantity
of gas,n, is normally expressed in moles. The units chosen for pressure and volume are
most often atmospheres and liters, respectively. However, other units can be used. In
most countries other than the United States, the pascal is most commonly used for pres-
sure.� TABLE 10.2 shows the numerical value for R in various units. In working with
the ideal-gas equation, you must choose the form ofRin which the units agree with the
units of P, V, n,and T given in the problem. In this chapter we will most often use

because pressure is most often given in atmospheres.
Suppose we have 1.000 mol of an ideal gas at 1.000 atm and (273.15 K).

According to the ideal-gas equation, the volume of the gas is

The conditions and 1 atm are referred to as standard temperature and pressure
(STP). The volume occupied by 1 mol of ideal gas at STP, 22.41 L, is known as the molar
volumeof an ideal gas at STP.

G I V E  I T  S O M E  T H O U G H T

How many molecules are in 22.41 L of an ideal gas at STP?

The ideal-gas equation accounts adequately for the properties of most gases under
a variety of circumstances. The equation is not exactly correct, however, for any real gas.
Thus, the measured volume for given values ofP, n,andT might differ from the volume
calculated from (� FIGURE 10.11). Although real gases do not alwaysPV = nRT

0 °C

V =
nRT

P
=

(1.000 mol)(0.08206 L-atm>mol-K)(273.15 K)

1.000 atm
= 22.41 L

0.00°C
R = 0.08206 L-atm>mol-K

PV = nRT

V = R¢
nT
P

�

TABLE 10.2 € Numerical Values
of the Gas Constant R in Various
Units

Units Numerical Value

L-atm>mol-K 0.08206
J>mol-K* 8.314
cal>mol-K 1.987

m3-Pa>mol-K* 8.314

L-torr>mol-K 62.36

*SI unit

Ideal gas Cl2

22.06

0
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M
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)

NH 3 N2 He H 2CO2

22.41 22.40 22.40 22.41 22.4222.31

� FIGURE 10.11 Comparison of molar 
volumes at STP.

G O  F I G U R E

Suggest an explanation for the •idealŽ nature of helium compared to the 
other gases.
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behave ideally, their behavior differs so little from ideal behavior that we can ignore any
deviations for all but the most accurate work.

SAMPLE EXERCISE 10.4 Using the Ideal-Gas Equation

Solve In analyzing and solving gas law problems, it is helpful to tabulate the infor-
mation given in the problems and then to convert the values to units that are con-
sistent with those for . In this case the given values areR (0.08206 L-atm>mol-K)  T = 31°C = (31 + 273) K = 304 K

P = 1.3 atm
V = 250 mL = 0.250 L

Remember:Absolute temperature must always be used when the ideal-gas equation 
is solved.

We now rearrange the ideal-gas equation (Equation 10.5) to solve for n

n =
(1.3 atm)(0.250 L)

(0.08206 L-atm>mol-K)(304 K)
= 0.013 mol CO2

n =
PV
RT

Check Appropriate units cancel, thus ensuring that we have properly rearranged the ideal-gas equation
and have converted to the correct units.

PRACTICE EXERCISE
Tennis balls are usually filled with either air or N2 gas to a pressure above atmospheric pressure to increase
their bounce. If a tennis ball has a volume of and contains 0.33 g of N2 gas, what is the pressure in-
side the ball at ?
Answer: 2.0 atm

24°C
144cm3

4. Use dimensional analysis.Carry the units through your cal-
culation. Using dimensional analysis enables you to check that
you have solved an equation correctly. If the units in the equa-
tion cancel to give the units of the desired variable, you have
probably used the equation correctly.

Sometimes you will not be given explicit values for several variables,
making it look like a problem cannot be solved. In these cases, how-
ever, you will be given information that can be used to determine the
needed variables. For example, suppose you are using the ideal-gas
equation to calculate a pressure in a problem that gives a value for T
but not for n or V. However, the problem states that •the sample con-
tains 0.15 mol of gas per liter.Ž We can turn this statement into the
expression

Solving the ideal-gas equation for pressure yields

Thus, we can solve the equation even though we are not given values
for n andV.

As we have continuously stressed, the most important thing you
can do to become proficient at solving chemistry problems is to do
the practice exercises and end-of-chapter exercises. By using system-
atic procedures, such as those described here, you should be able to
minimize difficulties in solving problems involving many variables.

P =
nRT
V

= a
n
V

bRT

n
V

= 0.15 mol>L

CALCULATIONS INVOLVING 
MANY VARIABLES

In this chapter we encounter a variety of problems
based on the ideal-gas equation, which contains four

variables„ P, V, n,and T„and one constant, R.
Depending on the type of problem, we might
need to solve for any of the four variables.

To extract the necessary information from problems involving
more than one variable, we suggest the following steps:

1. Tabulate information. Read the problems carefully to deter-
mine which variable is the unknown and which variables have
numeric values given. Every time you encounter a numerical
value, jot it down. In many cases constructing a table of the
given information will be useful.

2. Convert to consistent units.Make certain that quantities are
converted to the proper units. In using the ideal-gas equation,
for example, we usually use the value ofR that has units of
L-atm>mol-K. If you are given a pressure in torr, you will need
to convert it to atmospheres before using this value ofRin your
calculations.

3. If a single equation relates the variables, solve the equation
for the unknown. For the ideal-gas equation, these algebraic
rearrangements will all be used at one time or another:

P =
nRT
V

,  V =
nRT

P
,  n =

PV
RT

,  T =
PV
nR

S T R AT E G I E S  I N  C H E M I S T RY

Calcium carbonate, CaCO3(s), the principal compound in lime-
stone, decomposes upon heating to CaO(s) and CO2(g). A sample
of CaCO3 is decomposed, and the carbon dioxide is collected in a

250-mL flask. After decomposition is complete, the gas has a pres-
sure of 1.3 atm at a temperature of . How many moles of CO2
gas were generated?

31°C

SOLUTION

Analyze We are given the volume (250 mL), pressure (1.3 atm), and
temperature ( ) of a sample of CO2 gas and asked to calculate the
number of moles of CO2 in the sample.

Plan Because we are given V, P, and T, we can solve the ideal-gas
equation for the unknown quantity,n.31°C
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SAMPLE EXERCISE 10.5 Calculating the Effect of Temperature Changes on Pressure

The gas pressure in an aerosol can is 1.5 atm at . Assuming that the gas obeys the ideal-gas equation,
what is the pressure when the can is heated to ?

SOLUTION
Analyze We are given the initial pressure (1.5 atm) and temperature of the gas and asked for the
pressure at a higher temperature .(450°C)

(25°C)

450°C
25°C

Check This answer is intuitively reasonable„increasing the temperature of a gas increases its pressure.

Comment It is evident from this example why aerosol cans carry a warning not to incinerate.

PRACTICE EXERCISE
The pressure in a natural-gas tank is maintained at 2.20 atm. On a day when the temperature is …15 °C, the
volume of gas in the tank is . What is the volume of the same quantity of gas on a day when
the temperature is 31 °C?
Answer: 3.83 * 103 m3

3.25 * 103 m3

P T

INITIAL 1.5 atm 298 K
FINAL P2 723 K

Solve To determine how PandT are related, we start with the ideal-gas equation
and isolate the quantities that do not change (n, V,andR) on one side and the vari-
ables (PandT) on the other side.

P
T

=
nR
V

= constant

Because the quotient is a constant, we can writeP>T
P1

T1
=

P2

T2

(where the subscripts 1 and 2 represent the initial and final states, respectively).
Rearranging to solve for P2 and substituting the given data give P2 = (1.5 atm)¢

723 K
298 K

� = 3.6 atm

Relating the Ideal-Gas Equation and the Gas Laws
The gas laws we discussed in Section 10.3 are special cases of the ideal-gas equation. For
example, when n andT are held constant, the product nRTcontains three constants and
so must itself be a constant:

[10.6]

Thus, we have Boyle•s law. We see that ifn andT are constant, the values ofPandV can
change, but the product PVmust remain constant.

We can use Boyle•s law to determine how the volume of a gas changes when its pres-
sure changes. For example, if a cylinder fitted with a movable piston holds 50.0 L of O2
gas at 18.5 atm and , what volume will the gas occupy if the temperature is main-
tained at while the pressure is reduced to 1.00 atm? Because the product PV is a
constant when a gas is held at constant n andT, we know that

[10.7]

where and are initial values and and are final values. Dividing both sides of
this equation by gives the final volume, :

The answer is reasonable because a gas expands as its pressure decreases.
In a similar way, we can start with the ideal-gas equation and derive relationships

between any other two variables,V andT (Charles•s law),n andV (Avogadro•s law), or 
PandT.

V2 = V1 *
P1

P2
= (50.0 L)¢

18.5 atm
1.00 atm

� = 925 L

V2P2

V2P2V1P1

P1V1 = P2V2

21°C
21°C

PV = nRT = constant or PV = constant

Plan The volume and number of moles of gas do not change, so we must use a
relationship connecting pressure and temperature. Converting temperature to the
Kelvin scale and tabulating the given information, we have
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We are often faced with the situation in which P, V,and T all change for a fixed
number of moles of gas. Because n is constant in this situation, the ideal-gas equation
gives

If we represent the initial and final conditions by subscripts 1 and 2, respectively, we can
write

[10.8]

This equation is often called the combined gas law.

SAMPLE EXERCISE 10.6 Calculating the Effect of Changing P and T
on Gas Volume

An inflated balloon has a volume of 6.0 L at sea level (1.0 atm) and is allowed to ascend until
the pressure is 0.45 atm. During ascent, the temperature of the gas falls from to .
Calculate the volume of the balloon at its final altitude.

SOLUTION
Analyze We need to determine a new volume for a gas sample when both pressure and
temperature change.

Plan Let•s again proceed by converting temperatures to kelvins and tabulating our
information.

- 21°C22°C

P1V1

T1
=

P2V2

T2

PV
T

= nR = constant

10.5 | FURTHER APPLICATIONS OF 
THE IDEAL-GAS EQUATION

In this section, we use the ideal-gas equation first to define the relationship between the
density of a gas and its molar mass, and then to calculate the volumes of gases formed or
consumed in chemical reactions.

P V T

INITIAL 1.0 atm 6.0 L 295 K

FINAL 0.45 atm V2 252 K

Becausen is constant, we can use Equation 10.8.

Solve Rearranging Equation 10.8 to solve for V2 gives

Check The result appears reasonable. Notice that the calculation involves multiplying the
initial volume by a ratio of pressures and a ratio of temperatures. Intuitively, we expect
decreasing pressure to cause the volume to increase. Similarly, decreasing temperature should
cause the volume to decrease. Because the pressure difference is more dramatic than the tem-
perature difference, we expect the effect of the pressure change to predominate in determining
the final volume, as it does.

PRACTICE EXERCISE
A 0.50-mol sample of oxygen gas is confined at and 1.0 atm in a cylinder with a movable
piston. The piston compresses the gas so that the final volume is half the initial volume and the
final pressure is 2.2 atm. What is the final temperature of the gas in degrees Celsius?
Answer: 27°C

0 °C

V2 = V1 *
P1

P2
*

T2

T1
= (6.0 L) a

1.0 atm
0.45 atm

b a
252 K
295 K

b = 11 L
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Gas Densities and Molar Mass
Recall that density has units of mass per unit volume .€ (Section 1.4)We
can arrange the ideal-gas equation to obtain the similar units of moles per unit volume:

If we multiply both sides of this equation by the molar mass, , which is the number of
grams in 1 mol of a substance, we obtain

[10.9]

The term on the left equals the density in grams per liter:

Thus, the density of the gas is also given by the expression on the right in Equation 10.9:

[10.10]

This equation tells us that the density of a gas depends on its pressure, molar mass,
and temperature. The higher the molar mass and pressure, the denser the gas. The
higher the temperature, the less dense the gas. Although gases form homogeneous mix-
tures, a less dense gas will lie above a denser gas in the absence of mixing. For example,
CO2 has a higher molar mass than N2 or O2 and is therefore denser than air. For this rea-
son, CO2 released from a CO2 fire extinguisher blankets a fire, preventing O2 from
reaching the combustible material. •Dry ice,Ž which is solid CO2, converts directly to
CO2 gas at room temperature, and the resulting •fogŽ (which is actually condensed
water droplets cooled by the CO2) flows downhill in air (� FIGURE 10.12).

When we have equal molar masses of two gases at the same pressure but different
temperatures, the hotter gas is less dense than the cooler one, so the hotter gas rises. The
difference between the densities of hot and cold air is responsible for the lift of hot-air
balloons. It is also responsible for many phenomena in weather, such as the formation of
large thunderhead clouds during thunderstorms.

G I V E  I T  S O M E  T H O U G H T

Is water vapor more or less dense than N2 under the same conditions of
temperature and pressure?

SAMPLE EXERCISE 10.7 Calculating Gas Density

What is the density of carbon tetrachloride vapor at 714 torr and ?

SOLUTION
Analyze We are asked to calculate the density of a gas given its name, its pressure, and its
temperature. From the name we can write the chemical formula of the substance and deter-
mine its molar mass.

Plan We can use Equation 10.10 to calculate the density. Before we can do that, however, we
must convert the given quantities to the appropriate units, degrees Celsius to kelvins and
pressure to atmospheres. We must also calculate the molar mass of CCl4.

Solve The absolute temperature is . The pressure is 
. The molar mass of CCl4 is .

Therefore,

Check If we divide molar mass by density , we end up with . The nu-
merical value is roughly . That is in the right ballpark for the molar volume of a
gas heated to at near atmospheric pressure, so our answer is reasonable.125°C

154>4.4 = 35
L>mol(g>L)(g>mol)

d =
(0.939 atm)(153.8 g>mol)

(0.08206 L-atm>mol-K)(398 K)
= 4.42 g>L

12.01+ (4) (35.45)= 153.8 g>mol(1 atm>760 torr) = 0.939 atm
(714 torr)125 + 273 = 398 K

125°C

d =
nM
V

=
PM
RT

moles
liter

*
grams

mole
=

grams

liter

nM
V

=
PM
RT

M

n
V

=
P

RT

(d = m>V)

� FIGURE 10.12 Carbon dioxide gas
flows downhill because it is denser than
air. The CO2 •fogŽ is not the gas made
visible but rather is made up of drops of
water that have condensed from water vapor
in the air.
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PRACTICE EXERCISE
The mean molar mass of the atmosphere at the surface of Titan, Saturn•s largest moon, is

. The surface temperature is 95 K, and the pressure is 1.6 atm. Assuming ideal
behavior, calculate the density of Titan•s atmosphere.
Answer:

Equation 10.10 can be rearranged to solve for the molar mass of a gas:

[10.11]

Thus, we can use the experimentally measured density of a gas to determine the molar
mass of the gas molecules, as shown in Sample Exercise 10.8.

M =
dRT

P

5.9 g>L

28.6 g>mol

SAMPLE EXERCISE 10.8 Calculating the Molar Mass of a Gas

Solve The gas mass is the difference between the mass of the flask
filled with gas and the mass of the evacuated flask: 137.456 g- 134.567 g= 2.889 g

The gas volume equals the volume of water the flask can hold, calcu-
lated from the mass and density of the water. The mass of the water
is the difference between the masses of the full and evacuated flask: 1067.9 g- 134.567 g= 933.3 g

Rearranging the equation for density , we have(d = m>V) V =
m
d

=
(933.3 g)

(0.997 g>mL)
= 936 mL = 0.936 L

Knowing the mass of the gas (2.889 g) and its volume (0.936 L), we can
calculate the density of the gas: 2.889 g>0.936 L= 3.09 g>L

After converting pressure to atmospheres and temperature to kelvins,
we can use Equation 10.11 to calculate the molar mass:

= 79.7 g>mol

=
(3.09 g>L)(0.08206 L-atm>mol-K)(304 K)

(0.09671) atm

M =
dRT

P

Check The units work out appropriately, and the value of molar mass obtained is reasonable for a
substance that is gaseous near room temperature.

PRACTICE EXERCISE
Calculate the average molar mass of dry air if it has a density of at and 740.0 torr.
Answer: 29.0 g>mol

21°C1.17 g>L

Volumes of Gases in Chemical Reactions
We are often concerned with knowing the identity and/or quantity of a gas involved in a
chemical reaction. Thus, it is useful to be able to calculate the volumes of gases con-
sumed or produced in reactions. Such calculations are based on the mole concept and
balanced chemical equations.€ (Section 3.6)The coefficients in a balanced chemical
equation tell us the relative amounts (in moles) of reactants and products in a reaction.
The ideal-gas equation relates the number of moles of a gas to P, V,andT.

A large evacuated flask initially has a mass of 134.567 g. When the
flask is filled with a gas of unknown molar mass to a pressure of 735
torr at , its mass is 137.456 g. When the flask is evacuated again

and then filled with water at , its mass is 1067.9 g. (The density
of water at this temperature is .) Assuming the ideal-gas
equation applies, calculate the molar mass of the gas.

0.997 g>mL
31°C

31°C

SOLUTION

Analyze We are given the temperature and pressure (735
torr) for a gas, together with information to determine its volume and
mass, and we are asked to calculate its molar mass.

Plan We need to use the mass information given to calculate the vol-
ume of the container and the mass of the gas in it. From this we calcu-
late the gas density and then apply Equation 10.11 to calculate the
molar mass of the gas.

(31 °C)
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