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Preface
To the Student
As you begin this course, think about your reasons for enroll-
ing in it. Why are you taking general chemistry? Why are you 
pursuing a university or college education at all? If you are like 
most students taking general chemistry, part of your answer is 
probably that this course is required for your major or you are 
pursuing your education so that you can get a job some day. 
Although these are both good reasons, we think there is a better 
one. The primary reason for an education is to prepare you to 
live a good life. You should understand chemistry—not for what 
it can get you—but for what it can do for you. Understanding 
chemistry is an important source of happiness and fulfillment.

Understanding chemistry helps you to live life to its fullest 
for two basic reasons. The first is intrinsic: through an under-
standing of chemistry, you gain a powerful appreciation for just 
how rich and extraordinary the world really is. For example, 
one of the most important ideas in science is that the behav-
iour of matter is determined by the properties of molecules 
and atoms. With this knowledge, we have been able to study 
the substances that compose the world around us and explain 
their behaviour by reference to particles so small that they can 
hardly be imagined. If you have never realized the remarkable 
sensitivity of the world we can see to the world we cannot, you 
have missed out on a fundamental truth about our universe. The 
second reason is extrinsic: understanding chemistry makes you 
a more informed citizen—it allows you to engage with many 
of the issues of our day. Scientific literacy helps you under-
stand and discuss in a meaningful way important issues from 
the development of the oil sands in Alberta (Chapter 6) to how 
the production of pharmaceuticals and personal care products 
affects our environment and our bodies (Chapter 12). In other 
words, understanding chemistry makes you a deeper and richer 
person and makes your country and the world a better place to 
live. These reasons have been the foundation of education from 
the very beginnings of civilization.

So this is why we think you should take this course and 
why we wish you the best as you embark on the journey to 
understand the world around you at the molecular level. The 
rewards are well worth the effort.

The Strengths of Chemistry:  
A Molecular Approach
Chemistry: A Molecular Approach is first and foremost a 
 student-oriented book. The main goal of the book is to  motivate 
students and get them to achieve at the highest possible level. 
As we all know, many students take general chemistry because 
it is a requirement; they do not see the connection between 
chemistry and their lives or their intended careers. Chemis-
try: A Molecular Approach strives to make those connections 
consistently and effectively. Unlike other books, which often 
teach chemistry as something that happens only in the labora-
tory or in industry, this book teaches chemistry in the context 

of  relevance. It shows students why chemistry is important to 
them, to their future careers, and to their world.

Second, Chemistry: A Molecular Approach is a pedagogi-
cally driven book. In seeking to develop problem-solving skills, 
a consistent approach is applied (Sort, Strategize, Solve, and 
Check), usually in a two- or three-column format. In the two-
column format, the left column shows the student how to ana-
lyze the problem and devise a solution strategy. It also lists the 
steps of the solution and explains the rationale for each one, 
while the right column shows the implementation of each step. 
In the three-column format, the left column outlines the general 
procedure for solving an important category of problems that is 
then applied to two side-by-side examples. This strategy allows 
students to see both the general pattern and the slightly different 
ways in which the procedure may be applied in differing con-
texts. The aim is to help students understand both the concept of 
the problem (through the formulation of an explicit conceptual 
plan for each problem) and the solution to the problem.

Third, Chemistry: A Molecular Approach is a visual book. 
Wherever possible, images are used to deepen the student’s in-
sight into chemistry. In developing chemical principles, multipart 
images help to show the connection between everyday processes 
visible to the unaided eye and what atoms and molecules are actu-
ally doing. Many of these images have three parts: macroscopic, 
molecular, and symbolic. This combination helps students to see 
the relationships between the formulas they write down on paper 
(symbolic), the world they see around them (macroscopic), and 
the atoms and molecules that compose that world (molecular). 
In addition, most figures are designed to teach rather than just to 
illustrate. They include annotations and labels intended to help 
the student grasp the most important processes and the principles 
that underlie them. The resulting images are rich with informa-
tion but also uncommonly clear and quickly understood.

Fourth, Chemistry: A Molecular Approach is a “big pic-
ture” book. At the beginning of each chapter, a short paragraph 
helps students to see the key relationships between the differ-
ent topics they are learning. A focused and concise narrative 
helps make the basic ideas of every chapter clear to the student. 
Interim summaries are provided at selected spots in the narra-
tive, making it easier to grasp (and review) the main points of 
important discussions. And to make sure that students never 
lose sight of the forest for the trees, each chapter includes sev-
eral Conceptual Connections, which ask them to think about 
concepts and solve problems without doing any math. The idea 
is for students to learn the concepts, not just plug numbers into 
equations to churn out the right answer.

Finally, Chemistry: A Molecular Approach is a book that de-
livers the depth of coverage faculty want and students need. We do 
not have to cut corners and water down the material in order to get 
our students interested. We simply have to meet them where they 
are, challenge them to the highest level of achievement, and then 
support them with enough pedagogy to allow them to succeed.

The Canadian Edition
Chemistry: A Molecular Approach, by Nivaldo J. Tro, is widely 
used in general chemistry courses at colleges and universities 
across North America. So, why do we need a Canadian  edition? 
The short answer is that general chemistry courses in Canada are 

xviii
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different from those in the United States. First-year chemistry 
curricula in Canada are generally at a higher level than what is 
seen south of the border. There is a need for a strong chemistry 
textbook that serves Canadian general chemistry courses.

The Canadian adaptation of Chemistry: A Molecular 
 Approach drew very heavily on feedback from professors and 
instructors across Canada. As the Canadian authors, we took 
the reviews and consultations very seriously and did our best to 
adapt Tro’s textbook accordingly. In general terms, the adapta-
tion involved making the following changes.

International Conventions on Units, Symbols, and Nomenclature  
The field of chemistry is communicated according to 
conventions that are determined by the broader international 
chemistry community, through the International Union of Pure 
and Applied Chemistry (IUPAC). IUPAC continually releases 
recommendations on chemical nomenclature, definitions, 
symbols, and units. IUPAC recommendations are not static; they 
may evolve over time as new information comes to light. Although 
many textbooks state that they follow the recommendations 
of the IUPAC, you will find that the Canadian edition of 
Chemistry: A Molecular Approach scrupulously follows IUPAC 
recommendations for chemical names and symbols, nomenclature, 
and conventions for symbols and units in measurements. In the 
case of chemical nomenclature, there are a number of non-IUPAC 
chemical names that are so common that we have to include them 
along with the IUPAC recommended name.

S.I. units of measurement are used exclusively. Imperial 
units such as the gallon, pound, and the Fahrenheit scale of 
temperature have not been used in modern science for over a 
generation. IUPAC recommended defining standard pressure 
as 1 bar (or 100 kPa) back in 1982. This is the standard that 
has been adopted by chemists worldwide and is almost exclu-
sive in second-year physical chemistry texts. Only in first-year 
textbooks does the atmosphere still linger as standard pressure. 
In this text, standard pressure is the IUPAC-recommended bar. 
Students will see pressure in various units, but we make little 
use of the atmosphere. When dealing with ideal gases, the most 
common value of R is 0.08314 L bar mol–1 K–1.

In thermodynamics, we have adopted the recommended no-
tation for enthalpy, entropy, and Gibbs energy changes, placing 
subscripts for changes after the delta sign rather than after H, S, 
or G. For example, the standard reaction enthalpy is  expressed 
as ∆rH5 rather than ∆H5rxn. This is a subtle change that matters. 
The type of change (∆) is marked on the ∆ symbol (reaction,∆r; 
formation, ∆f; and so on), rather than the type of thermodynamic 
quantity. We understand that this notation is not used everywhere. 
However, we believe that students should use standard notation 
throughout their education. Students who continue in chemistry 
or other sciences will eventually come across the standard nota-
tion in physical chemistry textbooks and in places like the CRC 
Handbook of Chemistry and Physics and the NIST Chemistry 
Webbook (http://webbook.nist.gov/). Furthermore, thermody-
namic quantities like ∆rH5 are  always molar quantities and have 
the units kJ mol–1, as recommended by IUPAC. Exclusive use of 
IUPAC-recommended units keeps students from getting into unit 
troubles when doing thermodynamic calculations.

Explicitly, we have provided the distinctions and connec-
tions between the unitless thermodynamic equilibrium constant, 

Keq or simply K, and the phenomenological equilibrium con-
stants, Kc and KP, which can have units in terms of concentra-
tion and pressure, respectively, again in accordance with IUPAC 
recommendations. This is done in the most basic of terms, 
 assuming that gases and solutions are ideal so that their par-
tial pressures and concentrations are assumed to be numerically 
equivalent to their activities, setting up for a more rigorous treat-
ment in second-year analytical and physical chemistry courses.

Following recommendations set out by the IUPAC ensures 
that we speak a common language—and teach a common lan-
guage. Otherwise, students who go on in chemistry have to con-
vert from the language learned in first year as soon as the very 
next year, when they take their first physical chemistry course.

Current Theories We have updated the text so that the most 
current, consensus scientific view is described. This is most notable 
in the case of bonding theory and the so-called  expanded octet. 
In this case, evidence shows that the d orbitals have a negligible 
contribution to bonding, which means that full sp3d and sp3d2 
hybridizations should no longer be included in bonding theories, 
even though this idea continues to appear in general chemistry 
textbooks. This Canadian edition reflects the most current 
understanding of chemical phenomenon, at the first-year level.

Organic Chemistry The coverage of organic chemistry has 
been expanded to two chapters, reflecting the curricula in 
many Canadian universities, which provide additional organic 
chemistry coverage in first-year chemistry. The first organic 
chemistry chapter covers structure and bonding, stereochemistry, 
and structure determination. The second chapter covers organic 
reactivity, and it is organized according to reaction mechanisms.

Canadian Context Naturally, a Canadian edition will include 
Canadian examples. In some places, the Canadian content is 
fun, like the hockey goalie’s “Quantum mechanical five hole” 
in Chapter 7. In other places, Canadian chemistry examples 
are serious and important, like the chemistry of the oil sands. 
Wherever Canadian content appears in this edition, it is there 
to promote student engagement. This book is meant for the 
Canadian student.

End-of-Chapter Problems One of the first things that professors 
consider when choosing a chemistry textbook is the quality of 
end-of-chapter problems. This is because, to learn chemistry, 
students need to work through meaningful exercises and 
problems. Tro’s Chemistry: A Molecular Approach has  extensive, 
high-quality problems. 

First-year chemistry courses are perhaps the most impor-
tant courses in chemistry programs, because they lay the foun-
dation for all higher level courses. First-year courses introduce 
students to the language and discipline of chemistry, and some 
concepts are not touched on again in the entire undergraduate 
curriculum. Indeed, many Ph.D. comprehensive questions fall 
back to ideas learned in first year. This book was prepared with 
the full undergraduate curriculum in mind. If you are a student, 
we hope that the Canadian edition of Chemistry: A Molecular 
Approach helps you succeed in chemistry. We encourage you to 
make use of all of the features in this book that are designed 
to help you learn. If you are a professor, it is our hope that this 
textbook provides you with the strong content you need to teach 
first-year chemistry in a way that is true to our discipline.
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Second Canadian Edition
For the second Canadian edition, our goal was to fine-tune the 
content from the first Canadian edition and ensure the concepts 
presented are in alignment with current, accepted theories. We 
also replaced or updated a number of the “Chemistry in Your 
Day” boxes to bring them up to date and add context for stu-
dents. We have also added numerous electrostatic potential 
maps throughout the text to give students a visual aid to better 
understand chemical concepts related to electrostatic forces. 
Some of the substantial changes are described below.

Some material has been moved. For example, balancing 
redox equations has been moved from Chapter 18 (Electro-
chemistry) to Chapter 4 (Chemical Reactions and Stoichiom-
etry); Chapter 9 (Chemical Bonding I: Lewis Theory) has been 
rearranged to make the content flow better for students. 

In Chapter 7 (The Quantum Mechanical Model of the 
Atom), we revised and expanded the section on electron con-
figurations to bring it in line with current literature, especially 
in regard to the transition metals. These changes should clear 
up some of the misconceptions that arise when students learn 
the Aufbau principle.

Chapter 10 (Chemical Bonding II: Molecular Shapes, Va-
lance Bond Theory, and Molecular Orbital Theory) includes 
a section on larger conjugated systems as well as conductors, 
semiconductors, and insulators, which we feel is important for 
students who continue in chemistry. The molecular orbital dia-
grams in this chapter have also been updated, providing more 
“realistic” visual representations.

In Chapter 17 (Gibbs Energy and Thermodynamics), we 
added a more rigorous and chemically-relevant description of 
entropy and microstates which will benefit every student who 
continues in chemistry and other sciences. 

Supplements
For the Instructor
MasteringChemistry® is the best adaptive-learning online 
homework and tutorial system. Instructors can create online 
assignments for their students by choosing from a wide range 
of items, including end-of-chapter problems and research-
enhanced  tutorials. Assignments are automatically graded with 
up-to-date diagnostic information, helping instructors pinpoint 
where students struggle either individually or as a class as a 
whole.

Instructor resources are password protected and avail-
able for download from the Pearson online catalogue at http://
catalogue.pearsoned.ca/.

Instructor’s Solutions Manual This manual contains step-
by-step solutions to all complete, end-of-chapter exercises. 
The Instructor’s Solutions Manual to accompany the second 
Canadian edition has been extensively revised and checked 
for accuracy. The Instructor’s Solutions Manual can be 
downloaded from the online catalogue.

Instructor’s Resource Manual Organized by chapter, this 
useful guide includes objectives, lecture outlines, and references 
to figures and solved problems, as well as teaching tips. The 
Instructor’s Resource Manual can be downloaded from the 
online catalogue.

Computerized Test Bank Pearson’s computerized test banks 
allow instructors to filter and select questions to create quizzes, 
tests or homework. Instructors can revise questions or add their 
own, and may be able to choose print or online options. These 
questions are also available in Microsoft Word format.

PowerPoint® Presentations PowerPoint® lecture slides provide 
an outline to use in a lecture setting, presenting definitions, 
key concepts, and figures from the textbook. The textbook’s 
worked examples and a selection of practice problems are also 
provided in PowerPoint® format. These PowerPoint® slides can 
be downloaded from the online catalogue.

Questions for Classroom Response Systems Another set of 
PowerPoint® slides provide sample exercises and questions to 
be used with Classroom Response Systems. These questions 
can be downloaded from the online catalogue.

Image Libraries All images, figures, and tables in the textbook 
are provided in PowerPoint® format. The images, figures, and 
tables are also available in a separate image library in jpeg 
or gif format. The Image Libraries are available through the 
online catalogue.

Learning Solutions Managers Pearson’s Learning Solutions 
Managers work with faculty and campus course designers to 
ensure that Pearson technology products, assessment tools, 
and online course materials are tailored to meet your specific 
needs. This highly qualified team is dedicated to helping 
schools take full advantage of a wide range of educational 
resources, by assisting in the integration of a variety of 
instructional materials and media formats. Your local Pearson 
Sales Representative can provide you with more details on this 
service program.

For the Student
MasteringChemistry® provides you with two learning systems: 
an extensive self-study area with an interactive eBook and the 
most widely used chemistry homework and tutorial system (if 
your instructor chooses to make online assignments part of your 
course).

Mastering with Knewton Adaptive Learning Knewton provides 
personalized recommendations on what to study next—helping 
students work more effectively in and out of class. The Knewton 
award-winning Adaptive Learning Platform uses proprietary 
algorithms to deliver a personalized learning path for each 
student, each day. Knewton’s technology identifies each student’s 
strengths, weaknesses, and unique learning style. Taking into 
account both personal proficiencies and course requirements, 
the platform continuously tailors learning materials to each 
student’s exact needs, delivering the most relevant content in the 
most efficient and effective form.
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Learning Catalytics Learning Catalytics is a “bring your 
own device” student engagement, assessment, and classroom 
intelligence system. With Learning Catalytics, you can:

▶ Assess students in real time, using open-ended tasks to 
probe student understanding.

▶ Understand immediately where students are and adjust 
your lecture accordingly.

▶ Improve your students’ critical-thinking skills.

▶ Access rich analytics to understand student performance.

▶ Add your own questions to make Learning Catalytics fit 
your course exactly.

▶ Manage student interactions with intelligent grouping and 
timing.

Learning Catalytics is a technology that has grown out of 
20 years of cutting-edge research, innovation, and implemen-
tation of interactive teaching and peer instruction. Available 
integrated with MasteringChemistry.

Pearson eText The Pearson eText gives students access  
to their textbook anytime, anywhere. In addition to note 
taking, highlighting, and bookmarking, the Pearson eText 
offers interactive and sharing features. Instructors can  
share their comments or highlights, and students can add 
their own, creating a tight community of learners within  
the class.

NEW! 

▶ Now available on smartphones and tablets.

▶ Accessible (screen-reader ready).

▶ Configurable reading settings, including resizable type and 
night reading mode.

▶ Instructor and student note-taking, highlighting, book-
marking, and search.

Selected Solutions Manual This manual for students contains 
complete, step-by-step solutions to selected odd-numbered 
end-of-chapter problems. The Selected Solutions Manual to 
accompany the second Canadian edition has been extensively 
revised, with all problems checked for accuracy.

During the development of this book, we obtained many 
helpful suggestions and comments from colleagues from 
across the country. We sincerely thank the following instruc-
tors who were members of our Chemistry Advisory Board for 
this edition:

Phil Dutton, University of Windsor
Noel George, Ryerson University
Krystyna Koczanski, University of Manitoba
Andrew McWilliams, Ryerson University
Andrew Vreugdenhil, Trent University

We acknowledge Prof. Dietmar Kennepohl (Athabasca 
University) and Dr. Nicole Sandblom (University of Calgary),  
Dr. Neil Anderson (Onyx Pharmaceuticals), Drs. Chris Flinn, 
Bob Helleur, Karen Hattenhauer, Peter Warburton, and Chris 
Kozak, (Memorial University), Mr. Nicholas Ryan (Memorial 
University), and Drs. Lucio Gelmini and Robert Hilts (MacEwan 
University) for helpful discussions and insightful comments.

Dr. Ian Hunt of the University of Calgary worked with us 
in the early development of the organic chemistry chapters. He 
provided sage advice on the organization of these chapters and 
made numerous suggestions on how to present organic chemis-
try in a way that is both rigorous and accessible to the first-year 
student.

Professor François Caron of Laurentian University pro-
vided expert advice on revisions to Chapter 19, improving the 
presentation of nuclear reaction energetics so that it is consis-
tent with the field of nuclear chemistry. 

We would like to thank our wives Lisa and Tanya for their 
encouragement and their continuing patience during all the 
evenings and weekends we spent working on this book when 
we could have been with our families.

Finally, we would also like to acknowledge the assistance 
of the many members of the team at Pearson Canada who 
were involved throughout the writing and production process: 
Cathleen Sullivan, Executive Acquisitions Editor; Kim Teska, 
Senior Marketing Manager; Darryl Kamo, Program Manager; 
Martina van de Velde, Developmental Editor; Jessica Hellen, 
Project  Manager; Anthony Leung, Senior Designer.

Travis D. Fridgen
Lawton E. Shaw
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           In order for a nerve cell to transmit a signal, sodium and potassium ions must flow in opposite 
directions through specific ion channels in the cell membrane.   

294

 Periodic Properties 
of the Elements   8 

    8.1   Nerve Signal Transmission     295   

    8.2   The Development of the Periodic 
Table     295   

    8.3   Electron Configurations, Valence 
Electrons, and the Periodic 
Table     297   

    8.4   The Explanatory Power of 
the Quantum-Mechanical 
Model     301   

    8.5   Periodic Trends in the Size of 
Atoms and Effective Nuclear 
Charge     302   

    8.6   Ionic Radii     309   

    8.7   Ionization Energy     312   

    8.8   Electron Affinities and Metallic 
Character     316   

    8.9   Some Examples of Periodic 
Chemical Behaviour: The 
Alkali Metals, Alkaline Earth 
Metals, Halogens, and Noble 
Gases     318   

       Beginning students 
of chemistry often 

think of the science 
as a mere collection 
of disconnected data 
to be memorized by 

brute force. Not at all! 
Just look at it properly 
and everything hangs 
together and makes 

sense.  

   —Isaac   Asimov   (1920–1992)    

   G
REAT ADVANCES IN SCIENCE  occur not only when a scientist sees 

something new, but also when a scientist sees what everyone else has 

seen in a new way. In other words, great scientists often see patterns 

where others have seen only disjointed facts. Such was the case in 1869 when 

Dmitri Mendeleev, a Russian chemistry professor, saw a pattern in the properties 

of elements. Mendeleev’s insight led to the periodic table, arguably the single most 

important tool for the chemist. Recall that scientists devise theories that explain 

the underlying reasons for observations. If we think of Mendeleev’s periodic table 

as a compact way to summarize a large number of observations, then quantum 

mechanics  (covered in  Chapter   7   )  is the theory that explains the underlying 

reasons for the periodic table. The concepts of quantum mechanics explain the 

arrangement of elements in the periodic table by reference to the electrons within 

the atoms that compose the elements. In this chapter,  we see a continuation of 

the theme we have been developing since page one of this book—    the properties 

of macroscopic substances (in this case, the elements in the periodic table) are 

explained by the properties of the particles that compose them (in this case, atoms 

and their electrons).    

373

    I
 N  CHAPTER   9    ,  WE EXAMINED   a      simple model for chemical bonding 

   called Lewis theory.  We saw how this      model helps us to explain and predict the 

 combinations of atoms that form stable molecules. When we combine Lewis 

theory with the idea that valence electron groups repel one another—the basis of an 

approach known as VSEPR theory—we can predict the general shape of a molecule 

from its Lewis structure. We address molecular shapes and their importance in the 

first part of  this chapter . We then move on to explore two additional bonding 

theories—called valence bond theory and molecular orbital theory—that are 

progressively more sophisticated, but at the cost of being more complex, than Lewis 

theory. As you work through  this chapter , our second on chemical bonding, keep in 

mind the importance of this topic. In our universe, elements join together to form 

compounds, and that makes many things possible, including our own existence.    

        10.1   Artificial Sweeteners: Fooled by 
Molecular Shape   374   

    10.2   VSEPR Theory: The Five 
Basic Shapes   374   

    10.3   VSEPR Theory: The Effect 
of Lone Pairs   378   

    10.4   VSEPR Theory: Predicting 
Molecular Geometries   383   

    10.5   Molecular Shape and 
Polarity   386   

    10.6   Valence Bond Theory: 
Orbital Overlap as a Chemical 
Bond   389   

    10.7   Valence Bond Theory: 
Hybridization of Atomic 
Orbitals   392   

    10.8   Molecular Orbital Theory: 
Electron Delocalization   402    

 Chemical Bonding II: 
Molecular Shapes, 
Valence Bond Theory, and 
Molecular Orbital Theory 

  10 

           Similarities in the shapes of sugar and aspartame give both molecules the ability to stimulate 
a sweet taste sensation.   

   No theory ever solves 
all the puzzles with 

which it is confronted 
at a given time; nor are 

the solutions already 
achieved often perfect.  

 —Thomas Kuhn (1922–1996)  

            The AIDS drug Indinavir—shown here as the missing piece in a puzzle depicting the protein 
HIV-protease—was developed with the help of chemical bonding theories.   
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 Chemical Bonding I: 
Lewis Theory   9 

    9.1   Bonding Models and AIDS 
Drugs     331   

    9.2   Types of Chemical Bonds     331   

    9.3   Representing Valence Electrons 
with Dots     333   

    9.4   Lewis Structures: An Introduction 
to Ionic and Covalent 
Bonding     334   

    9.5   The Ionic Bonding Model     339   

    9.6   Covalent Bond Energies, 
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    9.9   Exceptions to the Octet Rule: 
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    9.10   Lewis Structures for 
Hypercoordinate 
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       Theories are nets 
cast to catch what we 
call “the world”: to 

rationalize, to explain, 
and to master it. 
We endeavour to 

make the mesh ever 
finer and finer.  

 —  Karl   Popper   (1902–1994)    

   CHEMICAL BONDING IS AT THE HEART  of chemistry. The bonding theories 

that we are about to examine are—as Karl Popper eloquently states in 

the above quote—nets cast to understand the world.  In the next two 

chapters, we     will examine three theories with successively � ner “meshes.” The 

� rst is Lewis theory, a simple model of chemical bonding, which can be carried 

out on the back of an envelope. With just a few dots, dashes, and chemical 

symbols, Lewis theory can help us to understand and predict a myriad of chemical 

observations. The second is valence bond theory, which treats electrons in a more 

quantum-mechanical manner, but stops short of viewing them as belonging to the 

entire molecule. The third is molecular orbital theory, essentially a full quantum-

mechanical treatment of the molecule and its electrons as a whole. Molecular 

orbital theory has great predictive power, but at the expense of great complexity 

and intensive computational requirements. Which theory is “correct”? Remember 

that theories are models that help us understand and predict behaviour. All three of 

these theories are extremely useful, depending on exactly what aspect of chemical 

bonding we want to predict or understand.    

Are you interested in 
knowing how nerve cells 
transmit signals?
See Chapter 8 to learn why 
periodic properties are essential to 
understanding this process.

Recipe

NaHCO3 H++

H2O+
Na+ + CO2

            T
HE AMOUNT OF PRODUCT FORMED IN A CHEMICAL REACTION is related 

to the amount of reactant that is consumed. This concept makes sense 

intuitively, but how do we describe and understand this relationship more 

fully? The second half of this chapter focuses on chemical stoichiometry—the 

numerical relationships between the amounts of reactants and products in chemical 

reactions. First we will learn how to write balanced chemical equations for 

chemical reactions. We will also describe some general types of chemical reactions. 

You have probably witnessed many of these types of reactions in your daily life 

because they are so common. Have you ever mixed baking soda with vinegar 

and observed the subsequent bubbling? Or have you ever noticed the hard water 

deposits that form on plumbing � xtures? These reactions are the subject of the � rst 

part of this chapter.   

      4.1  Chemistry of Cuisine 
 It is pretty well-known that good chemists make good cooks. Perhaps it is the tech-
niques that are common between cooking and chemistry. Techniques such as mea-
suring, filtering, concentrating, and distilling that chemists should be very good at 
may give them an edge when it comes to cooking. Maybe it is the experimental and 

       When we decode a 
cookbook, every one 
of us is a practicing 
chemist. Cooking is 

really the oldest, most 
basic application of 

physical and chemical 
forces to natural 

materials.  

  — Arthur E.   Grosser    

 Chemical Reactions 
and Stoichiometry   4 

    4.1   Chemistry of Cuisine    101   

    4.2   Writing and Balancing Chemical 
Equations    102   

    4.3   Solutions and Solubility    105   
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    4.9   Solution Concentration and 
Solution Stoichiometry    132   

101

What about the chemistry  
of everyday life?

Chapter 4 illustrates the role chemistry 
plays in cuisine, from baking a cake to 

why lemons go well with fish.

485

    W
E LEARNED IN  CHAPTER   1     that most     of the matter we encounter is in the 

form of mixtures. In this chapter, we focus on homogeneous mixtures, 

known as solutions. Solutions are mixtures in which atoms and mol-

ecules intermingle on the molecular and atomic scales. Some common examples of 

solutions include the ocean water we swim in, the gasoline we put into our cars, and 

the air we breathe. Why do solutions form? How are their properties different from 

the properties of the pure substances that compose them? As you read this chapter, 

keep in mind the great number of solutions that surround you at every moment, in-

cluding those that exist within your own body.    

      12.1  Thirsty Solutions: Why You Shouldn’t 
Drink Seawater 

 In a popular novel,  Life of Pi  by Yann Martel, the main character (whose name is Pi) 
is stranded on a lifeboat with a Bengal tiger in the middle of the Pacific Ocean for 
227 days. He survives in part by rigging a solar still to distill seawater for drink-
ing. However, in the first three days of his predicament (before he rigs the still), 
he becomes severely dehydrated from lack of water. He is surrounded by seawater 
but drinking  that  water would only have made his condition worse. Why? Seawater 
actually draws water  out of the body  as it passes through the stomach and intestines, 

       One molecule of 
nonsaline substance 
(held in the solvent) 

dissolved in 
100 molecules of any 

volatile liquid decreases 
the vapour pressure of 
this liquid by a nearly 

constant fraction, 
nearly 0.0105.  

 —  François-Marie   Raoult  
 (1830–1901)    

 Solutions   12 

    12.1   Thirsty Solutions: Why You 
Shouldn’t Drink Seawater       485   

    12.2   Types of Solutions and 
Solubility       487   

    12.3   Energetics of Solution 
Formation       492   

    12.4   Solution Equilibrium and Factors 
Affecting Solubility       495   

    12.5   Expressing Solution 
Concentration       500   

    12.6   Colligative Properties: Vapour 
Pressure Lowering, Freezing 
Point Depression, Boiling Point 
Elevation, and Osmotic 
Pressure       507   

    12.7   Colligative Properties of Strong 
Electrolyte Solutions       518   

    12.8   Colloids       521   

           Drinking seawater causes dehydration because seawater draws water out of body tissues.   

These examples make the material 
more accessible by contextualizing 
the chemistry and grounding it in the 
world you live in.

Chemistry is relevant to every process occurring around you, at every second. The authors 
help you understand this connection by weaving specific, vivid examples throughout the 

text that tell the story of chemistry. Every chapter begins with a brief story that illustrates how 
chemistry is relevant to all people, at every moment.
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516      Chapter  12  Solutions

  SOLVE  Begin by solving the boiling point 
elevation equation for molality and substi-
tuting the required quantities to calculate  m . 

  SOLUTION 

   ∆Tb = m * Kb

 m =
∆Tb

Kb
=

5.0 °C
0.512 °C m- 1 =  9.77 m

1.0 kg H2O *
9.77 mol C2H6O2

1 kg H2O
*

62.07 g C2H6O2

1 mol C2H6O2
= 6.1 * 102 g C2H6O2    

  CHECK  The unit of the answer is correct. The magnitude might seem a little high initially, but the boiling point elevation 
constant is so small that a lot of solute is required to raise the boiling point by a small amount. 

  FOR PRACTICE 12.9 
 Calculate the boiling point of a 3.60  m  aqueous sucrose solution.    

  Osmotic Pressure 
 The process by which seawater causes dehydration (discussed in the opening section of 
this chapter) is called  osmosis .  Osmosis  is the flow of solvent from a solution of lower 
solute concentration to one of higher solute concentration. Concentrated solutions draw 
solvent from more dilute solutions because of nature’s tendency to mix. 

  Figure   12.16 ▶    shows an osmosis cell. The left side of the cell contains a concentrated 
salt water solution and the right side of the cell contains pure water. A  semipermeable  
membrane —a membrane that selectively allows some substances to pass through but not 
others—separates the two halves of the cell. Water flows by osmosis from the pure-water 
side of the cell through the semipermeable membrane and into the salt-water side. Over 

 Wood frogs ( Rana sylvatica)  look like most other frogs. They are 
a few inches long and have characteristic greenish-brown skin. 
However, wood frogs survive cold winters in a remark-

able way—they partially freeze. In its partially frozen 
state, the frog has no heartbeat, no blood circulation, no 

breathing, and no brain activity. Within 1–2 hours of thawing, 
however, these vital functions return and the frog hops off to 
find food. How does the wood frog do this? 

 Most cold-blooded animals cannot survive freezing 
temperatures because the water within their cells freezes. 
 As we learned in  Section   11.9   , when     water freezes, it 
expands, irreversibly damaging cells. When the wood 
frog hibernates for the winter, however, it produces 
large amounts of glucose that is secreted into its blood-
stream and fills the interior of its cells. When the temper-
ature drops below freezing, extracellular body fluids, such 
as those in the abdominal cavity, freeze solid. Fluids within 
cells, however, remain liquid because the high glucose concen-
tration lowers their freezing point. In other words, the concentrated 
glucose solution within the frog’s cells acts as antifreeze, preventing the 
water within the cells from freezing and allowing the frog to survive. 

  Question 
 The wood frog can survive at body temperatures as low as    -8.0  °C.    Calculate the molality 
of a glucose solution    (C6H12O6)    required to lower the freezing point of water to    -8.0  °C.      

       CHEMISTRY IN THE ENVIRONMENT      Antifreeze in Frogs 

         ▲   The wood frog survives winter by partially freezing. 
It protects its cells by flooding them with glucose, 
which acts as an antifreeze.  

 EXAMPLE 12.9 (CONTINUED)

▲ Chemistry and Medicine boxes show 
applications relevant to biomedical and 
health-related topics.

▲  Chemistry in the Environment boxes 
relate chapter topics to current environmental 
and societal issues.

▼  Chemistry In Your Day boxes demonstrate 
the importance of chemistry in everyday 
situations.

1.3 The Units of Measurement      11

 The units of the answer are clearly not appropriate for the quantity they were trying to 
obtain, which should have the units of L, not L kg lb -1 . The calculation with the density 
expressed in the correct units, 0.803 kg L -1 , is: 

   V =
m

d
=

22 300 kg

0.803 kg L-1 = 2.78 * 104 L   

 The volume of fuel calculated by the ground crew was less than half of the actual 
requirement.     
  Derived Units with Special Names     Compiled in  Table   1.5    are some common units in 
chemistry that are derived from the SI base units, which are also given special names. For 
 example, the joule (J) is a derived unit and can be expressed in SI base units: 

   J = kg m2 s-2   

 It is important to become familiar with how these derived units are expressed in the base units. 
For example, you know that energy or work (w) is a force (F) acting over a distance (d), or: 

   w = F * d   

 The unit of force is the newton ( N  ) and the unit of distance is the metre ( m ), so the 
unit of work would be  N # m.  If we express the newton in its SI base units, work has 
the units: 

   kg m s-2 # m = kg m2 s-2 =  J       

 Osteoporosis—which means  porous bone— is 
a condition in which bone density becomes too 
low. The healthy bones of a young adult have 

a density of about 1.0 g cm -3 . Patients suffering 
from osteoporosis, however, can have bone densities 

as low as 0.22 g cm-3. These low densities mean the bones have 
deteriorated and weakened, resulting in increased susceptibility 
to fractures, especially hip fractures. Patients suffering from 
osteoporosis can also experience height loss and dis� gura-
tion such as dowager’s hump, a condition in which the patient 
becomes hunched over due to compression of the vertebrae. 
Osteoporosis is most common in postmenopausal women, but 
it can also occur in people (including men) who have certain 

 CHEMISTRY AND MEDICINE   Bone Density 

 
         ▲  Magni� ed views of the bone matrix in a 
normal femur (left) and one weakened by 
osteoporosis (right).  

 
         ▲  Severe osteoporosis can neces-
sitate surgery to implant an arti-
� cial hip joint, seen in this X-ray 
image.  

diseases, such as insulin-dependent diabetes, or who take cer-
tain medications, such as prednisone. Osteoporosis is usually 
diagnosed and monitored with hip X-rays. Low-density bones 
absorb fewer of the X-rays than do high-density bones, produc-
ing characteristic differences in the X-ray image. Treatments 
for osteoporosis include additional calcium and vitamin D, 
drugs that prevent bone weakening, exercise and strength train-
ing, and, in extreme cases, hip-replacement surgery. 

  Question 
 Suppose you � nd a large animal bone in the woods, too large 
to � t in a beaker or � ask. How might you approximate its 
density?    

5.6 Mixtures of Gases and Partial Pressures      167

A 1.00 L mixture of helium, neon, and argon has a total pressure of 662 Torr at 298 K. If the partial pressure of helium is 
341 Torr and the partial pressure of neon is 112 Torr, what mass of argon is present in the mixture?

SORT The problem gives you the partial pressures of two 
of the three components in a gas mixture, along with the 
total pressure, the volume, and the temperature, and asks 
you to � nd the mass of the third component.

GIVEN:  PHe = 341 Torr, PNe = 112 Torr,
Ptotal = 662 Torr, 
V = 1.00 L, T = 298 K

FIND: mAr

 For these purposes, we can ignore the con-
tribution of the    CO2    and other trace gases 
because they are so small. However, they 
correspond to the 0.001 bar that is missing 
from the calculated sum, before rounding. 

 The partial pressure of a component in a gaseous mixture is its mole fraction multiplied 
by the total pressure. For real gases, the mole fraction of a component is equivalent to 
its percent by volume divided by 100%. Therefore, based on  Table   5.3   , we calculate the 
partial pressure of nitrogen    (PN2

)    in air at 1.00 bar as follows: 

    PN2
= 0.78 * 1.00 bar

 = 0.78 bar    

 Likewise, the partial pressure of oxygen in air at 1.00 bar is 0.21 bar and the partial 
pressure of Ar in air is 0.009 bar. Applying Dalton’s law of partial pressures to air at 
1.00 bar:   

    Ptotal = PN2
+ PO2

+ PAr

 Ptotal = 0.78 bar + 0.21 bar + 0.009 bar

 = 1.00 bar     

 EXAMPLE 5.9 TOTAL PRESSURE AND PARTIAL PRESSURES

As is shown in Table 5.3, the air we breathe 
contains 78% N2 and 21% O2. The other 1% 
is a mixture of Ar, CO2, Ne, and other trace 

gases. Besides oxygen, human beings can 
survive without any of the other gases as they 

fill no physiological requirements. In the low pressures of 
outer space, pure oxygen is exactly what astronauts breathe. 
For the best mobility, it is an advantage to have as low a 
pressure as possible in a spacesuit when astronauts go on a 
spacewalk. In air at a pressure of 1 bar, the partial pressure 
of O2 is 207 mbar. It is not as simple as having a pressure of 
207 mbar of oxygen in the spacesuit. In the alveoli of your 
lungs, there is a partial pressure of CO2 (53 mbar) due to 
respiration and water vapour (63 mbar) from the lung tissue. 
This adds up to a total alveolar pressure of 116 mbar. In or-
der to have a partial pressure of oxygen of 207 mbar, the space-
suit must be pressurized by an extra 116 mbar, to 323 mbar O2. If the spacesuit were only pressurized to 207 mbar with pure 
oxygen, the partial pressure of O2 in the lungs would be 207 – 116 = 91 mbar, about 44% of the partial pressure at sea level. 
This is the same as the partial pressure of oxygen at 5.5 km above sea level, which is 400 m higher than the highest permanently 
inhabited town in the world, Rinconada, Peru. For an astronaut, working under this low pressure of oxygen would be similar to 
the experience of high altitude mountain climbing.

CHEMISTRY IN YOUR DAY Oxygen in Spacesuits

▲ Cosmonaut Sergey Volkov dons a spacesuit during a 6 hour and 
23 minute spacewalk.

(continued )

Student Interest
Throughout the narrative and in special boxed 
features, interesting descriptions of chemistry in 
the modern world demonstrate its importance.

A01_TRO6563_02_SE_FM.indd   23 12/01/16   6:18 PM



xxiv      

4.6 Oxidation–Reduction Reactions      115

   EXAMPLE 4.6  WRITING EQUATIONS FOR GAS-EVOLUTION REACTIONS 

   Write a molecular equation for the gas-evolution reaction that occurs when you mix aqueous nitric acid and aqueous 
 sodium carbonate. 

 Begin by writing a skeletal equation in which the 
cation of each reactant combines with the anion of 
the other. 

    HNO3(aq) + Na2CO3(aq) ¡ H2CO3(aq) + NaNO3(aq)    

 You must then recognize that    H2CO3(aq)    
 decomposes into    H2O(l)    and    CO2(g)   , and write 
these products into the equation. 

    HNO3(aq) + Na2CO3(aq) ¡ H2O(l) + CO2(g) + NaNO3(aq)    

 Finally, balance the equation.     2 HNO3(aq) + Na2CO3(aq) ¡ H2O(l) + CO2(g) +    2 NaNO3(aq)    

  FOR PRACTICE 4.6 
 Write a molecular equation for the gas-evolution reaction that occurs when you mix aqueous hydrobromic acid and aqueous 
potassium sul� te.  

  FOR MORE PRACTICE 4.6 
 Write a net ionic equation for the reaction that occurs when you mix hydroiodic acid with calcium sul� de.  

H2

O2

2 H2 O2 2 H2O

2 H2(g) O2(g) 2 H2O(g)

Hydrogen and oxygen react to form gaseous water.

+

+

 ▲ FIGURE 4.10   Oxidation–Reduction Reaction            The hydrogen in the balloon reacts with oxygen upon ignition to form gaseous water 
(which is dispersed in the flame).  

   4.6  Oxidation–Reduction Reactions 
  Oxidation–reduction reactions  or  redox reactions  are reactions in which electrons 
transfer from one reactant to the other. The rusting of iron, the bleaching of hair, and 
the production of electricity in batteries involve redox reactions. Many redox reactions 
(for example, combustion reactions) involve the reaction of a substance with oxygen 
( Figure   4.10 ▼   ):    

    4 Fe(s) + 3 O2(g) ¡ 2 Fe2O3(s)

 C8H18(l) + 25
2 O2(g) ¡ 8 CO2(g) + 9 H2O(g)

 2 H2(g) + O2(g) ¡ 2 H2O(l)     

  Applications of oxidation–reduction reactions 
are covered in  Chapter   18    . 

Symbolic representation

Molecular image

Macroscopic image

110      Chapter  4   Chemical Reactions and Stoichiometry 

 In the complete ionic equation, some ions appear on both the reactant and the product side 
of the equation. These ions are called  spectator ions  because they do not take part in the 
chemical reaction. To simplify the equation, and show more clearly what is happening, 
we can omit spectator ions: 

   Pb2 +(aq) + 2 I-(aq) ¡ PbI2(s)   

 This  net ionic equation  is most useful because it shows only the species that take part in 
the reaction. 

 The following example shows a procedure for predicting whether a precipitation 
reaction occurs or not, and how to write the net ionic equation. 

PbI2

2 KNO3(aq)
(soluble)

PbI2(s)
(insoluble)

Pb(NO3)2(aq)
(soluble)

2 KI(aq)
(soluble)

K+ 

I−

Pb2+

NO3
−

K+ NO3
−

2 KI(aq)
(soluble)

Pb(NO3)2(aq)
(soluble)

2 KNO3(aq)
(soluble)

++ PbI2(s)
(insoluble)

+

+

 ▶ FIGURE 4.7   Precipitation of 
Lead(II) Iodide            When a potassium 
iodide solution is mixed with a lead(II) 
nitrate solution, a yellow lead(II) 
iodide precipitate forms.  

   1.   Write the formula of the two com-
pounds being mixed as reactants.   

    K2CO3  and  NiCl2    

     2. Write the ions that are present when 
the two ionic compounds dissolve 
in water, and determine the possible 
products that are formed.   

  

KCl

NiCO3

In solution

K2CO3

NiCl2

Possible products

K+

Cl−Ni2+

CO3
2−

Original salts

        

   EXAMPLE 4.4  WRITING EQUATIONS FOR PRECIPITATION REACTIONS 

 Write a net ionic equation for the precipitation reaction that occurs (if any) when solutions of potassium carbonate and 
nickel(II) chloride are mixed.  

Annotations  
tell the story of the  
image concisely.

Molecular image

Macroscopic image

Annotated Molecular Art
Many illustrations have three parts:

• a macroscopic image (what you can see with your eyes)
• a molecular image (what the molecules are doing)
• a symbolic representation (how chemists represent the process with symbols and equations)

The goal is for you to connect what you see and experience (the macroscopic world) with the 
molecules responsible for that world, and with the way chemists represent those molecules. 
After all, this is what chemistry is all about.
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496      Chapter  12  Solutions

NaCl(s) NaCl(s)

Dissolution

Dissolution

Recrystallization

RecrystallizationCl

NaCl(s)

When sodium chloride is first added to
water, sodium and chloride ions begin to

dissolve into the water.

As the solution becomes more concentrated,
some of the sodium and chloride ions can

begin to recrystallize as solid sodium chloride.

When the rate of dissolution equals the rate
of recrystallization, dynamic equilibrium

has been reached.

(a) Initial

(b) Dissolving (c) Dynamic equilibrium

NaCl(s) NaCl(s)

Rate of dissolution > Rate of recrystallization

Na (aq)  Cl (aq) Na (aq)  Cl (aq)

Rate of dissolution Rate of recrystallization

Na

 ▶ FIGURE 12.10   Precipitation from a 
Supersaturated Solution            When a 
small piece of solid sodium acetate 
is added to a supersaturated sodium 
 acetate solution, the excess solid 
 precipitates out of the solution.  

 Under certain circumstances, a  supersaturated solution —one containing more 
than the equilibrium amount of solute—may form. Such solutions are unstable and the 
excess solute normally precipitates out of the solution. However, in some cases, if left 
undisturbed, a supersaturated solution can exist for an extended period of time. For 
example, in a common classroom demonstration, a tiny piece of solid sodium acetate 
is added to a supersaturated solution of sodium acetate. This triggers the precipitation 
of the solute, which crystallizes out of solution in a dramatic and often beautiful way 
( Figure   12.10 ▼   ).  

  The Temperature Dependence of the Solubility of Solids 
 The solubility of solids in water can be highly dependent on temperature. Have you ever 
noticed how much more sugar you can dissolve in hot tea than in cold tea? Although ex-
ceptions exist,  the solubility of most solids in water increases with increasing temperature,  

 ▲ FIGURE 12.9   Dissolution of NaCl       

 In the case of sugar dissolving in water, the 
higher temperature increases both  how fast  
the sugar dissolves and  how much  sugar 
dissolves. 

Symbolic representation

Macroscopic image

Molecular image

436      Chapter  11  Liquids, Solids, and Intermolecular Forces

C5H12(l)

H2O(l)

 ▶ FIGURE 11.10   Polar and Nonpolar 
Compounds            Water and pentane do 
not mix because water molecules 
are polar and pentane molecules are 
nonpolar.  

▲ Electrostatic potential maps 
for CO2, dichloromethane, 
and methane.

   EXAMPLE 11.1  DIPOLE–DIPOLE FORCES 

 Which of these molecules have dipole–dipole forces? 

    (a)      CO2         (b)      CH2Cl2         (c)      CH4      

  SOLUTION 
 A molecule has dipole–dipole forces if it is polar. To determine whether a molecule 
is polar, (1)  determine whether the  molecule  contains polar bonds,  and (2)  determine 
whether the polar bonds add together to form a net dipole moment   ( Section   9.7   ) . 

   (a)   CO 2  
     (1)   Since the electronegativity of carbon is 2.5 

and that of oxygen is 3.5   ( Figure   9.12   ) , CO 2  has 
polar bonds.  

    (2)   The geometry of CO 2  is linear. Consequently, 
the dipoles of the polar bonds cancel, so the mol-
ecule is  not polar  and does not have dipole–dipole 
forces.     

 No dipole forces present.

O C O

       

   (b)   CH 2 Cl 2  
     (1)   The electronegativity of C is 2.5, that of H is 

2.1, and that of Cl is 3.0. Consequently, CH 2 Cl 2  
has two polar bonds    1C ¬ Cl2    and two bonds that 
are nearly nonpolar 1C ¬ H2.  

    (2)   The geometry of CH 2 Cl 2  is tetrahedral. Since 
the    C ¬ Cl    bonds and the    C ¬ H    bonds are dif-
ferent, their dipoles do not cancel but sum to a 
net dipole moment. The molecule is polar and 
has dipole–dipole forces.     

 Dipole forces present.

CH2Cl2

       

   (c)   CH 4  
     (1)   Since the electronegativity of C is 2.5 and 

that of hydrogen is 2.1, the    C ¬ H    bonds are 
nearly nonpolar.  

    (2)   In addition, since the geometry of the mol-
ecule is tetrahedral, any slight polarities that the 
bonds might have will cancel. CH 4  is therefore 
nonpolar and does not have dipole– dipole forces.      

CH4

No dipole forces present.       

  FOR PRACTICE 11.1 
 Which molecules have dipole–dipole forces? 

   (a)      CI4         (b)      CH3Cl         (c)   HCl    

Graphical representation

Multipart Images
Multipart images make connections among graphical 
representations, molecular processes, and the macroscopic world.
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The left column explains 
how the problem is solved.

Two-Column Example
A consistent approach to problem solving is used throughout the book.

46      Chapter  2   Atoms and Elements

 The molar mass of any element yields the conversion factor between mass (in grams) 
of that element and the amount (in moles) of that element. For carbon: 

   12.01 g C =  1 mol C or 
12.01 g C

1 mol C
 or 

1 mol C

12.01 g C
   

 We now have all the tools to count the number of atoms in a sample of an element 
by weighing it. First, obtain the mass of the sample. Then convert it to the amount 
in moles using the element’s molar mass. Finally, convert to number of atoms using 
Avogadro’s number. The conceptual plan for these kinds of calculations takes the 
 following form: 

 
molar mass
of element

mol element

Avogadro’s
number

number of atomsg element

       

 Example 2.4 demonstrates these conversions.  
 Notice that numbers with large exponents, such as 6.022 * 10 23 , are unbelievably 

large. Twenty-two copper pennies contain 6.022 * 10 23  or 1 mol of copper atoms, but 

  SORT    You are given the mass of copper atoms 
and asked to � nd the number of moles of cop-
per atoms and the number of copper atoms. 

    GIVEN:    3.10 g Cu 
  FIND:  Moles and number of Cu atoms 

  STRATEGIZE  Convert between the mass 
of an element in grams and the number 
of moles of atoms of the element with the 
molar mass.

Then convert from moles to the number of 
atoms using Avogadro’s number. 

CONCEPTUAL PLAN

 

mol Cu number of Cu atomsg Cu

1 mol Cu
63.55 g Cu

6.022 × 1023 Cu atoms
1 mol Cu

RELATIONSHIPS USED
  63.55 g Cu = 1 mol Cu (Molar mass of copper) 
 6.022 * 10 23  = 1 mol (Avogadro’s number) 

   SOLVE   Follow the conceptual plan to solve 
the problem. Begin with 3.10 g Cu and 
multiply by the appropriate conversion fac-
tor to obtain the number of moles of copper. 

 Then multiply the number of moles by 
Avogadro’s number to arrive at the  number 
of copper atoms. 

  SOLUTION
   Number of moles Cu: 

   3 .10 g Cu *
1 mol Cu

63.55 g Cu
= 4.88 * 10-2 mol Cu    

  Number of Cu atoms: 

   4 .88 * 10-2 mol Cu *
6.022 * 1023 Cu atoms

1 mol Cu
= 2.94 * 1022 Cu atoms     

 Calculate the number of moles of copper atoms and the number of copper atoms that are in 3.10 g of copper. 

   CHECK   The answer (the number of copper atoms) is less than 6.022 * 10 23  (one mole). This is consistent with the given mass 
of copper atoms, which is less than the molar mass of copper.  

  FOR PRACTICE 2.4 
 How many carbon atoms are there in a 1.3 carat diamond? Diamonds are a form of pure carbon. (1 carat = 0.20 grams)  

  FOR MORE PRACTICE 2.4 
 Calculate the mass of 2.25 * 10 22  tungsten atoms.  

   EXAMPLE 2.4  THE MOLE CONCEPT: CONVERTING FROM MASS TO MOLES AND NUMBER OF ATOMS 

The right column  shows the 
implementation of the steps 
explained in the left column.

A four-part structure (“Sort, 
Strategize, Solve, Check”) 
provides you with a framework 
for analyzing and solving 
problems.

Many problems are solved 
with a conceptual plan that 
provides a visual outline of the 
steps leading from the given 
information to the solution.

Every worked Example is 
followed by one or more  
“For Practice” problems that 
you can try to solve on your 
own. Answers to “For Practice” 
problems are in Appendix IV.
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3.4 Formulas and Names      65

The formula for the ionic compound composed of  calcium  and chlorine, however, is    CaCl2    
because Ca always forms    2+     cations and Cl always forms    1-     anions in ionic compounds. 
In order for this compound to be charge-neutral, it must contain one    Ca2 +     cation for every 
two    Cl-     anions.  

  Summarizing Ionic Compound Formulas    

   ▶   Ionic compounds always contain positive and negative ions.  

  ▶   In a chemical formula, the sum of the charges of the positive ions (cations) must equal 
the sum of the charges of the negative ions (anions).  

  ▶   A formula re� ects the smallest whole-number ratio of ions.   

 To write the formula for an ionic compound, follow the procedure in the left column 
in the following example. Two examples of how to apply the procedure are provided in 
the centre and right columns.    

  Naming Ionic Compounds     The � rst step in naming an ionic compound is to identify it as one. 
Ionic compounds are often composed of metals and nonmetals; any time you see a metal 
and one or more nonmetals together in a chemical formula, assume that you have an ionic 
compound.    

  Table   3.2    gives names of common cations and anions. In the case of KBr, 
the name of the    K+     ion is potassium. For metals that form cations with only one 
charge, the name of the cation is the same as the metal. For metals that can form 
cations with different charges, the name of the cation is the name of the metal fol-
lowed by the charge in roman numerals in brackets. Thus,    Fe2 +     is named  iron(II)  
and    Fe3 +     is named  iron(III) . Many transition metals give ions with different charges 
( Figure   3.6 ▶   ). Names for monoatomic anions consist of the  base name  of the ele-
ment followed by the suf� x  –ide . For  example, the base name for bromine is  brom , 
and the name of the    Br -     ion is  bromide . The name of KBr is the name of the    K+     
cation, followed by the name of the    Br -     anion:  potassium bromide .      

  The name of the ionic compound is simply 
the name of the cation followed by the name 
of the anion.  

Transition
elements

Main groups

 ▲ FIGURE 3.6   Transition Elements         
  Metals that can have different charges 
in different compounds are usually 
(but not always) found in the transition 
elements.  

PROCEDURE FOR …
Writing Formulas for Ionic 
Compounds

EXAMPLE 3.2  

Writing Formulas for Ionic 
Compounds
Write a formula for the ionic compound 
that forms between aluminum and oxygen.

EXAMPLE 3.3  

Writing Formulas for Ionic 
Compounds
Write a formula for the ionic compound 
that forms between calcium and oxygen.

1. Write the symbol for the metal 
cation and its charge followed 
by the symbol for the nonmetal 
anion and its charge. Obtain 
charges from the element’s group 
number in the periodic table (refer 
to Figure 2.12).

Al3 +  O2 - Ca2 +  O2 -

2. Adjust the subscript on each cation 
and anion to balance the overall 
charge.

Al3 +  O2 -

Al2 O3

Ca2 +  O2 -

CaO

3. Check that the sum of the charges 
of the cations equals the sum of the 
charges of the anions.

cations: 2(3+) = 6+
anions: 3(2−) = 6−
The charges balance.

cations: 2+
anions: 2−
The charges balance.

FOR PRACTICE 3.2
Write a formula for the compound formed 
between potassium and sulf ur.

FOR PRACTICE 3.3
Write a formula for the compound 
formed between aluminum and nitrogen.

The general procedure is 
shown in the left column.

Three-Column Example
Problem-Solving Procedure Boxes for important categories of problems enable 
you to see how the same reasoning applies to different problems.

Two worked examples, side 
by side, make it easy to see 
how differences are handled.

Every worked Example is 
followed by one or more 
“For Practice” problems that 
you can try to solve on your 
own. Answers to “For Practice” 
problems are in Appendix IV.
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  CHAPTER IN REVIEW 

  Key Terms 
  Section 5.1 
    pressure (149)     

  Section 5.2 
    millimetre of mercury 

(mmHg) (151)   
   barometer (151)   
   torr (151)   
   pascal (Pa) (151)   
   atmosphere (atm) (151)   
   standard pressure (152)   
   bar (152)   
   millibar (mbar) (152)   
   manometer (152)     

  Section 5.3 
    Boyle’s law (154)   
   Charles’s law (157)   
   Avogadro’s law (159)     

  Section 5.4 
    ideal gas law (160)   
   ideal gas (160)   
   ideal gas constant (160)     

  Section 5.5 
    molar volume (162)   
   standard temperature and 

 pressure (STP) (162)     

  Section 5.6 
    partial pressure    (Pn)    (166)   
   Dalton’s law of partial 

pressures (166)   
   mole fraction    (xa)    (166)   
   vapour pressure (169)     

  Section 5.8 
    kinetic molecular 

theory (174)     

  Section 5.9 
    mean free path (180)   
   diffusion (180)   

   effusion (180)   
   Graham’s law of 

effusion (181)     

  Section 5.10 
    van der Waals 

equation (184)
real gas (184)      

  Key Concepts 
  Pressure (5.1, 5.2) 
 Gas pressure is the force per unit area that results from gas particles 
colliding with the surfaces around them. Pressure is measured in a 
number of units, including bar, mbar, mmHg, torr, Pa, psi, and atm.  

  The Gas Laws (5.3) 
 The gas laws express relationships between pairs of variables when 
the other variables are held constant. Boyle’s law states that the vol-
ume of a gas is inversely proportional to its pressure. Charles’s law 
states that the volume of a gas is directly proportional to its tem-
perature. Avogadro’s law states that the volume of a gas is directly 
proportional to the amount (in moles).  

  The Ideal Gas Law and Its Applications (5.4, 5.5) 
 The ideal gas law,    PV = nRT    , gives the relationship among all four 
gas variables and contains the gas laws within it. We can use the 
ideal gas law to � nd one of the four variables given the other three. 
We can use it to calculate the molar volume of an ideal gas, which  
is 22.7 L at STP, and to calculate the density and molar mass of 
a gas.  

  Mixtures of Gases and Partial Pressures (5.6) 
 In a mixture of gases, each gas acts independently of the others so 
that any overall property of the mixture is the sum of the properties 
of the individual components. The pressure of any individual com-
ponent is its partial pressure.  

  Gas Stoichiometry (5.7) 
 In reactions involving gaseous reactants and products, quantities are 
often reported in volumes at speci� ed pressures and temperatures. We 
can convert these quantities to amounts (in moles) using the ideal gas 
law. Then we can use the stoichiometric coef� cients from the balanced 
equation to determine the stoichiometric amounts of other reactants or 

products. The general form for these types of calculations is often as 
follows: volume A S amount A (in moles) S amount B (in moles) S
quantity of B (in desired units). In cases where the reaction is carried 
out at STP, the molar volume at    STP (22.7 L = 1 mol)    can be used to 
convert between volume in litres and amount in moles.  

  Kinetic Molecular Theory and Its Applications (5.8, 5.9) 
 Kinetic molecular theory is a quantitative model for gases. The 
theory has three main assumptions: (1) the gas particles are negli-
gibly small, (2) the average kinetic energy of a gas particle is pro-
portional to the temperature in kelvin, and (3) the collision of one 
gas particle with another is completely elastic (the particles do not 
stick together). The gas laws all follow from the kinetic molecular 
theory. 

 We can also use the theory to derive the expression for the root 
mean square velocity of gas particles. This velocity is inversely pro-
portional to the molar mass of the gas, and therefore—at a given 
temperature—smaller gas particles are (on average) moving more 
quickly than larger ones. The kinetic molecular theory also allows us 
to predict the mean free path of a gas particle (the distance it travels 
between collisions) and relative rates of diffusion or effusion.  

  Real Gases (5.10) 
 Real gases differ from ideal gases to the extent that they do not 
 always � t the assumptions of kinetic molecular theory. These as-
sumptions tend to break down at high pressures, where the volume 
is higher than predicted for an ideal gas because the particles are no 
longer negligibly small compared to the space between them. The 
assumptions also break down at low temperatures where the pressure 
is lower than predicted because the attraction between molecules 
combined with low kinetic energies causes partially inelastic col-
lisions. The van der Waals equation predicts gas properties under 
nonideal conditions.   

188      Chapter  5   Gases

  Key Equations and Relationships 

 Relationship Between Pressure ( P  ), Force ( F  ), and Area ( A ) (5.2) 

   P =
F
A

   

 Boyle’s Law: Relationship Between Pressure ( P  ) and Volume ( V  ) (5.3) 

    V ∝
1
P

 P1V1 = P2V2   

 Charles’s Law: Relationship Between Volume ( V  ) and Temperature ( T  ) (5.3) 

    V ∝ T (in K)

 
V1

T1
=

V2

T2
   

 Avogadro’s Law: Relationship Between Volume ( V  ) and Amount in Moles ( n ) (5.3) 

    V ∝ n

 
V1

n1
=

V2

n2
   

 Ideal Gas Law: Relationship Between Volume ( V  ), Pressure ( P  ), Temperature ( T  ), and Amount ( n ) (5.4) 

   PV = nRT    

 Dalton’s Law: Relationship Between Partial Pressures    (Pn )    in Mixture of Gases and Total Pressure    (Ptotal)    (5.6) 

   Ptotal = Pa + Pb + Pc + g

Pa =
naRT

V
  Pb =

nbRT
V
  Pc =

ncRT
V

   

 Mole Fraction    (xa)    (5.6) 

    xa =
na

ntotal

 Pa = xa Ptotal   

 Average Kinetic Energy    (KEavg )    (5.8) 

   KEavg =
3
2

 RT    

 Relationship Between Root Mean Square Velocity    (u rms)    and Temperature ( T  ) (5.8) 

   urms = A3RT
M

   

 Relationship of Effusion Rates of Two Different Gases (5.9) 

   
rate A
rate B

= 7 MB

MA

   

 Van der Waals Equation: The Effects of Volume and Intermolecular Forces on Nonideal Gas Behaviour (5.10) 

   [P + a (n>V ) 2] * (V - nb ) = nRT     

  Key Skills 

  Converting Between Pressure Units (5.2) 
   •    Example  5.1         •   For Practice 5.1       •   For More Practice 5.1       •   Exercises 25–30       

  Relating Volume and Pressure: Boyle’s Law (5.3) 
   •    Example  5.2         •   For Practice 5.2       •   Exercises 31, 32       

End-of-Chapter Review Section
The end-of-chapter review section helps 
you study the chapter’s concepts and skills 
in a systematic way that is ideal for test 
preparation. 

▲ Key Terms list all of the chapter’s boldfaced terms, 
organized by section in order of appearance, with page 
references. Definitions are found in the Glossary.

▲ The Key Equations and Relationships section lists 
each of the key equations and important quantitative 
relationships from the chapter.
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    pressure (149)     

  Section 5.2 
    millimetre of mercury 

(mmHg) (151)   
   barometer (151)   
   torr (151)   
   pascal (Pa) (151)   
   atmosphere (atm) (151)   
   standard pressure (152)   
   bar (152)   
   millibar (mbar) (152)   
   manometer (152)     

  Section 5.3 
    Boyle’s law (154)   
   Charles’s law (157)   
   Avogadro’s law (159)     

  Section 5.4 
    ideal gas law (160)   
   ideal gas (160)   
   ideal gas constant (160)     

  Section 5.5 
    molar volume (162)   
   standard temperature and 

 pressure (STP) (162)     

  Section 5.6 
    partial pressure    (Pn)    (166)   
   Dalton’s law of partial 

pressures (166)   
   mole fraction    (xa)    (166)   
   vapour pressure (169)     

  Section 5.8 
    kinetic molecular 

theory (174)     

  Section 5.9 
    mean free path (180)   
   diffusion (180)   

   effusion (180)   
   Graham’s law of 

effusion (181)     

  Section 5.10 
    van der Waals 

equation (184)
real gas (184)      

  Key Concepts 
  Pressure (5.1, 5.2) 
 Gas pressure is the force per unit area that results from gas particles 
colliding with the surfaces around them. Pressure is measured in a 
number of units, including bar, mbar, mmHg, torr, Pa, psi, and atm.  

  The Gas Laws (5.3) 
 The gas laws express relationships between pairs of variables when 
the other variables are held constant. Boyle’s law states that the vol-
ume of a gas is inversely proportional to its pressure. Charles’s law 
states that the volume of a gas is directly proportional to its tem-
perature. Avogadro’s law states that the volume of a gas is directly 
proportional to the amount (in moles).  

  The Ideal Gas Law and Its Applications (5.4, 5.5) 
 The ideal gas law,    PV = nRT    , gives the relationship among all four 
gas variables and contains the gas laws within it. We can use the 
ideal gas law to � nd one of the four variables given the other three. 
We can use it to calculate the molar volume of an ideal gas, which  
is 22.7 L at STP, and to calculate the density and molar mass of 
a gas.  

  Mixtures of Gases and Partial Pressures (5.6) 
 In a mixture of gases, each gas acts independently of the others so 
that any overall property of the mixture is the sum of the properties 
of the individual components. The pressure of any individual com-
ponent is its partial pressure.  

  Gas Stoichiometry (5.7) 
 In reactions involving gaseous reactants and products, quantities are 
often reported in volumes at speci� ed pressures and temperatures. We 
can convert these quantities to amounts (in moles) using the ideal gas 
law. Then we can use the stoichiometric coef� cients from the balanced 
equation to determine the stoichiometric amounts of other reactants or 

products. The general form for these types of calculations is often as 
follows: volume A S amount A (in moles) S amount B (in moles) S
quantity of B (in desired units). In cases where the reaction is carried 
out at STP, the molar volume at    STP (22.7 L = 1 mol)    can be used to 
convert between volume in litres and amount in moles.  

  Kinetic Molecular Theory and Its Applications (5.8, 5.9) 
 Kinetic molecular theory is a quantitative model for gases. The 
theory has three main assumptions: (1) the gas particles are negli-
gibly small, (2) the average kinetic energy of a gas particle is pro-
portional to the temperature in kelvin, and (3) the collision of one 
gas particle with another is completely elastic (the particles do not 
stick together). The gas laws all follow from the kinetic molecular 
theory. 

 We can also use the theory to derive the expression for the root 
mean square velocity of gas particles. This velocity is inversely pro-
portional to the molar mass of the gas, and therefore—at a given 
temperature—smaller gas particles are (on average) moving more 
quickly than larger ones. The kinetic molecular theory also allows us 
to predict the mean free path of a gas particle (the distance it travels 
between collisions) and relative rates of diffusion or effusion.  

  Real Gases (5.10) 
 Real gases differ from ideal gases to the extent that they do not 
 always � t the assumptions of kinetic molecular theory. These as-
sumptions tend to break down at high pressures, where the volume 
is higher than predicted for an ideal gas because the particles are no 
longer negligibly small compared to the space between them. The 
assumptions also break down at low temperatures where the pressure 
is lower than predicted because the attraction between molecules 
combined with low kinetic energies causes partially inelastic col-
lisions. The van der Waals equation predicts gas properties under 
nonideal conditions.   

▲ The Key Concepts section summarizes 
the chapter’s most important ideas.

Chapter in Review      233

 Relationship Between Heat ( q ), Mass ( m ), Temperature ( T  ), and Specifi c Heat Capacity of a Substance ( C s) (6.4) 

   q = m * Cs * ∆T    

 Relationship Between Work ( w  ), Force ( F  ), and Distance ( d  ) (6.4) 

   w = -F * d    

 Relationship Between Work ( w  ), Pressure ( P  ), and Change in Volume    (∆V )    (6.4) 

   w = -P∆V    

 Relationship Between Pressure–Volume Work (w) for a Reaction Involving Gases (6.4)     

   w = - ∆nRT    

 Change in Internal Energy    (∆U )    of System at Constant Volume (6.5) 

   ∆U = qv   

 Heat of a Bomb Calorimeter ( q cal) (6.5) 

   qcal = Ccal * ∆T    

 Heat Exchange Between a Calorimeter and a Reaction (6.5) 

   qcal = -qr   

 Relationship Between Enthalpy    (∆H )   , Internal Energy    (∆U )   , Pressure ( P ), and Volume ( V ) (6.6) 

    ∆H = ∆U + P∆V
 ∆H = qp    

Relationship Between (∆rU ) and (∆rH ) for a Chemical Reaction Involving Gases (6.6)

 ∆rH = ∆rU + ∆nRT

 Relationship Between Enthalpy of a Reaction (   ∆rH °   ) and the Heats of Formation (   ∆f H °   ) (6.9) 

   ∆r H ° = a vp∆f H ° products - a vr ∆f H °reactants    

  Key Skills 

  Calculating Internal Energy from Heat and Work (6.3) 
   •    Example  6.1         •   For Practice 6.1       •   Exercises 41–44, 53–54       

  Finding Heat from Temperature Changes (6.4) 
   •    Example  6.2         •   For Practice 6.2       •   For More Practice 6.2       •   Exercises 47–48       

  Thermal Energy Transfer (6.4) 
   •    Example  6.3         •   For Practice 6.3       •   Exercises 49–50, 65–70       

  Finding Work from Volume Changes (6.4) 
   •    Example  6.4         •   For Practice 6.4           •   Exercises 51–52       

Finding Pressure–Volume Work for Chemical Reactions Involving Gases (6.4)
• Example 6.5 • For Practice 6.5 • Exercises 53–56

  Using Bomb Calorimetry to Calculate    ∆rU    and ∆rH (6.5, 6.6) 
   •    Examples 6.6, 6.7          •   For Practice 6.6, 6.7       •   For More Practice 6.6       •   Exercises 73–74       

  Predicting Endothermic and Exothermic Processes (6.6) 
   •    Example  6.6         •   For Practice 6.6       •   Exercises 59–60       

  Determining Heat from    �H    and Stoichiometry (6.6) 
   •    Examples  6.8, 6.12         •   For Practice 6.8, 6.12       •   For More Practice 6.8       •   Exercises 61–64       

  Finding    ∆rH    Using Calorimetry (6.7) 
   •    Example  6.9         •   For Practice 6.9       •   Exercises 75–76       

  Finding    ∆rH    Using Hess’s Law (6.8) 
   •    Example  6.10         •   For Practice 6.10       •   For More Practice 6.10       •   Exercises 79–82       

  Finding    ∆rH    Using Standard Enthalpies of Formation (6.9) 
   •    Examples  6.11  , 6.12, 6.13       •   For Practice 6.11, 6.12, 6.13       •   Exercises 85–92        

▲ The Key Skills section lists the major types of problems 
that you should be able to solve, with the chapter examples 
that show the techniques needed—along with the “For 
Practice” problems and end-of-chapter exercises that offer 
practice in those skills.
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mathematical form of the orbitals. We differentiate between guesses 
by calculating the energies of guessed orbitals—the best guesses have 
the lowest energy. Molecular orbitals obtained in this way are prop-
erties of the molecule and are often delocalized over the entire mol-
ecule. The simplest guesses that work well are linear combinations of 
atomic orbitals (LCAOs), weighted averages of the atomic orbitals 
of the different atoms in the molecule. When two atomic orbitals are 
combined to form molecular orbitals, they will form one molecular 
orbital of lower energy (the bonding orbital) and one of higher energy 
(the antibonding orbital). A set of molecular orbitals are � lled in 
much the same way as atomic orbitals. The stability of the molecule 
and the strength of the bond depend on the number of electrons in 
bonding orbitals compared to the number in antibonding orbitals. 

 It is useful to describe the bonding in conjugated systems (or-
ganic compounds with alternating single and double bonds) using a 
simpli� ed MO theory in which the σ framework is approximated by 
valence bond theory (hybridization) and the p framework is com-
posed of molecular orbitals that are delocalized over the molecule. 
For solids, like a metal, the molecular orbitals can be thought of as 
bands. The lower energy valence band is � lled with electrons while 
the higher energy conduction band is at least partially vacant. For 
metallic solids, the energy difference between the valence and con-
duction band is very small so that electrons are easily promoted to 
the conduction band, therefore conducting electricity. For noncon-
ducting solids there is a large energy difference between the valence 
and conduction so that electrons cannot easily be conducted.

 Key Equations and Relationships 

 Bond Order of a Diatomic Molecule (10.8) 

   Bond order =
(number of electrons in bonding MOs) - (number of electrons in antibonding MOs)

2
   

 Key Skills 
  Using VSEPR Theory to Predict the Basic Shapes of Molecules (10.2) 
   •    Example   10.1          •   For Practice 10.1       •   Exercises 35, 36       

  Predicting Molecular Geometries Using VSEPR Theory and the Effects of Lone Pairs (10.4) 
   •   Examples 10.2, 10.3       •   For Practice 10.2, 10.3       •   Exercises 39, 40       

  Predicting the Shapes of Larger Molecules (10.4) 
   •    Example   10.4          •   For Practice 10.4       •   Exercises 45, 46, 49, 50       

  Using Molecular Shape to Determine Polarity of a Molecule (10.5) 
   •    Example   10.5          •   For Practice 10.5       •   Exercises 53–56       

  Writing Hybridization and Bonding Schemes Using Valence Bond Theory (10.7) 
   •   Examples 10.6, 10.7, 10.8       •   For Practice 10.6, 10.7, 10.8       •   For More Practice 10.8       •   Exercises 65–70       

  Drawing Molecular Orbital Diagrams to Predict Bond Order and Magnetism of a Diatomic Molecule (10.8) 
   •   Examples 10.9, 10.10, 10.11       •   For Practice 10.9, 10.10, 10.11       •   For More Practice 10.10       •   Exercises 75, 76, 79–82, 85, 86       

 EXERCISES 

 Review Questions 
    1.   Why is molecular geometry important? Give some examples.   

    2.   According to VSEPR theory, what determines the geometry of a 
molecule?   

    3.   Name and sketch the five basic electron geometries, and state 
the number of electron groups corresponding to each. What 
constitutes an  electron group ?   

    4.   Explain the difference between electron geometry and molecu-
lar geometry. Under what circumstances are they not the same?   

    5.   Give the correct electron and molecular geometries that correspond 
to each set of electron groups around the central atom of a molecule: 

    a.   four electron groups overall; three bonding groups and one 
lone pair  

   b.   four electron groups overall; two bonding groups and two 
lone pairs  

   c.   � ve electron groups overall; four bonding groups and one 
lone pair  

   d.   � ve electron groups overall; three bonding groups and two 
lone pairs  

   e.   � ve electron groups overall; two bonding groups and three 
lone pairs  

   f.   six electron groups overall; � ve bonding groups and one 
lone pair  

   g.   six electron groups overall; four bonding groups and two 
lone pairs     

    6.   How do you apply VSEPR theory to predict the shape of a mol-
ecule with more than one interior atom?   

    7.   How do you determine whether a molecule is polar? Why is 
polarity important?   
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  Problems by Topic 

  Valence Electrons and Dot Structures 
     .33.    Write an electron configuration for N. Then write a Lewis struc-

ture for N and show which electrons from the electron configu-
ration are included in the Lewis structure.   

    34.   Write an electron configuration for Ne. Then write a Lewis 
structure for Ne and show which electrons from the electron 
configuration are included in the Lewis structure.   

    .35.    Write a Lewis structure for each atom or ion: 
    a.   Al     b.      Na+        c.   Cl     d.      Cl-        

    36.   Write a Lewis structure for each atom or ion: 
    a.      S2 -         b.   Mg     c.      Mg2 +         d.   P       

  Ionic Lewis Structures and Lattice Energy 
     .37.    Write a Lewis structure for each ionic compound: 
    a.   NaF     b.   CaO     c.      SrBr2        d.      K2O        

    38.   Write a Lewis structure for each ionic compound: 
    a.   SrO     b.      Li2S        c.      CaI2        d.   RbF     

    .39.    Use Lewis structures to determine the formula for the com-
pound that forms between each pair of elements: 

    a.   Sr and Se     b.   Ba and Cl     c.   Na and S     d.   Al and O     

    40.   Use Lewis structures to determine the formula for the com-
pound that forms between each pair of elements: 

    a.   Ca and N     b.   Mg and I     c.   Ca and S     d.   Cs and F     

    .41.    Explain the trend in the lattice energies of the alkaline earth 
metal oxides: 

 Metal Oxide  Lattice Energy (kJ mol�1) 

 MgO  –3795 

 CaO  –3414 

 SrO  –3217 

 BaO  –3029 

    42.   Rubidium iodide has a lattice energy of    -617 kJ mol- 1,    while 
potassium bromide has a lattice energy of    -671 kJ mol- 1.    Why 
is the lattice energy of potassium bromide more exothermic than 
the lattice energy of rubidium iodide?   

    .43.    The lattice energy of CsF is    -744 kJ mol- 1,    whereas that of 
BaO is    -3029 kJ mol- 1.    Explain this large difference in lattice 
energy.   

    44.   Arrange these compounds in order of increasing magnitude of 
lattice energy: KCl, SrO, RbBr, CaO.   

    .45.    Use the Born–Haber cycle,  data from  Appendix   IIB,    and  
Chapters   8    and    9        to calculate the lattice energy of KCl. (∆sub H  
for potassium is 89.0 kJ mol-1.)   

    5.   Describe the octet rule in Lewis theory.   

    6.   According to Lewis theory, what is a chemical bond?   

    7.   How do you draw an ionic Lewis structure?   

    8.   How can Lewis structures be used to determine the formula of 
ionic compounds? Give an example.   

    9.   What is lattice energy?   

    10.   Why is the formation of solid sodium chloride from solid 
 sodium and gaseous chlorine exothermic, even though it takes 
more energy to form the    Na+    ion than the amount of energy 
released upon formation of    Cl-

 ?      

    11.   What is the Born–Haber cycle? List each of the steps in the cy-
cle and show how the cycle is used to calculate lattice energy.   

    12.   How does lattice energy relate to ionic radii? To ion charge?   

    13.   How does the ionic bonding model explain the relatively high 
melting points of ionic compounds?   

    14.   How does the ionic bonding model explain the nonconductivity 
of ionic solids and, at the same time, the conductivity of ionic 
solutions?   

    15.   Within a covalent Lewis structure, what is the difference 
 between lone-pair and bonding-pair electrons?   

    16.   In what ways are double and triple covalent bonds different 
from single covalent bonds?   

    17.   How does the Lewis model for covalent bonding account for 
why certain combinations of atoms are stable, while others 
are not?   

    18.   How does the Lewis model for covalent bonding account for 
the relatively low melting and boiling points of molecular com-
pounds (compared to ionic compounds)?   

    19.   What is electronegativity? What are the periodic trends in 
electronegativity?   

    20.   Explain the difference between a pure covalent bond, a polar 
covalent bond, and an ionic bond.   

    21.   Explain what is meant by the percent ionic character of a bond. 
Do any bonds have 100% ionic character?   

    22.   What is a dipole moment?   

    23.   What is the magnitude of the dipole moment formed by separat-
ing a proton and an electron by 100 pm? 200 pm?   

    24.   What is the basic procedure for writing a covalent Lewis 
structure?   

    25.   How do you determine the number of electrons that go into the 
Lewis structure of a molecule? A polyatomic ion?   

    26.   What are resonance structures? What is a resonance hybrid?   

    27.   Do resonance structures always contribute equally to the overall 
structure of a molecule? Explain.   

    28.   What is formal charge? How is formal charge calculated? How 
is it helpful?   

    29.   Why does the octet rule have exceptions? Give the two major 
categories of exceptions and an example of each.   

    30.   What elements can appear to have expanded octets? What ele-
ments should never have expanded octets?   

    31.   What is bond energy? How can average bond energies be used 
to calculate enthalpies of reaction?   

    32.   Explain the difference between endothermic reactions and exo-
thermic reactions with respect to the bond energies of the bonds 
broken and formed.   

             

  Ionic Radii 

     .51.    Which is the larger species in each pair? 
    a.   Li or    Li+         b.      I-    or    Cs+         c.   Cr or    Cr3 +          d.   O or    O2 -         

    52.   Which is the larger species in each pair? 
    a.   Sr or    Sr2 +           b.  N or    N3 -     
   c.  Ni or    Ni2 +          d.      S2 -     or    Ca2 +         

    .53.    Arrange this isoelectronic series in order of decreasing radius: 
   F-,    Ne,    O2 - ,       Mg2 + ,       Na+.      

    54.   Arrange this isoelectronic series in order of increasing atomic 
radius:    Se2 - ,    Kr,    Sr2 + ,       Rb+,       Br-.           

     .55.    The atomic radius of an oxygen atom is 73 pm, and the ionic 
radius of the ion    O2-    is 140 pm. Explain the relative radii by 
estimating  Z  eff  for each of these species.   

    56.   The atomic radius of a bromine atom is 114 pm, and the ionic 
radius of the ion    Br-    is 195 pm. Explain the relative radii by 
estimating  Z  eff  for each of these species.   

    .57.    The atomic radius of a gallium atom is 135 pm, and the ionic 
radius of the ion    Ga3 +     is 62 pm. Explain the relative radii by 
estimating  Z  eff  for each of these species.   

    58.   The atomic radius of a potassium atom is 227 pm, and the ionic 
radius of the ion    K+     is 133 pm. Explain the relative radii by 
estimating  Z  eff  for each of these species.     

  Ionization Energy 
     .59.    Choose the element with the higher first ionization energy from 

each pair: 
    a.   Br or Bi      b.   Na or Rb      c.   As or At      d.   P or Sn     

    60.   Choose the element with the higher first ionization energy from 
each pair: 

    a.   P or I      b.   Si or Cl      c.   P or Sb      d.   Ga or Ge     

    .61.    Arrange these elements in order of increasing first ionization 
energy: Si, F, In, N.   

    62.   Arrange these elements in order of decreasing first ionization 
energy: Cl, S, Sn, Pb.   

    .63.    For each element, predict where the “jump” occurs for succes-
sive ionization energies. (For example, does the jump occur 
 between the first and second ionization energies, the second and 
third, or the third and fourth?) 

    a.   Be      b.   N      c.   O      d.   Li     

    64.   Consider this set of successive ionization energies: 

    IE1 = 578 kJ mol- 1

 IE2 = 1820 kJ mol- 1

 IE3 = 2750 kJ mol- 1

 IE4 = 11 600 kJ mol- 1   

  To which third-period element do these ionization values 
belong?    

     .65.    Use estimated values of  Z  eff  to explain the variation of first, sec-
ond, and third ionization energies of magnesium.   

    66.   The ions    Mg2 +     and    Al3 +     are isoelectronic. The ionization ener-
gies for these two ions are 7730 kJ mol-1 and 11 600 kJ mol-1, 
respectively. Use estimated values of  Z  eff  to explain the difference.     

  Electron Affinities and Metallic Character 
     .67.    Choose the element with the more positive (more exothermic) 

electron affinity from each pair. 
    a.   Na or Rb      b.   B or S      c.   C or N      d.   Li or F     

    68.   Choose the element with the more positive (more exothermic) 
electron affinity from each pair. 

    a.   Mg or S      b.   K or Cs      c.   Si or P      d.   Ga or Br     

    .69.    Choose the more metallic element from each pair. 
    a.   Sr or Sb      b.   As or Bi      c.   Cl or O      d.   S or As     

    70.   Choose the more metallic element from each pair. 
    a.   Sb or Pb      b.   K or Ge      c.   Ge or Sb      d.   As or Sn     

    .71.    Arrange these elements in order of increasing metallic  character: 
Fr, Sb, In, S, Ba, Se.   

    72.   Arrange these elements in order of decreasing metallic 
 character: Sr, N, Si, P, Ga, Al.     

  Periodic Chemical Behaviour 
     .73.    Write a balanced chemical equation for the reaction of solid 

strontium with iodine gas.   

    74.   Based on the ionization energies of the alkali metals, which 
  alkali metal would you expect to undergo the most exothermic 
reaction with chlorine gas? Write a balanced chemical equation 
for the reaction.   

    .75.    Write a balanced chemical equation for the reaction of solid 
lithium with liquid water.   

    76.   Write a balanced chemical equation for the reaction of solid 
 potassium with liquid water.   

    .77.    Write a balanced equation for the reaction of hydrogen gas with 
bromine gas.   

    78.   Write a balanced equation for the reaction of chlorine gas with 
fluorine gas.      

  Cumulative Problems 
    .79.    Bromine is a highly reactive liquid, while krypton is an inert gas. 

Explain the difference based on their electron configurations.   

    80.   Potassium is a highly reactive metal, while argon is an inert gas. 
Explain the difference based on their electron configurations.   

    .81.    Suppose you were trying to find a substitute for    K+    in nerve 
signal transmission. Where would you begin your search? What 
ions would be most like    K+?    For each ion you propose, explain 
the ways in which it would be similar to    K+    and the ways it 
would be different. Refer to periodic trends in your discussion.   

    82.   Suppose you were trying to find a substitute for    Na+    in nerve 
signal transmission. Where would you begin your search? What 
ions would be most like    Na+?    For each ion you propose, explain 
the ways in which it would be similar to    Na+    and the ways it 
would be different. Use periodic trends in your discussion.   

    .83.    Life on Earth evolved around the element carbon. Based on pe-
riodic properties, what two or three elements would you expect 
to be most like carbon?   
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    84.   Which pair of elements would you expect to have the most simi-
lar atomic radii, and why? 

    a.   Si and Ga         b. Si and Ge
   c. Si and As        

    .85.    Consider these elements: N, Mg, O, F, Al. 
    a.   Write the ground-state electron con� guration for each element.  
   b.   Arrange the elements in order of decreasing atomic radius.  
   c.   Arrange the elements in order of increasing ionization 

energy.  
   d.   Use the electron con� gurations in part (a) to explain the dif-

ferences between your answers to parts (b) and (c).     

    86.   Consider these elements: P, Ca, Si, S, Ga. 
    a.   Write the ground-state electron con� guration for each element.  
   b.   Arrange the elements in order of decreasing atomic radius.  
   c.   Arrange the elements in order of increasing ionization 

energy.  
   d.   Use the electron con� gurations in part (a) to explain the dif-

ferences between your answers to parts (b) and (c).     

    .87.    Explain why atomic radius decreases as we move to the right 
across a period for main-group elements but not for transition 
elements.   

    88.   Explain why vanadium    (radius = 134 pm)    and copper (radius 
   =  128 pm)    have nearly identical atomic radii, even though the 
atomic number of copper is about 25% higher than that of va-
nadium. What would you predict about the relative densities of 
these two metals? Look up the densities in a reference book, 
periodic table, or on the Internet. Are your predictions correct?   

    .89.    The lightest noble gases, such as helium and neon, are com-
pletely inert—they do not form any chemical compounds what-
soever. The heavier noble gases, in contrast, do form a limited 
number of compounds. Explain this difference in terms of 
trends in fundamental periodic properties.   

    90.   The lightest halogen is also the most chemically reactive, and 
reactivity generally decreases as we move down the column of 

halogens in the periodic table. Explain this trend in terms of 
periodic properties.   

    .91.    Write general outer-electron configurations    (nsxnpy)    for groups 
16 and 17 in the periodic table. The electron affinity of each 
group 17 element is greater than that of each corresponding 
group 16 element. Use the electron configurations to explain 
why this is so.   

    92.   The electron affinity of each group 15 element is less than that 
of each corresponding group 14 element. Use the outer-electron 
configurations for these columns to suggest a reason for this 
behaviour.   

    .93.    The elements with atomic numbers 35 and 53 have similar 
chemical properties. Based on their electronic configurations, 
predict the atomic number of a heavier element that also should 
have these chemical properties.

 94. Using the appropriate electron affinities and ionization energies, 
estimate the enthalpy of reaction for the following reactions and 
state which one is most exothermic.

  a. Na( g) + O( g) ¡ Na+( g) + O-( g)

  b. Li( g) + Cl( g) ¡ Li+( g) + Cl-( g)   

    .95.    You believe you have cracked a secret code that uses elemental 
symbols to spell words. The code uses numbers to designate 
the elemental symbols. Each number is the sum of the atomic 
number and the highest principal quantum number of the high-
est occupied orbital of the element whose symbol is to be used. 
The message may be written forward or backward. Decode the 
following messages: 

    a.   10, 12, 58, 11, 7, 44, 63, 66  
   b.   9, 99, 30, 95, 19, 47, 79     

    96.   The electron affinity of sodium is lower than that of lithium, 
while the electron affinity of chlorine is higher than that of fluo-
rine. Suggest an explanation for this observation.    

  Challenge Problems 
    .97.    Consider the densities and atomic radii of the noble gases at 1 bar 

and    25 °C:      

 Element  Atomic Radius (pm)  Density (g L−1) 

 He   32  0.16 

 Ne   70  0.81 

 Ar   98  — 

 Kr  112  3.38 

 Xe  130  — 

 Rn  —  8.96 

    a.   Estimate the densities of argon and xenon by interpolation 
from the data.  

   b.   Provide an estimate of the density of the yet undiscovered ele-
ment with atomic number 118 by extrapolation from the data.  

   c.   Use the molar mass of neon to estimate the mass of a neon 
atom. Then use the atomic radius of neon to calculate the 
average density of a neon atom. How does this density com-
pare to the density of neon gas? What does this comparison 
suggest about the nature of neon gas?  

   d.   Use the densities and molar masses of krypton and neon to 
calculate the number of atoms of each found in a volume of 
1.0 L. Use these values to estimate the number of atoms that 
occur in 1.0 L of Ar. Now use the molar mass of argon to 
estimate the density of Ar. How does this estimate compare 
to that in part (a)?     

       98.   As we have seen, the periodic table is a result of empirical 
 observation (i.e., the periodic law), but quantum theory explains 
 why  the table is so arranged. Suppose that, in another universe, 
quantum theory was such that there were one  s  orbital but 
only two  p  orbitals (instead of three) and only three  d  orbitals 
 (instead of five). Draw out the first four periods of the periodic 
table in this alternative universe. Which elements would be the 
equivalent of the noble gases? Halogens? Alkali metals?   

    .99.    Consider the metals in the first transition series. Use periodic 
trends to predict a trend in density as you move to the right 
across the series.   

    100.   Only trace amounts of the synthetic element darmstadtium, 
atomic number 110, have been obtained. The element is so highly 
unstable that no observations of its properties have been possible. 
Based on its position in the periodic table, propose three different 
plausible valence electron configurations for this element.   

       What is the atomic number of the as yet undiscovered element 
in which the 8 s  and 8 p  electron energy levels fill? Predict the 
chemical behaviour of this element.   

     102.   Consider the following isoelectronic series of ions and the ionic 
radii: 

   S2-1184 pm2 Cl-1181pm2 K+1133pm2 Ca2 +199pm2   

  For each ion, estimate  Z  eff  using Slater’s rules. Does  Z  eff  
 explain the variation in ionic radius? Explain why the ionic 
radii of the two cations are much smaller than the ionic radii 
of the anions.   

       Unlike the elements in groups 1 and 2, those in group 13 do not 
show a regular decrease in first ionization energy in going down 
the column. Explain the irregularities.   

    104.   Using the data in  Figures   8.12    and    8.13   , calculate    ∆E    for the 
reaction: 

   Na(g) + Cl(g) ¡ Na+(g) + Cl-(g)     

       Despite the fact that adding two electrons to O or S forms an 
ion with a noble gas electron configuration, the second electron 
affinity of both of these elements is negative. Explain.   

    106.   In  Section   2.7   , we discussed the  metalloids, which form a di-
agonal band separating the metals from the nonmetals. There 

are other instances in which elements such as lithium and mag-
nesium that are diagonal to each other have comparable metallic 
character. Suggest an explanation for this observation.   

       The heaviest known alkaline earth metal is radium, atomic num-
ber 88. Find the atomic numbers of the as yet undiscovered next 
two members of the series.   

    108.   Predict the electronic configurations of the first two excited 
states (next higher energy states above the ground state) of Pd.   

        Table   8.2    does not include francium because none of its isotopes 
are stable. Predict the values of the entries for Fr in  Table   8.2   . 
Predict the nature of the products of the reaction of Fr with 
(a) water, (b) oxygen, and (c) chlorine.   

    110.   From its electronic configuration, predict which of the first 10 
elements would be most similar in chemical behaviour to the as 
yet undiscovered element 165.   

       Using Slater’s rules, estimate  Z  eff  for the group 1 metals (lithium 
through to rubidium). Compare these values with the atomic 
radii of group 1 metals shown in  Figure   8.10   . What consider-
ation, besides  Z  eff , is required to explain periodic trends down a 
group?

112. The trend in second ionization energy for the elements from 
lithium to fluorine is not a regular one. Of the elements N, O, 
and F, O has the highest and N the lowest second ionization 
energy. Explain.     

.101.

.103.

.105.

.107.

.109.

.111.

  Conceptual Problems 
       Imagine that in another universe, atoms and elements are identi-

cal to ours, except that atoms with six valence electrons have 
particular stability (in contrast to our universe, where atoms 
with eight valence electrons have particular stability). Give an 
example of an element in the alternative universe that corre-
sponds to: 

    a.   a noble gas.  
   b.   a reactive nonmetal.  
   c.   a reactive metal.     

    114.   According to Coulomb’s law, rank the interactions between 
the charged particles from lowest potential energy to highest 
 potential energy: 

    a.   A    1+     charge and a    1-     charge separated by 100 pm.  
   b.   A    2+     charge and a    1-     charge separated by 100 pm.  
   c.   A    1+     charge and a    1+     charge separated by 100 pm.  
   d.   A    1+     charge and a    1-     charge separated by 200 pm.     

       Use the trends in ionization energy and electron affinity to explain 
why calcium fluoride has the formula    CaF2    and not    Ca2F    or CaF.            

.113.

.115.

Exercises      329

End-of-Chapter Review Exercises
Answers to odd-numbered questions are in 
Appendix III.

▲ Review Questions can be used to review chapter content.

▲ Cumulative Problems combine material from different parts 
of the chapter, and often from previous chapters as well, allowing 
you to see how well you can integrate the course material.

▲ Conceptual Problems let you test your grasp of key chapter 
concepts, often through reasoning that involves little or no math.

▲ Problems by Topic are paired, with answers to the  
odd-numbered questions appearing in Appendix III.

▲ Challenge Problems are designed to challenge  
stronger students.
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xxx      

 MasteringChemistry® tutorials guide students through the most challenging topics while helping them make 
connections between related chemical concepts. Immediate feedback and tutorial assistance help students 
understand and master concepts and skills in chemistry—allowing them to retain more knowledge and perform 
better in this course and beyond.

Math Remediation links found in selected tutorials launch algorithmically generated math exercises that give 
students unlimited opportunity for practice and mastery of math skills. Math Remediation exercises provide 
additional practice and free up class and office-hour time to focus on the chemistry. Exercises include guided 
solutions, sample problems, and learning aids for extra help, and offer helpful feedback when students enter 
incorrect answers.

MasteringChemistry® is the only system to provide 
instantaneous feedback specific to the most common 
wrong answers. Students can submit an answer and receive 
immediate, error-specific feedback. Simpler sub-problems 
and hints are provided upon request.
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15 Pause and Predict Video Quizzes ask 
students to predict the outcome of experiments 
and demonstrations as they watch the videos; 
a set of multiple-choice questions challenges 
students to apply the concepts from the video 
to related scenarios. These videos are also 
available in web and mobile-friendly formats 
through the Study Area of MasteringChemistry 
and in the Pearson eText.

15 Simulations, assignable in MasteringChemistry®, 
include those developed by the PhET Chemistry Group, 
and the leading authors in the simulation development 
covering some of the most difficult chemistry concepts.

 Pearson eText gives students access to the text whenever and wherever 
they can access the Internet. The eText includes powerful interactive and 
customization functions.

• You can create notes, highlight text, and create bookmarks.

• You can perform a full-text search and share comments. 

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

A01_TRO6563_02_SE_FM.indd   31 12/01/16   6:19 PM



xxxii      

Gradebook

Every assignment is automatically graded. 
Shades of red highlight struggling students 
and challenging assignments.

Gradebook Diagnostics

This screen provides you with 
your favourite diagnostics. With a 
single click, charts summarize the 
most difficult problems, vulnerable 
students, grade distribution, and even 
score improvement over the course.

Learning Outcomes 

Let Mastering do the work in tracking student 
performance against your learning outcomes:

• Add your own or use the publisher-provided 
learning outcomes.

• View class performance against the specified 
learning outcomes.

• Export results to a spreadsheet that you can 
further customize and share with your chair, dean, 
administrator, or accreditation board.

The Mastering platform was developed by scientists for science students and instructors. Mastering has been 
refined from data-driven insights derived from over a decade of real-world use by faculty and students. 
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NEW! Dynamic Study Modules

Personalize each student’s learning experience and help them study effectively on their own by continuously 
assessing their activity and performance in real time. Here’s how it works: students complete a set of questions 
with a unique answer format that also asks them to indicate their confidence level. Questions repeat until the 
student can answer them all correctly and confidently. Once completed, Dynamic Study Modules explain the 
concept using materials from the text. These are available as graded assignments prior to class, and accessible 
on smartphones, tablets, and computers.

NEW! Learning Catalytics™

Promote student engagement, generate class discussion, guide your lecture, and promote peer-to-peer learning 
with real-time analytics. Mastering with eText now provides Learning Catalytics—an interactive student response 
tool that uses students’ smartphones, tablets, or laptops to engage them in more sophisticated tasks and 
thinking.

Instructors, you can:

• Pose a variety of open-ended questions that help your students develop critical-thinking skills.

• Monitor responses to find out where students are struggling.

• Use real-time data to adjust your instructional strategy and try other ways of engaging your students during 
class.

• Manage student interactions by automatically grouping students for discussion, teamwork, and peer-to-peer 
learning.

NEW! Adaptive Follow-Ups

Adaptive Follow-Up Assignments are based on each student’s past performance on their course work to date, 
including homework, tests, and quizzes. These provide additional coaching and targeted practice as needed, so 
students can master the material.

      xxxiii
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