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— PREFACE

Goals of This Text

This text is designed for an introductory course in organic
chemistry and assumes, as background, a prior course of general
chemistry. Both its form and content have been shaped by our
experiences in the classroom and by our assessment of the pre-
sent and future direction of the brief organic course.

A brief course in organic chemistry must achieve several
goals. First, most students who elect this course are oriented
toward careers in science, but few if any intend to become pro-
fessional chemists; rather, they are preparing for careers in areas
that require a grounding in the essentials of organic chemistry.
Here is the place to examine the structure, properties, and reac-
tions of rather simple molecules. Students can then build on this
knowledge in later course work and professional life.

Second, an introductory course must portray something of
the scope and content of organic chemistry as well as its tremen-
dous impact on the ways we live and work. To do this, we have
included specific examples of pharmaceuticals, plastics, soaps
and detergents, natural and synthetic textile fibers, petroleum
refining, petrochemicals, pesticides, artificial flavoring agents,
chemical ecology, and so on at appropriate points in the text.

Third, a brief course must convince students that organic
chemistry is more than just a catalog of names and reactions.
There are certain organizing themes or principles, which not only
make the discipline easier to understand, but also provide a way to
analyze new chemistry. The relationship between molecular struc-
ture and chemical reactivity is one such theme. Electronic theory
of organic chemistry, including Lewis structures, atomic orbitals,
the hybridization of atomic orbitals, and the theory of resonance
are presented in Chapter 1. Chapter 2 explores the relationship
between molecular structure and one chemical property, namely,
acidity and basicity. Variations in acidity and basicity among
organic compounds are correlated using the concepts of electron-
egativity, the inductive effect, and resonance. These same con-
cepts are used throughout the text in discussions of molecular
structure and chemical reactivity. Stereochemistry is a second
theme that recurs throughout the text. The concept and impor-
tance of the spatial arrangement of atoms is introduced in
Chapter 3 with the concept of conformations in alkanes and
cycloalkane, followed by cis/trans isomerism in Chapters 3
(in cycloalkanes) and 4 (in alkenes). Molecular symmetry and
asymmetry, enantiomers and absolute configuration, and the sig-
nificance of asymmetry in the biological world are discussed in
Chapter 6. The concept of a mechanistic understanding of the
reactions of organic substances is a third major theme. Reaction
mechanisms are first presented in Chapter 5; they not only help to
minimize memory work but also provide a satisfaction that comes
from an understanding of the molecular logic that governs how
and why organic reactions occur as they do. In this chapter we
present a set of five fundamental patterns that are foundational to
the molecular logic of organic reactions. An understanding and
application of these patterns will not only help to minimize mem-
ory work but also provide a satisfaction that comes from an
understanding of how and why organic reactions occur as they do.

The Audience

This book provides an introduction to organic chemistry for
students who intend to pursue careers in the sciences and who
require a grounding in organic chemistry. For this reason, we
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make a special effort throughout to show the interrelation
between organic chemistry and other areas of science, particu-
larly the biological and health sciences. While studying with
this book, we hope that students will see that organic chemis-
try is a tool for these many disciplines, and that organic com-
pounds, both natural and synthetic, are all around them—in
pharmaceuticals, plastics, fibers, agrochemicals, surface coat-
ings, toiletry preparations and cosmetics, food additives, adhe-
sives, and elastomers. Furthermore, we hope that students will
recognize that organic chemistry is a dynamic and ever-
expanding area of science waiting openly for those who are
prepared, both by training and an inquisitive nature, to ask
questions and explore.

New Features

* Modified Chapter Openers that employ a Guided Inquiry
approach to capture students’ attention, getting them excited
about the material they are about to read.

e Key Concept Videos: Created by co-author Tom Poon, these
videos are centered on key topics in the text, helping stu-
dents better understand important concepts.

Video lectures are denoted by the following icon which can
be found throughout the text. \\w

® More Practice Problems: We have added over 130 addi-
tional practice problems, while keeping in mind the care
and attention instructors put into their courses by no#
changing the basic numbering of problems from the previ-
ous addition.

¢ More Real World Connections: In order to show the con-
nections between organic chemistry and other disciplines,
we have added over 40 references, either in-text or via col-
umn elements, to real world products or applications.

®  We have reduced the length of the text. Chapter 19, Lipids,
along with Chapter 20 Nucleic Acids, and Chapter 21,
The Organic Chemistry of Metabolism, will be available
in WileyPLUS and on the text website: www.wiley.com/
college/brown.

Hallmark Features

o “Mechanism” boxes for each mechanism in the book. These
Mechanism boxes serve as road maps and present mecha-
nisms using basic steps and recurring themes that are
common to most organic reaction mechanisms. This
approach allows students to see that reactions have many
steps in common, making the reaction easier to understand
and remember.

* “Group Learning Activities” appear with the end-of-
chapter problems and provide students with the opportunity
to learn organic chemistry collaboratively, fostering more
active learning.

e “Key Terms and Concepts” appear within the “Summary of
Key Questions.”

“How To Boxes”: Step-by-step How To guides for approach-
ing problems and concepts that students often find difficult.


http://www.wiley.com/college/brown

Chemical Connection Boxes include applications of
organic chemistry to the world around us, particularly to the
biochemical, health, and biological sciences. The topics
covered in these boxes represent real-world applications of
organic chemistry and highlight the relevance between
organic chemistry and the students’ future careers.

“Putting It Together” Cumulative Review Questions: In
this text, end-of-chapter problems are organized by section,
allowing students to easily refer back to the appropriate sec-
tion if difficulties arise. We offer a section called Putting It
Together (PIT) at the end of Chapters 3, 6, 10, 14, and 17.
Each PIT section is structured like an exam would be organ-
ized, with questions of varying types (multiple choice, s%ort
answer, naming, mechanism problems, predict the products,
synthesis problems, etc.) and difficulty.

Problem-Solving Strategies: To help students overcome the
challenge of knowing where to begin, we include a strategy
step for every worked example in the text. The strategy step
will help students to determine the starting point for each of
the example problems.

Quick Quizzes: A set of true or false questions, provided at
the end of every chapter, is designed to test students’ under-
standing of the basic concepts presented in the chapter. The
answers to the quizzes are provided at the bottom of the page
so that students can quickly check their progress, and if nec-
essary, return to the appropriate section in the chapter to
review the material.

Greater Attention to Visual Learning: Research in knowl-
edge and cognition has shown that visualization and organi-
zation can greatly enhance learning. We added over 100
callouts (short dialog bubbles) to highlight important fea-
tures of many of the illustrations througl%out the text. This
places most of the important information in one location.
When students try to recall a concept or attempt to solve a
problem, we hope that they will try to visualize the relevant

WileyPLUS for Organic Chemistry
What do students receive with WileyPLUS?

e The complete digital textbook, saving students up to 60%

off the cost of the printed text.

Question assistance, including links to relevant sections in
the online digital textbook.

Immediate feedback and proof of progress, 24/7.
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illustration from the text. They may be pleasantly surprised
to find that the visual cues provided by the callouts help
them to remember the content as well as the context of the
illustration.

Organization: An Overview

Chapters 1-10 begin a study of organic compounds by first
reviewing the fundamentals of covalent bonding, the shapes
of molecules, and acid-base chemistry. The structures and
typical reactions of several important classes of organic com-
pounds are then discussed: alkanes; alkenes and alkynes;
haloalkanes; alcohols and ethers; benzene and its derivatives;
amines, aldehydes, and ketones; and finally carboxylic acids
and their derivatives.

Chapter 11 introduces IR spectroscopy, and 1H-NMR and
13C-NMR spectroscopy. Discussion of spectroscopy requires no
more background than what students receive in general chemis-
try. The chapter is freestanding and can be taken up in any order
appropriate to a particular course.

Chapters 12-16 continue the study of organic com-
pounds, including aldehydes and ketones, carboxylic acids, and
finally carboxylic acids and their derivatives. Chapter 15 con-
cludes with an introduction to the aldol, Claisen, and Michael
reactions, all three of which are important means for the forma-
tion of new carbon—carbon bonds. Chapter 16 provides a brief
introduction to organic polymer chemistry.

Chapters 17-20 present an introduction to the organic
chemistry of carbohydrates; amino acids and proteins; nucleic
acids; and lipids. Chapter 21, The Organic Chemistry of
Metabolism, demonstrates how the chemistry developed to this
point can be applied to an understanding of three major meta-
bolic pathways—glycolysis, the p-oxidation of fatty acids, and
the citric acid cycle.

Integrated, multi-media resources that address your students’
unique learning styles, levels of proficiency, and levels of
preparation by providing multiple study paths and encour-
age more active learning.

Four unique silos of assessment are available to instructors for
creating online homework and quizzes and are designed to ena-
ble and support problem-solving skill development and concep-
tual understanding:

| FOR ORGANIC CHEMISTRY

MEANINGFUL PRACTICE OF MECHANISM AND SYNTHESIS
PROBLEMS (A DATABASE OF OVER 100,000 QUESTIONS)

90-100% OF REVIEW PROBLEMS AND END-OF-CHAPTER
QUESTIONS ARE CODED FOR ON LINE ASSESSMENT

PREBUILT CONCEPT MASTERY ASSIGNMENTS
(FROM DATABASE OF OVER 25,000 QUESTIONS)

I RICHTESTBANK CONSISTING OF OVER 3,000 QUESTIONS
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Reaction Explorer—Students’ ability to understand mecha-

nisms and predict synthesis reactions greatly impacts their level
of success in the course. Reaction Explorer is an interactive

the automatic generation of random problems and curved arrow
mechanism diagrams.

Mechanism Explorer provides valuable practice of reactions
and mechanisms.

system for learning and practicing reactions, syntheses, and

mechanisms in organic chemistry with advanced support for
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Synthesis Explorer provides meaningful practice of single and
multistep synthesis.

End-of-Chapter Problems—A subset of the end-of-chapter prob-
lems is included for use in WileyPLUS. Many of the problems are
algorithmic and feature structure drawing/assessment functionality
using MarvinSketch, with immediate answer feedback.

PREFACE : xv

Prebuilt Concept Mastery Assignments—Students must con-
tinuously practice and work organic chemistry problems in
order to master the concepts and skills presented in the course.
Prebuilt concept mastery assignments offer students ample
opportunities for practice in each chapter. Each assignment is
organized by topic and features feedback for incorrect answers.
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Click on the drawing box above to activate the Marvinsketch drawling toof and then draw your answer to this question. If there is no reaction, then check the "no reaction” box below.

These assignments pull from a unique database of over 25,000
questions, over half of which require students to draw a struc-
ture using MarvinSketch.

Test Bank—A robust Test Bank, containing over 2,000 questions,
is also available within WileyPLUS as an additional resource for
creating assignments or tests.

With WileyPLUS, students receive:

¢ Key Concept Videos
* Chapter Zero: General Chemistry Refresher: To ensure that

students have mastered the necessary prerequisite content
from General Chemistry, WileyPLUS includes a complete
chapter of core General Chemistry topics with corresponding
assignments.

e Office Hour Videos, Solved Problem Videos, and Video
Mini-Lectures: In each chapter, several types of video assistance
are included to help students with conceptual understanding
and problem-solving strategies. The video mini-lectures focus
on challenging concepts; the Office Hours videos take these
concepts and apply them to example problems, emulating

the experience that a student would get if she or he were to
attend office hours and ask for assistance in working a prob-
lem. The Solved Problem videos use the solved problems
from the book, audio, and a whiteboard. The goal is to illus-
trate good problem solving strategies.

o Skill-Building Exercises that utilize animated exercises, with
instant feedback, to reinforce the key skills required to suc-
ceed in organic chemistry

¢ 3D Visualization Animations that use the latest visual and
audio technologies to help students understnd concepts.
Instructors can assign quizzes based on these visualizations

in WileyPLUS

With WileyPLUS, instructors receive:
®  QuickStart

e Four unique silos of assessment for creating online home-
work and quizzes

¢ Reliable resources that reinforce course goals inside and out-
side of the classroom



xvi | PREFACE

e The ability to easily identify those students who are falling
behind by tracking their progress and offering assistance
early, even before they come to office hours. WileyPLUS
simplifies and automates such tasks as student performance
assessment, creating assignments, scoring student work,
keeping grades, and more.

e Media-rich course materials and assessment content that
allow customization of the classroom presentation with a
wealth of resources and functionality from PowerPoint slides
to a database of rich visuals.

Support Package for Students

Student Solutions Manual: Authored by Felix Lee, of The
University of Western Ontario, and reviewed by Professors Brown
and Poon. The Student Solutions Manual contains detailed
solutions to all problems, including the Quick Quiz questions
and the Putting It Together questions.

Support Package for Instructors

All Instructor Resources are available within WileyPLUS or
they can be accessed by contacting your local Wiley Sales
Representative.

PowerPoint Presentations: Authored by William Brown, the
PPT lecture slides provide a pre-built set of approximately 700
slides corresponding to every chapter in the text. The slides
include examples and illustrations that help reinforce and test
students’ grasp of organic chemistry concepts. An additional set
of PPT slides, featuring the illustrations, figures, and tables from
the text, are also available. All PPT slide presentations are cus-
tomizable to fit your course.

Test Bank: Authored by Stefan Bossmann of Kansas State
University, the Test Bank for this edition has been revised and
updated to include over 2,000 short-answer, multiple-choice,
and true-false questions. It is available in both printed and com-
puterized versions.

Digital Image Library: Images from the text are available
online in JPEG format. Instructors may use these to customize
their presentations and to provide additional visual support for
quizzes and exams.
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Covalent Bonding
and Shapes
of Molecules

Three forms of elemental carbon,
(A) diamond, (B) graphite, and
(C) buckminsterfullerene, along
with their molecular models.
Notice how vastly different their
molecular structures are with
diamond having an intercon-
; nected network of atoms, graphite
S . C existing as sheets, and buckmin-
A ' & sterfullerene’s atoms arranged like
a soccer ball.

e

#e

(A) Jarﬁes Steidl/Shutterstock, (B) PortiadeCastro/Getty Images, Inc.
(C) Charles D. Winters/Science Source Images

KEY QUESTIONS 1.4 How Do We Predict If a Molecule HOW TO

1.1 How DoWe Describe the Is Polar or Nonpolar? 1.1 How to Draw Lewis Structures for
Electronic Structure of Atoms? 1.5 What Is Resonance? Molecules and lons

1.2 What Is the Lewis Model of 1.6  What Is the Orbital Overlap Model

CHEMICAL CONNECTIONS
1A Buckyball: A New Form of Carbon

Bonding? of Covalent Bonding?

1.3 How Do We Predict Bond Angles 1.7 What Are Functional Groups?
and the Shapes of Molecules?

WHAT DO THE FOODS THAT WE EAT, the fragrances that we smell, the medicines that
we take, the tissues that make up all living things, the fuels that we burn, and the many prod-
ucts that constitute our modern conveniences in life have in common? They all contain organic Organic chemistry The study
compounds, compounds that consist of at least one carbon and oftentimes other elements of the chemical and physical
such as hydrogen, oxygen, nitrogen, sulfur, and others from the Periodic Table. The study of g;ig?g(';s of the compounds
these compounds is known as organic chemistry. )
You are about to embark on an exploration of organic chemistry, which spans a large
majority of the roughly 88 million chemical substances that have been cataloged. How can
one book cover the chemistry of tens of millions of compounds? It turns out that elements
commonly arrange themselves in ways that are predictable and that consistently exhibit simi-
lar properties. In this chapter, we review how these arrangements of elements such as carbon,
hydrogen, oxygen, and nitrogen are achieved through the sharing of electrons to form mole-
cules.We will then learn chemical trends found in these arrangements and use this knowledge
to make our study of organic chemistry manageable and fun.
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Shells A region of space
around a nucleus where
electrons are found.

Orbital A region of space
where an electron or pair of
electrons spends 90 to 95%
of its time.

(a)

Nucleus

(protons and
neutrons)

FIGURE 1.1

Covalent Bonding and Shapes of Molecules

1.1 How Do We Describe the Electronic Structure

of Atoms?

You are already familiar with the fundamentals of the electronic structure of atoms from a
previous study of chemistry. Briefly, an atom contains a small, dense nucleus made of neu-
trons and positively charged protons (Figure 1.1a).

Electrons do not move freely in the space around a nucleus, but rather are confined
to regions of space called principal energy levels or, more simply, shells. We number these
shells 1, 2, 3, and so forth from the inside out (Figure 1.1b).

Shells are divided into subshells designated by the letters s, p, d, and f, and within these
subshells, electrons are grouped in orbitals (Table 1.1). An orbital is a region of space that
can hold 2 electrons. In this course, we focus on compounds of carbon with hydrogen,
oxygen, and nitrogen, all of which use only electrons in s and p orbitals for covalent bond-
ing. Therefore, we are concerned primarily with s and p orbitals.

10-10m

(b)

Nucleus ¢

- Fourth shell (32 electrons)
Third shell (18 electrons)

Second shell (8 electrons)
Space
occupied by
electrons

First shell (2 electrons)

electrons in the first shell are nearest to the
positively charged nucleus and are held
most strongly by it; these electrons are said
to be the lowest in energy

A schematic view of an atom. (a) Most of the mass of an atom is concentrated in its small, dense

nucleus, which has a diameter of 107 to 10~'® meter (m). (b) Each shell can contain up to 2n? electrons, where n
is the number of the shell. Thus, the first shell can hold 2 electrons, the second 8 electrons, the third 18, the fourth
32, and so on (Table 1.1).

the first shell contains a single
orbital called a 1s orbital. The
second shell contains one 2s orbital
and three 2p orbitals. All p orbitals
come in sets of three and can hold
up to 6 electrons. The third shell
contains one 3s orbital, three 3p
orbitals, and five 3d orbitals. All
d orbitals come in sets of five and
can hold up to 10 electrons. All f
orbitals come in sets of seven and
can hold up to 14 electrons

Ground-state electron
configuration The electron
configuration of lowest
energy for an atom, molecule,
orion.

TAEBLE 1.1 Distribution of Orbitals within Shells
Maximum Number Relative Energies
of Electrons Shell of Electrons in
Shell Orbitals Contained in Each Shell Can Hold Each Shell
4 One 4s, three 4p, five 4d, and seven 4f 2+6+10+14=32 Higher
orbitals
3 One 3s, three 3p, and five 3d orbitals 2+6+10=18 N\
2 One 2s and three 2p orbitals 2+6=8
1 One 1s orbital 2 Lower

A. Electron Configuration of Atoms

The electron configuration of an atom is a description of the orbitals the electrons in the
atom occupy. Every atom has an infinite number of possible electron configurations. At this
stage, we are concerned only with the ground-state electron configuration—the electron
configuration of lowest energy. Table 1.2 shows ground-state electron configurations



1.1

TAELE 1.2 Ground-State Electron Configurations for Elements 1-18*

H
He

First
Period

Second Period

Third Period

Cl
Ar

© 00 N o o B W N =

= A A
w N = O

14
15
16
17
18

15’

162

125" [He]2s"
15%2¢? [He] 25
15%2s%2p, [Hel2s%2p,

1s%22s2p,'2p,)
1s%22s?2p,'2p,'2p,'
1s%22s%2p,?2p,'2p,’

[Hel2s%2p,"2p,
[Hel2s°2p,'2p,'2p,'
[Hel2s°2p,’2p,'2p,!

1s%22s%2p,22p,?2p,’ [Hel2s%2p,?2p,*2p,'
1s22s%2p,?2p,?2p;? [Hel2s%2p,22p,?2p,?
1s%2s%2p,?2p,?2p,*3s’ [Ne]3s'
1s%22s%2p,?2p,*2p,?3s° [Ne]3s?
1s%25%2p,22p,?2p,*3°3p,’ [Ne]3s%3p,’

1s%25%2p,22p,?2p,*3s°3p,'3p,

1s%25%2p,?2p,?2p,*3s*3p,'3p,'3p,'
1s%25%2p,22p,?2p,*3s°3p,23p,'3p,'
18%25°2p,%2p,?2p,?35%3p,?3p,*3p,’
18%25°2p,%2p,?2p,?35°3p,?3p,*3p,

[Ne]3s%3p,'3p,'

[Nel3s’3p,'3p,'3p,!
[Nel3s°3p,’3p,'3p,’
[Ne]3s?3p,23p,*3p,"
[Ne]3s?3p,?3p,?3p,?

*Elements are listed by symbol, atomic number, ground-state electron configuration, and
shorthand notation for the ground-state electron configuration, in that order.

for the first 18 elements of the Periodic Table. We determine the ground-state electron
configuration of an atom with the use of the following three rules:

Rule 1. Orbitals fill in order of increasing energy from lowest to highest (Figure 1.2).

Rule 2. Each orbital can hold up to two electrons with their spins paived. Spin pairing means that
each electron spins in a direction opposite that of its partner (Figure 1.3). We show this
pairing by writing two arrows, one with its head up and the other with its head down.

Rule 3. When orbitals of equivalent energy are available, but there are not enough electrons to fill them
completely, then we add one electron to each equivalent orbital before we add a second electron to any

one of them.

Principal
energy level

Energy

3 ————=— @
3p——— a spinning electron
generates a tiny
s — o magnetic field S
£ N
c 2p——— Eo
)
25 — =
© N
FIGURE 1.2 S
Relative energies
o= and order of filling @ when their t'iny magnetic
. of orbitals through fiellds e eilipmed| Niko £,
Orbitals i the 3d orbitals. the electron spins are paired

B. Lewis Structures

In discussing the physical and chemical properties of an element, chemists often focus on the
outermost shell of its atoms, because electrons in this shell are the ones involved in the formation
of chemical bonds and in chemical reactions. We call outer-shell electrons valence electrons, and
we call the energy level in which they are found the valence shell. Carbon, for example, with a
ground-state electron configuration of 1522322[72, has four valence (outer-shell) electrons.

How Do We Describe the Electronic Structure of Atoms? : 3

Rule 1. Orbitals in these
elements fill in the order
1s, 25, 2p, 35, and 3p.

Rule 2. Notice that
each orbital contains a
maximum of two electrons.
In neon, there are six
additional electrons after
the 1sand 2s orbitals are
filled. These are written as
pr22py22pf. Alternatively,
we can group the three
filled 2p orbitals and write
them in a condensed
form as 27°.

Rule 3. Because the py, Py
and p, orbitals are equal
in energy, we fill each with
one electron before adding
a second electron. That is,
only after each 3p orbital
contains one electron do
we add a second electron
to the 3p, orbital.

spin-paired electrons
are commonly
represented this way

;Pr

FIGURE 1.3
The pairing of electron
spins.

»

Valence electrons Electrons
in the valence (outermost)
shell of an atom.

Valence shell The outermost
electron shell of an atom.
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EXAMPLE 1.1

Write ground-state electron configurations for these elements:
(a) Lithium (b) Oxygen (c) Chlorine

STRATEGY

Locate each atom in the Periodic Table and determine its
atomic number. The order of filling of orbitals is 1s, 2s, 2px,
2py, 2pz and so on.

SOLUTION

(a) Lithium (atomic number 3): 15°2s’. Alternatively, we can
write the ground-state electron configuration as [He] 2s".

PROBLEM 1.1

(b) Oxygen (atomic number 8): 15%2s22px*2py'2p;'. Alter-
natively, we can group the four electrons of the 2p
orbitals together and write the ground-state electron
configuration as 1s?2s?2p*. We can also write it as [He]
2s%2p*.

(c) Chlorine (atomic number 17): 1s22s?2p®3s?3p°. Alterna-
tively, we can write it as [Ne] 3s?3p°.

See problems 1.17-1.20

Write and compare the ground-state electron configurations
for the elements in each set. What can be said about the out-
ermost shell of orbitals for each pair of elements?

(a) Carbon and silicon
(b) Oxygen and sulfur
(c) Nitrogen and phosphorus

Lewis structure of an
atom The symbol of an
element surrounded by a
number of dots equal to the
number of electrons in the
valence shell of the atom.

our understanding of

covalent bonding and of the
concept of acids and bases. It
is in his honor that we often

refer to an “electron dot”

structure as a Lewis structure.

the valence shell of
1st period elements
contain only s orbitals

the valence shell of
2nd period elements
contains s and p
orbitals

Gilbert N. Lewis (1875-1946)
introduced the theory of the
electron pair that extended

TABLE 1.3 Lewis Structures for Elements 1-18 of the Periodic Table

To show the outermost electrons of an atom, we commonly use a representation
called a Lewis structure, after the American chemist Gilbert N. Lewis (1875-1946), who
devised this notation. A Lewis structure shows the symbol of the element, surrounded by
a number of dots equal to the number of electrons in the outer shell of an atom of that
element. In Lewis structures, the atomic symbol represents the nucleus and all filled
inner shells. Table 1.3 shows Lewis structures for the first 18 elements of the Periodic
Table. As you study the entries in the table, note that, with the exception of helium, the
number of valence electrons of the element corresponds to the group number of the
element in the Periodic Table; for example, oxygen, with six valence electrons, is in
Group 6A.

At this point, we must say a word about the numbering of the columns (families or
groups) in the Periodic Table. Dmitri Mendeleev gave them numerals and added the let-
ter A for some columns and B for others. This pattern remains in common use in the
United States today. In 1985, however, the International Union of Pure and Applied
Chemistry (IUPAC) recommended an alternative system in which the columns are num-
bered 1 to 18 beginning on the left and without added letters. Although we use the origi-
nal Mendeleev system in this text, the Periodic Table at the front of the text shows both.

Notice from Table 1.3 that, because of the differences in number and kind of valence
shell orbitals available to elements of the second and third periods, significant differences
exist in the covalent bonding of oxygen and sulfur and of nitrogen and phosphorus. For
example, although oxygen and nitrogen can accommodate no more than 8 electrons in
their valence shells, many phosphorus-containing compounds have 10 electrons in the
valence shell of phosphorus, and many sulfur-containing compounds have 10 and even 12
electrons in the valence shell of sulfur.

the valence shell
of 3rd period
elements contains

2A 3A 4A 5A 6A 7A 8A s, p, and d orbitals.
The d orbitals
He: allow for expanded
Be: B: .C: .N: :0: tF: :Ne: covalent bonding
. . : . - opportunities for
Mg: Al: -Si: -P: St Cls :Ar: 3rd period elements



1.2 What s the Lewis Model of Bonding?

1.2 What Is the Lewis Model of Bonding?

A. Formation of lons

In 1916, Lewis devised a beautifully simple model that unified

K . K . Noble Noble Gas
many of the observations about chemical bonding and reactions of Gas Notation
the elements. He pointed out that the chemical inertness of the
noble gases (Group 8A) indicates a high degree of stability of He 1¢*
the electron configurations of these elements: helium with a Ne [He] 2s°2p°
valence shell of two electrons (1s%), neon with a valence shell of A, [Ne] 3s23p°
eight ele‘(z:tr(;ns (25%2¢°), argon with a valence shell of eight elec- Kr (Ar] 4°4p°30/"
trons (3s°3p”), and so forth.

Xe [Kr] 5s?5p%4d"

The tendency of atoms to react in ways that achieve an
outer shell of eight valence electrons is particularly common
among elements of Groups 1A-7A (the main-group elements). We give this tendency the
special name, the octet rule. An atom with almost eight valence electrons tends to gain the
needed electrons to have eight electrons in its valence shell and an electron configura-
tion like that of the noble gas nearest it in atomic number. In gaining electrons, the atom
becomes a negatively charged ion called an anion. An atom with only one or two valence
electrons tends to lose the number of electrons required to have the same electron configu-
ration as the noble gas nearest it in atomic number. In losing one or more electrons, the
atom becomes a positively charged ion called a cation.

B. Formation of Chemical Bonds

According to the Lewis model of bonding, atoms interact with each other in such a way that
each atom participating in a chemical bond acquires a valence-shell electron configuration
the same as that of the noble gas closest to it in atomic number. Atoms acquire completed
valence shells in two ways:

1. An atom may lose or gain enough electrons to acquire a filled valence shell. An atom that
gains electrons becomes an anion, and an atom that loses electrons becomes a cation. A chemi-
cal bond between an anion and a cation is called an ionic bond.

sodium (atomic number
11) loses an electron to .. b e -
acquire a filled valence Na- + :CI" —— Na :Cl:
shell identical to that of

neon (atomic number 10)

chlorine (atomic number
17) gains an electron to
acquire a filled valence
shell identical to that of

argon (atomic number 18)

2. An atom may share electrons with one or more other atoms to acquire a filled valence
shell. A chemical bond formed by sharing electrons is called a covalent bond.

each chlorine (atomic
number 17) shares an
electron with another
chlorine atom to effectively
supply each chlorine with
a filled valence shell

L+ Cl: — -l

We now ask how we can find out whether two atoms in a compound are joined by an
ionic bond or a covalent bond. One way to answer this question is to consider the relative
positions of the two atoms in the Periodic Table. Ionic bonds usually form between a metal
and a nonmetal. An example of an ionic bond is that formed between the metal sodium
and the nonmetal chlorine in the compound sodium chloride, Na*Cl". By contrast, when
two nonmetals or a metalloid and a nonmetal combine, the bond between them is usually
covalent. Examples of compounds containing covalent bonds between nonmetals include
Cly, HyO, CHy, and NHj;. Examples of compounds containing covalent bonds between a
metalloid and a nonmetal include BFs, SiCly, and AsH,.

Octet rule The tendency
among atoms of Group 1A-7A
elements to react in ways that
achieve an outer shell of eight
valence electrons.

Anion An atom or group of
atoms bearing a negative
charge.

Cation An atom or group
of atoms bearing a positive
charge.

lonic bond A chemical
bond resulting from the
electrostatic attraction of an
anion and a cation.

Covalent bond A chemical
bond resulting from the
sharing of one or more pairs
of electrons.
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EXAMPLE 1.2

Show how the loss of one electron from a sodium atomto SOLUTION

form a sodium ion leads to a stable octet: A sodium atom has one electron in its valence shell. The loss
of this one valence electron changes the sodium atom to a
Na - Na* + O sodium ion, Na*, which has a complete octet of electrons in
A sodium A sodium An its valence shell and the same electron configuration as neon,
atom ion electron the noble gas nearest to it in atomic number.

Na (11 electrons): 1s225%2p6 35’

STRATEGY Na* (10 electrons): 1s22s%22p°
To see how this chemical change leads to a stable octet, Ne (10 electrons): 1522522 p®
write the condensed ground-state electron configuration for

a sodium atom and for a sodium ion, and then compare the See problems 1.22, 1.23

two to the noble gas nearest to sodium in atomic number.

PROBLEM 1.2

Show how the gain of two electrons by a sulfur atom to form a sulfide ion leads to a stable octet:

S + 26 —> s*

Another way to identify the type of bond is to compare the electronegativities of the
atoms involved, which is the subject of the next subsection.

C. Electronegativity and Chemical Bonds

Electronegativity A measure Electronegativity is a measure of the force of an atom’s attraction for electrons that it shares
of the force of an atom’s in a chemical bond with another atom. The most widely used scale of electronegativities
attraction for electrons it (Table 1.4) was devised by Linus Pauling in the 1930s. On the Pauling scale, fluorine, the
shares in a chemical bond . . . .

most electronegative element, is assigned an electronegativity of 4.0, and all other elements
are assigned values in relation to fluorine.

As you study the electronegativity values in this table, note that they generally increase
from left to right within a period of the Periodic Table and generally increase from bottom
to top within a group. Values increase from left to right because of the increasing positive
charge on the nucleus, which leads to a stronger attraction for electrons in the valence
shell. Values increase going up a column because of the decreasing distance of the valence
electrons from the nucleus, which leads to stronger attraction between a nucleus and its
valence electrons.

Note that the values given in Table 1.4 are only approximate. The electronegativity of
a particular element depends not only on its position in the Periodic Table, but also on its

with another atom.

oxidation state. The electronegativity of Cu(I) in CuyO, for example, is 1.8, whereas the
electronegativity of Cu(II) in CuO is 2.0. In spite of these variations, electronegativity is still
a useful guide to the distribution of electrons in a chemical bond.

Linus Pauling (1901-1994) was lonic Bonds

the first person ever to receive An ionic bond forms by the transfer of electrons from the valence shell of an atom of lower

two unshared Nobel Prizes. He electronegativity to the valence shell of an atom of higher electronegativity. The more elec-

received the Nobel Prize for
Chemistry in 1954 for his
contributions to the nature of
chemical bonding. He received
the Nobel Prize for Peace in 1962

tronegative atom gains one or more valence electrons and becomes an anion; the less
electronegative atom loses one or more valence electrons and becomes a cation.

As a guideline, we say that this type of electron transfer to form an ionic compound is
most likely to occur if the difference in electronegativity between two atoms is approximately
for his efforts on behalf of 1.9 or greater. A bond is more likely to be covalent if this difference is less than 1.9. Note that
international control of nuclear the value 1.9 is somewhat arbitrary: Some chemists prefer a slightly larger value, others a
weapons and against nuclear slightly smaller value. The essential point is that the value 1.9 gives us a guidepost against
testing. which to decide whether a bond is more likely to be ionic or more likely to be covalent.
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TABLE 1.4 Electronegativity Values and Trends for Some Atoms (Pauling Scale)

| Electronegativity increases > .

Li [Be BlC[N|O|F H
Na (Mg AL|Si|P|S|CI 2.1
K |Ca Br

[Electronegativity increase>

1<1.0

15-19 []25-29
[C110-14 []20-24 [130-40

6A T7A

O ¥ Partial Periodic Table showing
3.5 | 4.0

commonly encountered

S Cl elements in organic chemis-
25 |3.0 try. Electronegativity gener-
Se | Br ally increases from left to
24| 2.8 right within a period and from
Te | I bottom to top within a group.
21125 Hydrogen is less electronega-

tive than the elements in red
20| 2.9 and more electronegative
than those in blue. Hydrogen
and phosphorus have the
same electronegativity on the
Pauling scale.

An example of an ionic bond is that formed between sodium (electronegativity 0.9)
and fluorine (electronegativity 4.0). The difference in electronegativity between these two
elements is 3.1. In forming Na*F~, the single 3svalence electron of sodium is transferred to

the partially filled valence shell of fluorine:

Na(1s? 252 2p% 8s' ) + F(1s2 252 2p° ) — Na'(15°25°2p°) + F (1525 2p° )

As a result of this transfer of one electron, both sodium and fluorine form ions that have
the same electron configuration as neon, the noble gas closest to each in atomic number.
In the following equation, we use a single-headed curved arrow to show the transfer of one

electron from sodium to fluorine:

Na’ + *F: — Na :F:”

EXAMPLE 1.3

Judging from their relative positions in the Periodic Table,
which element in each pair has the larger electronegativity?

(a) Lithium or carbon (c)
(b) Nitrogen or oxygen

Carbon or oxygen

STRATEGY

Determine whether the pair resides in the same period (row)
or group (column) of the Periodic Table. For those in the same
period, electronegativity increases from left to right. For those in
the same group, electronegativity increases from bottom to top.

SOLUTION

The elements in these pairs are all in the second period of the
Periodic Table. Electronegativity in this period increases from
left to right.

(a) C>Li

(b) O>N

(¢} O>C

See problem 1.24

PROBLEM 1.3

Judging from their relative positions in the Periodic Table,
which element in each pair has the larger electronegativity?

(a) Lithium or potassium
(b) Nitrogen or phosphorus

(¢) Carbon or silicon
(d) Oxygen or phosphorus
(e) Oxygen or silicon
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Nonpolar covalent bond A
covalent bond between
atoms whose difference in
electronegativity is less than
approximately 0.5.

Polar covalent bond A
covalent bond between
atoms whose difference in
electronegativity is between
approximately 0.5 and 1.9.

Covalent Bonds

A covalent bond forms when electron pairs are shared between two atoms whose difference
in electronegativity is 1.9 or less. According to the Lewis model, an electron pair in a cova-
lent bond functions in two ways simultaneously: It is shared by two atoms, and, at the same
time, it fills the valence shell of each atom.

The simplest example of a covalent bond is that in a hydrogen molecule, Hy. When
two hydrogen atoms bond, the single electrons from each atom combine to form an elec-
tron pair with the release of energy. A bond formed by sharing a pair of electrons is called
a single bond and is represented by a single line between the two atoms. The electron pair
shared between the two hydrogen atoms in Hy completes the valence shell of each hydro-
gen. Thus, in Hy, each hydrogen has two electrons in its valence shell and an electron
configuration like that of helium, the noble gas nearest to it in atomic number:

H-+-Ho>H—H AH’ =-435k] /mol (—104 kcal / mol)

The Lewis model accounts for the stability of covalently bonded atoms in the follow-
ing way: In forming a covalent bond, an electron pair occupies the region between two
nuclei and serves to shield one positively charged nucleus from the repulsive force of the
other positively charged nucleus. At the same time, an electron pair attracts both nuclei. In
other words, an electron pair in the space between two nuclei bonds them together and
fixes the internuclear distance to within very narrow limits. The distance between nuclei
participating in a chemical bond is called a bond length. Every covalent bond has a definite
bond length. In H—H, it is 74 pm, where 1 pm = 107" m.

Although all covalent bonds involve the sharing of electrons, they differ widely in the
degree of sharing. We classify covalent bonds into two categories—nonpolar covalent and
polar covalent—depending on the difference in electronegativity between the bonded
atoms. In a nonpolar covalent bond, electrons are shared equally. In a polar covalent bond,
they are shared unequally. It is important to realize that no sharp line divides these two
categories, nor, for that matter, does a sharp line divide polar covalent bonds and ionic
bonds. Nonetheless, the rule-of-thumb guidelines in Table 1.5 will help you decide whether
a given bond is more likely to be nonpolar covalent, polar covalent, or ionic.

A covalent bond between carbon and hydrogen, for example, is classified as non-polar
covalent because the difference in electronegativity between these two atoms is 2.5 — 2.1 =
0.4 unit. An example of a polar covalent bond is that of H—CI. The difference in electro-
negativity between chlorine and hydrogen is 3.0 — 2.1 = 0.9 unit.

An important consequence of the unequal sharing of electrons in a polar covalent
bond is that the more electronegative atom gains a greater fraction of the shared electrons
and acquires a partial negative charge, which we indicate by the symbol - (read “delta
minus”). The less electronegative atom has a lesser fraction of the shared electrons and
acquires a partial positive charge, which we indicate by the symbol 5+ (read “delta plus”).
This separation of charge produces a dipole (two poles). We can also show the presence of
a bond dipole by an arrow, with the head of the arrow near the negative end of the dipole
and a cross on the tail of the arrow near the positive end (Figure 1.4).

We can display the polarity of a covalent bond by a type of molecular model called an
electron density model. In this type of model, a blue color shows the presence of a 6+ charge,
and a red color shows the presence of a - charge. Figure 1.4 shows an electron density
model of HCI. The ball-and-stick model in the center shows the orientation of the two
atoms in space. The transparent surface surrounding the ball-and-stick model shows the
relative sizes of the atoms (equivalent to the size shown by a space-filling model). Colors on

TABLE 1.5 Classification of Chemical Bonds

Difference in Electronegativity

between Bonded Atoms Type of Bond Most Likely Formed Between
Less than 0.5 Nonpolar covalent} Two nonmetals or a nonmetal
0.5t0 1.9 Polar covalent and a metalloid

Greater than 1.9 lonic A metal and a nonmetal
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EXAMPLE 14

Classify each bond as nonpolar covalent, polar covalent, or SOLUTION

ionic: On the basis of differences in electronegativity between the
(a) O—H bonded atoms, three of these bonds are polar covalent and
(b) N—H one is ionic:
U e Difference in
(d) C—Mg Bond Electronegativity Type of Bond
STRATEGY (a) O—H 35-21=14 polar covalent
Use the difference in electronegativity between the two (b) N—H 3.0-21=09 polar covalent
.atoms and compare this value with the range of values given (c) Na—F 40-09=3.1 ionic
inTable 1.5.

(d) C—Mg 25-12=13 polar covalent

See problem 1.25

PROBLEM 1.4

Classify each bond as nonpolar covalent, polar covalent, or ionic:
(a) S—H (b) P—H (¢) C—F (d) C—Cl

FIGURE 1.4 An electron
density model of HCI. Red
indicates a region of high
electron density, and blue
indicates a region of low
electron density.

blue represents red represents
low electron density high electron density

the surface show the distribution of electron density. We see by the blue color that hydro-
gen bears a 6+ charge and by the red color that chlorine bears a 6— charge.

In summary, the twin concepts of electronegativity and the polarity of covalent bonds
will be very helpful in organic chemistry as a guide to locating centers of chemical reac-
tions. In many of the reactions we will study, reaction is initiated by the attraction between
a center of partial positive charge and a center of partial negative charge.

From the study of the compounds in Table 1.6 and other organic compounds, we can
make the following generalizations: In neutral (uncharged) organic compounds,

¢ H has one bond.

¢ (C has four bonds.

¢ N has three bonds and one unshared pair of electrons.
¢ O has two bonds and two unshared pair of electrons.

e F Cl, Br, and I have one bond and three unshared pairs of electrons.

D. Formal Charge

Throughout this course, we deal not only with molecules, but also with polyatomic cations
and polyatomic anions. Examples of polyatomic cations are the hydronium ion, HsO", and
the ammonium ion, NH4*. An example of a polyatomic anion is the bicarbonate ion, HCO3™.
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EXAMPLE 1.5

Using a bond dipole arrow and the symbols 6— and 6+, indi-
cate the direction of polarity in these polar covalent bonds:

(a) cC—0 (b) N—H (¢) C—Mg

STRATEGY

To determine the polarity of a covalent bond and the direction
of the polarity, compare the electronegativities of the bonded
atoms. Remember that a bond dipole arrow always points
toward the more electronegative atom.

SOLUTION

For (a), carbon and oxygen are both in period 2 of the Periodic
Table. Because oxygen is farther to the right than carbon, it

is more electronegative. For (b), nitrogen is more electroneg-
ative than hydrogen. For (c), magnesium is a metal located
at the far left of the Periodic Table, and carbon is a nonmetal
located at the right. All nonmetals, including hydrogen, have
a greater electronegativity than do the metals in columns 1A
and 2A.The electronegativity of each element is given below
the symbol of the element:

6+ O— o— O+ o— 5+
(a C—O (b) N—H (¢c) C—Mg
25 35 3.0 21 25 1.2

See problems 1.26, 1.38, 1.40

PROBLEM 1.5

Using a bond dipole arrow and the symbols §— and §+, indi-
cate the direction of polarity in these polar covalent bonds:

(a) C—N (b) N—O () C—ClI

Formal charge The charge
on an atom in a molecule or
polyatomic ion.

Nonbonding electrons
Valence electrons not
involved in forming covalent
bonds, that is, unshared
electrons.

Bonding electrons Valence
electrons shared in a covalent
bond.

TABLE 1.6 Lewis Structures for Several Molecules. The number of valence
electrons in each molecule is given in parentheses after the molecule’s molecular
formula

)
. H—N—H P
H—0—H ‘ H (‘3 H H—Cl
H H
H,0 (8) NH; (8) CH, (8) HCI (8)
Water Ammonia Methane Hydrogen chloride
H H H HON
c=cC H—C=C—H c=0 I
s H_ .. C_.. H
H H H \Q/ \Q/
CoH4 (12) C,H, (10) CH,0 (12) H,CO; (24)
Ethylene Acetylene Formaldehyde Carbonic acid

It is important that you be able to determine which atom or atoms in a molecule or polya-
tomic ion bear the positive or negative charge. The charge on an atom in a molecule or
polyatomic ion is called its formal charge. To derive a formal charge,

Step 1: Write a correct Lewis structure for the molecule or ion.

Step 2: Assign to each atom all its unshared (nonbonding) electrons and one-half its shared
(bonding) electrons.

Step 3: Compare the number arrived at in Step 2 with the number of valence electrons in the neutral,
unbonded atom. If the number of electrons assigned to a bonded atom is less than that
assigned to the unbonded atom, then more positive charges are in the nucleus than
counterbalancing negative charges, and the atom has a positive formal charge.
Conversely, if the number of electrons assigned to a bonded atom is greater than that
assigned to the unbonded atom, then the atom has a negative formal charge.

All unshared

Formal charge = electrons in neutral —
electrons

Number of valence
unbonded atom [

One-half of all
* shared electrons



Draw Lewis Structures of Molecules and lons

The ability to draw Lewis structures for molecules and
ions is a fundamental skill in the study of organic chem-
istry. The following steps will help you to do this (as
you study these steps look at the examples inTable 1.6).
As an example, let us draw a Lewis structure of acetic
acid, molecular formula C,H,0,. Its structural formula,
CH3;COOH, gives a hint of the connectivity.

STEP 1: Determine the number of valence electrons in
the molecule or ion.

To do so, add the number of valence electrons contrib-
uted by each atom. For ions, add one electron for each
negative charge on the ion, and subtract one electron for
each positive charge on the ion. For example, the Lewis
structure of the water molecule, H,0, must show eight
valence electrons: one from each hydrogen and six from
oxygen. The Lewis structure for the hydroxide ion, OH™,
must also show eight valence electrons: one from
hydrogen, six from oxygen, plus one for the negative
charge on the ion. For acetic acid the molecular formula
is C,H,0,.The Lewis structure must show 8(2 carbons) +
4(4 hydrogens) + 12(2 oxygens) = 24 valence electrons.

STEP 2: Determine the arrangement of atoms in the
molecule or ion.

This step is the most difficult part of drawing a Lewis
structure. Fortunately, the structural formula of a com-
pound can provide valuable information about connec-
tivity. The order in which the atoms are listed in a
structural formula is a guide. For example, the CH; part
of the structural formula of acetic acid tells you that
three hydrogen atoms are bonded to the carbon writ-
ten on the left, and the COOH part tells you that both
oxygens are bonded to the same carbon and a hydro-
gen is bonded to one of the oxygens.

H o)

|
H—(|: —c\

i O0—H

Except for the simplest molecules and ions, the con-
nectivity must be determined experimentally. For some
molecules and ions we give as examples, we ask
you to propose a connectivity of the atoms. For most,
however, we give you the experimentally determined
arrangement.

STEP 3: Arrange the remaining electrons in pairs so that
each atom in the molecule or ion has a complete outer
shell. Show a pair of bonding electrons as a single line
between the bonded atoms; show a pair of nonbonding
electrons as a pair of Lewis dots.

1.2 What Is the Lewis Model of Bonding?
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To accomplish this, connect the atoms with single
bonds. Then arrange the remaining electrons in pairs
so that each atom in the molecule or ion has a com-
plete outer shell. Each hydrogen atom must be sur-
rounded by two electrons. Each atom of carbon,
oxygen, and nitrogen, as well as each halogen, must be
surrounded by eight electrons (per the octet rule).
Recall that each neutral carbon atom has four valence
electrons and each neutral oxygen atom has six valence
electrons. The structure here shows the required 24
valence electrons.The left carbon has four single bonds
and a complete valence shell. Each hydrogen also has
a complete valence shell. The lower oxygen has two
single bonds and two unshared pairs of electrons and,
therefore, has a complete valence shell. The original six
valence electrons of the upper oxygen are accounted
for, but it does not yet have a filled valence shell.
Similarly, the original four valence electrons of the
right carbon atom are accounted for but it still does not
have a complete valence shell.

Notice that in the structure so far, we have accounted
for all valence electrons, but two atoms do not yet have
completed valence shells. Furthermore, one carbon
atom and one oxygen atom each have a single unpaired
electron.

STEP 4: Use multiple bonds where necessary to elimi-
nate unpaired electrons.

In a single bond, two atoms share one pair of elec-
trons. It is sometimes necessary for atoms to share
more than one pair of electrons. In a double bond,
they share two pairs of electrons; we show a double
bond by drawing two parallel lines between the
bonded atoms. In a triple bond, two atoms share
three pairs of electrons; we show a triple bond by
three parallel lines between the bonded atoms. The
following structure combines the unpaired electrons
on carbon and oxygen and creates a double bond
(C=0) between these two atoms. The Lewis struc-
ture is now complete.
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EXAMPLE 1.6

Draw Lewis structures, showing all valence electrons, for
these molecules:

(a) H,0, (b) CH3;0H (c) CHCI

STRATEGY

Determine the number of valence electrons and the connec-
tivity of the atoms in each molecule. Connect the bonded
atoms by single bonds and then arrange the remaining
valence electrons so that each atom has a filled valence shell.

SOLUTION

(a) A Lewis structure for hydrogen peroxide, H,0,, must
show 6 valence electrons from each oxygen and 1 from
each hydrogen, for a total of 12 + 2 = 14 valence electrons.
We know that hydrogen forms only one covalent bond,
so the connectivity of the atoms must be as follows:

H—O—O—H
The three single bonds account for 6 valence electrons.

We place the remaining 8 valence electrons on the
oxygen atoms to give each a complete octet:

e i Ball-and-stick models show
H—0—0—H N only nuclei and covalent
L eviis SIIENE & bonds; they _do not show
unshared pairs of electrons

(b) A Lewis structure for methanol, CH;0H, must show 4
valence electrons from carbon, 1 from each hydrogen,

PROBLEM 1.6

(c)

and 6 from oxygen, for a total of 4 + 4 + 6 = 14 valence
electrons. The connectivity of the atoms in methanol is
given on the left. The five single bonds in this partial
structure account for 10 valence electrons. We place the
remaining 4 valence electrons on oxygen as two Lewis
dot pairs to give it a complete octet.

| .
H—C—O—H H—C—O—H :
I I @
H H
The order of Lewis

attachment of atoms structure

A Lewis structure for chloromethane, CH;Cl, must show
4 valence electrons from carbon, 1 from each hydrogen,
and 7 from chlorine, for a total of 4 + 3 + 7 = 14. Carbon
has four bonds, one to each of the hydrogens and one to
chlorine. We place the remaining 6 valence electrons on
chlorine as three Lewis dot pairs to complete its octet.

i
H—?—@:
H 2

Lewis
structure

See problems 1.27, 1.28

Draw Lewis structures, showing all valence electrons, for these molecules:

(a)

HCN (d) HCHO

In writing Lewis structures for molecules and ions, you must remember that elements
of the second period, including carbon, nitrogen, and oxygen, can accommodate no more
than eight electrons in the four orbitals (2s, 2px, 2py, and 2p,) of their valence shells.
Following are two Lewis structures for nitric acid, HNOs;, each with the correct number of
valence electrons, namely, 24; one structure is acceptable and the other is not:

O:

Y octet rule violation,
H—O—N3+ H—O—N 10 electrons in the
- \‘OT - \O . valence shell of nitrogen

. .e

An acceptable
Lewis structure

Not an acceptable
Lewis structure

The structure on the left is an acceptable Lewis structure. It shows the required 24 valence
electrons, and each oxygen and nitrogen has a completed valence shell of 8 electrons.
Further, the structure on the left shows a positive formal charge on nitrogen and a negative
formal charge on one of the oxygens. An acceptable Lewis structure must show these for-
mal charges. The structure on the right is not an acceptable Lewis structure. Although it
shows the correct number of valence electrons, it places 10 electrons in the valence shell of
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EXAMPLE 1.7

Draw Lewis structures for these ions, and show which atom
in each bears the formal charge:
(a) H;0* (b) CH3;0O~

(b) The Lewis structure for the methoxide ion, CH;0,
must show 14 valence electrons: 4 from carbon, 6 from
oxygen, 3 from the hydrogens, plus 1 for the single neg-

ative charge. To carbon, we assign 1 electron from each

STRATEGY

Draw a correct Lewis structure molecule showing all valence
electrons on each atom. Then determine the location of the
formal charge.

charge of 6 - 7 = -1.

shared pair, giving it a formal charge of 4 — 4 = 0. To
oxygen, we assign 7 valence electrons, giving it a formal

assigned 7 valence electrons:

formal charge of -1

SOLUTION -

(a) The Lewis structure for the hydronium ion must show |
8 valence electrons: 3 from the three hydrogens, 6 from |
oxygen, minus 1 for the single positive charge. A neutral, H
unbonded oxygen atom has 6 valence electrons. To the
oxygen atom in H3O*, we assign two unshared electrons
and one from each shared pair of electrons, giving it a
formal charge of 6 — (2 + 3) = +1.

assigned b5 valence electrons:
formal charge of +1

| See problems 1.30-1.32, 1.34

PROBLEM 1.7

Draw Lewis structures for these ions, and show which atom in each bears the formal charge(s):

(a) CH3NH3+ (b) CH3+

nitrogen, yet the four orbitals of the second shell (2s, 2px, 2y, and 2p.) can hold no more
than 8 valence electrons!

1.3 How Do We Predict Bond Angles
and the Shapes of Molecules?

In Section 1.2, we used a shared pair of electrons as the fundamental unit of a covalent bond
and drew Lewis structures for several small molecules containing various combinations of sin-
gle, double, and triple bonds. (See, for example, Table 1.6.) We can predict bond angles in
these and other molecules in a very straightforward way by using the concept of valence-shell
electron-pair repulsion (VSEPR). According to this concept, the valence electrons of an atom
may be involved in the formation of single, double, or triple bonds, or they may be unshared.
Each combination creates a region of electron density that, because it is occupied by electrons,
is negatively charged. Because like charges repel each other, the various regions of electron
density around an atom spread so that each is as far away from the others as possible.

Recall from your prior studies in chemistry that VSEPR can be used to predict the
shapes of molecules. This can be demonstrated in a very simple way by using balloons as
shown in Figure 1.5.

We can use the example of the balloons to model the shapes that methane (CH,), ammo-
nia (NHj), and water (HyO) assume. As you look at each of these molecules in Figures 1.6-1.8,
take note of (1) the number of regions of electron density shown by the Lewis structure,
(2) the geometry that is required to maximize the separation of these regions of electron
density, and (3) the names of the shapes that result from this treatment using VSEPR.

.+
HO—N

The Lewis structure of HNO3
shows the negative formal
charge localized on one of the
oxygen atoms.The electron
density model, on the other
hand, shows that the negative
charge is distributed equally
over the two oxygen atoms on
the right. The concept of
resonance can explain this
phenomenon and will be
discussed in Section 1.6. Notice
also the intense blue color on
nitrogen, which is due to its
positive formal charge.
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the point where the
balloons are tied together
represents the atom

FIGURE 1.5 Balloon models used

cach balloon represents a region of electron
density, which could be a single bond, a double
bond, a triple bond, or a lone pair of electrons

to predict bond angles. (a) Two 2 2 2
balloons assume a linear shape with a E S E
bond angle of 180° about the tie point. i i i
(b) Three balloons assume a trigonal 2 2 2
planar shape with bond angles of 120° E E E
about the tie point. (c) Four balloons O O ©
assume a tetrahedral shape with bond Linear Trigonal planar Tetrahedral
angles of 109.5° about the tie point. () (b) (©)
@) H (a) . unshared (@)
| H—N—H pairsof H—O—H
H—C—H | electrons .
| H (b)
H
(b) unshared
(b) ' 107.3° electrons ’
SN pairs e AN
/ \
P
104.5°

107.3°

109.5°

FIGURE 1.7 The shape of an ammonia molecule, NHs.

(a) Lewis structure and (b) ball-and-stick model. The three
single bonds and one lone pair of electrons create four regions
of electron density. This allows the lone pair and the three
hydrogens to occupy the four corners of a tetrahedron.
However, we do not take lone pairs of electrons into account
when describing the shape of the molecule. For this reason, we
describe the geometry of an ammonia molecule as pyramidal;
that is, the molecule has a shape like a triangular-based
pyramid with the three hydrogens at the base and nitrogen at
the apex.The observed bond angles are 107.3°. We account for
this small difference between the predicted and observed
angles by proposing that the unshared pair of electrons on
nitrogen repels adjacent electron pairs more strongly than
bonding pairs repel each other.

FIGURE 1.6 The shape ofa
methane molecule, CH,. (a)
Lewis structure and (b) ball-
and-stick model. The single
bonds occupy four regions of
electron density, causing the
molecule to be tetrahedral.
The hydrogens occupy the
four corners of a regular
tetrahedron, and all H—C—H
bond angles are 109.5°.

A general prediction emerges from this discussion of the shapes of CHy, NH3, and
H50 molecules. If a Lewis structure shows four regions of electron density around an atom,
then VSEPR predicts a tetrahedral distribution of electron density and bond angles of
approximately 109.5°.

In many of the molecules we encounter, an atom is surrounded by three regions of
electron density. Figure 1.9 shows Lewis structures for formaldehyde (CHyO) and ethylene
(CoHy). As you look at these two molecules, take note of (1) the number of regions of elec-
tron density shown by the Lewis structure, (2) the geometry that is required to maximize
the separation of these regions of electron density, and (3) the names of the shapes that
result from this treatment using VSEPR. Also notice that using VSEPR, we treat a double
bond as a single region of electron density.

In still other types of molecules, a central atom is surrounded by only two regions of
electron density. Figure 1.10 shows Lewis structures and ball-and-stick models of carbon
dioxide (COy) and acetylene (CoHy). As with double bonds, VSEPR treats triple bonds as
one region of electron density.

Table 1.7 summarizes the predictions of VSEPR.

FIGURE 1.8 The shape ofa
water molecule, H,0. (a) A
Lewis structure and (b) a
ball-and-stick model. Using
VSEPR, we predict that the four
regions of electron density
around oxygen are arranged in
a tetrahedral manner and that
the H—O—H bond angle is
109.5°. Experimental measure-
ments show that the actual
H—O—H bond angle is
104.5°, a value smaller than
that predicted. We explain this
difference between the
predicted and observed bond
angle by proposing, as we did
for NHs, that unshared pairs of
electrons repel adjacent pairs
more strongly than do bonding
pairs. Note that the distortion
from 109.5° is greater in H,0,
which has two unshared pairs
of electrons, than it is in NH5,
which has only one unshared
pair. We describe the shape of
water as bent.
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H
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Ethylene
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(b) Acetylene
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a double bond is treated as a
single region of electron density

-9

121.8°

Top view Side view

FIGURE 1.9 Shapes of formaldehyde

(CH,0) and ethylene (C,H,). In each molecule,
the carbons are surrounded by three regions
of electron density. Three regions of electron

121.4°

-8

Side view

Top view

a triple bond is treated as a
single region of electron density

== =) (v

TABLE 1.7 Predicted Molecular Shapes (VSEPR)

Predicted

Distribution

Regions of of Electron
Electron Density Density about

around Central the Central

Atom Atom
4 Tetrahedral
3 Trigonal planar
2 Linear

Carbon dioxide
(linear)

density about an atom are farthest apart when
they lie in a plane and make angles of
approximately 120° with each other. We

¥ ) describe the geometry about each carbon
atom as trigonal planar.

FIGURE 1.10 Shapes of (a) carbon
dioxide (CO,) and (b) acetylene (C,H,). In

Side view End view each case, the two regions of electron
density are farthest apart if they form a
straight line through the central atom and

‘_a_‘ create an angle of 180°. Both carbon dioxide
and acetylene are referred to as linear

Side view End view molecules.

Predicted Bond Examples
Angles (Shape of the Molecule)
a dashed wedge-shaped
asolid wedge-shaped bond represents a bond
bond represents a bond extending behind the plane
109.5° extending out of the H of the page
) plane of the page |
C. N. *0:
P N\ ~
H™ \"m H™ V"0 u_ u
H H
Methane Ammonia Water
(tetrahedral) (pyramidal) (bent)
H H H
AN s ..
e=C_ c=0
120° H H H
Ethylene Formaldehyde
(planar) (planar)
0=Cc=0 H—C=C—H
180° < &

Acetylene
(linear)
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EXAMPLE 1.8

Predict all bond angles in these molecules:
(a) CHsCI (b) CH,=CHCI

STRATEGY

To predict bond angles, first draw a correct Lewis structure for
the molecule. Be certain to show all unpaired electrons. Then
determine the number of regions of electron density (either
2, 3, or 4) around each atom and use that number to predict
bond angles (either 180°, 120°, or 109.5°).

SOLUTION

(a) The Lewis structure for CH3Cl shows carbon surrounded
by four regions of electron density. Therefore, we pre-
dict that the distribution of electron pairs about carbon is
tetrahedral, that all bond angles are 109.5°, and that the
shape of CH5Cl is tetrahedral:

(b) The Lewis structure for CH,=—=CHCI shows each carbon
surrounded by three regions of electron density. Therefore,
we predict that all bond angles are 120°.

H H <@ (™

(Viewed along
the C=C bond)

(Top view)

See problems 1.41-1.43

H H
.. AN .
H—(ll—(.]‘l: \\\\\)C—QJ’
Ilq HH L ]
PROBLEM 1.8

Predict all bond angles for these molecules:
(a) CH30OH (b) CH,CI, (c) H,CO;3 (carbonic acid)

—e Chemical Connections 1A e

Many elements in the pure state can exist in different
forms. We are all familiar with the fact that pure carbon
is found in two forms: graphite and diamond.
These forms have been known for centu-
ries, and it was generally believed that
they were the only forms of carbon
having extended networks of C
atoms in well-defined structures.
But that is not so! The scien-
tific world was startled in 1985
when Richard Smalley of Rice
University and Harry W. Kroto
of the University of Sussex,
England, and their coworkers
announced that they had detected
a new form of carbon with a molec-
ular formula Cgy. They suggested that
the molecule has a structure resembling
a soccer ball: 12 five-membered rings and
20 six-membered rings arranged such that each
five-membered ring is surrounded by six-membered

BUCKYBALL: A NEW FORM OF CARBON

rings. This structure reminded its discoverers of a
geodesic dome, a structure invented by the innova-
tive American engineer and philosopher
R. Buckminster Fuller.Therefore, the offi-
cial name of the new allotrope of car-
bon has become fullerene. Kroto,
Smalley, and Robert F Curl were
awarded the Nobel Prize for
Chemistry in 1996 for their work
with fullerenes. Many higher
fullerenes, such as C;y and Cgy,
have also been isolated and
studied.

Question
Predict the bond angles about the
carbon atoms in Cg. What geometric
feature distinguishes the bond angles
about each carbon in Cgy from the bond angles of
a compound containing typical carbon-carbon bonds?
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1.4 How Do We Predict If a Molecule
Is Polar or Nonpolar?

In Section 1.2C, we used the terms polarand dipole to describe a covalent bond in which one
atom bears a partial positive charge and the other bears a partial negative charge. We also
saw that we can use the difference in electronegativity between bonded atoms to determine
the polarity of a covalent bond and the direction of its polarity. We can now combine our
understanding of bond polarity and molecular geometry (Section 1.3) to predict the polar-
ity of molecules.

A molecule will be nonpolar if (1) it has all nonpolar bonds, or (2) it has polar bonds
and the vector sum of its bond dipoles is zero (i.e., the bond dipoles cancel each other).
Consider first carbon dioxide, COy, a molecule with two polar carbon-oxygen double
bonds. Because carbon dioxide is a linear molecule, the vector sum of its two bond dipoles
is zero; therefore, this molecule is nonpolar.

—t +—

two bond dipoles of equal S oS5+ 8

strength will cancel when o- ot .
oriented in opposite O=C=0:

directions
Carbon dioxide

(a nonpolar molecule)

A molecule will be polar if it has polar bonds and the vector sum of its bond
dipoles is non-zero. In a water molecule, each O—H bond is polar, with oxygen, the
more electronegative atom, bearing a partial negative charge and each hydrogen bear-
ing a partial positive charge. Because water is a bent molecule, the center of its partial
positive charge is between the two hydrogen atoms, and the center of its partial nega-
tive charge is on oxygen. Thus, water has polar bonds and, because of its geometry, it is
a polar molecule.

the vector sum (red) of the
bond dipoles (blue) situates
the center of partial positive
charge (6") in between the .

2
two hydrogen atoms /@\
-~

H (3+H

Water
(a polar molecule)

Ammonia has three polar N—H bonds, and because of its geometry, the vector sum
of their bond dipoles does not equal zero. Thus, ammonia is a polar molecule.

the center of partial
positive charge (5+) is

midway between the H/ \“H
three hydrogen atoms g

Ammonia
(a polar molecule)

Charles D. Winters/Science Source
Images

Carbon dioxide, CO,, is a
nonpolar molecule. Its solid
state is often referred to as
dry ice.
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EXAMPLE 1.9

Which of these molecules are polar? For each that is polar, specify the direction of its polarity.
(a) CH3C| (b) CH20 (C) C2H2

STRATEGY

To determine whether a molecule is polar, first determine if it has polar bonds, and if it does, determine whether the vector sum
of the bond dipoles is zero. If the vector sum of the bond dipoles is not zero, the molecule is polar.

SOLUTION

Both chloromethane (CH5CI) and formaldehyde (CH,0) have polar bonds and, because of their geometry, are polar molecules.
Because acetylene (C,H,) is linear, and each of its C—H bonds is nonpolar covalent, the molecule is nonpolar.

I Q
\\\‘“]C\I /C\I E— b=
H a H H H
Chloromethane Formaldehyde Acetylene
(polar) (polar) (nonpolar)

See problems 1.44, 1.46

PROBLEM 1.9

Both carbon dioxide (CO,) and sulfur dioxide (SO,) are triatomic molecules. Account for the fact that carbon dioxide is a non-
polar molecule, whereas sulfur dioxide is a polar molecule.

O 1.5 What Is Resonance?

o As chemists developed a better understanding of covalent bonding in organic compounds,
. a it became obvious that, for a great many molecules and ions, no single Lewis structure pro-
@ 0= C\ o— vides a truly accurate representation. For example, Figure 1.11 shows three Lewis structures
O for the carbonate ion, C032’, each of which shows carbon bonded to three oxygen atoms
e — by a combination of one double bond and two single bonds. Each Lewis structure implies
e /O" that one carbon-oxygen bond is different from the other two. This, however, is not the
(b) :0— C\ . case; it has been shown that all three carbon—oxygen bonds are identical.
Ke) To describe the carbonate ion, as well as other molecules and ions for which no single
- Lewis structure is adequate, we turn to the theory of resonance.
e /O:
(¢ 0—C
\.Q:_ A. TheTheory of Resonance
FIGURE 1.11 Three The theory of resonance was developed by Linus Pauling in the 1930s. According to this
Lewis structures for the theory, many molecules and ions are best described by writing two or more Lewis structures

carbonate ion. and considering the real molecule or ion to be a composite of these structures. We call



curved arrows always (a) (b) (c)
originate from electrons, ‘e e — -
either from bonds... - /O" . /'gj . /O.'
O=C «—> T:0—C «~— T:0—C
QR N <N TNl
(o 0 0
...or from unshared pairs o . ot

of electrons

FIGURE 1.12 The carbonate ion represented as a hybrid of three equivalent contributing
structures. Curved arrows show the redistribution of valence electrons between one contributing
structure and the next.

individual Lewis structures resonance contributing structures. We show that the real mole-
cule or ion is a resonance hybrid of the various contributing structures by interconnecting
them with double-headed arrows.

Figure 1.12 shows three resonance contributing structures for the carbonate ion. The
three are equivalent, meaning that they have identical patterns of covalent bonding (each
contributing structure has one double bond and two single bonds) and are of equal energy.

Use of the term resonance for this theory of covalent bonding might suggest to you that
bonds and electron pairs constantly change back and forth from one position to another
over time. This notion is not at all correct. The carbonate ion, for example, has one and
only one real structure. The problem is ours: How do we draw that one real structure? The
resonance method is a way to describe the real structure and at the same time retain Lewis
structures with electron-pair bonds. Thus, although we realize that the carbonate ion is not
accurately represented by any one contributing structure shown in Figure 1.12, we con-
tinue to represent it as one of these for convenience. We understand, of course, that what
is intended is the resonance hybrid.

A final note. Do not confuse resonance contributing structures with equilibration among
different species. A molecule described as a resonance hybrid is not equilibrating among
individual electron configurations. Rather, the molecule has only one structure, which is best
described as a hybrid of its various contributing structures. The colors of the color wheel
provide a good analogy. Green is not a primary color; the colors yellow and blue are mixed to
make green. You can think of molecules represented by resonance hybrids as being green.
Green is not sometimes yellow and sometimes blue. Green is green! In an analogous way, a
molecule described as a resonance hybrid is not sometimes one contributing structure and
sometimes another. It is a single structure all of the time—the resonance hybrid.

B. Curved Arrows and Electron Pushing

Notice in Figure 1.12 that the only change from resonance contributing structure (a) to (b)
and then from (b) to (c) is a redistribution of valence electrons. To show how this redistri-
bution of valence electrons occurs, chemists use a symbol called a curved arrow, which
shows the repositioning of an electron pair from its origin (the tail of the arrow) to its
destination (the head of the arrow). The repositioning may be from an atom to an adjacent
bond or from a bond to an adjacent atom.

A curved arrow is nothing more than a bookkeeping symbol for keeping track of elec-
tron pairs or, as some call it, electron pushing. Do not be misled by its simplicity. Electron
pushing will help you see the relationship between contributing structures. Furthermore, it
will help you follow bond-breaking and bond-forming steps in organic reactions.
Understanding this type of electron pushing is a survival skill in organic chemistry; your
success in this course depends on it.

C. Rules for Writing Acceptable Resonance
Contributing Structures

You must follow these four rules in writing acceptable resonance contributing structures:

1. All contributing structures must have the same number of valence electrons.

2. All contributing structures must obey the rules of covalent bonding; thus, no contribut-
ing structure may have more than 2 electrons in the valence shell of hydrogen or more

1.5 WhatlIs Resonance? : 19

Resonance contributing
structures Representations of
a molecule or ion that differ
only in the distribution of
valence electrons.

Resonance hybrid A molecule
or ion that is best described
as a composite of a number
of contributing structures.

Double-headed arrow A
symbol used to connect
contributing structures.

Curved arrow A symbol used
to show the redistribution of
valence electrons.
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than 8 electrons in the valence shell of a second-period element. Third-period elements,
such as sulfur and phosphorus, may have up to 12 electrons in their valence shells.

3. The positions of all nuclei must be the same; that is, contributing structures differ only
in the distribution of valence electrons.

4. All contributing structures must have the same total number of paired and unpaired
electrons.

EXAMPLE 1.10

Which sets are pairs of acceptable resonance contributing SOLUTION

structures? (a) A pair of resonance contributing structures. They differ
‘0! ToR only in the distribution of valence electrons.
| | (b) Not a pair of resonance contributing structures. They dif-
(@) CH3—C—CH; «— CEE O G fer in the arrangement of their atoms. Oxygen is bonded
.. to a hydrogen atom in the Lewis structure on the right,
HOH ‘O—H but the other structure contains no such bond.

l
(b) CH;—C—CH; <— CHy=C—CHjy

STRATEGY

The concept being examined here is that resonance involves
the redistribution of valence electrons; the connectivity of

See problem 1.47
atoms does not change.

PROBLEM 1.10

Which sets are pairs of resonance contributing structures?

O: 0% O: O: ~
Va / V4 v + e S
(a) CH;—C «— CH3—C% (b) CH3—C «— CH3;—C (c) HLC=N=N~ «<— H,C—N=N
\.07 \.OT \.O._ \O. - -

EXAMPLE 1.11

Draw the resonance contributing structure indicated by the bond. That is, a single bond will become a double bond and
curved arrows. Be certain to show all valence electrons and a double bond will become a triple bond.
all formal charges.
SOLUTION
)
I I HOH HOH
(a CHs—C—H «<— (b)) H—=C—~C—H «— I I
| (a) CHg_g_H (b) H—C=C—H

H |

S) + e * (3. L5
(¢) CH—O—C—H «— (d) =N= — + + e 9o
T & & (c) CHB—chl—H (d) N=N—N:

H
H

STRATEGY

Any curved arrow that points to an atom will generate
a lone pair of electrons. Any curved arrow that points to a

. . . L See problems 1.48, 1.50
bond will result in an additional bond on top of the original



1.6 What Is the Orbital Overlap Model of Covalent Bonding? : 21

PROBLEM 1.11

Use curved arrows to show the redistribution of valence electrons in converting resonance contributing structure (a) to (b) and
then (b) to (c). Also show, using curved arrows, how (a) can be converted to (c) without going through (b).

O: HOH HOJ
7 7/ /
CH3—C «<— CH3—C+ «<— CH3—C
\ . \.OT \O.

(a) (b) (c)

1.6 What Is the Orbital Overlap Model
of Covalent Bonding?

As much as the Lewis and VSEPR models help us to understand covalent bonding and the
geometry of molecules, they leave many questions unanswered. The most important of
these questions is the relation between molecular structure and chemical reactivity. For
example, carbon-carbon double bonds are different in chemical reactivity from carbon—
carbon single bonds. Most carbon—carbon single bonds are quite unreactive but carbon—
carbon double bonds, as we will see in Chapter 5, react with a wide variety of reagents. The
Lewis model and VSEPR give us no way to account for these differences. Therefore, let us
turn to a newer model of covalent bonding, namely, the formation of covalent bonds by the
overlap of atomic orbitals.

A. Shapes of Atomic Orbitals

One way to visualize the electron density associated with a particular orbital is to draw a
boundary surface around the region of space that encompasses some arbitrary percentage
of the charge density associated with that orbital. Most commonly, we draw the boundary
surface at 95%. Drawn in this manner, all s orbitals have the shape of a sphere with its
center at the nucleus (Figure 1.13). Of the various s orbitals, the sphere representing the
1s orbital is the smallest. A 2s orbital is a larger sphere, and a 3s orbital is an even larger
sphere.

Figure 1.14 shows the three-dimensional shapes of the three 2p orbitals, combined in
one diagram to illustrate their relative orientations in space. Each 2p orbital consists of two
lobes arranged in a straight line with the nucleus in the middle. The three 2p orbitals are
mutually perpendicular and are designated 2px, 2py, and 2p..

FIGURE 1.14 Shapes of 2px, 2py, and 2p- atomic orbitals. The three 2p orbitals are mutually
perpendicular. One lobe of each orbital is shown in red, the other in blue.

P2 /

y
ot W
/I

1s

N

2s
FIGURE 1.13 Shapes of 1s
and 2s atomic orbitals.
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Sigma (¢) bond A covalent
bond in which the overlap
of atomic orbitals is
concentrated along the bond
axis.

covalent bond
formed by overlap
of atomic orbitals

®0-@d

1s 1s

FIGURE 1.15 Formation of
the covalent bond in H, by the
overlap of the 1s atomic
orbitals of each hydrogen.

Hybrid orbitals An orbital
produced from the
combination of two or more
atomic orbitals.

sp® Hybrid orbital An orbital
produced by the combination
of one s atomic orbital and
three p atomic orbitals.

Covalent Bonding and Shapes of Molecules

B. Formation of a Covalent Bond by the Overlap
of Atomic Orbitals

According to the orbital overlap model, a covalent bond is formed when a portion of an
atomic orbital of one atom overlaps a portion of an atomic orbital of another atom. In
forming the covalent bond in Hy, for example, two hydrogens approach each other so that
their 1s atomic orbitals overlap to form a sigma covalent bond (Figure 1.15). A sigma (o)
bond is a covalent bond in which orbitals overlap along the axis joining the two nuclei.

C. Hybridization of Atomic Orbitals

The formation of a covalent bond between two hydrogen atoms is straightforward. The
formation of covalent bonds with second-period elements, however, presents the following
problem: In forming covalent bonds, atoms of carbon, nitrogen, and oxygen (all second-
period elements) use 2s and 2p atomic orbitals. The three 2p atomic orbitals are at angles
of 90° to one another (Figure 1.14), and if atoms of second-period elements used these
orbitals to form covalent bonds, the bond angles around each would be approximately 90°.
Bond angles of 90°, however, are rarely observed in organic molecules. What we find,
instead, are bond angles of approximately 109.5° in molecules with only single bonds, 120°
in molecules with double bonds, and 180° in molecules with triple bonds:

120° (approx) 180°
H oos H [ H
| s Q /
S,C\ C=C H—C=C—H
H\\\l - H/ \H
H

To account for these observed bond angles, Pauling proposed that atomic orbitals com-
bine to form new orbitals, called hybrid orbitals. In your introductory chemistry course, you
learned about several types of hybrid orbitals made up from s, p, and even d atomic orbitals.
In organic chemistry, because we deal almost exclusively with elements of the first and second
periods of the Periodic Table, we are mostly concerned with the hybrid orbitals that result
from the combination of s and p atomic orbitals. These are aptly named the sp-type hybrid
orbitals, of which there are three types. The type and number of hybrid orbitals formed are
equal to the number of atomic orbitals combined. Elements of the second period form these
three types of hybrid orbitals, designated s[)3 , sp2, and sp, each of which can contain up to two
electrons. We review these hybrid orbitals for you here. Keep in mind that superscripts in the
designation of hybrid orbitals tell you how many atomic orbitals have been combined to form
the hybrid orbitals. The designation spg, for example, tells you that one s atomic orbital and
three p atomic orbitals are combined in forming the hybrid orbital. Do not confuse this use of
superscripts with how we use superscripts in writing a ground-state electron configuration—
for example, 1322522175 for fluorine. In the case of an electron configuration, superscripts tell
you the number of electrons in each orbital or set of orbitals.

As you review each type of hybrid orbital in the following subsections, take note of
(1) the number and types of atomic orbitals that were combined to make the hybrid orbit-
als, (2) the number of p orbitals that remain uncombined, and (3) the three-dimensional
arrangement in space of the hybrid orbitals and any uncombined p orbitals. In particular,
you will find that these three-dimensional arrangements will retain the names (tetrahedral,
trigonal planar, linear) and bond angles (109.5°, 120°, and 180°) used to describe the
shapes of molecules in our section on VSEPR (Section 1.3).

D. sp® Hybrid Orbitals: Bond Angles of Approximately 109.5°

The combination of one 2s atomic orbital and three 2p atomic orbitals forms four equiva-
lent sp® hybrid orbitals (Figure 1.16).

In Section 1.2, we described the covalent bonding in CH4, NHj, and HyO in terms of
the Lewis model, and in Section 1.3 we used VSEPR to predict bond angles of approxi-
mately 109.5° in each molecule. Figure 1.17 shows the bonding in these molecules in terms
of the overlap of orbitals. Notice that the central atom in each compound uses four sp®
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each hybrid orbital consists
of a larger lobe pointing in
one direction...

because they are derived

from four atomic orbitals,
sp3 hybrid orbitals always
occur in sets of four

...and a smaller lobe
pointing in the opposite
direction

(a) An sp3orbital  (b) Four tetrahedral sp3 orbitals

FIGURE 1.16 sp° Hybrid
orbitals. (a) Representation of
a single sp® hybrid orbital
showing two lobes of unequal
size. (b) Three-dimensional
representation of four sp®
hybrid orbitals, which point
toward the corners of a
regular tetrahedron.The
smaller lobes of each sp®
hybrid orbital are hidden
behind the larger lobes.

unshared electron pairs
occupy sp hybrid orbitals
that are not used for bonding

an sp3 hybrid orbital from
carbon and a 1satomic orbital

from hydrogen combine to
form a ¢ bond

p
\

I
H—C—H H—il\'l —H
H H
Orbital overlap model Orbital overlap model
Methane Ammonia
Arrangement of orbitals: Tetrahedral Tetrahedral
Shape of molecule: Tetrahedral Pyramidal

FIGURE 1.17 Orbital overlap models of methane, ammonia, and water.

hybrid orbitals to either form a sigma (o) bond with a hydrogen atom or to hold unshared
pairs of electrons. In each case, the orbitals are arranged tetrahedrally, while the shape that
describes each molecule is based only on the arrangement of atoms.

E. sp? Hybrid Orbitals: Bond Angles of Approximately 120°

The combination of one 2s atomic orbital and two 2p atomic orbitals forms three equiva-
lent sp? hybrid orbitals (Figure 1.18). Because they are derived from three atomic orbitals,
sp? hybrid orbitals always occur in sets of three. The third 2 atomic orbital (remember 2px,
2py, and 2p.) is not involved in hybridization and consists of two lobes lying perpendicular
to the plane of the hybrid orbitals [Figure 1.18(c)].

all three sp? orbitals
lie in the same plane

9

(a) An sp? orbital

(b) Three sp? orbitals

FIGURE 1.18 sp? Hybrid orbitals. (a) A single sp? hybrid orbital showing two lobes of unequal
size. (b) The three sp? hybrid orbitals with their axes in a plane at angles of 120°. (c) The unhybrid-
ized 2p atomic orbital perpendicular to the plane created by the three sp? hybrid orbitals.

Orbital overlap model
Water

Tetrahedral
Bent

sp? Hybrid orbital An orbital
produced by the combination
of one s atomic orbital and
two p atomic orbitals.

one lobe of the 2p orbital

the other lobe of the 2p orbital



24 CHAPTER 1 Covalent Bonding and Shapes of Molecules

Second-period elements use s, ? hybrid orbitals to form double bonds. Figure 1.19(a)
shows a Lewis structure for ethylene, CoH,. A sigma bond between the carbons in ethylene
forms by the overlap of sp2 hybrid orbitals along a common axis [Figure 1.19(b)]. Each
carbon also forms sigma bonds to two hydrogens. The remaining 2p orbitals on adjacent
carbon atoms lie parallel to each other and overlap to form a pi bond [Figure 1.19(c)].

Pi () bond A covalent bond A pi (m) bond is a covalent bond formed by the overlap of parallel p orbitals. Because of the
formed by the overlap of lesser degree of overlap of orbitals forming pi bonds compared with those forming sigma
parallel p orbitals. bonds, pi bonds are generally weaker than sigma bonds.

2p orbitals

H H
=00
H H
(a) (b) (c)

T
FIGURE 1.19 Covalent bond formation in ethylene. (a) Lewis

structure, (b) overlap of sp? hybrid orbitals forms a sigma (s) bond @& a ﬂg s
between the carbon atoms, (c) overlap of parallel 2p orbitals forms a

pi () bond, and (d) ethylene, as you would draw it, with its full S @
complement of bonds and orbitals. Ethylene is a planar molecule; that ' S

is, the two carbon atoms of the double bond and the four atoms
bonded to them all lie in the same plane. (d)

The orbital overlap model describes all double bonds in the same way that we have
described a carbon—carbon double bond. In formaldehyde, CHyO, the simplest organic mol-
ecule containing a carbon—oxygen double bond, carbon forms sigma bonds to two hydrogens
by the overlap of an sp? hybrid orbital of carbon and the 1satomic orbital of each hydrogen.
Carbon and oxygen are joined by a sigma bond formed by the overlap of sp* hybrid orbitals
and a pi bond formed by the overlap of unhybridized 2p atomic orbitals (Figure 1.20).

2p orbitals 1 bond

Formaldehyde
H\
/C=Q.

H
Two nonbonding
electron pairs in
filled sp2 hybrid

(a) (b) orbitals (c)

FIGURE 1.20 A carbon-oxygen double bond. (a) Lewis structure of
formaldehyde, CH,0, (b) the sigma (s) bond framework and nonoverlap-
ping parallel 2p atomic orbitals, (c) overlap of parallel 2p atomic orbitals
to form a pi (z) bond, and (d) formaldehyde, as you would draw it, with
its full complement of bonds and orbitals.
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F. sp Hybrid Orbitals: Bond Angles of Approximately 180°

The combination of one 2s atomic orbital and one 2p atomic orbital forms two equivalent
sp hybrid orbitals. Because they are derived from two atomic orbitals, sp hybrid orbitals
always occur in sets of two (Figure 1.21).
Figure 1.22 shows a Lewis structure and an orbital overlap diagram for acetylene,
CyHy. A carbon—carbon triple bond consists of one sigma bond and two pi bonds. The : .

. K i X k X atomic orbital produced
sigma bond is formed by the overlap of sp hybrid orbitals. One pi bond is formed by the by the combination of one
overlap of a pair of parallel 2p atomic orbitals. The second pi bond is formed by the overlap s atomic orbital and one p
of a second pair of parallel 2p atomic orbitals. atomic orbital.

sp Hybrid orbitals A hybrid

(a)

FIGURE 1.21 sp Hybrid orbitals. (a) A single sp hybrid orbital consisting
of two lobes of unequal size. (b) Two sp hybrid orbitals in a linear arrange-
ment. (c) Unhybridized 2p atomic orbitals are perpendicular to the line
created by the axes of the two sp hybrid orbitals. (d) An sp hybridized
atom, as you would draw it, with its full complement of orbitals. (d)

Acetylene

H—C=C—H

(a) (©)
The other © bond

FIGURE 1.22 Covalent
bonding in acetylene. (a) The
sigma bond framework
shown along with nonover-
lapping 2p atomic orbitals.
(b) Formation of two pi bonds
by overlap of two sets of
parallel 2p atomic orbitals.
(c) Acetylene, as you would
draw it, with its full comple-
ment of bonds and orbitals.

(b)
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Table 1.8 summarizes the relationship among the number of groups bonded to car-
bon, orbital hybridization, and the types of bonds involved.

TABLE 1.8 Covalent Bonding of Carbon

Groups
Bonded to Orbital Predicted Types of Bonds
Carbon Hybridization Bond Angles to Carbon Example Name
T
4 sp° 109.5° four sigma bonds H_(\:_(ﬁ_H ethane
H H
H\ /H
5 o three sigma bonds C=C
3 sP 120 and one pi bond / AN ethylene
H H
2 sp 180° two sigma bonds H—C=C—H acetylene

and two pi bonds

EXAMPLE 1.12

Describe the bonding in acetic acid, CH;COOH, in terms of the  type of bond, either sigma or pi. Labels on the third structure
orbitals involved, and predict all bond angles. point to atoms and show bond angles about each atom as
predicted by valence-shell electron-pair repulsion.

STRATEGY
First draw a Lewis structure for acetic acid and then determine v s i r 190°
the number of regions of electron density about each atom. Il{ :C”): I|{ :(”): ITI :C”):
H—C—C—0—H H—C+C+0—+H H—C—C50
SOLUTION NG I // | -
H H ™% H ~109.5°

The following are three identical Lewis structures. Labels on
the first structure point to atoms and show hybridization.

Labels on the second structure point to bonds and show the See problems 1.51, 1.52

PROBLEM 1.12

Describe the bonding in these molecules in terms of the (a) CH3CH=CH,
atomic orbitals involved, and predict all bond angles: (b) CH3NH,

1.7 What Are Functional Groups?

Over 10 million organic compounds have been discovered or made by organic chemists!
Surely it would seem to be an almost impossible task to learn the physical and chemical
properties of this many compounds. Fortunately, the study of organic compounds is not as
formidable a task as you might think. While organic compounds can undergo a wide variety
of chemical reactions, only certain portions of their structure are changed in any particular
reaction. The part of an organic molecule that undergoes chemical reactions is called a

functional group, and, as we will see, the same functional group, in whatever organic mol-
Functional group An atom
or a group of atoms within

a molecule that shows a . . .. .
characteristic set of physical compounds. Instead you need only to identify a few characteristic types of functional

ecule we find it, undergoes the same types of chemical reactions. Therefore, you do not
have to study the chemical reactions of even a fraction of the 10 million known organic

and chemical properties. groups and then study the chemical reactions that each undergoes.
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Functional groups are also important because they are the units by which we divide
organic compounds into families of compounds. For example, we group those compounds
which contain an —OH (hydroxyl) group bonded to a tetrahedral carbon into a family called
alcohols, and compounds containing a —COOH (carboxyl) group into a family called car-
boxylic acids. In Table 1.9, we introduce seven of the most common functional groups. A
complete list of all functional groups we will study is on page 1.10 at the end of the text.

TABLE 1.9 Seven Common Functional Groups

Functional Group  Name of Group

—OH hydroxyl
—NH, amino

0

carbonyl

—C—H v

0
—C— carbonyl

| |
— C—OH carboxy

O

I carboxylate

O
7(“:71\]7 carbamide

Present In
alcohols

amines

aldehydes

ketones

carboxylic acids

esters

amides

Example
CH,CH,OH
CH;3CH,NH,
(@]
ol

CH,4CCHy
|
CH4COH

|
CH;COH,

[
CH;CNH,

Name of Example
Ethanol

Ethanamine

Ethanal

Acetone

Acetic acid

Ethyl acetate

Acetamide

At this point, our concern is only pattern recognition—that is, how to recognize these
seven functional groups when you see them and how to draw structural formulas of mole-

cules containing them.

Finally, functional groups serve as the basis for naming organic compounds. Ideally,
each of the 10 million or more organic compounds must have a name that is different from

every other compound.

To summarize, functional groups

e are sites of chemical reaction; a particular functional group, in whatever compound we
find it, undergoes the same types of chemical reactions.

® determine, in large measure, the physical properties of a compound.

e are the units by which we divide organic compounds into families.

® serve as a basis for naming organic compounds.

A. Alcohols

The functional group of an alcohol is an —OH (hydroxyl) group bonded to a tetrahedral

(sp” hybridized) carbon atom. In the general formula that follows, we use the symbol R to group.
indicate either a hydrogen or another carbon group. The important point in the general
structure is that the —OH group is bonded to a tetrahedral carbon atom:

R

| e
D

R

Functional group
(R=H or carbon

group)

T
O—H  CH;CH,OH

H H
Structural Condensed
formula structural
formula

Hydroxyl group An —OH

27
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EXAMPLE 1.13

The rightmost representation of this alcohol is a condensed structural formula, CH;CH,OH.
In a condensed structural formula, CHj indicates a carbon bonded to three hydrogens, CHy
indicates a carbon bonded to two hydrogens, and CH indicates a carbon bonded to one hydro-
gen. We generally do not show unshared pairs of electrons in a condensed structural formula.

Alcohols are classified as primary (1°), secondary (2°), or tertiary (3°), depending on
the number of carbon atoms bonded to the carbon bearing the —OH group:

H H CH,

CHy—C—OH

I I I
H CH; CH;

A 1° alcohol A 2° alcohol A 3° alcohol

I
CH;—C—OH

Write condensed structural formulas for the two alcohols with the molecular formula C3HgO. Classify each as primary, secondary,

or tertiary.

STRATEGY

First, bond the three carbon atoms in a chain with the —OH (hydroxyl) group bonded to either an end carbon or the middle
carbon of the chain.Then, to complete each structural formula, add seven hydrogens so that each carbon has four bonds to it.

SOLUTION

a 1° alcohol: the carbon
bearing the —OH group is
bonded to just one carbon

H H H '
H—C—C—C—O—H or CH3;CH,CH,OH . w

H H H @ J

a 2° alcohol: the carbon
bearing the —OH group is
bonded to two other carbons
I

H O 1|{ (l)H 3
H—C—C—(ll—H or CH3CHCHg

H H H @ <9

See problems 1.53-1.56, 1.58, 1.59

PROBLEM 1.13

Write condensed structural formulas for the four alcohols with the molecular formula C4H:,0. Classify each as primary,

secondary, or tertiary.

Amino group An sp®
hybridized nitrogen atom
bonded to one, two, or three
carbon groups.

B. Amines

The functional group of an amine is an amino group—a nitrogen atom bonded to one, two,
or three carbon atoms. In a primary (1°) amine, nitrogen is bonded to one carbon atom. In
a secondary (2°) amine, it is bonded to two carbon atoms, and in a tertiary (3°) amine, it is
bonded to three carbon atoms. The second and third structural formulas that follow can
be written in a more abbreviated form by collecting the CHg groups and writing them as
(CH3)9NH and (CHj3)sN, respectively.



1.7 What Are Functional Groups? : 29

<
CH3NH, CHs;NH or (CH3)sNH  CH3NCHj3 or (CHg)sN
ny ny
Methylamine Dimethylamine Trimethylamine
(a 1° amine) (a 2° amine) (a 3° amine)

EXAMPLE 1.14

Write condensed structural formulas for the two primary (1°) amines with the molecular formula C3HgN.

STRATEGY

For a primary amine, draw a nitrogen atom bonded to two hydrogens and one carbon. The nitrogen may be bonded to the
three-carbon chain in two different ways. Then add the seven hydrogens to give each carbon four bonds and give the correct
molecular formula.

SOLUTION

NH2 »
CH3sCHo,CHoNHy; - (I:HCH o
) 3

s o ¢ S See problems 1.53-1.56, 1.58, 1.59

PROBLEM 1.14

Write condensed structural formulas for the three secondary amines with molecular formula C4H4;N.

C. Aldehydes and Ketones

Both aldehydes and ketones contain a C=0O (carbonyl) group. The aldehyde functional Carbonyl group A C=0
group contains a carbonyl group bonded to a hydrogen. In formaldehyde, CH5O, the sim- group.

plest aldehyde, the carbonyl carbon is bonded to two hydrogen atoms. In a condensed

structural formula, the aldehyde group may be written showing the carbon—-oxygen double

bond as CH=0, or, alternatively, it may be written —CHO. The functional group of a

ketone is a carbonyl group bonded to two carbon atoms.

| :C”): :(”):
e C—(C— &, s

C| C—H CH3CH @
Functional An aldehyde &

group

HOE HOX

NN I,
*(llac»(ll* CH3CCHg .

Functional A ketone L4 ]

group
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EXAMPLE 1.15

Write condensed structural formulas for the two aldehydes
with the molecular formula C4HgO.

STRATEGY

First, draw the functional group of an aldehyde and add the
remaining carbons, which in this case may be bonded in two
different ways. Then, add seven hydrogens to complete the
four bonds of each carbon and give the correct molecular for-
mula: Note that the aldehyde group may be written showing
the carbon-oxygen double bond as C=0, or, alternatively, it

SOLUTION
:ﬁ:
CH3CH,CHyCH

or
CH3CHyCHy,CHO

Ho¥

may be written —CHO.

See problems 1.53-1.56, 1.58, 1.59

PROBLEM 1.15

Il
CH3(|]HCH

CH,
or

(CH3),CHCHO

Write condensed structural formulas for the three ketones with the molecular formula C5H400.

D. Carboxylic Acids, Esters, and Amides

Carboxyl group A—COOH
group.

The functional group of a carboxylic acid is a —COOH (carboxyl: carbonyl + hydroxyl)
group. In an ester, the —OH group is replaced with an —OR group, and in an amide,

an —NHy, —NHR, or —NRy group is bonded to the carbonyl group:

:ﬁ:
R—C—O—H

Functional group

:ﬁ:
R—C—O—R

Functional group

Functional group

=C|) : Carboxylic acid

..
CH;COH

Acetic acid @

HOX
|

CH3COCH,CH; Ester

Ethyl acetate

HOX
|

CH5CNH, Amide

Acetamide
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EXAMPLE 1.16

Write a condensed structural formula for the single carboxylic
acid with the molecular formula C3HgO,.

STRATEGY

First draw the carboxyl group and add the two remaining car-
bons. Finally, add the five remaining hydrogens in such a way
that each carbon in the molecule has four bonds to it.

SOLUTION

ZC”)Z
CH3CHyCOH or CH3CHoCOOH

See problems 1.53-1.56, 1.58, 1.59

PROBLEM 1.16

Write condensed structural formulas for the two carboxylic acids and four esters with the molecular formula C4HgO,.

1.1 How Do We Describe the Electronic Structure
of Atoms?

e An atom consists of a small, dense nucleus and electrons
concentrated about the nucleus in regions of space called
shells.

* Each shell can contain as many as 2n? electrons, where nis
the number of the shell. Each shell is subdivided into
regions of space called orbitals.

e The first shell (n = 1) has a single s orbital and can hold
2 x 12 = 2 electrons.

e The second shell (n =2) has one s orbital and three p orbit-
als and can hold 2 x 22 = 8 electrons.

* The Lewis structure of an element shows the symbol of the
element surrounded by a number of dots equal to the num-
ber of electrons in its valence shell.

1.2 What Is the Lewis Model of Bonding?

e According to the Lewis model of bonding, atoms bond
together in such a way that each atom participating in a
chemical bond acquires a completed valence-shell electron
configuration resembling that of the noble gas nearest it in
atomic number.

e Atoms that lose sufficient electrons to acquire a completed
valence shell become cations; atoms that gain sufficient
electrons to acquire a completed valence shell become
anions.

e An ionic bond is a chemical bond formed by the attractive
force between an anion and a cation.

SUMMARY OF KEY QUESTIONS

* A covalent bond is a chemical bond formed by the sharing
of electron pairs between atoms.

e The tendency of main-group elements (those of Groups
1A-7A) to achieve an outer shell of eight valence electrons
is called the octet rule.

e Electronegativity is a measure of the force of attraction by
an atom for electrons it shares in a chemical bond with
another atom. Electronegativity increases from left to right
and from bottom to top in the PeriodicTable.

e A Lewis structure for a molecule or an ion must show (1)
the correct arrangement of atoms, (2) the correct number
of valence electrons, (3) no more than two electrons in the
outer shell of hydrogen, (4) no more than eight electrons in
the outer shell of any second-period element, and (5) all
formal charges.

e Formal charge is the charge on an atom in a molecule or
polyatomic ion.

1.3 How Do We Predict Bond Angles and the
Shapes of Molecules?

e Valence-shell electron pair repulsion (VSEPR) predicts
bond angles of 109.5° about atoms surrounded by four
regions of electron density, bond angles of 120° about
atoms surrounded by three regions of electron density, and
bond angles of 180° about atoms surrounded by two
regions of electron density.

e The common shapes of small molecules include tetrahe-
dral, pyramidal, linear, and bent.
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1.4 How Do We Predict If a Molecule Is Polar or
Nonpolar?

As a rough guideline, we say that a nonpolar covalent bond
is a covalent bond in which the difference in electronegativity
between the bonded atoms is less than 0.5 unit.

A polar covalent bond is a covalent bond in which the dif-
ference in electronegativity between the bonded atoms is
between 0.5 and 1.9 units. In a polar covalent bond, the
more electronegative atom bears a partial negative charge
(8-) and the less electronegative atom bears a partial posi-
tive charge (5+).

A molecule is polar if the vector sum of its bond dipoles
equals non-zero.

A molecule is nonpolar if (1) it has all nonpolar bonds, or
(2) it has polar bonds and the vector sum of its bond dipoles
is zero (i.e., the bond dipoles cancel each other).

1.5 What Is Resonance?

According to the theory of resonance, a molecule or ion for
which no single Lewis structure is adequate is best
described by writing two or more resonance contributing
structures and considering the real molecule or ion to be a
hybrid of the various contributing structures.

Resonance contributing structures are interconnected by
double-headed arrows.

We show how valence electrons are redistributed from one
contributing structure to the next by curved arrows. A
curved arrow extends from where the electrons are initially
shown (on an atom or in a covalent bond) to their new loca-
tion (an adjacent atom or an adjacent covalent bond).

The use of curved arrows in this way is commonly referred
to as electron pushing.

1.6 What Is the Orbital Overlap Model of Covalent
Bonding?

According to the orbital overlap model, the formation of a
covalent bond results from the overlap of atomic orbitals.

Covalent Bonding and Shapes of Molecules

The greater the overlap, the stronger is the resulting cova-
lent bond.

The combination of atomic orbitals is called hybridization,
and the resulting orbitals are called hybrid orbitals.

The combination of one 2s atomic orbital and three 2p
atomic orbitals produces four equivalent sp® hybrid orbitals,
each pointing toward a corner of a regular tetrahedron at
angles of 109.5°.

The combination of one 2s atomic orbital and two 2p
atomic orbitals produces three equivalent sp? hybrid orbitals,
the axes of which lie in a plane at angles of 120°. Most
C=C, C=0, and C=N double bonds are a combination of
one sigma (o) bond formed by the overlap of sp? hybrid
orbitals and one pi () bond formed by the overlap of paral-
lel 2p atomic orbitals.

The combination of one 2s atomic orbital and one 2p
atomic orbital produces two equivalent sp hybrid orbitals,
the axes of which lie in a plane at an angle of 180°.

All C=C triple bonds are a combination of one sigma bond
formed by the overlap of sp hybrid orbitals and two pi
bonds formed by the overlap of two pairs of parallel 2p
atomic orbitals.

Hybrid orbitals can be arranged in tetrahedral, trigonal planar,
and linear geometries.

1.7 What Are Functional Groups?

QUICK QUlz

Functional groups are characteristic structural units by which
we divide organic compounds into classes and that serve as
a basis for nomenclature.They are also sites of chemical reac-
tivity; a particular functional group, in whatever compound
we find it, undergoes the same types of reactions.

Important functional groups for us at this stage in the
course are

e the hydroxyl group of 1°, 2°, and 3° alcohols
e the amino group of 1°, 2°, and 3° amines
¢ the carbonyl group of aldehydes and ketones

¢ the carboxyl group of carboxylic acids

Answer true or false to the following questions to assess your general knowledge of the concepts in this chapter. If you
have difficulty with any of them, you should review the appropriate section in the chapter (shown in parentheses)
before attempting the more challenging end-of-chapter problems.

1. These bonds are arranged in order of increasing polarity
C—H<N—H<O0O—H. (1.2)

2. All atoms in a contributing structure must have complete
valence shells. (1.5)

3. Anelectron in a 1sorbital is held closer to the nucleus than
an electron in a 2s orbital. (1.1)

4. A sigma bond and a pi bond have in common that each can
result from the overlap of atomic orbitals. (1.6)



The molecular formula of the smallest aldehyde is C3HgO,
and that of the smallest ketone is also C3HgO. (1.7)

To predict whether a covalent molecule is polar or non-
polar, you must know both the polarity of each covalent bond
and the geometry (shape) of the molecule. (1.4)

An orbital is a region of space that can hold two elec-
trons. (1.1)

In the ground-state electron configuration of an atom,
only the lowest-energy orbitals are occupied. (1.1)

Electronegativity generally increases with atomic number. (1.2)

Paired electron spins means that the two electrons are
aligned with their spins North Pole to North Pole and South
Pole to South Pole. (1.1)

According to the Lewis model of bonding, atoms bond
together in such a way that each atom participating in the
bond acquires an outer-shell electron configuration matching
that of the noble gas nearest it in atomic number. (1.2)

A primary amine contains one N—H bond, a secondary
amine contains two N—H bonds, and a tertiary amine con-
tains three N—H bonds. (1.7)

All bond angles in sets of resonance contributing struc-
tures must be the same. (1.5)

Electronegativity is a measure of an atom’s attraction
for electrons it shares in a chemical bond with another
atom. (1.2)

An orbital can hold a maximum of two electrons with
their spins paired. (1.1)

Fluorine in the upper right corner of the Periodic Table is
the most electronegative element; hydrogen, in the upper left
corner, is the least electronegative element. (1.2)

A primary alcohol has one —OH group, a secondary alco-
hol has two —OH groups, and a tertiary alcohol has three
—OH groups. (1.7)

H,0 and NH; are polar molecules, but CH, is nonpolar. (1.4)

Electronegativity generally increases from top to bottom
in a column of the PeriodicTable. (1.2)

All contributing structures must have the same number
of valence electrons. (1.5)

A carbon-carbon double bond is formed by the overlap of
sp? hybrid orbitals, and a triple bond is formed by the overlap
of sp® hybrid orbitals. (1.6)

A covalent bond formed by sharing two electrons is
called a double bond. (1.2)

The functional groups of an alcohol, an aldehyde, and a
ketone have in common the fact that each contains a single
oxygen atom. (1.7)

Electrons in atoms are confined to regions of space called
principal energy levels. (1.1)
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In a single bond, two atoms share one pair of electrons; in
a double bond, they share two pairs of electrons; and in a
triple bond, they share three pairs of electrons. (1.2)

The Lewis structure for ethene, C,H4, must show eight
valence electrons. (1.2)

The Lewis structure for formaldehyde, CH,0, must show
eight valence electrons. (1.2)

The letters VSEPR stand for valence-shell electron pair
repulsion. (1.3)

In predicting bond angles about a central atom in a cova-
lent bond, VSEPR considers only shared pairs (pairs of elec-
trons involved in forming covalent bonds). (1.3)

An sp hybrid orbital may contain a maximum of four elec-
trons, an sp? hybrid orbital may contain a maximum of six
valence electrons, and an sp® hybrid orbital may contain a
maximum of eight electrons. (1.6)

For a central atom surrounded by three regions of electron

density, VSEPR predicts bond angles of 360°/3 = 120°. (1.3)
The three 2p orbitals are aligned parallel to each other. (1.1)
All molecules with polar bonds are polar. (1.4)

Electronegativity generally increases from left to right
across a period of the PeriodicTable. (1.2)

A compound with the molecular formula C3HgO may be
an aldehyde, a ketone, or a carboxylic acid. (1.7)

Dichloromethane, CH,CI, is polar, but tetrachlorometh-
ane, CCly, is nonpolar. (1.4)

A covalent bond is formed between atoms whose differ-
ence in electronegativity is less than 1.9. (1.2)

Each principal energy level can hold two electrons. (1.1)

Atoms that share electrons to achieve filled valence shells
form covalent bonds. (1.2)

Contributing structures differ only in the distribution of
valence electrons. (1.5)

In creating hybrid orbitals (sp, sp?, and sp®), the number
of hybrid orbitals created is equal to the number of atomic orbit-
als hybridized. (1.6)

VSEPR treats the two electron pairs of a double bond and
the three electron pairs of a triple bond as one region of elec-
tron density. (1.3)

If the difference in electronegativity between two atoms
is zero (they have identical electronegativities), then the two
atoms will not form a covalent bond. (1.2)

A carbon-carbon triple bond is a combination of one
sigma bond and two pi bonds. (1.6)

A carbon-carbon double bond is a combination of two
sigma bonds. (1.6)

An s orbital has the shape of a sphere with the center of
the sphere at the nucleus. (1.1)
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47. A functional group is a group of atoms in an organic
molecule that undergoes a predictable set of chemical reac-
tions. (1.7)

48. In a polar covalent bond, the more electronegative atom
has a partial negative charge (5-) and the less electronegative
atom has a partial positive charge (5+). (1.2)

49. Electronegativity depends on both the nuclear charge and
the distance of the valence electrons from the nucleus. (1.2)

50. There are two alcohols with the molecular formula
C3HgO. (1.7)

51. In methanol, CH30H, the O—H bond is more polar than
the C—O bond. (1.4)

52. The molecular formula of the smallest carboxylic acid is
C,Hg0,. (1.7)

PROBLEMS

53. Each 2p orbital has the shape of a dumbbell with the
nucleus at the midpoint of the dumbbell. (1.1)

54. Atoms that lose electrons to achieve a filled valence shell
become cations and form ionic bonds with anions. (1.1)

55. There are three amines with the molecular formula

4 (99) L(v9)
1(€9) 4 (28) L(18) 1(0S) 4 (6¥) L(8Y) L(L¥) L(9Y) 4 (SP)
Lvy) 4 (ev) L(zv) L(Ly) L(ov) L(6E) 4 (8€) L(LE) L(9€)

4 (g€) L(ve) 4 (€g) 4 (2e) L(1E) 4 (0€) 4 (62) L(82)
4(£2) 4(92) L(sz) L(ve) L(€g) 4 (22) 4 (L12) L(0Z) 4 (6L)
1(8L) 4(£L) 4(9L) L(SL) L(vL) 4(€L) 4 (2L) L(LL) 4 (0L)
4(6) L(8) L(£) L(9) 4(8) L(b) L(E) 4 (2) L(L) :siomsuy

‘lenuelp suoinjog BulAuedwoooe ayl ul punoy
aq ued slamsue 9say) Jo Auew 1o} suoneue|dxa pajielaq

A problem marked with an asterisk indicates an applied “real-world” problem. Answers to problems whose numbers

are printed in blue are given in Appendix D.

SECTION 1.1 Electronic Structure of Atoms

1.17 Write the ground-state electron configuration for each
element: (See Example 1.1)

(a) Sodium (e) Potassium
(b) Magnesium (f)  Aluminum
(c) Oxygen (g) Phosphorus
(d) Nitrogen (h) Argon

1.18 Write the ground-state electron configuration for each
ion: (See Example 1.1)

(a) Na* (e) H-
(b) CI~ (f) K*
(c) Mg?* (g) Brt
(d) H* (h) Li*

1.19 Which element has the ground-state electron configu-
ration (See Example 1.1)

(a) 1s%25%2pf3s23p* (c) [He]2s?2p?

(b) 1s?25%2p* (d) [Ne]3s?3p°

1.20 Which element or ion does not have the ground-state
electron configuration 15?2s?2p%3s?3p°®? (See Example 1.1)
(a) s* (c) Ar (e) K

(b) CI- (d) Ca?

1.21 Define valence shell and valence electron. Why are

valence electrons more important to bonding than other
types of electrons?

1.22 How many electrons are in the valence shell of each
element? (See Example 1.2)

(a) Carbon (d)  Aluminum
(b) Nitrogen (e) Oxygen
(c) Chlorine (f) Silicon

1.23 How many electrons are in the valence shell of each
ion? (See Example 1.2)

(a) H* (b) H” () F~ (d) cI (e) S*

SECTION 1.2 Lewis Structures

1.24 Judging from their relative positions in the Periodic
Table, which element in each set is more electronegative?
(See Example 1.3)

(a) Carbon or nitrogen (c) Oxygen or sulfur

(b) Chlorine or bromine (d) Oxygen or phosphorus

1.25 Which compounds have nonpolar covalent bonds,
which have polar covalent bonds, and which have ionic
bonds? (See Example 1.4)

(a) LiF (b) CH3F (c)

MgCl, (d) HCI

1.26 Using the symbols 8- and &+, indicate the direction of
polarity, if any, in each covalent bond: (See Example 1.5)

(a) C—ClI (c) C—S

(b) S—H (d) P—H

1.27 Write Lewis structures for each of the following com-

pounds, showing all valence electrons (none of the com-
pounds contains a ring of atoms): (See Example 1.6)

(a) Hydrogen peroxide, (h) Ethane, C,Hg
H,0, (i) Ethylene, C,H,
(b) Hydrazine, NoHg4 (i) Acetylene, C,H,
(c) Methanol, CH;0H (k) Carbon dioxide, CO,

(d) Methanethlol, CH3SH (l) Formaldehyde, CHZO
(e) Methanamine, CH3;NH, (m) Acetone, CH;COCH,
(f) Chloromethane, CH5CI (n) Carbonic acid, H,CO;

(g) Dimethyl ether, (o) Acetic acid, CH;COOH
CH30CH,4



1.28 Write Lewis structures for these ions: (See Example 1.6)
(a) Bicarbonate ion, HCO;~ (c) Acetate ion, CH;COO~
(b) Carbonate ion, CO3%" (d) Chloride ion, CI~

1.29 Why are the following molecular formulas impossible?
(a) CHs (b) C,H; (c) H2 (d) HN3%

1.30 Following the rule that each atom of carbon, oxygen,
and nitrogen reacts to achieve a complete outer shell of eight
valence electrons, add unshared pairs of electrons as neces-
sary to complete the valence shell of each atom in the follow-
ing ions. Then, assign formal charges as appropriate: (See
Example 1.7)

7 T
(a) H—O—C—O (c) H— ‘C ‘C
H H H H
| H H O
() H—C—C—O |l
| (d) H—N—C—C—O
H H |
H H

1.31 The following Lewis structures show all valence elec-
trons. Assign formal charges in each structure as appropriate.
(See Example 1.7)

H :0: H
(a) H é (”3 C—H (c) H—é—'d—H
W o
:0: H
(b) H N—é C—H () H_é
0o "

1.32 Each compound contains both ionic and covalent
bonds. Draw a Lewis structure for each, and show by charges
which bonds are ionic and by dashes which bonds are cova-
lent. (See Example 1.7)

(a) NaOH (d) CH3COONa
(b) NaHCO; (e) CH3ONa
(c) NH,CI (f) KCN

1.33 Silver and oxygen can form a stable compound. Predict
the formula of this compound, and state whether the com-
pound consists of ionic or covalent bonds.

1.34 Draw Lewis structures for the following molecule and
ions: (See Example 1.7)

(a) NH; (c) NH,

(b) NH,* (d) CH3"

SECTION 1.2 Polarity of Covalent Bonds

1.35 Which statement is true about electronegativity?

(a) Electronegativity increases from left to right in a period
of the Periodic Table.

Problems : 35

(b) Electronegativity increases from top to bottom in a
column of the PeriodicTable.

(c) Hydrogen, the element with the lowest atomic number,
has the smallest electronegativity.

(d) The higher the atomic number of an element, the
greater is its electronegativity.

1.36 Why does fluorine, the element in the upper right cor-
ner of the PeriodicTable, have the largest electronegativity of
any element?

1.37 Arrange the single covalent bonds within each set in
order of increasing polarity:

(@) C—H,O0—H,N—H (c)
(b) C—H,C—CI, C—I (d)

C—C,C—0O,C—N
C—Li, C—Hg, C—Mg
1.38 Using the values of electronegativity given inTable 1.4,
predict which indicated bond in each set is more polar and,

using the symbols §+ and §—, show the direction of its polar-
ity: (See Example 1.5)

(a) CH3;—OH or CH;0—H (e)
(b) H—NH, or CH;—NH, (f)

H,C=NH or H,C=0
H,B—H or F,B—F

(¢) CH3;—SH or CH3S—H (g0 H,C=0 or H,C==S

(d) CH;—ForH—F (h) CH3;—MgBr or CH3—Li
1.39 Identify the most polar bond in each molecule:

(a) HSCH,CH,OH (d) CH30OCH,0OH

(b) CHCI,F (e) HOCI

(¢) HOCH,CH,NH, (f) CH3NCHCHO

1.40 Predict whether the carbon-metal bond in each of
these organometallic compounds is nonpolar covalent,
polar covalent, or ionic. For each polar covalent bond, show
its direction of polarity using the symbols 5+ and &-. (See
Example 1.5)

(a) (s
CH3CHy —Pb—CHyCHjg

CHyCHg
Tetraethyllead

(b) CHg_Mg—Cl
Methylmagnesium chloride
Dimethylmercury

SECTION 1.3 Bond Angles and Shapes
of Molecules

1.41 Using VSEPR, predict bond angles about each high-
lighted atom: (See Example 1.8)

il
(a) H (‘]—C‘ O—H (b) H C‘ (‘] Cl
H H H H
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‘ -
() H—C—€=C—H "’—EJ
y ;
o) H
(d) H— (e) H—C—N—H
"o

) H—O—N=O ‘“/%

1.42 Using VSEPR, predict bond angles about each atom of
carbon, nitrogen, and oxygen in these molecules. (Hint. First
add unshared pairs of electrons as necessary to complete the
valence shell of each atom, and then make your predictions of
bond angles.) (See Example 1.8)

(a) CH;—CH,—CH,—OH (d) CH;—C=C—CH,

o}
(b) CHg—CHQ—(II—H (e) CH3—CII—O—CH3
CH;
(c) CH3—CH=CH, (ff CH3—N—CH;s

1.43 Silicon is immediately below carbon in the Periodic
Table. Predict the C—Si—C bond angle in tetramethylsilane,
(CH3),Si. (See Example 1.8)

SECTION 1.4 Polar and Nonpolar Molecules

1.44 Draw a three-dimensional representation for each mol-
ecule. Indicate which molecules are polar and the direction of
their polarity: (See Example 1.9)

(c) CHCl, () CH,—CHCI (i) N(CHg)s

*1.45 Tetrafluoroethylene, C,F,, is the starting material for
the synthesis of the polymer poly(tetrafluoroethylene), com-
monly known asTeflon. Molecules of tetrafluoroethylene are
nonpolar. Propose a structural formula for this compound.

*1.46 Until several years ago, the two chlorofluorocarbons
(CFCs) most widely used as heat-transfer media for refrigera-
tion systems were Freon-11 (trichlorofluoromethane, CCI;F)
and Freon-12 (dichlorodifluoromethane, CCI,F,). Draw a
three-dimensional representation of each molecule, and indi-
cate the direction of its polarity. (See Example 1.9)

SECTION 1.5 Resonance Contributing Structures

1.47 Which of these statements are true about resonance

contributing structures? (See Example 1.10)

(a) All contributing structures must have the same number
of valence electrons.

(b) All contributing structures must have the same arrange-
ment of atoms.

(c) All atoms in a contributing structure must have com-
plete valence shells.

(d) All bond angles in sets of contributing structures must
be the same.

(e) The following pair represents acceptable resonance
contributing structures:

T T
B N2 ™ B Oy Oy M
I I |+ + I I
H H H

(f) The following pair represents acceptable resonance
contributing structures:

ﬁ :'(l)':_
C_.. H C H
H/ \ITI/ H/ \ITIi
H H

(g) The following pair represents acceptable resonance
contributing structures:

- .o +
:0—C=NH

O=C=NH
1.48 Draw the resonance contributing structure indicated by
the curved arrow(s), and assign formal charges as appropri-
ate: (See Example 1.11)

;6: O
(a) H—O—C — (b CLO'
. \ _ / .o
C:Q: H
:O: "O..
. O
T Nor N
ek ko

1.49 UsingVSEPR, predict the bond angles about the carbon
atom in each pair of contributing structures in Problem 1.48.
In what way do the bond angles change from one contribut-
ing structure to the other?

150 Draw acceptable resonance contributing structure(s)
for each of the compounds shown. (See Example 1.11)

+
. + oo™
(a) O (b) H—N=C—N—H
. = = o
of
I H
G G ~ 4
© 1 @ N7
H/C\(]%C\H HO I H
| H



SECTION 1.6 Hybridization of Atomic Orbitals

151 State the hybridization of each highlighted atom:
(See Example 1.12)

T i
(a) H—C—C —H (d) H—(ll—III—H
H H H H
H H O
\ / [
(b) /C:c\ (e) H—C—O0—H
H H
H
N
(¢ H—c=c—H (f) /c:o
H

152 Describe each highlighted bond by indicating the type
of bond(s) and the hybridization of the highlighted atoms:
(See Example 1.12)

H H H
| | \
(a) H—C—C —H (d) cC=o0
[ u’
H H
H H H
| \ /
(b) H—cl—o—H (e) /c:c\
o H H
! i
() H—C —N—H (i H—C—0—H

H H

SECTION 1.7 Functional Groups

153 Draw Lewis structures for these functional groups.
Be certain to show all valence electrons on each: (See

Examples 1.13-1.16)
(a) Carbonyl group (c) Hydroxyl group

(b) Carboxyl group (d) Primary amino group

154 Draw the structure for a compound with the molecular
formula (See Examples 1.13-1.16)

a) C,HgO thatis an alcohol.

b) C3HgO that is an aldehyde.

C3HgO that is a ketone.

d) C3HgO, that is a carboxylic acid.

(
(
(c
(
(e) C4H4;N that is a tertiary amine.

1.55 Draw condensed structural formulas for all com-
pounds with the molecular formula C4HgO that contain
(See Examples 1.13-1.16)
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(a) acarbonyl group. (There are two aldehydes and one
ketone.)

(b) acarbon-carbon double bond and a hydroxyl group.
(There are eight.)

156 Draw structural formulas for (See Examples 1.13-1.16)

(a) the eight alcohols with the molecular formula CsH;,0.

(b) the eight aldehydes with the molecular formula
CgH120.

(c) the six ketones with the molecular formula CgH1,0.

(d) the eight carboxylic acids with the molecular formula

CeH1,0,.
(e) the three tertiary amines with the molecular formula
*1.57 ldentify the functional groups in each compound (we

study each compound in more detail in the indicated
section):
OH O

(a) CH3—CH—C—OH
Lactic acid
(Section 21.4A)
(b) HO—CHy—CHy— OH
Ethylene glycol
(Section 8.2C)

0
I

(c) CH3—CH—C—OH

NH,
Alanine
(Section 18.2B)

OH O

[
(d) HO—CH,—CH—C—H

Glyceraldehyde
(Section 17.2A)

(e) CH3—C—CHy—C—OH
Acetoacetic acid
(Section 13.2B)

(f)  HoNCHyCHoCHyCHoCHyCHoNHo
1,6-Hexanediamine
(Section 16.4A)

*1.568 Dihydroxyacetone, C;HgO3;, the active ingredient in
many sunless tanning lotions, contains two 1° hydroxyl groups,
each on a different carbon, and one ketone group. Draw a struc-
tural formula for dihydroxyacetone. (See Examples 1.13-1.16)

*1.59 Propylene glycol, C3HgO,, commonly used in airplane
deicers, contains a 1° alcohol and a 2° alcohol. Draw a struc-
tural formula for propylene glycol. (See Examples 1.13-1.16)

*1.60 Ephedrine is a molecule found in the dietary supple-
ment ephedra, which has been linked to adverse health
reactions such as heart attacks, strokes, and heart palpita-
tions. The use of ephedra in dietary supplements is now
banned by the FDA.
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(a) Identify at least two functional groups in ephedrine.
(b) Would you predict ephedrine to be polar or nonpolar?

H o H H
c—c & N—cH,
\
Ephedrine H—C C—C—C—CH
G ’
H H

*1.61 Ozone (O3) and carbon dioxide (CO,) are both known
as greenhouse gases. Compare and contrast their shapes,
and indicate the hybridization of each atom in the two
molecules.

1.63 Allene, C3Hy, has the structural formula H,C=C=CH,.
Determine the hybridization of each carbon in allene and pre-
dict the shape of the molecule.

1.64 Dimethylsulfoxide, (CH3),SO, is a common solvent
used in organic chemistry.
(a) Write a Lewis structure for dimethylsulfoxide.

(b) Predict the hybridization of the sulfur atom in the
molecule.

(c) Predict the geometry of dimethylsulfoxide.
(d) Is dimethylsulfoxide a polar or a nonpolar molecule?
1.65 In Chapter 5, we study a group of organic cations called

carbocations. Following is the structure of one such carboca-
tion, the tert-butyl cation:

H3C
N+
c'—cH,
/
H;5C

tert-Butyl cation

(a) How many electrons are in the valence shell of the
carbon bearing the positive charge?

(b) Predict the bond angles about this carbon.

(c) Given the bond angles you predicted in (b), what
hybridization do you predict for this carbon?

1.66 We also study the isopropyl cation, (CH3),CH*, in

Chapter b.

(a) Write a Lewis structure for this cation. Use a plus sign
to show the location of the positive charge.

LOOKING AHEAD

*1.62 In the lower atmosphere that is also contaminated with
unburned hydrocarbons, NO, participates in a series of reac-
tions. One product of these reactions is peroxyacetyl nitrate
(PAN).The connectivity of the atoms in PAN appears below.

H O/ O
[l /7
H—C—C—O—O—N\‘—
I o
H
(a) Determine the number of valence electrons in
this molecule, and then complete its Lewis
structure.

(b) Give the approximate values of the bond angles around
each atom indicated with an arrow.

(b) How many electrons are in the valence shell of the
carbon bearing the positive charge?

(c) UseVSEPR to predict all bond angles about the carbon
bearing the positive charge.

(d) Describe the hybridization of each carbon in this cation.

1.67 In Chapter 9, we study benzene, C¢gHg, and its derivatives.
1
H\ /C\ /H
/C\ PN
H c| H "
H
&
(a) Predict each H—C—C and each C—C—C bond angle
on benzene.

(b) State the hybridization of each carbon in benzene.
(c) Predict the shape of a benzene molecule.

1.68 Explain why all the carbon-carbon bonds in benzene
are equal in length.

G
PR
| ” 1.39 x 10710 m




Group Learning Activities : 39

GROUP LEARNING ACTIVITIES

Studies have shown that working in groups enhances learning and fosters camaraderie. The following problems repre-

sent activities that you can do in groups of two or more.

1.69 Take turns by naming a functional group and challeng-
ing each other to draw an organic molecule with at least three
carbon atoms that contains that functional group.

1.70 Draw all possible contributing structures for the mol-
ecules shown. Then discuss which of these contributing
structures would not contribute significantly to the reso-
nance hybrid. Provide good reasons for the structures you
eliminate.

@ AN O N
07 "X N
H W/
C—C
/ \
H H

1.71 Refer to the list of functional groups on page 1.10 at the
end of this text. Take turns choosing one of the examples in
the list and indicate the hybridization of each C, O, N, or S
atom in the example.

1.72 Rank the three types of hybridized orbitals (sp, sp?, and
sp®) from most fitting to least fitting of the following charac-
teristics. Provide reasons for your ranking.

(a) Most s character

(b) Highestin energy

(c) Forms the longest sigma bonds

1.73 Using the valence-shell electron pair model, predict the
geometry and bond angles present in each of these molecules.
(a) XeF, (b) PClg (c) SFg



Acids and Bases

Citrus fruits are sources of citric acid.

Lemon juice, for example, contains 5-8%
citric acid. Inset: A model of citric acid. © Rickard Blommengren/iStockphoto

KEY QUESTIONS 2.4 How Do We Determine the HOW TO
2.1 What Are Arrhenius Acids and Position of Equilibrium in an 2.1 How to Use Curved Arrows to
Bases? Acid-Base Reaction? Show the Transfer of a Proton
2.2 What Are Bronsted-Lowry Acids 2.5 What Are the Relationships from an Acid to a Base
and Bases? between Acidity and Molecular 2.2 How to Determine the Position of
tructure? e )
2.3 How Do We Measure the Strength Structure Equilibrium in an Acid-Base
2.6 What Are Lewis Acids and Bases? Reaction

of an Acid or Base?

DID YOU KNOW THAT ACETIC ACID IS ONE OF THE STRONGER ORGANIC ACIDS,
yet it is often consumed by humans in the form of vinegar? Would it surprise you to learn that
hydrochloric acid, one of the strongest acids known, exists in abundance in the stomach of
most mammals and that bicarbonate, a weak base with a structure and reactivity analogous
to acetic acid, is responsible for protecting our stomachs from being auto-digested by its
hydrochloric acid? Did you know that we can predict the relative strengths of many acids and
bases just by comparing their chemical structures?

In this chapter, we will study the acid-base properties of the major classes of organic com-
pounds. It is through our understanding of the fundamentals of acid—base chemistry that we
can begin to answer these questions and comprehend the majority of the reactions that we
will study in this course.

(@) (@)
P !
oo H—CI: o7 Nor
H \
acetic acid hydrochloric acid bicarbonate
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2.1 WhatAre Arrhenius Acids and Bases? : 41

2.1 What Are Arrhenius Acids and Bases?

The first useful definitions of an acid and a base were put forward by Svante Arrhenius
(1859-1927) in 1884; Nobel Prize in Chemistry 1903. According to the original Arrhenius
definitions, an acid is a substance that dissolves in water to produce H* ions, and a base is a
substance that dissolves in water to produce OH™ ions. Today we know that a H' ion does
not exist in water because it reacts immediately with an HyO molecule to give a hydronium
ion, H;O™:

H"(aq) + HyO(1) —— H30" (aq)
Hydronium ion

Apart from this modification, the Arrhenius definitions of acid and base are still valid
and useful today, as long as we are talking about aqueous solutions. However, the
Arrhenius concept of acids and bases is so intimately tied to reactions that take place in
water that it has no good way to deal with acid—base reactions in nonaqueous solutions.
For this reason, we concentrate in this chapter on the Brgnsted—Lowry definitions of
acids and bases, which are more useful to us in our discussion of reactions of organic
compounds.

[ ] Wecanshow the transfer of a proton from an acid to a 2. Use curved arrows to show the change in position
base by using a symbol called a curved arrow. Curved of electron pairs during the reaction. The tail of
- arrows will be used throughout your study of organic the curved arrow is located at an electron pair. The
&N chemistry to describe how reactions proceed. There- head of the curved arrow shows the new position
fore, it is very important that you become proficient in of the electron pair.
their use. 3. A change in position of an electron pair originating
1. Write the Lewis structure of each reactant and from an atom will form a new bond to that atom,
product, showing all valence electrons on reacting while a change in position of an electron pair origi-
atoms. nating from a bond will result in breaking that bond.
EXAMPLE 1 EXAMPLE 2
(— this pair of electrons is given this curved arrow orginates at a bonding
to chlorine to form chloride ion pair of electrons and points to an atom.

H—0+ H—@: — H-O"H + :Cle H
| 5 e
H H H7|:

H

this electron pair is used

and the oxygen of OH™ shows a more intense red than the oxygen of H,0.

— Use Curved Arrows to Show the Transfer of a Proton from an Acid to a Base | —

The result is a new lone pair of electrons

+ H+—O—H — H—

to form a new O—H bond this curved arrow orginates at a lone pair
and results in the formation of a new bond

Notice the increase in charge distribution upon protonation of NH, and deprotonation
of H,0. The nitrogen of NH,* shows a more intense blue than the nitrogen of NH,,

Arrhenius acid A substance
that dissolves in water to
produce H* ions.

Arrhenius base A substance
that dissolves in water to
produce OH™ ions.
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Bronsted-Lowry acid
A proton donor.

Brgnsted-Lowry base
A proton acceptor.

Conjugate base The species
formed when an acid donates
a proton.

Conjugate acid The species
formed when a base accepts
a proton.

2.2 What Are Bronsted-Lowry Acids and Bases?

In 1923, the Danish chemist Johannes Brgnsted and the English chemist Thomas Lowry
independently proposed the following definitions: An acid is a proton donor, a base is a
proton acceptor, and an acid-base reaction is a proton-transfer reaction. Furthermore,
according to the Brgnsted-Lowry definitions, any pair of molecules or ions that can be
interconverted by the transfer of a proton is called a conjugate acid-base pair. When an
acid transfers a proton to a base, the acid is converted to its conjugate base. When a base
accepts a proton, the base is converted to its conjugate acid.

We can illustrate these relationships by examining the reaction of hydrogen chloride
with water to form chloride ion and hydronium ion:

’— conjugate acid-base pair

F conjugate acid-base pair —l

HCl(aq) + HoO() — Cl(aq) + Hz0%(aq)

Hydrogen Water Chloride Hydronium
chloride ion ion
(Acid) (Base) (Conjugate (Conjugate

base of HCl)  acid of water)

In this reaction, the acid HCI donates a proton and is converted to its conjugate base, Cl.
The base HyO accepts a proton and is converted to its conjugate acid, H;O".

We have illustrated the application of the Brgnsted-Lowry definitions with water as a
reactant. These definitions, however, do not require water as a reactant. Consider the fol-
lowing reaction between acetic acid and ammonia:

’7 conjugate acid—base pair

J— conjugate acid-base pair T

CH;,COOH + NHy; =—= CH3COO  + NH 4*
Acetic Ammonia Acetate Ammonium
acid ion ion
(Acid) (Base) (Conjugate base (Conjugate acid
of acetic acid) of ammonia)

We can use curved arrows to show how this reaction takes place:

this electron pair is
given to oxygen to this electron pair is used
form acetate ion to form a new N—H bond

H

:O: H
I I .. Ls
I

I
CH3—C—O—H + ‘N—H —— CH3—C—O: + H H
..Kj | .o
H H
Acetic acid Ammonia Acetate ion Ammonium ion
(proton donor) (proton acceptor)

The rightmost curved arrow shows that the unshared pair of electrons on nitrogen becomes
shared between N and H to form a new H—N bond. At the same time that the H—N bond
forms, the O—H bond breaks, and the electron pair of the O—H bond moves entirely to
oxygen to form the —O™ of the acetate ion. The result of these two electron-pair shifts is
the transfer of a proton from an acetic acid molecule to an ammonia molecule. Table 2.1



2.2 What Are Brgnsted-Lowry Acids and Bases?

gives examples of common acids and their conjugate bases. As you study the examples of
conjugate acid-base pairs in the table, note the following points:

1. An acid can be positively charged, neutral, or negatively charged. Examples of these
charge types are H;O", HyCOs, and HyPO, .

2. A base can be negatively charged or neutral. Examples of these charge types are Cl” and
NHs,.

3. Acids are classified as monoprotic, diprotic, or triprotic, depending on the number of
protons each may give up. Examples of monoprotic acids include HCI, HNOs, and
CH3COOH. Examples of diprotic acids include HySO, and HyCOs. An example of a
triprotic acid is HsPO,. Carbonic acid, for example, loses one proton to become bicarbo-
nate ion and then a second proton to become carbonate ion:

H,CO4 + HyO ——= HCO4™ + H30+
Carbonic Bicarbonate

acid ion
HCO;™ + HyO == CO,*" + H;0"
Bicarbonate Carbonate

mon ion

4. Several molecules and ions appear in both the acid and conjugate base columns; that is,
each can function as either an acid or a base. The bicarbonate ion, HCOy~, for example,
can give up a proton to become CO3* (in which case it is an acid) or it can accept a proton
to become HyCOyj (in which case it is a base).

5. There is an inverse relationship between the strength of an acid and the strength of
its conjugate base. The stronger the acid, the weaker is its conjugate base. HI, for exam-
ple, is the strongest acid listed in Table 2.1, and I', its conjugate base, is the weakest
base. As another example, CH;COOH (acetic acid) is a stronger acid than HyCOg (car-
bonic acid); conversely, CH;COO™ (acetate ion) is a weaker base than HCO3~ (bicarbo-
nate ion).

TABLE 2.1 Some Acids and Their Conjugate Bases

Acid Name Conjugate Base Name
Strong HI hydroiodic acid 1~ iodide ion
Acids HCI hydrochloric acid CI™ chloride ion
/\ HsSO4 sulfuric acid HSO,~ hydrogen sulfate ion
HNO;g nitric acid NO3~ nitrate ion
H;O0" hydronium ion H,O water
HSO,~ hydrogen sulfate ion SO~ sulfate ion
H3PO, phosphoric acid HoPO,~ dihydrogen phosphate ion
CH3COOH acetic acid CH3COO™ acetate ion
HyCOg4 carbonic acid HCO3~ bicarbonate ion
H,S hydrogen sulfide HS™ hydrogen sulfide ion
H,PO,~ dihydrogen phosphate ion HPO,*~ hydrogen phosphate ion
NH,* ammonium ion NH; ammonia
HCN hydrocyanic acid CN™ cyanide ion
CgH;OH phenol CgH;O0™ phenoxide ion
HCO4~ bicarbonate ion CO5%~ carbonate ion
HPO,* hydrogen phosphate ion PO, phosphate ion
X\i:?gls( H,O water OH~ hydroxide ion

CoH;OH ethanol CyH;0™ ethoxide ion

Weak
Bases

Strong
Bases

43
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EXAMPLE 2.1

Write the following acid-base reaction as a proton-transfer reaction. Label which reactant is the acid and which the base, as
well as which product is the conjugate base of the original acid and which is the conjugate acid of the original base. Use curved
arrows to show the flow of electrons in the reaction.

O

[ I
CH;COH + HCO;" —— CH3CO~ + HoCO;

Acetic acid Bicarbonate Acetate Carbonic
ion ion acid

STRATEGY

First, write a Lewis structure for each reactant by showing all valence electrons on the reacting atoms: Acetic acid is the acid
(proton donor), and bicarbonate ion is the base (proton acceptor). The members of a conjugate acid-base pair differ only by a
proton, with the acid having the greater number of protons.To find the formula of the conjugate base, we remove one proton
from the acid.

SOLUTION

FromTable 2.1, we see that acetic acid is a stronger acid and, therefore, is the proton donor in this reaction.

’7 conjugate acid-base pair

17 conjugate acid-base pair—l

0 o o o
[ I W [ .l
CH;—C—O—H +:0—C—0—H — CH;—C—0f + B—0—C—0—H

Acid Base Conjugate acid

of HCO5~

Conjugate base
of CH;COOH

See problems 2.7, 2.8

PROBLEM 2.1

Write each acid-base reaction as a proton-transfer reaction. Label which reactant is the acid and which product is the base, as
well as which product is the conjugate base of the original acid and which is the conjugate acid of the original base. Use curved
arrows to show the flow of electrons in each reaction.

(a) CH;SH + OH™ —— CH,S™ + H,O (b) CH,OH + NH,” —— CH,0” + NH; (¢) H,O + CgH;OH —— H,0" + C;H;0~

2.3 How DoWe Measure the Strength

of an Acid or Base?
Strong acid An acid that
is completely ionized in

. A strong acid or strong base is one that ionizes completely in aqueous solution. When HCI
aqueous solution.

is dissolved in water, a proton is transferred completely from HCI to HyO to form CI” and
H;0". There is no tendency for the reverse reaction to occur—for the transfer of a proton
from H30" to CI” to form HCl and HyO. Therefore, when we compare the relative acidities

Strong base A base that
is completely ionized in

aqueous solution.

Weak acid An acid that only
partially ionizes in aqueous
solution.

Weak base A base that only
partially ionizes in aqueous
solution.

of HCl and H30", we conclude that HCl is the stronger acid and H3O" is the weaker acid.
Similarly, HyO is the stronger base and CI” is the weaker base.

Examples of strong acids in aqueous solution are HCI, HBr, HI, HNOg, HCIO,4, and
HySO,4. Examples of strong bases in aqueous solution are LiOH, NaOH, KOH, Ca(OH),,
and Ba(OH),.

A weak acid or weak base is one that only partially ionizes in aqueous solution. Most
organic acids and bases are weak. Among the most common organic acids we deal with are
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the carboxylic acids, which contain a carboxyl group, —COOH (Section 1.7D), as shown

in the following reaction:
O

Acid Base
(weaker acid) (weaker base)

O

CH,CO~  +

Conjugate base
of CH3COOH
(stronger base)

H,0%

Conjugate acid
of HQO
(stronger acid)

The equation for the ionization of a weak acid, HA, in water and the acid ionization
constant K, for this equilibrium are, respectively,

HA + H,O = A" + H;0"

K, = K, [H,0] =

[H;0"][A7]
[HA]

Because acid ionization constants for weak acids are numbers with negative exponents, we

often express them as pK, = —log,, K,. Table 2.2 gives the names, molecular formulas,

and values of pK, for some organic and inorganic acids. Note that the larger the value of
pK., the weaker is the acid. Also note the inverse relationship between the strengths of the
conjugate acid-base pairs; the stronger the acid, the weaker is its conjugate base.

The pH of this soft drink is 3.12.
Soft drinks are often quite acidic.

TABLE 2.2 pK,Values for Some Organic and Inorganic Acids

the weaker the acid, the

stronger is its conjugate base Weaker
acid
the stronger the acid, the \/
weaker is its conjugate base Stronger
acid

Acid

ethane

ammonia

ethanol

water
methylammonium ion
bicarbonate ion
phenol
ammonium ion
hydrogen cyanide
carbonic acid
acetic acid
benzoic acid
phosphoric acid
hydronium ion
sulfuric acid
hydrogen chloride
hydrogen bromide
hydrogen iodide

Formula

CH3CHj
NH;
CH3CH,;OH
H,O
CH3NH;3*"
HCO;3~
CgH;OH
NH,*

HCN
HyCO;
CH3COOH
CgH;COOH
H;PO,
H;O
HsSO,

HCl

HBr

HI

pKa

Caution: In exercises such as Example 2.2 and Problem 2.2, we ask you to select the stronger
acid. You must remember that these and all other acids with ionization constants consider-
ably less than 1.00 are weak acids. Thus, although acetic acid is a considerably stronger acid
than water, it still is only slightly ionized in water. The ionization of acetic acid in a 0.1 M
solution, for example, is only about 1.3%; the major form of this weak acid that is present

in a 0.1 M solution is the unionized acid!

O
Forms present in [

O

0.1 M acetic acid CH3COH + HyO == CH3CO™ + H3;0"

98.7%

1.3%

Conjugate Base

CH4CH,~
. Stronger
NH,
2 base

CH3CH,O™ .

HO"™
CH3NH,
CO4*
CeH;0™
NH,

CN-
HCO4~
CH4CO0"~
CgH;CO0™
H,PO,~
H,0O
HSO,~

Weaker
Br~ base

“stronger acid” is used as a
relative term. Keep in mind
that acids with K, values
less than 1 (pK,>0) are
considered weak acids
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EXAMPLE 2.2

For each value of pK,, calculate the corresponding value of K.
Which compound is the stronger acid?

(a) Ethanol, pK, =15.9

(b) Carbonic acid, pK, =6.36

STRATEGY

The stronger acid has the smaller value of pK, (the larger
value of K;).

SOLUTION

(a) For ethanol, K, =1.3 x 107"

(b) For carbonic acid, K, =4.4 x 107

Because the value of pK, for carbonic acid is smaller than that
for ethanol, carbonic acid is the stronger acid and ethanol is
the weaker acid.

See problem 2.16

PROBLEM 2.2

For each value of K, calculate the corresponding value of pKj.
Which compound is the stronger acid?

(a) Acetic acid, K, =1.74 x 107
(b) Water, K, =2.00 x 107"®

2.4 How Do We Determine the Position of Equilibrium
in an Acid-Base Reaction?

We know that HCI reacts with HyO according to the following equilibrium:

HCl + HyO —— CI” + HgO"

We also know that HCl is a strong acid, which means that the position of this equilibrium

lies very far to the right.

As we have seen, acetic acid reacts with HyO according to the following equilibrium:

CH3COOH + H,O —= CH3COO  + H30%

Acetic acid

Acetate ion

Acetic acid is a weak acid. Only a few acetic acid molecules react with water to give acetate
ions and hydronium ions, and the major species present at equilibrium in aqueous solu-
tion is CH;COOH. The position of this equilibrium, therefore, lies very far to the left.

In the preceding two acid-base reactions, water was the base (proton acceptor). But
what if we have a base other than water as the proton acceptor? How can we determine
which are the major species present at equilibrium? That is, how can we determine whether
the position of equilibrium lies toward the left or toward the right?

As an example, let us examine the acid-base reaction between acetic acid and ammo-

é nia to form acetate ion and ammonium ion:

£

o

3 ? _ N

5 CH3;COOH + NH;, —— CH;COO + NH,

oF Acetic acid Ammonia Acetate ion Ammonium
Vinegar (which contains (Acid) (Base) (Conjugate base ion(Conjugate
acetic acid) and baking of CH;COOH) acid of NHy)

soda (sodium bicarbonate)
react to produce sodium
acetate, carbon dioxide,
and water. The carbon
dioxide inflates the balloon.

As indicated by the question mark over the equilibrium arrow, we want to determine
whether the position of this equilibrium lies toward the left or toward the right. There are
two acids present: acetic acid and ammonium ion. There are also two bases present:
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ammonia and acetate ion. From Table 2.2, we see that CH3COOH (pK, 4.76) is the
stronger acid, which means that CH;COO™ is the weaker conjugate base. Conversely, NH,"
(pK, 9.24) is the weaker acid, which means that NHj is the stronger conjugate base. We
can now label the relative strengths of each acid and base in the equilibrium:

’7 conjugate acid-base pair

J(i conjugate acid-base pair —l
l .>

CH;COOH + NH; —  CH;COO  + NH,*

Ammonium ion

pK, 9.24

(weaker acid)

Acetate ion
(weaker base)

Ammonia
(stronger base)

Acetic acid

pK, 4.76

(stronger acid)

In an acid-base reaction, the position of equilibrium always favors reaction of the
stronger acid and stronger base to form the weaker acid and weaker base. Thus, at equilibrium,
the major species present are the weaker acid and weaker base. In the reaction between
acetic acid and ammonia, therefore, the equilibrium lies to the right, and the major species
present are acetate ion and ammonium ion:

CH;COOH  +
Acetic acid
(stronger acid) (stronger base)

Ammonia

CH;COO™ + NH4*
Acetate ion
(weaker base)

Ammonium ion
(weaker acid)

_|:

22 |

Determine the Position of Equilibrium in an Acid-Base Reaction

Identify the two acids in the equilibrium; one is on
the left side of the equilibrium, the other on the
right side.

Using the information inTable 2.2, determine which
acid is the stronger and which the weaker. In the
absence of pK, data, use the concepts presented in
Section 2.5 to determine the stronger and weaker
acid.

Identify the stronger base and weaker base in each
equilibrium. Remember that the stronger acid gives
the weaker conjugate base and the weaker acid gives
the stronger conjugate base.

The stronger acid and stronger base react to give
the weaker acid and weaker base, and the position
of equilibrium lies on the side of the weaker acid
and weaker base.

EXAMPLE 2.3

For each acid-base equilibrium, label the stronger acid, the stronger base, the weaker acid, and the weaker base. Then predict
whether the position of equilibrium lies toward the right or toward the left.

(a) H,CO, + OH" =—= HCO; + H,0 (b) GH,OH + HCO,~ == CH,00 + HyCO,
Carbonic Bicarbonate Phenol Bicarbonate Phenoxide  Carbonic
acid ion ion jon acid
STRATEGY

Identify the two acids in the equilibrium and their relative strengths and the two bases and their relative strengths.The position
of the equilibrium lies toward the weaker acid and the weaker base.
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SOLUTION

Arrows over each equilibrium show the conjugate acid-base pairs. The position of equilibrium in (a) lies toward the right. In
(b) it lies toward the left.

(a)

J—conjugate acid-base pair—‘|

HyCOs

Carbonic acid
pK, 6.36
(stronger acid)

+

con

jugate acid-base pair conjugate acid-base pair

l— conjugate acid-base pair—l

OH~ —— HCOy + H,0 (b)) CGH;0H + HCO; —= CgH;O  + HyCOs

(stronger
base)

Bicarbonate Water Phenol Bicarbonate Phenoxide Carbonic acid
ion pK, 156.7 pK, 9.95 ion ion pK, 6.36
(weaker base) (weaker acid) (weaker acid) (weaker base) (stronger base) (stronger acid)

See problems 2.11, 2.12, 2.17, 2.25

PROBLEM

2.3

For each acid-base equilibrium, label the stronger acid, the stronger base, the weaker acid, and the weaker base. Then predict
whether the position of equilibrium lies toward the right or the left.

(a)

CH;NH, + CH;COOH =—= CH,NH,* + CH,COO™ (b) CH,CH,0™ + NH, == CH,CH,0OH + NH,

Methylamine

Acetic acid

»

Methylammonium  Acetate ion Ethoxide Ammonia Ethanol Amide
ion ion ion

2.5 What Are the Relationships between Acidity
and Molecular Structure?

Now let us examine the relationship between the acidity of organic compounds and their
molecular structure. The most important factor in determining the relative acidities of
organic acids is the relative stability of the anion, A”, formed when the acid, HA, transfers a
proton to a base. We can understand the relationship involved by considering (A) the elec-
tronegativity of the atom bonded to H, (B) resonance, (C) the inductive effect, and (D) the
size and delocalization of charge on A”. We will look at each of these factors briefly in this
chapter. We will study them more fully in later chapters when we deal with particular func-
tional groups.

A. Electronegativity: Acidity of HA within a Period
of the Periodic Table

Recall that electronegativity is a measure of an atom’s attraction for electrons it shares in a
covalent bond with another atom. The more electronegative an atom is, the greater its abil-
ity to sustain electron density around itself. The relative acidity of the hydrogen acids within
a period of the Periodic Table is determined by the stability of A", that is, by the stability of
the anion that forms when a proton is transferred from HA to a base. Thus, the greater the
electronegativity of A, the greater the stability of the anion A", and the stronger the acid
HA. For example, carbon and oxygen are in the same period of the Periodic Table. Because
oxygen is more electronegative than carbon, oxygen is better able to sustain the added
electron density incurred when it is negatively charged than is carbon when it is negatively
charged.
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HsC—H H,N—H HO—H  F—H

when comparing negatively pka 51 38 157 35
charged atoms in the same period Electronegativity 25 3.0 3.5 4.0
of the Periodic Table, the more of AinA—H

electronegative the atom, the better
it is at sustaining the negative charge

Increasing acid strength >

Caution: Electronegativity is the major factor when comparing the stability of negatively
charged atoms in the same period of the Periodic Table. Other factors, which we will dis-
cuss in Section 2.5D and in future chapters, will become significant when comparing atoms
in the same group (vertical column) of the Periodic Table.

B. Resonance Effect: Delocalization of the Charge in A~

Carboxylic acids are weak acids: Values of pK, for most unsubstituted carboxylic acids fall
within the range from 4 to 5. The value of pK, for acetic acid, for example, is 4.76:

CH,COOH + H,O —— CH,COO~ + H;0" pK,=4.76
A carboxylic acid A carboxylate anion

Values of pK, for most alcohols, compounds that also contain an —OH group, fall within
the range from 15 to 18; the value of pK, for ethanol, for example, is 15.9:

CH,CH,0—H + H,0 == CH,CH,0~ + H,0" pK, =159
An alcohol An alkoxide ion

Thus, alcohols are slightly weaker acids than water (pKa = 15.7) and are much weaker acids
than carboxylic acids.

We account for the greater acidity of carboxylic acids compared with alcohols in part
by using the resonance model and looking at the relative stabilities of the alkoxide ion and
the carboxylate ion. Our guideline is this: The more stable the anion, the farther the position of
equilibrium is shifted toward the right and the more acidic is the compound.

There is no resonance stabilization in an alkoxide anion. The ionization of a carbox-
ylic acid, however, gives an anion for which we can write two equivalent contributing struc-
tures in which the negative charge of the anion is delocalized; that is, it is spread evenly over
the two oxygen atoms:

these contributing structures are equivalent; the carboxylate
anion is stabilized by delocalization of the negative charge
across the two oxygen atoms

.’C): .'C).
cty—c” Hy0 = CHy— . CH3;—C
3 N 2 3 \y). 3
‘0—H 0”

CH3;CHy—O —H +HyO == CH3CH,—O: + H30"

the alkoxide ion has no resonance contributing structures.
Its negative charge is localized on the sole oxygen atom

Because of the delocalization of its charge, a carboxylate anion is significantly more stable
than an alkoxide anion. Therefore, the equilibrium for the ionization of a carboxylic acid

49
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a resonance effect that
delocalizes the charge of
an ion will have the effect

of stabilizing that ion

Inductive effect The
polarization of electron
density transmitted through
covalent bonds caused by

a nearby atom of higher
electronegativity.

when comparing negatively
charged atoms in the same group
of the Periodic Table, the
larger the atom bearing the
negative charge, the better it is
at sustaining the charge

is shifted to the right relative to that for the ionization of an alcohol, and a carboxylic acid
is a stronger acid than an alcohol.

C. The Inductive Effect: Withdrawal of Electron Density
from the HA Bond

The inductive effect is the polarization of electron density transmitted through covalent
bonds by a nearby atom of higher electronegativity. We see the operation of the inductive
effect when we compare the acidities of acetic acid (pK, 4.76) and trifluoroacetic acid (pK,
0.23). Fluorine is more electronegative than carbon and polarizes the electrons of the C—F
bond, creating a partial positive charge on the carbon of the —CF; group. The partial posi-
tive charge, in turn, withdraws electron density from the negatively charged —COy" group.
The withdrawal of electron density delocalizes the negative charge and makes the conjugate
base of trifluoroacetic acid more stable than the conjugate base of acetic acid. The delocal-
izing effect is apparent when the electron density map of each conjugate base is compared.

H H
O O
7 7
H*C*C\ +HyO — H30* + H*C*C\
| O—H an inductive effect that | °.O::_
H ! H
Acetic acid delocalizes the charge
of an ion will have the
pKa = 4.76 effect of stabilizing that ion
F
O
| 7
F—C—C
| So—mn
F
Trifluoroacetic acid
pKa=0.23

Notice that the oxygen atoms on the trifluoroacetate ion are less negative (represented by
alighter shade of red). Thus, the equilibrium for ionization of trifluoroacetic acid is shifted
more to the right relative to the ionization of acetic acid, making trifluoroacetic acid more
acidic than acetic acid.

D. Size and the Delocalization of Charge in A~

An important principle in determining the relative stability of unionized acids, HA, is the
stability of the conjugate base anion, A", resulting from the loss of a proton. The more sta-
ble the anion, the greater the acidity of the acid. For example, the relative acidity of the
hydrogen halides, HX, is related to the size of the atom bearing the negative charge. The
principles of physics teach us that a system bearing a charge (either negative or positive) is
more stable if the charge is delocalized. The larger the volume over which the charge of an
anion (or cation) is delocalized, the greater the stability of the anion.
Recall from general chemistry that atomic size is a periodic property.

1. For main group elements, atomic radii increase significantly going down a group in the
Periodic Table. From the top to the bottom of a group in the Periodic Table, the atomic
radii increase because electrons occupy orbitals that are successively larger as the value of
n, the principal quantum number, increases. Thus, for the halogens (Group 8A elements),
iodine has the largest atomic radius and fluorine has the smallest (I > Br > CI > F).

2. Anions are always larger than the atoms from which they are derived. For anions, the
nuclear charge is unchanged, but the added electron(s) introduce new repulsions and
electron clouds swell. Among the halide ions, I" has the largest atomic radius and F~ has the
smallest (I" > Br™ > CI™ > F7).

Thus, when considering the relative acidities of the hydrogen halide acids, we need to
consider the relative stabilities of the resulting halide ions formed by ionization of the acid.
We know that HI is the strongest acid and that HF is the weakest. We account for this trend
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by the fact that the negative charge on iodide ion is delocalized over a larger area than is
the negative charge on bromide ion. The negative charge on bromide ion in turn is delo-
calized over a larger area than is the negative charge on chloride ion, and so forth. Thus,
HI is the strongest acid in the series because iodide ion is the most stable anion, and HF is
the weakest acid because fluoride ion is the least stable ion.

EXAMPLE 24

(a) Arrange the following compounds in the order from most acidic to least acidic.

10 1 1]
H—(ll—N—H H—C—O—H H—(ll—B—H
H H H

(b) Arrange the following compounds in order from most basic to least basic.

Cl H F

I
cl —(|:—CH20:

|
o} F—C—CHy G

I m
H—(ll—CHQQ:
Cl H F

STRATEGY

When determining acidity, assess the stability of the conjugate base—the compound formed after the acid has transferred
its proton to a base. Any feature (e.g., electronegativity, resonance, inductive effect, or anion size) that helps to stabilize the
conjugate base will make the original acid more acidic. When determining the basicity of a negatively charged species, assess
the stability of the base. Any feature (e.g., electronegativity, resonance, or inductive effect) that helps to stabilize the base will
make it less basic. That is, a more stable base will be less reactive.

SOLUTION

Because the elements compared in this example (B, C, and O) are all in the same period of the Periodic Table, the stability of
the conjugate bases can be compared based on the electronegativity of the element bearing the negative charge. Oxygen, the
most electronegative element, is most able to bear the electron density and negative charge. Boron, the least electronegative
element, is least able to bear the electron density and negative charge.

(a) Most acidic Least acidic
| T T
Qi el H—C—O—H H—C—N—H H—C—B—H
acid [ [
H H H
. H H H H H
Conjugate | s | | | |
base H—(li—Q: H—(ll—N - H—(li—B: -
H

least electronegative atom and
therefore least able to bear the
clectron density and negative charge

most electronegative atom and
therefore most able to bear the
electron density and negative charge

(b) The stability of bases can be compared based on the extent of an inductive effect within each compound. Fluorine, the
most electronegative element, will exert a strong inductive effect on the negatively charged oxygen, thereby delocalizing
the negative charge to some extent.This delocalization of negative charge makes the F;CCH,O™ ion more stable than either
of the other two. Chlorine can also exert an inductive effect on the negatively charged oxygen. Chlorine, however, is less
electronegative than fluorine, so the stabilizing effect is less.
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this oxygen atom has the most charge delocalization
from the highly electronegative fluorine atoms, and
therefore it is the most stable ion and least reactive

this oxygen atom has no
charge delocalization

H Cl F

| . . .
H—Cl—CHQQ! > C—C—CHyO: > F—(lj—CHQQ!

H Cl F
Most basic Least basic

this oxygen atom has some
charge delocalization from the
electronegative chlorine atoms

See problems 2.20-2.22

PROBLEM 24

(a) Arrange the following compounds in the order from most acidic to least acidic.

| I |
CH,=CH—N—H O=CH—N—H CH3CH,—N—H

(b) Arrange the following compounds in the order from most basic to least basic.

CH;=CHy—N—H CH;CHy— O CH?,:(:HQ—'cl';H
H

2.6 What Are Lewis Acids and Bases?

Gilbert Lewis, who proposed that covalent bonds are formed by the sharing of one or more
pairs of electrons (Section 1.2), further expanded the theory of acids and bases to include
or ion that can form a new a group of substa.n(:f:s not 1n?luded in the Brgnsted—Lowry concept. Accordlng to the Lj:WlS
covalent bond by accepting a definition, an acid is a species that can form a new covalent bond by accepting a pair of
pair of electrons. electrons; a base is a species that can form a new covalent bond by donating a pair of elec-

Lewis acid Any molecule

. trons. In the following general equation, the Lewis acid, A, accepts a pair of electrons in
Lewis base Any molecule

or ion that can form a new . . ‘ .
covalent bond by donating a base, :B, donates the pair of electrons in forming the new covalent bond and acquires a

forming the new covalent bond and acquires a negative formal charge, while the Lewis

pair of electrons. positive formal charge:

new covalent bond formed in this Lewis

electron- electron- acid-base reaction. The electrons in this
pair pair covalent bond were donated by B in the sense
acceptor donor that they are now shared between the two atoms.

-+
A+ NB =— A—B

Lewis Lewis
acid base

Note that, although we speak of a Lewis base as “donating” a pair of electrons, the term is
not fully accurate. “Donating” in this case does not imply that the electron pair under
consideration is removed completely from the valence shell of the base. Rather, “donat-
ing” means that the electron pair is shared with another atom to form a covalent bond.
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As we will see in the chapters that follow, a great many organic reactions can be inter-
preted as Lewis acid-base reactions. Perhaps the most important (but not the only) Lewis
acid is the proton. Isolated protons, of course, do not exist in solution; rather, a proton
attaches itself to the strongest available Lewis base. When HCI is dissolved in water, for
example, the strongest available Lewis base is an HyO molecule, and the following proton-
transfer reaction takes place:

H—06:" 1 B — H—O0"H + i

I
H H

Hydronium ion

When HCI is dissolved in methanol, the strongest available Lewis base is a CH;OH mole-

cule, and the following proton-transfer reaction takes place. An oxonium ion is an ion that Oxonium ion An ion that
contains an oxygen atom
bonded to three other atoms
or groups of atoms and bears
a positive charge.

contains an oxygen atom with three bonds and bears a positive charge.

CH3—6:/+\H—¢:1: — CH3—£|5+—H + QI
H H

Methanol (a Lewis base) An oxonium ion

Table 2.3 gives examples of the most important types of Lewis bases we will encounter
in this text arranged in order of their increasing strength in proton-transfer reactions. Note
that each of the Lewis bases has at least one atom with an unshared pair of electrons. It is this
atom that functions as the Lewis base. Ethers are organic derivatives of water in which both
hydrogens of water are replaced by carbon groups. We study the properties of ethers along
with those of alcohols in Chapter 8. We study the properties of amines in Chapter 10.

TABLE 2.3 Some Organic Lewis Bases and Their Relative Base Strengths
in Proton-Transfer Reactions

Water, Alcohols,

Ammonia and

Hydroxide lon and

Halide lons and Ethers Amines Alkoxide lons Amide lons
:CI7 H—O—H H—I"\'J—H H—O7 H—i\"}:’
H H
‘Bri CH;—O—H CHy— N—H CHy—OF CHy;—N?
H H
[7 (]]—]3—0—(]]—[3 CH%_N_H CH3_ 1\‘17
) ‘
CH;, CHy
CH3—N —CH,
CH,
Very weak Weak Strong Stronger Very strong >

EXAMPLE 25

Complete this acid-base reaction. Use curved arrows to show the redistribution of electrons in the reaction. In addition, predict
whether the position of this equilibrium lies toward the left or the right.

CH;—O-H + CH3—I\|I—H =
H H
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STRATEGY

First, add unshared pairs of electrons on the reacting atoms to give each a complete octet. Then identify the Lewis base (the
electron-pair donor) and the Lewis acid (the electron-pair acceptor). The position of equilibrium lies on the side of the weaker
acid and weaker base.

SOLUTION

Proton transfer takes place to form an alcohol and an ammonium ion. We know from Table 2.3 that amines are stronger bases
than alcohols. We also know that the weaker the base, the stronger its conjugate acid, and vice versa. From this analysis, we
conclude that the position of this equilibrium lies to the right, on the side of the weaker acid and the weaker base.

H

. .. . L
CHg—(l):}—H + CHg—ITJ—H S CHg—cl): + CHS—ITI—H

H H H H
Stronger Stronger Weaker Weaker
acid base base acid

See problems 2.7, 2.8, 2.11, 2.26-2.32

PROBLEM 25

Complete this acid—base reaction. First add unshared pairs of electrons on the reacting atoms to give each atom a complete
octet. Use curved arrows to show the redistribution of electrons in the reaction. In addition, predict whether the position of the
equilibrium lies toward the left or the right.

| i
(a) CHS—O_+CH3—I\|I+—CH3 S (b) CH,—C—O—H + CI° —
CHj

Another type of Lewis acid we will encounter in later chapters is an organic cation in
which a carbon is bonded to only three atoms and bears a positive formal charge. Such
carbon cations are called carbocations. Consider the reaction that occurs when the follow-
ing organic cation reacts with a bromide ion:

bromine donates a lone
pair of electrons to form
a new bond to carbon

:1\%}:

e .

CH3—CH—CHg + :Br: —> CH3—CH—CHj
An organic Bromide ion  2-Bromopropane

cation (a Lewis base)
(a Lewis acid)

In this reaction, the organic cation is the electron-pair acceptor (the Lewis acid), and bro-
mide ion is the electron-pair donor (the Lewis base).
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EXAMPLE 26

Complete the following Lewis acid-base reaction. Show all
electron pairs on the reacting atoms and use curved arrows
to show the flow of electrons in the reaction:

+
CH, -CH-CH,; + H, O ——

STRATEGY

Determine which compound will be the electron-pair donor
and which will be the electron-pair acceptor. Hint: Compounds
with empty orbitals in their valence shell usually act as Lewis
acids.

PROBLEM 2.6

SOLUTION

The trivalent carbon atom in the organic cation has an empty
orbital in its valence shell and, therefore, is the Lewis acid.
Water is the Lewis base.

H H

\6/

+ . I
CHg—clz—CH3 + H—O—H — CHg—cl—CHg

H H

Lewis

Lewis An oxonium
acid i

base ion

See problems 2.30-2.32

Write an equation for the reaction between each Lewis acid-
base pair, showing electron flow by means of curved arrows.
(Hint: Aluminum is in Group 3A of the Periodic Table, just
under boron. Aluminum in AICI; has only six electrons in its
valence shell and thus has an incomplete octet.)

2.1 What Are Arrhenius Acids and Bases?

An Arrhenius acid is a substance that dissolves in aqueous
solution to produce H3;O* ions.

An Arrhenius base is a substance that dissolves in aqueous
solution to produce OH™ ions.

2.2 What Are Brgnsted-Lowry Acids and Bases?
* A Bronsted-Lowry acid is a proton donor.
¢ A Breonsted-Lowry base is a proton acceptor.

e Neutralization of an acid by a base is a proton-transfer
reaction in which the acid is transformed into its conjugate
base, and the base is transformed into its conjugate acid.

2.3 How Do We Measure the Strength of an Acid
or Base?

e A strong acid or strong base is one that completely ionizes
in water.

* A weak acid or weak base is one that only partially ionizes
in water.

e The strength of a weak acid is expressed by its ionization
constant, K.

e The larger the value of K, the stronger the acid, pK, = -logK,.

(a) CI" +AlICl;—— (b)) CH;Cl+ AICl;, ——>

SUMMARY OF KEY QUESTIONS

2.4 How Do We Determine the Position of
Equilibrium in an Acid-Base Reaction?

¢ |n an acid-base reaction, the position of equilibrium favors
the reaction of the stronger acid and the stronger base to
form the weaker acid and the weaker base.

2.5 What Are the Relationships between Acidity
and Molecular Structure?

The relative acidities of the organic acids, HA, are deter-
mined by

e the electronegativity of A.
¢ the resonance stabilization of the conjugate base, A™.

e the electron-withdrawing inductive effect, which also stabi-
lizes the conjugate base.

¢ the size of the atom with the negative charge on the conju-
gate base.

2.6 What Are Lewis Acids and Bases?

e A Lewis acid is a species that forms a new covalent bond by
accepting a pair of electrons (an electron-pair acceptor).

¢ A Lewis base is a species that forms a new covalent bond
by donating a pair of electrons (an electron-pair donor).
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QUICK QUlz

Answer true or false to the following questions to assess your general knowledge of the concepts in this chapter. If you
have difficulty with any of them, you should review the appropriate section in the chapter (shown in parentheses)
before attempting the more challenging end-of-chapter problems.

1. If NH3; were to behave as an acid, its conjugate base would
be NH,™. (2.2)

2. Delocalization of electron density is a stabilizing factor.
(2.5)

3. Amide ion, NH,™, is a Lewis base. (2.6)

4. H30" is a stronger acid than NH,* and, therefore, NH; is a
stronger base than H,0. (2.3)

5. Inductive effects can be used to describe electron delo-
calization. (2.5)

6. The direction of equilibrium in an acid-base reaction
favors the side containing the stronger acid and stronger
base. (2.4)

7. The conjugate base of CH3CH,OH is CH3;CH,0™. (2.2)
8. CH3* and NH,* are Lewis acids. (2.6)

9. When an acid, HA, dissolves in water, the solution
becomes acidic because of the presence of H* ions. (2.1)

10. Between a strong acid and a weak acid, the weak acid will
give rise to the stronger conjugate base. (2.4)

11. H,0 can function as an acid (proton donor) and as a base
(proton acceptor). (2.2)

12. The strongest base that can exist in aqueous solution is
OH". (2.4)

13. A strong acid is one that completely ionizes in aqueous
solution. (2.3)

14. NH; is a Lewis base. (2.6)
15. A Brgnsted-Lowry acid is a proton donor. (2.2)

16. When comparing the relative strength of acids, the
stronger acid has the smaller value of pK,. (2.3)

17.When comparing the relative strengths of acids, the
stronger acid has the smaller value of K. (2.3)

18. The formulas of a conjugate acid-base pair differ only by
a proton. (2.2)

19. A Lewis base is an electron pair donor. (2.6)

20. Acetic acid, CH3;COOH, is a stronger acid than carbonic
acid, H,CO;, and, therefore, acetate ion, CH;COO~, is a
stronger base than bicarbonate ion, HCO;™. (2.2)

21. The strongest acid that can exist in aqueous solution is
H;0*. (2.4)

22. A Lewis acid-base reaction results in the formation of a
new covalent bond between the Lewis acid and the Lewis
base. (2.6)

23. When a base accepts a proton in an acid-base reaction, it
is converted into its conjugate base. (2.2)

24. When a metal hydroxide, MOH, dissolves in water, the
solution becomes basic because of the presence of hydroxide
ions, OH™. (2.1)

25. A Lewis acid is a proton acceptor. (2.6)

26. If NH; were to behave as a base, its conjugate acid would
be NH,*. (2.2)

27. Resonance effects can be used to describe electron delo-
calization. (2.5)

28. All Lewis acid-base reactions involve transfer of a proton
from the acid to the base.

29. BF3 is a Lewis acid. (2.6)

30. When HCI dissolves in water, the major ions present are
H* and CI". (2.3)

31. According to the Arrhenius definitions, acids and bases
are limited substances that dissolve in water. (2.1)

32. Acid-base reactions take place only in agqueous solution.
(2.6)

33. The conjugate acid of HCO3™ is H,CO3. (2.2)

L(eg) 4 (ze) L(LE) 4 (0€) L(62) 4 (82)
1(z2) 1(92) 4(52) L(ve) 4 (€2) L(ze) L(le) 4 (02) L(6L)
L1(8L) 4 (1) L(9L) L(SL) L(pL) L(€L) L(zL) L(LL) L(OL)
4(6) 4(8) L(£) 4(9) L(S) L(p) L(€) L(2) L(L):stemsuy
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KEY REACTIONS

1. Proton-Transfer Reaction (Section 2.2)

This reaction involves the transfer of a proton from a proton
donor (a Brgnsted-Lowry acid) to a proton acceptor (a
Brgnsted-Lowry base):

:(”): | :(”): H
. o _ +
CHy—C—O~H"+ "N—H == CH;—C—07 + H—N—H
) | |
H H
Acetic acid Ammonia Acetate Ammonium
(proton donor) (proton acceptor) ion ion

2. Position of Equilibrium in an Acid-Base Reaction

(Section 2.4)

Equilibrium favors reaction of the stronger acid with the
stronger base to give the weaker acid and the weaker base:

PROBLEMS

CH;COOH + NH; =—— CH;COO™ + NH4+
Acetic acid (stronger (weaker Ammonium
pK,4.76 base) base) ionpkK,9.24
(stronger acid) (weaker acid)

3. Lewis Acid-Base Reaction (Section 2.6)

A Lewis acid-base reaction involves sharing an electron pair
between an electron-pair donor (a Lewis base) and an electron-
pair acceptor (a Lewis acid):

26

. |

CHy—CH—CHy + H—O—H —> CHy;—CH—CHj
An oxonium ion

A Lewis acid A Lewis base

A problem marked with an asterisk indicates an applied “real-world” problem. Answers to problems whose numbers

are printed in blue are given in Appendix D.

SECTION 2.1 Arrhenius Acids and Bases

2.7 Complete the net ionic equation for each acid placed in
water. Use curved arrows to show the flow of electron pairs in
each reaction. Also, for each reaction, determine the direction
of equilibrium, using Table 2.2 as a reference for the pK, val-
ues of proton acids. (See Examples 2.1, 2.5)

(a) NH," +H,0 =
(b) HCO,™ +H,0 =

(c) CH;—C—OH + HyO —
(d) CHyCH,O™ +H,0 =

2.8 Complete the net ionic equation for each base placed in
water. Use curved arrows to show the flow of electron pairs in
each reaction. Also, for each reaction, determine the direction
of equilibrium, usingTable 2.2 as a reference for the pK, values
of proton acids formed. (See Examples 2.1, 2.5)

(a) CH;NH, +H,0 == (d) CO;* +H,0 =

(b) HSO, +H,0 == (e)
(c) Br +H,0 =

CN™ +H,0 —

SECTION 2.2 Bronsted-Lowry Acids and Bases

2.9 How are the formulas of the members of a conjugate
acid-base pair related to each other? Within a pair, how can
you tell which is the acid?

2.10 Write the structural formula for the conjugate acids of
the following structures.
H

(d) CHy=N—CH,
(e) CH,CH,CH,

(a) CH3—CHy—N—H
(b) CH,CH,SH

H
(c) H—l\ll—CHQ—CHQ—:O:H () CH,OCH,

2.11 Complete a net ionic equation for each proton-transfer
reaction, using curved arrows to show the flow of electron
pairs in each reaction. In addition, write Lewis structures for
all starting materials and products. Label the original acid and
its conjugate base; label the original base and its conjugate
acid. If you are uncertain about which substance in each equa-
tion is the proton donor, refer toTable 2.2 for the pK, values of
proton acids. (See Examples 2.3, 2.5)

(a) NHz + HCl — (e) NH," +OH™ —

(b) CH;CH,O™ + HCl — (f) CH;COO™ + CH,NH;" —
(c) HCO3 +OH™ — (9) CH;CH,O™ +NH," —>

(d) CH;COO™ +NH,* — (h) CH;NH," +OH™ —>
*2.12 One kind of baking powder contains sodium bicarbo-

nate and calcium dihydrogen phosphate: When water is
added, the following reaction occurs. (See Example 2.3)

HCO3 ~(aq) + HyPO, (aq) — HyCOg(aq) + HPO, > (aq)

Identify the two acids and the two bases in this reaction. (The
H,CO3; decomposes to release CO,, which causes the cake to rise.)

2.13 Each of these molecules and ions can function as a
base. Complete the Lewis structure of each base, and write
the structural formula of the conjugate acid formed by its
reaction with HCI.

(a) CHgCHQOH (C) HC=C" (e) HCOj_
O
|

(b) HCH (d) (CHy),NH ) Ny

2.14 Offer an explanation for the following observations:
(a) H3O*is a stronger acid than NH,*.

(b) Nitric acid, HNOs, is a stronger acid than nitrous acid,
HNO, (pK, 3.7).
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(c) Ethanol, CH3;CH,OH, and water have approximately the
same acidity.

(d) Trichloroacetic acid, CCI3COOH (pK, 0.64), is a stronger
acid than acetic acid, CH;COOH (pK, 4.74).

(e) Trifluoroacetic acid, CF;COOH (pK, 0.23), is a stronger
acid than trichloroacetic acid, CCI3COOH (pK, 0.64).

2.15 Select the most acidic proton
compounds:

P i
(a) CH3—C—CHy—C—CH;3 (c) H—C—CH;g
NH,"

in the following

(b) HoN—C—NH,

SECTION 2.3 Quantitative Measure

of Acid Strength

2.16 Which has the larger numerical value? (See Exam-
ple 2.2)

(a) The pK, of a strong acid or the pK, of a weak acid?

(b) The K, of a strong acid or the K, of a weak acid?

*2.17 In each pair, select the stronger acid: (See Example 2.3)

(a) Pyruvic acid (pK, 2.49) or lactic acid (pK, 3.85)

(b) Citric acid (pKj,4 3.08) or phosphoric acid (pK,; 2.10)

(c) Nicotinic acid (niacin, K,1.4 x 107°) or acetylsalicylic
acid (aspirin, K, 3.3 x 107

(d) Phenol (K,1.12 x 107"°) or acetic acid (K,1.74 x 107°)

2.18 Arrange the compounds in each set in order of increas-
ing acid strength. ConsultTable 2.2 for pK, values of each acid.

o)
| |

Ethanol Bicarbonate ion Benzoic acid
I
(b) HOCOH CH3COH HCl

Carbonic acid Acetic acid Hydrogen chloride

2.19 Arrange the compounds in each set in order of increas-
ing base strength. Consult Table 2.2 for pK, values of the con-
jugate acid of each base. (Hint: The stronger the acid, the
weaker is its conjugate base, and vice versa.)

]
(a) NHjg HOCO ~ CH3CHoO~
] T
(b) OH™ HOCO™ CH,CO~
I
() HyO NH; CH3CO~
(d) NHy~ CH3CO™ OH™

2.20 Using only the PeriodicTable, choose the stronger acid
of each pair. (See Example 2.4)

(a) H,Se or HBr (c)
(b) H,Se or H,Te (d)

CH30H or CH3SH
HCI or HBr

2.21 Explain why H,S is a stronger acid than H,0. (See
Example 2.4)

2.22 Which is the stronger Brgnsted-Lowry base, CH;CH,O~
or CH3;CH,S™? What is the basis for your selection? (See
Example 2.4)

SECTION 2.4 Position of Equilibrium
in Acid-Base Reactions

2.23 Unless under pressure, carbonic acid in aqueous solu-
tion breaks down into carbon dioxide and water, and carbon
dioxide is evolved as bubbles of gas. Write an equation for the
conversion of carbonic acid to carbon dioxide and water.

2.24 For each of the following compounds, will carbon diox-
ide be evolved when sodium bicarbonate is added to an
aqueous solution of the compound?

(a) H,SO, (b) CH3;CH,OH (c)

2.25 Acetic acid, CH3COOH, is a weak organic acid, pK, 4.76.
Write equations for the equilibrium reactions of acetic acid with
each base. Which equilibria lie considerably toward the left?
Which lie considerably toward the right? (See Example 2.3)

(a) NaHCO; (b) NH; (c) H,0 (d) NaOH

2.26 The amide ion, NH,", is a very strong base; it is even
stronger than OH™. Write an equation for the reaction that
occurs when amide ion is placed in water. Use this equation
to show why the amide ion cannot exist in aqueous solution.
(See Example 2.5)

NH,CI

2.27 For an acid-base reaction, one way to indicate the pre-
dominant species at equilibrium is to say that the reaction
arrow points to the acid with the higher value of pK,. For
example (See Example 2.5)

NH," + H, O «—— NH; + H;0"
pK,9.24 pK,-1.74

NH,"+ OH~ —— NH; + H,O
pK,9.24 pK, 15.7

Explain why this rule works.

SECTION 2.5 Relationship between Acidity
and Basicity and Molecular Structure

2.28 For each pair of compounds, determine the stronger
acid without using Table 2.2 and provide a rationale for your
answer choice. (See Example 2.5)

(a) CF3CH,CHy,OH versus CBrsCHy,CH,OH

(b) H,C=CHOH versus CH;CH,OH

(c) HBr versus HCI

O

I
|
(dj H—C—H versus H—C—OH

(e) CH3CH,OH versus CHsSCH,OH




1 |
() H—C—NHy; versus H—C—OH
(g) CH3NH, versus FCHyNH,

2.29 For each compound, determine the more basic of the
atoms highlighted in yellow and provide a rationale for your
answer. (See Example 2.5)

0
(a) CH;—C—OH () CH=CHCH,

I
(by CH3—C—OH

SECTION 2.6 Lewis Acids and Bases

2.30 Complete the following acid-base reactions, using
curved arrow notation to show the flow of electron pairs. In
solving these problems, it is essential that you show all
valence electrons for the atoms participating directly in each
reaction. (See Examples 2.5, 2.6)

o
HyG~  CH,
(@ BFy + N\ /% —
HyC— CH,
CH cl

\
(b) CH, —c‘ —Cl+ Al—Cl —
CH, cl

2.31 Complete equations for these reactions between Lewis
acid-Lewis base pairs. Label which starting material is the
Lewis acid and which is the Lewis base, and use a curved

2.33 Alcohols (Chapter 8) are weak organic acids, pK, 15-18.
The pK, of ethanol, CH;CH,0H, is 15.9. Write equations for the
equilibrium reactions of ethanol with each base. Which equi-
libria lie considerably toward the right? Which lie considera-
bly toward the left?
(a) NaHCO; (b)

NaOH (c) NaNH,  (d) NH;

2.34 Phenols (Chapter 9) are weak acids, and most are insol-
uble in water. Phenol, C¢HsOH (pK, 9.95), for example, is only
slightly soluble in water, but its sodium salt, CsgHsO"Na*, is
quite soluble in water. In which of these solutions will phenol
dissolve?

(a) Aqueous NaOH (c)
(b) Aqueous NaHCO;

Aqueous Na,CO3;

2.35 Carboxylic acids (Chapter 13) of six or more carbons
are insoluble in water, but their sodium salts are very soluble
in water. Benzoic acid, CgHsCOOH (pK, 4.19), for example, is
insoluble in water, but its sodium salt, CqHsCOO~Na*, is quite
soluble in water. In which of these solutions will benzoic acid
dissolve?

LOOKING AHEAD
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arrow to show the flow of the electron pair in each reaction. In
solving these problems, it is essential that you show all
valence electrons for the atoms participating directly in each
reaction. (See Examples 2.5, 2.6)

N
(a) CHy—CH—CH, + CH;—O—H——>

.

(b) CH;—CH—CH; +Br- ——
i

(c) CH3—(‘}+ +H—O—H —

CHj,

2.32 Use curved arrow notation to show the flow of electron
pairs in each Lewis acid-base reaction. Be certain to show all
valence electron pairs on each atom participating in the reac-
tion. (See Examples 2.5, 2.6)

I 7
(a) CH3—C—CH;3; + :CHy; — CHg—(‘]—CHg

CH,

H
L
O OH

| . |
CN

() CH40 +CHy;—Br——>CHy;—O—CH, + Br~

(a) Aqueous NaOH (c)
(b) Aqueous NaHCO; (d)

Aqueous Na,CO5
Aqueous NaCH5CO,

2.36 As we shall see in Chapter 15, hydrogens on a carbon
adjacent to a carbonyl group are far more acidic than those not
adjacent to a carbonyl group. The highlighted H in propanone,
for example, is more acidic than the highlighted H in ethane:

i
CH3CCHy —H CH3CHy—H
Propanone Ethane
pK, =22 pK, =51

Account for the greater acidity of propanone in terms of
(a) the inductive effect and
(b) the resonance effect.

2.37 Explain why the protons in
CH3;—0—CHg, are not very acidic.

dimethyl ether,

2.38 Predict whether sodium hydride, NaH, will act as a base
or an acid, and provide a rationale for your decision.
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*2.39 Alanine is one of the 20 amino acids (it contains both
an amino and a carboxyl group) found in proteins (Chapter 18).
Is alanine better represented by the structural formula A or B?
Explain.

l (Il)
CHS—ClH—C—OH CHS—(le—C—O’
NHo, NH3*

A B

*2.40 Glutamic acid is another of the amino acids found in
proteins (Chapter 18):

2.41 Take turns naming one of the functional groups pre-
sented in Section 1.7. Discuss and show how each functional
group can act as an acid, a base, or both.

2.42 Starting at the top of the following table, take turns
explaining why each acid is less acidic than the acid directly
below it. Which factor in Section 2.5 plays the most dominant
role in your explanation?

pK, Values for Representative Acids

Acid Formula pK,
ethane CH3CHg 51
ammonia NH; 38
ethanol CH3;CH,OH 15.9
ethanethiol CH3CH,SH 10.6
phenol CsH;OH 9.95
acetic acid CH3CO.H 4.76
trifluoroacetic acid CF3COoH 0.23

*2.43 Scientists have determined that the acidity of the
upper-ocean has increased an average of 30%, going from a
pH value of 8.2 to 8.1 over a 250 year period. This increase in
acidity is attributed to increased CO, levels, which in turn
affects the availability of CO5?". With this in mind, discuss the
following as a group:

(a) Explain the relationship between the pH of seawater
and the availability of carbonate ion. Does the change in
pH from 8.2 to 8.1 increase or decrease the availability
of carbonate ion?

GROUP LEARNING ACTIVITIES

o
[

Glutamic acid HO—C—CHy—CHy— (fH —C—OH
NH;*

Glutamic acid has two carboxyl groups, one with pK;, 2.10, the
other with pK, 4.07.

(a)
(b)

Which carboxyl group has which pK,?

Account for the fact that one carboxyl group is a
considerably stronger acid than the other.

(b) Using your knowledge of acid-base chemistry, complete
the equations in the diagram below to show how CO,
levels influence the availability of CO3>~ in seawater.

COq (g) Air
HQCO?, fr—

HyO

Ca?t + COs> ——
Ocean

Il
CaCOg (s)
Ocean floor
(c) How would a decrease in available carbonate ion, CO3",

affect marine organisms’ ability to build and maintain
shells and other body parts from calcium carbonate?

2.44 The pK, of a CH; proton on propane is 51.The pK, val-
ues for the CH; protons on propene and acetone are consider-
ably lower. Discuss why these CH; protons are so much more
acidic. Use drawings to inform your discussion.

H 0
pK, =51 LopK= 44 L pk =20
P2 PN
CHy—CH,—CH; CH,” “CH;  CHy~  CHs
propane propene acetone



The burners of gas grills are fueled by liquefied petroleum gas (LPG). LPG contains mostly
propane, which is how their containers became known as “propane tanks,” but LPG also contains
small amounts of ethane, propene, and butane. Inset: A model of propane.
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Alkanes

and Cycloalkanes

KEY QUESTIONS

3.1
3.2

3.3
34
35

What Are Alkanes?

What Is Constitutional Isomerism
in Alkanes?

How Do We Name Alkanes?
What Are Cycloalkanes?

How Is the IUPAC System of
Nomenclature Applied to
Molecules that Contain
Functional Groups?

3.6 What Are the Conformations of
Alkanes and Cycloalkanes?

3.7 What Is Cis-Trans Isomerism in
Cycloalkanes?

3.8 What Are the Physical Properties
of Alkanes and Cycloalkanes?

3.9 What Are the Characteristic
Reactions of Alkanes?

3.10 What Are the Sources of
Alkanes?

HOW TO
3.1 How to Interpret Line-Angle
Formulas

3.2 How to Visualize and Draw a
Newman Projection

3.3 How to Draw Alternative Chair
Conformations of Cyclohexane

CHEMICAL CONNECTIONS
3A The Poisonous Puffer Fish

3B Octane Rating: What Those
Numbers at the Pump Mean

PERHAPS YOU HAVE HEARD of the term hydrocarbon? It is often used by the media Hydrocarbon A compound
when discussing petroleum and other fossil fuels. Figure 3.1, however, shows that hydrocar- that contains only carbon

bons are actually a larger class of organic compound, all entirely composed of only hydro-

atoms and hydrogen atoms.

gen and carbon. The word “saturated” is another often used term, especially in the food
industry (think “saturated fats”). Saturated compounds are molecules whose carbon chains Saturated hydrocarbon A
contain only carbon—carbon single bonds.They are categorized as such because “saturated” hydrocarbon containing only

carbons, carbons that have the maximum number of hydrogens bonded to them, are rela-

carbon-carbon single bonds.

tively unreactive. This is why saturated fats are considered unhealthy; their hydrocarbon
chains require more energy to break down or digest.

61
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FIGURE 3.1 The four
classes of hydrocarbons.

Unsaturated hydrocarbon A
hydrocarbon containing at least
one carbon-carbon pi bond.

Alkane A saturated
hydrocarbon whose carbon
atoms are arranged in an
open chain.

Charles D. Winters

Butane is the fuel in this
lighter. Butane molecules are
present in the liquid and
gaseous states in the lighter.

Line-angle formula An
abbreviated way to draw
structural formulas in which
each vertex and each line
ending represents a carbon
atom and a line represents
a bond.

Alkanes and Cycloalkanes

Hydrocarbons I

Saturated Unsaturated I
Class Alkanes Alkenes Alkynes Arenes
(Chapter 3) (Chapters 4-5) (Chapters 4-5) I (Chapter 9) I
Carbon—-carbon  Only carbon— One or more One or more One or more
bonding  carbon single carbon—carbon carbon—carbon benzenelike
bonds double bonds triple bonds rings
i
I—|I I—|I H\ /H H - C\C M
Example H—C—C—H /CZC\ H—C=C—H || |
P|I Pll H H H/ ~ C/C\H
I
H
Name Ethane Ethene Ethyne Benzene

Unsaturated hydrocarbons, on the other hand, have at least one carbon—-carbon pi
bond. Alkenes, alkynes, and arenes are all specific types of unsaturated hydrocarbons.
Recall from Chapter 1 that carbon—carbon pi bonds are weaker than carbon—carbon sigma
bonds. Their weaker pi bonds make them more reactive, and we will soon see why their
structural features set them apart from the alkanes we study in this chapter.

3.1 What Are Alkanes?

Methane (CH,) and ethane (CyHg) are the smallest members of the alkane family.
Figure 3.2 shows molecular formulas, Lewis structures, and ball-and-stick models for
these molecules. The shape of methane is tetrahedral, and all H—C—H bond angles are
109.5°. Each carbon atom in ethane is also tetrahedral, and all bond angles are approxi-
mately 109.5°.

Although the three-dimensional shapes of larger alkanes are more complex than
those of methane and ethane, the four bonds about each carbon atom are still arranged in
a tetrahedral manner, and all bond angles are still approximately 109.5°.

The next members of the alkane family are propane, butane, and pentane. In the
representations that follow, these hydrocarbons are drawn first as condensed structural
formulas that show all carbons and hydrogens. They are then drawn in an even more
abbreviated form called a line-angle formula. In this type of representation, a line rep-
resents a carbon—carbon bond, and an angle represents a carbon atom. A line ending

CH, H 109.5° CHy H H
T He GG
}ll L - fll }ll )
Methane Ethane

FIGURE 3.2 Methane and
ethane.
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represents a —CHjy group. Although hydrogen atoms are not shown in line-angle for-
mulas, they are assumed to be there in sufficient numbers to give each carbon four
bonds.

Ball-and-stick " )
model

Line-angle line-angle
formula formulas do
not show
Condensed CH;CHoCHs CH;CHoCHyCHg, CH;CHoCHyCHoCHs o o
structural hydrogen labels
formula Propane Butane Pentane yeres

structural formula of pentane, for example, contains three CHy (methylene) groups in the
middle of the chain. We can collect these groups together and write the structural formula
as CH3(CHy)3CHj;. Table 3.1 gives the names and molecular formulas of the first 20 alkanes.
Note that the names of all these alkanes end in -ane. We will have more to say about naming
alkanes in Section 3.3.

We can write structural formulas for alkanes in still another abbreviated form. The ‘\

— Interpret Line-Angle Formulas

[ ] Usethe mnemonic “a carbon at every bend and at every end. ..
- a carbon is located at every end
o

a carbon is located at every bend

L_ Because carbon requires four bonds to satisfy its valency, count the number of vis-
ible bonds to each carbon and then subtract this number from 4 to determine the
number of hydrogens also bonded to that carbon (but not shown).

1 visible bond to each of these carbons. Therefore, each
is also bonded to 4 — 1 = 3 hydrogens (not shown)

A

3 visible bonds to this carbon. Therefore, it is
also bonded to 4 — 3 = 1 hydrogen (not shown)

2 visible bonds to this carbon. Therefore, it is also
bonded to 4 — 2 = 2 hydrogens (not shown)
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Media Bakery

A tank for propane fuel.

Constitutional isomers
Compounds with the same
molecular formula, but a
different order of attachment
(connectivity) of their atoms.

TABLE 3.1 Names, Molecular Formulas, and Condensed Structural Formulas
for the First 20 Alkanes with Unbranched Chains

Condensed Condensed

Molecular Structural Molecular Structural
Name Formula Formula Name Formula Formula
methane CH, CH, undecane Ci1Hyy CHj3(CHy)9CHg
ethane CoHg CH3CHg dodecane CioHog CHj3(CHy) 10CHg
propane CsHg CH3CH,CHg tridecane C3Hog CHj3(CHy),,CHgy
butane C,Hy CHj3(CHy)9CHj tetradecane Cy4Hsg CHj3(CHy)9CHj
pentane CsHypo CH3(CHy)3CHy pentadecane CizHso CH3(CHy),13CHg
hexane CeHyy CHj3(CHy) ,CHgy hexadecane Cy6Hsy CHj3(CHy),CHy
heptane C;Hyg CH;(CHy)5CHj heptadecane Ci7Hse CH3(CHy)15CH;
octane CgH g CH3(CHy)sCHj octadecane CigHsg CHj3(CH,) ,CHg
nonane CoHy CH3(CHy),CHj nonadecane CioHyp CHj3(CH,),CHg
decane CioHgo CHj3(CHy)gCHgy eicosane CooHyo CHj3(CHy) 13CHgy

Alkanes have the general molecular formula C,Hy,o. Thus, given the number of car-
bon atoms in an alkane, it is easy to determine the number of hydrogens in the molecule
and also its molecular formula. For example, decane, with 10 carbon atoms, must have
(2 x10)+2 =22 hydrogens and the molecular formula C;yHg,.

3.2 What Is Constitutional Isomerism in Alkanes?

Constitutional isomers are compounds that have the same molecular formula, but different
structural formulas. By “different structural formulas,” we mean that these compounds dif-
fer in the kinds of bonds they have (single, double, or triple) or in their connectivity (the
order of attachment among their atoms).

For the molecular formulas CHy, CoHg, and C3Hg, only one order of attachment of
atoms is possible. For the molecular formula C4H,, two orders of attachment of atoms are
possible. In one of these, named butane, the four carbons are bonded in a chain; in the
other, named 2-methylpropane, three carbons are bonded in a chain, with the fourth car-
bon as a branch on the middle carbon of the chain.

/\/

i
9 CHyCH,CHoCH, CH3CHCH;
Butane 2-Methylpropane
(boiling point (boiling point
= -0.5°C) = -11.6 °C)

Butane and 2-methylpropane are constitutional isomers; they are different compounds and
have different physical and chemical properties. Their boiling points, for example, differ
by approximately 11°C. We will discuss how to name alkanes in the next section.

In Section 1.7, we encountered several examples of constitutional isomers, although
we did not call them that at the time. We saw that there are two alcohols with the molecular
formula C3HgO, two aldehydes with the molecular formula C4HgO, and two carboxylic
acids with the molecular formula C,HgO,.
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To find out whether two or more structural formulas represent constitutional isomers,
write the molecular formula of each and then compare them. All compounds that have the
same molecular formula, but different structural formulas, are constitutional isomers.

EXAMPLE 3.1

Do the structural formulas in each pair represent the same compound or constitutional isomers?

(a) CH3CHyCH9CHyCHoCH3 and CH3CHyCHo (each is CgH14)
CHyCHyCHg
CH; CHsq CHj
(b) CHg(leCHQCH and CH3CHoCHCHCHj (each is C7Hqg)
iy oy
STRATEGY

To determine whether these structural formulas represent the same compound or constitutional isomers, first find the longest
chain of carbon atoms in each. Note that it makes no difference whether the chain is drawn straight or bent. Second, number
the longest chain from the end nearest the first branch. Third, compare the lengths of each chain and the sizes and locations of
any branches. Structural formulas that have the same connectivity of atoms represent the same compound; those that have a
different connectivity of atoms represent constitutional isomers.

SOLUTION
(a) Each structural formula has an unbranched chain of six carbons. The two structures are identical and represent the same
compound:
1 z 3 4 5 g do not let the direction in which the

chain or substituents are drawn
distract you. When determining
constitutional isomerism,
connectivity of atoms is key.

1 2 ) 4 5 6 1 2 3
CHgCHQCHQCHQCHQCHg and CHgCHQCHQ
4 5 6
CH,CH,oCHj

(b) Each structural formula has a chain of five carbons with two CH; branches. Although the branches are identical, they are at
different locations on the chains. Therefore, these structural formulas represent constitutional isomers:

CH; CHs CHj
1 2| 3 4| 1 9 3 4 5 15) 4 2
CHSCHCchlH and CHgCHg%HClH(lng

CH, CH;

do not let the direction in which the chain or
substituents are drawn distract you. When
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