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Preface

To the beginning student, organic chemistry often appears to be a bewilder-
ing collection of unrelated structures, names, reactions, and mechanisms. This
impression, of course, is false; but if students are to sort out these complexities,
they must be able to distinguish between basic concepts and the extensions of
these concepts. They must also be able to recognize the interrelationships between
the various organic reactions. Therefore, a textbook should be more than just a
source of information. It must guide the students and supply the framework for
their learning. This is what we have attempted to provide in this book.

We have tried to explain each new topic and reaction thoroughly. Formulas
and equations are annotated with explanatory notes. New reactions are compared
and contrasted with reactions previously introduced. ‘‘Electron-pushing’’
mechanisms are shown wherever feasible. Each chapter is liberally supplied with
worked-out sample problems and study problems for student solution. Chapter
summaries are provided to reinforce the important points and to show similarities
among groups of reactions.

In overall organization, our approach has been to develop first the concepts
of structure and bonding and then discuss reactions and reaction mechanisms.
Explanation of a few other points will point out why.

Introductory Material. Teaching organic chemistry was a rather simple af-
fair 25 years ago. The traditional order of presentation was structural isomerism
and nomenclature, followed by reactions. Today, in addition to these subjects,
we must teach molecular orbital theory, stereochemistry, spectroscopy, and
mechanisms, not to mention new reactions.

The inclusion of these new topics can impose a heavy ‘‘front load’’ of in-
troductory material. We have made a special attempt to keep this to a minimum.
Even so, we cannot, in good conscience, present a reaction and its mechanism on
page 1. It is more important that the student first get a firm grasp on structure
and bonding. These are the topics stressed in the first four chapters.

Chapters 1 and 2 are primarily reviews of atomic and molecular structure,
along with electronegativity, hydrogen bonding, acid-base reactions, and
molecular orbitals, presented for the most part in a graphical way. We have in-
cluded the bonding of some simple nitrogen and oxygen compounds as a way of
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introducing the concept of functional groups. A brief introduction to resonance
theory is also presented here.

The student’s introduction to structural isomerism and nomenclature comes
in Chapter 3. Besides describing the nomenclature of alkanes, we briefly in-
troduce the naming of a few other classes of compounds that will be encountered
early in the book. Chapter 4, ‘‘Stereochemistry,’’ contains more on structure:
geometric isomerism, conformation, and chirality.

Organic Reactions. Since all of organic chemistry is interrelated, instruc-
tors must decide where and how to introduce organic reactions. If they start with
free-radical halogenation, will this reaction assume the position of highest impor-
tance in the student’s mind? Will such an approach place undue emphasis on
hydrocarbon chemistry? We believe the answer to both these questions is “‘Yes.”’
Therefore, our approach is to begin in Chapter 5 with the substitution and
elimination reactions of alkyl halides (SN2, Sn1, E1, and E2). This is followed by
free-radical halogenation in Chapter 6.

There are several reasons why we introduce reactions and reaction
mechanisms in this way instead of with the more traditional free-radical chlorina-
tion of methane.

(1) Reactions involving pairs of electrons are more common in organic
chemistry than those involving unpaired electrons.

(2) The SN2 reaction is a one-step reaction with a single transition state, and
thus is ideal for introducing transition-state diagrams and reaction kinetics.

(3) The SN2 reaction, as well as the Sy1, El, and E2 reactions that follow,
allows us to apply the stereochemical principles just covered in Chapter 4.

(4) The presentation of the Syl reaction is a logical extension of the Sy2 reac-
tion; therefore, steric hindrance and carbocations can be discussed early in
the course.

(5) Substitution and elmination reactions are excellent vehicles for introducing
organic syntheses, and they lend themselves much better to beginning
laboratory experiments than do free-radical reactions.

Alcohols, Chapter 7, follow the two chapters on alkyl halides because of the
similarities in the substitution and elimination reactions of these two groups of
compounds. After pausing in the presentation of organic reactions to introduce
spectroscopy in Chapter 8, we continue with the chemistry of alkenes and alkynes
(Chapter 9), benzene (Chapter 10), and carbonyl compounds (Chapters 11-13).
The remaining chapters in the text are of more specialized interest. They may be
included or omitted, in whole or in part, or presented in a different order as the
instructor desires or has time for.

Throughout this text, our approach to reactions has been to show the
similarities of the reactions of a particular group of compounds. For this reason.
most reactions and their mechanisms are introduced in the sections on reactions
of a class of compounds, instead of in the preparation section. Consequently, our
preparation sections, such as 7.4 and 7.5 (preparations of alcohols and ethers),
tend to be reviews of previously learned material. Although we feel these sections
are good reinforcement, it is possible to delete them or present them elsewhere in
your own presentation.
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Spectroscopy. Spectroscopy is discussed as early as we think feasible—
Chapter 8. By this time, the student has a working knowledge of structure, a few
functional groups, and a few reactions. However, those who wish to do so may
cover the spectroscopy chapter right after Chapter 4, as soon as the students are
familiar with organic structures.

We have included only infrared and nuclear magnetic resonance spec-
troscopy in Chapter 8 because of their importance in structure determination.
Sufficient background in the principles behind infrared and nmr spectroscopy is
presented so that students can appreciate why spectra and structures are related,
but the emphasis is on structure. Wherever appropriate after Chapter 8, we have
inserted sections on the infrared and nmr characteristics of the compound classes
being discussed. Structure-determination problems involving infrared and nmr
spectra are included at the ends of many of these later chapters.

Ultraviolet and mass spectra are covered in Chapter 20. Our only reason for
having two separate chapters on spectroscopy is to get the students quickly back
into reaction chemistry. Both of these techniques can be presented along with in-
frared and nmr spectra if the instructor wishes. Ultraviolet and mass spec-
troscopy are designed to stand alone. One or both can be introduced whenever
you think desirable.

Problems. We are firm believers in problem solving as an important part
of learning organic chemistry, and we have included more than 1100 unsolved
problems in the text. Within each chapter, a number of worked-out sample prob-
lems are included to illustrate the approach to problem solving and to provide
further information. Often these sample problems are followed directly by study
problems with answers at the end of the book. Many of these study problems are
designed to relate previous material to the present discussion. Others are designed
to test students on their mastery of new material.

The problems at the end of each chapter are of two types: drill problems and
thought problems. Although their order of presentation tends to follow the
chapter organization, they are graded in difficulty. The last several problems in
each chapter should challenge even the best students. The Study Guide with Solu-
tions that accompanies this text contains the answers to the chapter-end problems
and also provides further explanation where appropriate.

Nomenclature. Many chemists think the time is overdue to switch from
trivial names of organic compounds to systematic names. We agree. However,
any issue of Chemical and Engineering News or any chemical catalog makes
heavy use of trivial nomenclature. To be able to speak the language of chemists, a
student needs to know that ‘‘acetone’’ and ‘‘propanone’’ are synonymous.
Because of the present unsettled state of nomenclature, we have emphasized the
IUPAC system, but we have not used it exclusively. Also used are some trivial
names that are part of every organic chemist’s vocabulary; for example, acetone
and ¢-butyl chloride.

Our presentation of naming begins with a brief survey of systematic
nomenclature in Chapter 3. The names presented there are those that the student
will encounter again in chapters immediately following. The nomenclature for
each class of compound is then discussed in more detail in later chapters. An ap-
pendix is included for those who wish additional material or a quick source of
reference.
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Synthesis. Opinions vary widely among instructors as to how much syn-
thesis should be presented to students in an introductory course. Our formal
discussions of organic synthesis are set off in separate sections and can therefore
easily be emphasized or de-emphasized. These include Sections 5.12 (one-step
syntheses); 7.18 (multistep syntheses); 10.12 (syntheses from benzene); and
Chapter 14 (syntheses using enolates and enamines).

Topics of Specialized Interest. Organic chemistry lends itself to many
fascinating sidelights. Unfortunately, what is of particular interest to one instruc-
tor may be of no interest to another. Although many authors have chosen to
group topics of specialized interest into separate chapters, we prefer not to. In-
stead these subjects are placed where they follow logically from previous
material. In this book, for example, electrocyclic reactions and polymers are
found toward the end of Chapter 9 on alkenes and alkynes. In almost all cases,
specialized topics will be found in separate sections so that they may be dealt with
as the instructor deems best.

What sort of special-interest topics are included? Generally, ours fall into
one of two categories: organic chemistry for organic chemists (e.g., electrocyclic
reactions, polymers, carbenes, the cyclization of squalene) or organic chemistry
as it relates to the biological sciences (e.g., the role of imines in transamination
reactions, metabolism of ethanol, acetylcoenzyme A as an alkylating agent).

Bio-organic material. Many students in the introductory organic course
are majoring in biological fields. Therefore, numerous sections and problems
that are biological in nature have been included. We have selected material that is
appropriate to the chemistry under discussion and that requires application of
organic logic. Our intention is to show the close relationship between organic
chemistry and the biological sciences.
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Chapter 1

Atoms and Molecules—
A Review

Around 1850, organic chemistry was defined as the chemistry of compounds
that come from living things—hence the term organic. This definition was well-
outgrown by about 1900. By that time, chemists were synthesizing new organic
compounds in the laboratory, and many of these new compounds had no link with
any living thing. Today, organic chemistry is defined as the chemistry of the com-
pounds of carbon. This definition too is not entirely correct, because a few carbon
compounds, such as carbon dioxide, sodium carbonate, and potassium cyanide,
are considered to be inorganic. We accept this definition, however, because all
organic compounds do contain carbon.

Carbon is but one element among many in the periodic table. What is
so unique about carbon that its compounds justify a major subdivision in the
study of chemistry? The answer is that carbon atoms can be covalently bonded
to other carbon atoms and to atoms of other elements in a wide variety of ways,
leading to an almost infinite number of different compounds. These compounds
range in complexity from the simple compound methane (CH,), the major
component of natural gas and marsh gas, to the quite complex nucleic acids,
the carriers of the genetic code in living systems.

A knowledge of organic chemistry is indispensable to many scientists. For
example, because living systems are composed primarily of water and organic
compounds, almost any area of study concerned with plants, animals, or micro-
organisms depends on the principles of organic chemistry. These areas of study
include medicine and the medical sciences, biochemistry, microbiology, agri-
culture, and many others. However, these are not the only fields that depend on
organic chemistry. Plastics and synthetic fibers are also organic compounds.
Petroleum and natural gas consist mostly of compounds of carbon and hydrogen
that have been formed by the decomposition of plants. Coal is a mixture of ele-
mental carbon combined with compounds of carbon and hydrogen.

Where do we start? The cornerstone of organic chemistry is the covalent
bond. Before we discuss the structure, nomenclature, and reactions of organic
compounds in detail, we will first review some aspects of atomic structure and bond-
ing (Chapter 1) and then the molecular orbital theory of covalent bonding (Chapter
2) as these topics apply to organic compounds.
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Chapter 1

Atoms and Molecules

Section 1.1

Electron Structure of the Atom

The most important elements to organic chemists are carbon, hydrogen,
oxygen, and nitrogen. These four elements are in the first two periods of the periodic
table and their electrons are all found in the two electron shells closest to the
nucleus. Consequently, our discussion of the electron structures of atoms will
center mainly on elements with electrons only in these two electron shells.

Each electron shell is associated with a certain amount of energy. Electrons
close to the nucleus are more attracted by the protons than are electrons farther
away. Therefore, the closer an electron is to the nucleus, the lower is its energy.
The electron shell closest to the nucleus is the one of lowest energy, and an elec-
tron in this shell is said to be at the first energy level. Electrons in the second shell,
at the second energy level, are of higher energy than those in the first shell. Electrons
in the third shell, at the third energy level, are of higher energy yet.

A. Atomic Ovrbitals

We cannot accurately determine the position of an electron relative to the
nucleus of an atom. Instead, we must rely upon quantum theory to describe the
most likely location of an electron. Each electron shell of an atom is subdivided
into atomic orbitals, an atomic orbital being a region in space where the probability
of finding an electron of a specific energy content is high (90-95%). Electron
density is another term used to describe the probability of finding an electron in a
particular spot; a higher electron density means a greater probability, while a
lower electron density means a lesser probability.

The first electron shell contains only the spherical 1s orbital. The probability
of finding a 1s electron is highest in this sphere. The second shell, which is slightly
farther from the nucleus than the first shell, contains one 2s orbital and three 2p
orbitals. The 2s orbital, like the 1s orbital, is spherical.

Figure 1.1 shows a graph of electron density in the ls and 2s orbitals as a
function of distance from the nucleus. It may be seen from the graph that the ls
and 2s orbitals do not have sharply defined surfaces, but rather the electron density
increases and decreases over a range of distances from the nucleus. The result is
that the ls and 2s orbitals overlap each other.

!

Electron
density

— Distance from nucleus——»

Figure 1.1. Graphic relationship between the 1s and 2s atomic orbitals.
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1's orbital 2s orbital

node

Figure 1.2. Pictorial representations of the |s and 2s atomic orbitals.

The electron density—distance curve for the 2s orbital reveals two areas of
high electron density separated by a zero point. This zero point is called a node,
and represents a region in space where the probability of finding an electron (the
2s electron in this case) is very small. All'orbitals except the 1s orbital have nodes.
Pictorial representations of the ls and 2s orbitals are shown in Figure 1.2.

The second energy level also contains three 2p atomic orbitals. The 2p
orbitals are at a slightly greater distance from the nucleus than the 2s orbital and
are of slightly higher energy. The p orbitals are shaped rather like dumbbells;
each p orbital has two lobes separated by a node (a nodal plane in this case) at
the nucleus (see Figure 1.3).

A sphere (an s orbital) is nondirectional; that is, it appears the same when
viewed from any direction. This is not the case with a p orbital, which can assume
different orientations around the nucleus. The three 2p orbitals are at right angles
to each other—this orientation allows maximum distance between the electrons in
the three p orbitals and thus minimizes repulsions between electrons in different
p orbitals. The mutually perpendicular p orbitals are sometimes designated
Px, Py, and p,. The subscript letters refer to the x, y, and z axes that may be drawn
through pictures of these p orbitals, as in Figure 1.3.

Since the three 2p orbitals are equivalent in shape and in distance from the
nucleus, they have equal energies. Orbitals that have the same energy, such as the
three 2p orbitals, are said to be degenerate.

The third electron shell contains one 3s orbital, three 3p orbitals, and also
five 3d orbitals. The numbers of atomic orbitals at each of the first three energy
levels are summarized in Table 1.1.

nodal plane —e : / Q
nucleus ' '
d ¥y
X
z

one 2p orbital two 2p orbitals three 2p orbitals

Figure 1.3. The shapes and orientations of the 2p orbitals.
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Table 1.1. Atomic Orbitals in the First Three
Energy Levels

Energy level Atomic orbitals
1 Is
2 2s 2p, 2p, 2p,
3 3s 3p, 3p, 3p. plusfive 3d

B.  Filling the Orbitals

Electrons have spin, which can be either clockwise or counterclockwise.
The spin of a charged particle gives rise to a small magnetic field, or magnetic
moment, and two electrons rotating in opposite directions have opposite magnetic
moments. The repulsion between the negative charges of two electrons with opposite
spin is minimized by the opposite magnetic moments, allowing two such electrons
to become paired within an orbital. For this reason, any orbital can hold a maximum
of two electrons, but those electrons must be of opposite spin. Because of the
number of orbitals at each energy level (one at the first energy level, four at the
second, and nine at the third), the first three energy levels can hold up to two,
eight, and 18 electrons, respectively.

The aufbau principle (German, ““building up’’) states that as we progress
from hydrogen (atomic number 1) to atoms of successively higher atomic number,
orbitals become filled with electrons in such a way that the lowest-energy orbitals
are filled first. A hydrogen atom has its single electron in a ls orbital. The next
element, helium (atomic number 2), has its second electron also in the ls orbital.
The two electrons in this orbital are paired.

A description of the electron structure for an element is called its electron
configuration. The electron configuration for H is 1s', which means one electron
(superscript 1) in the 1s orbital. For He, the electron configuration is 1s%, meaning
two electrons (superscript 2) in the 1s orbital. Lithium (atomic number 3) has two
electrons in the ls orbital and one electron in the 2s orbital; its electron con-
figuration is 1s® 2s!.

Table 1.2. Electron Configurations of the Elements in
Periods 1 and 2

Element Atomic number Electron configuration

H 1 1s!

He 2 1s?

Li 3 1s? 2s!

Be 4 1s% 252

B 5 1s? 252 2p!
C 6 1s% 2s% 2p?
N 7 15?2 252 2p3
O 8 1s% 2s% 2p*
F 9 152 2% 2p°
Ne 10 1s% 2s% 2p®
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The electron configurations for the first- and second-period elements are
shown in Table 1.2. In carbon and the succeeding elements, each 2p orbital receives
one electron before any 2p orbital receives a second electron. This is an example of
Hund’s rule: In filling the orbitals, pairing of two electrons in degenerate orbitals
does not occur until each degenerate orbital contains one electron. Therefore,
carbon has an electron configuration of 1s* 2s* 2p,' 2p'.

Section 1.2

Atomic Radius

The radius of an atom is the distance from the center of the nucleus to the-
outermost electrons. The atomic radius is determined by measuring the bond
distance (the distance between nuclei) in a covalent compound such as Cl—Cl
or H—H and dividing by two. Therefore, atomic radii are often called covaient
radii. Values for atomic radii are usually given in Angstroms (A), where 1 A =
1078 cm.

| G == |

— 5 bond distance = 0.74 A
H—H
“Q\_’/ atomic radius = 037 A

Atomic radii vary depending on the extent of attraction between the nucleus
and its electrons. The greater the attraction, the smaller is the atomic radius.
What factors affect this attraction? The most important factors are the number
of protons in the nucleus and the number of shells containing electrons.

A nucleus with a greater number of protons has a greater attraction for its
electrons, including the outermost electrons. Consider the elements of the second
row of the periodic table (lithium to fluorine). An atom of any of these elements
has electrons in only the first two electron shells. As we progress stepwise from
lithium to fluorine, a proton is added to the nucleus. At each step, the nucleus has
a greater attraction for the electrons, and the atomic radius decreases (refer to
Figure 1.4, page 6).

Li Be B C N O F
atomicnumber: 3 4 5 6 7 8 9,

As we proceed from top to bottom within a. group in the periodic table, the
number of electron shells increases, and therefore so does the atomic radius.

. H (1 shell)

increasing Li (2 shells)
atomic radius Na (3 shells)

‘ K (4 shells)
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H
0.37

Li Be B C N O F
1225 | 0889 [ 080 | 0771 | 074 | 074 | 0.72

Na | Mg | Al Si P S Cl
1.572 | 1364 | 1.248 | 1.173 | 1.10 | 1.04 | 0.994

Br
1.142

I
1.334

Figure 1.4. Atomicradii(in Angstroms, A) of some of the elements.

In organic chemistry, atoms are bonded together in close proximity to one
another by covalent bonds. We will find the concept of atomic radii useful in
estimating the attractions and repulsions between atoms and in discussing co-
valent bond strengths.

Section 1.3

Electronegativity

Electronegativity is a measure of the ability of an atom to attract its outer
electrons. Since it is the outer electrons of an atom that are used for bonding,
electronegativity is useful for predicting and explaining chemical reactivity.
Like the atomic radius, electronegativity is affected by the number of protons in
the nucleus and by the number of shells containing electrons. A greater number of
protons means a greater positive nuclear charge, and thus an increased attraction
for the bonding electrons. Therefore, electronegativity increases as we go from left
to right in a given period of the periodic table.

LiBeBCNOFi
1

Attractions between oppositely charged particles decrease with increasing
distance between the particles. Thus, electronegativity decreases as we proceed
from top to bottom in a given group of the periodic table because the bonding
electrons are at a greater distance from the nucleus.

] F
decreasing Cl
electronegativity Br

3



Section 1.4 7

Introduction to the Chemical Bond

The Pauling scale (Figure 1.5) is a numerical scale of electronegativities.
This scale is derived from bond-energy calculations for different elements joined
by covalent bonds. In the Pauling scale, fluorine, the most electronegative element,
has an electronegativity value of 4. Lithium, which has a low electronegativity,
has a value of 1. An element with a very low electronegativity (such as lithium) is
sometimes called an electropositive element. Carbon has an intermediate electro-
negativity value of 2.5.

H

2.1

Li Be B C N (0 F

1.0 1.5 2.0 2.5 3.0 3.5 4.0

Na | Mg i P S Cl

0.9 1.2 1.5 1.8 2.1 2.5 3.0
Br
2.8

I

2.5

Figure 1.5. Electronegativities of some elements (Pauling scale).

Section 1.4

Introduction to the Chemical Bond

Because of their different electron structures, atoms can become bonded
together in molecules in different ways. In 1916, G. N. Lewis and W. Kossel
advanced the following theories:

(1) Anionic bond results from the transfer of electrons from one atom to another.
(2) A covalent bond results from the sharing of a pair of electrons by two atoms.

(3) Atoms transfer or share electrons so as to gain a noble-gas electron con-
figuration. This configuration is usually eight electrons in the outer shell,
which is the electron configuration of neon and argon. This theory is called
the octet rule.

The ionic bond is formed by electron transfer. One atom donates one or more
of its outermost, or bonding, electrons to another atom or atoms. The atom that
loses electrons becomes a positive ion, or cation. The atom that gains the electrons
becomes a negative ion, or anion. The ionic bond is the resulting electrostatic
attraction between these oppositely charged ions. We may illustrate electron trans-
fer by using dots to represent the bonding electrons.

Na“35Cl: ——— Na:Cl:  or Na' CI°



8 Chapter 1

Atoms and Molecules

A covalent bond is the sharing of a pair of bonding electrons between two
atoms. Shared electrons result from the merging of the atomic orbitals into shared
orbitals called molecular orbitals, a topic that we will discuss in Chapter 2. For now,
we will use dots to represent bonding electrons. With the dot formulas, called
Lewis formulas, we can easily count electrons and see that the atoms attain noble-
gas configurations: two electrons (helium configuration) for hydrogen and eight
electrons for most other atoms.

H-+H — H:Q

(1 + C] — ::C:l:él:
‘C-+4H- ——— H:C:H
H

covalent bond

four covalent bonds

The sharing of one pair of electrons between two atoms is called a single
bond. Two atoms can share two pairs or even three pairs of electrons ; these multiple
bonds are called double bonds and triple bonds, respectively.

double bonds triple bonds
CuC, N IN:iN:  H:G:::C:H
H H H
Sample Problem
Circle the eight bonding electrons associated with the carbon atom in each of the following
structures:
...O:.

H:C:H 0:C::0; H:C:::N:

Solution :

WO pEBE  HEHw

Sample Problem

For the structures in the preceding problem, circle the two electrons associated with each
hydrogen atom and the eight electrons associated with each oxygen and nitrogen atom.

@@ (0)cto) (Weem

When do atoms form ionic bonds and when do they form covalent bonds?
Ionic bonds are formed when the electronegativity difference between two atoms
is large (greater than about 1.7). For example, a sodium atom (electronegativity

Solution :




Section 1.4 9

Introduction to the Chemical Bond

0.9), with little attraction for its bonding electron, readily loses this electron to a
chlorine atom (electronegativity 3.0). On the other hand, the electronegativity
difference between two carbon atoms is zero; between carbon and hydrogen,
only 0.4; and between carbon and chlorine, 0.5. Because carbon has an electro-
negativity of 2.5, intermediate between the extremes of high and low electro-
negativity, it almost never forms ionic bonds with other elements. Instead, carbon
forms covalent bonds with other carbon atoms and with atoms of other elements.

A. Valence

The valence of an atom is the number of electrons that the atom loses, gains,
or shares. In a covalent molecule, the valence of each atom is the number of co-
valent bonds that the atom forms. Carbon has four bonding electrons and forms
four covalent bonds to attain an octet. Therefore, we say that carbon has a valence
of four. Table 1.3 lists typical valences of elements commonly found in organic
compounds.

3

H

C + 4H- ——— H:C:H
valence valence H

of 4 of 1

. . LGl
G ale —— GCCr
valence valence = (.:.1 :

of 4 of 1

Table 1.3. Most Common Valence of Some
Elements Typically Encountered in
Organic Compounds

Element Valence
H 1
© 4
O 2
N 3
Cl 1
| 1
Br 1

For simple structures, we can often deduce the Lewis formula for acompound
of known composition from valence rules alone.

Sample Problem

Give the Lewis formulas for H,O and C,H,.

Solution:
(1)  Determine the number of valence electrons of eachatom: H=1; O=6; C=4.
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(2) Draw the skeleton of the molecule following the rules of valence: H can form one covalent
bond; O can form two; and C can form four,

H H
HOH HCCH
HH

(3) Distribute the valence electrons in such a way that each H has two electrons and each
other atom has an octet.

=
o
5
%=
TiOT
e gt
as

Sample Problem

Give the Lewis formula for C3;Hg and two Lewis formulas for C,H,O.

Solution:
HHH HH H H
H:C:C:C:H H:C:C:0:H H:C:0:C:H
HHH HH H H

STUDY PROBLEM

1.1  Each of the following structures contains a double or triple bond. Give the Lewis
formulas.

(a) CLCO (b) G, )

B. Formal Charge

In some structures, the rules of valence do not seem to be followed. One such
case occurs when one atom in a molecule provides both electrons for a covalent
bend.

0
HONAT)—\ both e~ from N

nitric acid, HNO,

If one atom provides both electrons for a covalent bond, the bond is called a
coordinate covalent bond. In such a case, some atoms within the covalent structure
carry a positive or negative charge called a formal charge. In the coordinate
covalent bond, the donating atom has a formal charge of + 1, and the accepting
atom has a formal charge of — 1. Since both charges are found within the same
structure, the opposite charges cancel, and the molecule as a whole may have no
net ionic charge. (If the charges do not cancel, the structure represents an ion with a

net ionic charge.)
22 27 0 has formal charge of —1

HoB
H:O N:/O\ N has formal charge of +1

The formal charge for an atom may be calculated by the following equation:

formal charge = (number of valence ¢~ in a neutral atom)
—1 (number of shared ™) — (number of unshared ¢~)
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Example: Using the formula, we can calculate the formal charges on N and each O in
HNO,. (H does not carry a formal charge in covalent molecules.)

no. of valence ¢ for N = 5
Y(no. of shared ¢~ for N) = 4
no. of unshared e~ for N= 0

formal chargefor N =5 -4 — 0= +1
For each O, the same technique is used.

O: *~ > formal charge:

formal charge: H%O%‘I\\‘JJCJO 6—1-6=-1

6—2—-4=0 >~ _x N~ formal charge:
o=2—=4=0

Some other examples of calculation of formal charge follow:

:6:;,1,+2
“:6:'8.:(5:'1 forS: 6—4—-0= +2
0 forecachO: 6-1-6=—1
Ha forC: 4—4-0=0
H:C:N:O:™! forN: 5—-2-2=+1
H forO: 6—1—6=—1

STUDY PROBLEM

1.2 Calculate the formal charge on each atom in the following structures:

(a) H:_(_):N::QI (b) H:C::N::N_: (c) H:.(::Q:.S':Q:H
H :0:

Section 1.5

Chemical Formulas in Organic Chemistry

Lewis formulas are useful for keeping track of bonding electrons, but organic
chemists rarely use true Lewis formulas. Let us consider the types of chemical
formula that are more frequently encountered.

An empirical formula tells us the types of atoms and their numerical ratio in a
molecule. For example, a molecule of ethane contains carbon and hydrogen atoms
in a ratio of 1 to 3; the empirical formula is CH;. A molecular formula tells us the
actual number of atoms in a molecule, not simply the ratio. The molecular formula
for ethane is C,Hg . A structural formula shows the structure of a molecule—that is,
the order of attachment of the atoms. In order to explain or predict chemical



2 Chapter 1

Atoms and Molecules

reactivity, we need to know the structure of a molecule; therefore, structural
formulas are the most useful of the different types of formula.

T
CH,; CLlal, H—(I‘—(l‘—H
H H
empirical formula molecular formula structural formula
for ethane for ethane for ethane

A. Structural Formulas

Lewis formulas are one type of structural formula. However, chemists
usually represent a covalent structure by using a dash for each shared pair of elec-
trons, and rarely show unshared pairs of bonding electrons. Formulas with
dashes for bonds are called valence-bond formulas. In this text, we will also refer
to them as complete structural formulas.

H:H becomes H—H

:(:‘:l:(fl: becomes Cl—Cl

H
H |
H:C:H becomes H—C—H
H ! )
H
H, H H\ /H
H:'C 83 C':H becomes /C=C\
H H

Although unshared pairs of electrons are not usually shown in valence-bond
formulas, we will sometimes show these electrons when we want to emphasize their
role in a chemical reaction.

All represent the same molecule :

P unshared pair of e~
H:N:H or H—N—H or H—N—H

H | I
H H

Sample Problem

Give the valence-bond formula for each of the following Lewis formulas:

H H Ho
H:_(::Q:.(_‘:H H:g:.(j:Q:H
H H 5 HH
Solution :
PI{ l]{ T H
Hes G O==Cuh] Fe=@= 0= 05k
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B. Condensed Structural Formulas

Complete structural formulas are frequently condensed to shorter, more
convenient formulas. In condensed structural formulas, bonds are not always
shown, and atoms of the same type bonded to one other atom are grouped to-
gether. The structure of a molecule is still evident from a condensed structural
formula as long as the rules of valence are taken into consideration.

H H
CH;CH; is the condensed structural formula for H— (l (I‘ H
how
H H
CH;CH,OH s the condensed structural formula for H— (|‘ (l —O)=IH]
l|l Ill

Sample Problem

Write (a) the complete structural formula (showing all bonds as dashes), and (b) the condensed
structural formula, for each of the following Lewis formulas:

H H H H H
H:C:C:Cl: H:C: C: CiH
H H H (‘] H
Solution :
H H H H H

| |
(a) H—(l‘—$—c1 H—(|‘—(l“—(|‘—H
H H H Cl H

(b) CH,CH,CI CH,CHCICH,

Structural formulas may be condensed even further if a molecule has two or
more identical groups of atoms. In these cases, parentheses are used to include a
repetitive group of atoms. The subscript following the parentheses indicates the
number of times the entire group is found at that position in the molecule.

-
(CH;3),CHOH is the same as (‘,}{3—(|‘,—OH
H
CH;
(CHj3);CCl  is the same as (‘H3—(|‘—Cl
CH,

CH;(CH,);CH; is the same as CH;CH,CH,CH,CH;
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For the sake of clarity, double or triple bonds are usually shown in a con-
densed structural formula.

H H
_ N /
CH,=CH, is the same as C=C
7 N
H H
H H
. N\ /
CH,;CH=CH, is the same as /C\ H
H Cc=C
/
H H

CH;C=CH isthe sameas H—C—C=C—H

i
CH;CCH,CH; is the same as H—?—C—C—C—H
H

STUDY PROBLEM

1.3 For each of the following formulas, write a more condensed formula:

?H3 ? ?
(a) CH,CHCH,CI  (b) CH,CHCl  (c) CH,CH,CH,CH,CHCH,CI
CH, CH,
N
d) c=cC
/ N
CH, CH,

C. Cyclic Compounds and Polygon Formulas

A compound such as CH;CH,CH,CHj; is said to have its carbon atoms con-
nected in a chain. Carbon atoms can be joined together in rings as well as in chains;
a compound containing one or more rings is called a cyclic compound.

Cyclic structures are usually represented by pelygon formulas, which are
another type of condensed structural formula. For example, a triangle is used to
represent a three-membered ring, while a hexagon is used for a six-membered

ring.
3 H,C—CH
CH, 7 \ Z
/' \ or H,C CH, or
H,C—CH, \ /
H,C—CH,

In polygon formulas, a corner represents a carbon atom along with its hydro-
gens; the sides of the polygon represent the bonds joining the carbons. If an atom
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or group other than hydrogen is attached to a carbon of the ring, the number of
hydrogens at that position is reduced accordingly.

C—C bond
C withnoH’s

\ Cl
O O
/ Cl
C with one I}

C with two H's —7

Rings can contain atoms other than carbon; these atoms and any hydrogens
attached to them must be indicated in the polygon formula. Double bonds must
also be indicated.

H 2f C= C\H 2
HzC\ /NH or < NH
H,C—CH,
H/C =C\H mdnuble bond within ring
o s
\ /
H,C—CH,
H,C—CH,
H C/ \C= o & QZ’O/_\ double bond from a ring carbon
2 \ /
CH,

STUDY PROBLEMS

1.4 Draw the complete structural formulas for the following structures, showing each C,
each H, and each bond.

Cl
(a) @ (b ( NCH; (o) (\/\]:

CH,
1.5  Draw polygon formulas for the following structures:
H2 H2 HZ
H,C~ ~CH TS et H,C——CH
@ 1T o T 1 @
H,C——CH, HiC( G ACH: L\, CH:
HZ HZ
CH,—CHCH 15(C'=—=(CT3|
@ T @ T
CH,—C(CH,), HC\C/CH
H,

Section 1.6

Bond Distances and Bond Angles

We have discussed how we represent covalent compounds. Now let us con-
sider some of the properties of covalent bonds. The distance that separates the
nuclei of two covalently bonded atoms is called the bond distance. Covalent bond
distances, which can be measured experimentally, range from 0.74 A to 2 A.
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If there are more than two atoms in a molecule, the bonds form an angle,
called the bond angle. Bond angles vary from about 60° up to 180°.

/()\ bond distance, 0.96 A N’Y)bond distances, 1.008 A

H H /
bond angle, 104.5° H

.....

JH
H\ bond angles, 107.3°

Most organic structures contain more than three atoms, and are three-
dimensional rather than two-dimensional. The preceding structural formula for
ammonia (NH;) illustrates one technique for representing a three-dimensional
structure. A line bond (—) represents a bond in the plane of the paper. The solid
wedge (—=) represents a bond coming out of the paper toward the viewer ; the H at
the wide end of the solid wedge is in front of the paper. The broken wedge (-mut)
represents a bond pointing back into the paper; the H at the small end of the broken
wedge is behind the paper.

. r T g ’, y 7, )
in plane of paper — N m,,,ﬁ_\ back, away from viewer

7 .

Sforward, toward viewer

Section 1.7
Bond Dissociation Energy

When atoms become bonded together as molecules, energy is liberated
(usually as heat or light). Thus, for a molecule to be dissociated into its atoms,
energy must be supplied.

There are two ways a bond may dissociate. One way is by heterolytic cleavage
(Greek hetero, **different™ ), in which both bonding electrons are retained by one
of the atoms. The result of heterolytic cleavage is a pair of ions.

Heterolytic cleavage: H—r\l:{ —— H" +H

H—(E’I —— H" +Cl

rX .
H—OH H* + OH

We use a curved arrow (M) in these equations to show the direction in which
the pair of bonding electrons moves during bond breakage. In the heterolytic
cleavage of HCl or H,O, the bonding electrons are transferred to the more
electronegative Cl or O.

The other process by which a bond may dissociate is homolytic cleavage
(Greek homo, “same™). In this case, each atom involved in the covalent bond
receives one electron from the original shared pair. Electrically neutral atoms or
groups of atoms result.
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Homolytic cleavage : Q—ql === |jlo b |50
P’Df(‘:’l H: + Cl:
Y

H,C—H ——— H,C-+ H-

Note that the curved arrows in these equations have only half an arrowhead.
This type of arrow (M), called a fishhook, is used to show the direction of shift of
oneelectron, whereas the curved arrow with a complete head (M) is used to show the
direction of shift of a pair of electrons.

Another new symbol is the single dot, as in Cl-. This dot stands for a lone,
unshared, unpaired electron. Other outer electrons are ignored in this symbolism.
The symbol Cl- really means :Cl-. An atom such as H- or a group of atoms such
as H;C- that contains an unpaired electron is called a free radical. Free radicals
are usually electrically neutral; therefore, there are no electrostatic attractions
between free radicals, as there are between ions. Also, free radicals are usually of
high energy and consequently are unstable and very reactive.

Homolytic cleavage is more useful than heterolytic cleavage in determining
the energies required for bond dissociations because calculations are not compli-
cated by ionic attractions between the products. From measurements of the com-
ponents of dissociating gases at high temperatures, the change in enthalpy AH
(change in heat content, or energy) has been calculated for a large number of bond
dissociations. For the reaction CH, - CH;- + H-, AH equals 104 kcal/mole.
In other words, to cleave one hydrogen atom from each carbon atom in one mole
of CH, requires 104 kcal. This value (104 kcal/mole) is the bond dissociation energy
for the H;C—H bond.

The bond dissociation energies for several types of bonds are listed in Table
1.4. To break a more stable bond requires a higher energy input. For example,
cleavage of HF to H- and F- (135 kcal/mole) is difficult compared with cleavage
of the O—O bond in hydrogen peroxide, HOOH (35 kcal/mole).

H-+ F:
2 HO-
more energy needed less energy needed
HOOH
HF

Note in Table 1.4 that atoms joined by multiple bonds require more energy
for dissociation than the same atoms joined by single bonds. (CH=CH, 200
kcal/mole, versus CH;—CH;, 88 kcal/mole.) Also note that other parts of a
molecule may affect the bond dissociation energy :

H3(§\—q{ + 104 keal/mole -moredificult, g .y H.

(CH,),CCH + 91 kcaljmole —25ie”

(CH,);C- + H-
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Table 1.4. Selected Bond Dissociation Energies (in kcal[mole)

Miscellaneous

bonds C—H bonds C—Cl bonds C—C bonds
H—H 104 CH;—H 104 CH;—Cl 83.5 _CH,—CH; 88
N=N 226 CH,CH,—H 98 CH;CH,—Cl 815 "CH,=CH, 146
F—F 37 (CH;),CH—H 945 (CH;),CH—Cl 81 CH=CH 200
Cl—Cl 58 (CH;);C—H 91 (CH;);C—Cl 78.5
Br—Br 46 CH,=CH—H 103 CH,=CH—Cl 84
I—I 36
H—F 135
H—Cl 103
H—Br 87
H—I 71
HO—OH 35

Bond dissociation energies allow a chemist to calculate relative stabilities
of compounds and to predict (to an extent) the courses of chemical reactions. For
example, one reaction we will discuss later in this text is the chlorination of
methane, CH,:

CH, + Cl, —— CH,CI + HCI *

Will this reaction be exothermic (releasing energy) or endothermic (requiring
energy)? We may break down the reaction into its component parts and calculate
from the individual bond dissociation energies whether or not energy will be liber-
ated. The greater the amount of energy liberated, the more favorable is the reaction.
(Note that in these equations, + AH indicates energy put into a reaction, while
— AH indicates energy that is liberated.)

AH
CI—ClI + 58 kcal/mole —— ClI- + CI- + 58 kcal/mole
H,C—H + 104 kcal/mole ——— H;C:- + H- + 104 kcal/mole
H;C:- + Cl- ——— H;C—Cl + 83.5 kcal/mole —83.5 kcal/mole
H-+ Cl- —— H—CI + 103 kcal/mole — 103 kcal/mole
net reaction:
Cl, + CH, —— CH;Cl + HCI + 24.5 kcal/mole net AH = —24.5 kcal/mole

We calculate that this reaction should be exothermic. When we run this reac-
tion in the laboratory, we find that it is indeed exothermic.

STUDY PROBLEM

1.6 Using bond dissociation energies from Table 1.4, predict which of the following reactions
liberates more energy:

(@) (CH,),CH + Cl, —— (CH,),CCl + HCI
(b) CH, +Cl, ——— CH,CI + HCl
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Section 1.8

Polar Covalent Bonds

Atoms with equal or nearly equal electronegativities form covalent bonds in
which both atoms exert equal or nearly equal pulls on the bonding electrons. This
type of covalent bond is called a nonpolar bond. In organic molecules, carbon—
carbon bonds and carbon-hydrogen bonds are the most common types of non-
polar bond.

Some compounds containing nonpolar covalent bonds :

H H H H T
| [ N /

H—H N=N H—C—H H—C—C—H c=cC
| | 7 BN
H H H H H

In covalent compounds like H,O, HCl, CH;OH, or H,C=0, one atom
has a substantially greater electronegativity than the others. The more electro-
negative atom has a greater attraction for the bonding electrons—not enough
of an attraction for the atom to break off as an ion, but enough so that this atom
takes the larger share of electron density. The result is a polar covalent bond, a bond
with an uneven distribution of electron density. The degree of polarity of a bond
depends partly on the difference in electronegativities of the two atoms bonded
together and partly on other factors, such as the size of the atoms. We may think
of chemical bonds as a continuum from nonpolar covalent bonds to ionic bonds.
Within this continuum, we speak of the increasing ionic character of the bonds.

H—H CH,—O—CH, H—O—H H—Cl Na' Cl”

—

F

The distribution of electrons in a polar molecule may be symbolized by
partial charges: d+ (partial positive) and d — (partial negative). Another way of
representing the different electron densities within a molecule is by a crossed
arrow (+) that points from the partially positive end of a molecule to the partially
negative end.

o+ b- Ap— / N\ / N\
H—Cl or H—Cl CH; CH; or CH, CH;l

o+ o+

STUDY PROBLEM

1.7 Show by both partial charges and a crossed arrow the polarity of the following com-
pounds:

i
(a) CH;Br and (b) CH,COH
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A. Bond Moments

If a polar bond, such as an O—H bond, is subjected to an electric field, the
bond feels a certain amount of *“turning force.” This force is simply the push of
the electric field to align the bond in the field. A more polar bond feels more force
than a less polar bond. The bond moment, a measure of the polarity of a bond,
may be calculated from the value of the force felt by that bond.

The bond moment is defined as e x d, where e is the charge (in electro-
static units) and d is the distance between the charges (in A), and is reported in
units called Debyes (D). Bond moments range from 0.4 D for the nonpolar C—H
bond to 3.5 D for the highly polar C=N bond (see Table 1.5). The bond moment
for a particular bond is relatively constant from compound to compound.

Table 1.5. Bond Moments for Selected Covalent Bonds

Bond"* Bond moment, D Bond* Bond moment, D
H—C 0.4 Cc—Cl 1.46
H—N 1.31 C=IF 1.38
H—O 1.51 C—I 1.19
C—N 0.22 C=0 2.3

CcC—0 0.74 C=N 35

T 1.41 +—>

% In each case, the more positive atom is on the left.

B. Dipole Moments

The dipole moment p is the vector sum of the bond moments in a molecule.
Because vector addition takes into account the direction as well as the magnitude
of the bond moments, the dipole moment is a measure of the polarity of the mole-
cule as a whole.

The dipole moments for a few organic compounds are listed in Table 1.6.
Note that the dipole moment of CCl, is zero, even though each C—Cl bond has a
moment of 1.46 D. The reason for this apparent anomaly is that the CCl, molecule
is symmetrical; in the vector addition, the bond moments cancel and result in a
vector sum of zero. Carbon dioxide is another molecule with bond moments but
no dipole moment. Again, this is a case of a symmetrical molecule in which the
bond moments cancel. On the other hand, the bond moments of a water molecule

Table 1.6. Dipole Moments of Selected Compounds

Compound Dipole moment, D Compound Dipole moment, D
H,O 1.84 CH,;0CH; 1.3
NH, 1.46 O
CH,Cl 1.86 Il
Co, 0 o

I
CH,CCH, 2.8
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do not cancel, and water has a dipole moment. From this observation, we can de-
duce that the water molecule is not symmetrical. Dipole moments can thus be used
to help determine molecular geometry.

bond moments cancel
Cl /—
I \

/
C e, C] O=C=O H H °
1 —o V2N
N p=0 p=184D

STUDY PROBLEMS

1.8  Which of the indicated bonds is more polar?

(a) CH;—NH, or CH;—OH (b) CH;—OH or CH,O—H
(¢c) CH,—Cl or CH,—OH

1.9  Use a crossed arrow to show the approximate direction of the bond moment (if any)
of the double or triple bond in each of the following structures:

O
Il
(a) CH,C=N (b) CH,;CCH, (c) CH=CH (d) <:>:O

Section 1.9

Attractions Between Molecules

A. Dipole-Dipole Interactions

Except in a highly dispersed gas, molecules attract and repel each other.
These attractions and repulsions arise primarily from molecular dipole-dipole
interactions. For example, in the liquid state, molecules of CH ;I can either attract
or repel each other, depending on the orientation of the molecules. Two CH;l
molecules are attracted to each other because of the attraction between the partially
negative iodine of one molecule and the partially positive carbon of the other
molecule.

When the iodine ends of two CH ;I molecules approach closely, the two mole-
cules repel each other.

H H
N o e-\[o- S
\\\\/\\C — | I—CQ"
™ a,, H
H H
\ repulsion

Nonpolar molecules are attracted to each other by weak dipole-dipole
interactions called London forces. London forces arise from dipoles induced in
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the electrons are attracted toward
the other nucleus induced dipoles

Figure 1.6. Nonpolar molecules can induce dipoles in each other.

one molecule by another. In this case, electrons of one molecule are weakly at-
tracted to a nucleus of a second molecule ; then the electrons of the second molecule
are repelled by the electrons of the first. The result is an uneven distribution of
electrons and an induced dipole. Figure 1.6 depicts how an induced dipole can
occur.

The various dipole—dipole interactions (attractive and repulsive) are collec-
tively called van der Waals forces. The distances between molecules have an im-
portant effect on the strength of van der Waals forces. The distance at which
attraction is greatest is called the van der Waals radius. If two atoms approach
each other more closely than this distance, repulsions develop between the two
nuclei and between the two sets of electrons. When the distance between two
molecules becomes larger than the van der Waals radius, the attractive forces
between the molecules decrease.

Continuous-chain molecules, such as CH;CH,CH,CH,CHj;, can align
themselves in zigzag chains, enabling the atoms of different molecules to assume
positions that match the van der Waals radii. Maximal van der Waals attractions
can develop between such long-chain molecules. Branched molecules cannot
approach one another closely enough for all the atoms to assume optimal van der
Waals distances. Because more energy is necessary to overcome van der Waals
attractions and to free molecules from the liquid state, continuous-chain com-
pounds have higher boiling points than branched compounds of the same molec-
ular weight and otherwise similar structures.

0L
CH,—(l‘—CH3
/CHZ\ /CH2 CH,
N
CH;  CH, CH, f”’
CH, CH, CH;—C—CH,
NN |
CH; CH, CH, CH,
bp 36°C bp 9.5°C

B. Hydrogen Bonding

An especially strong type of dipole-dipole interaction occurs between
molecules containing a hydrogen atom bonded to nitrogen, oxygen, or fluorine.
Each of these latter elements is electronegative and has unshared bondingelectrons.
Some typical compounds that contain an NH, OH, or FH bond are:

H—('lj: CHJ—(.Ij: H—I'l\'J—H CHJ—IT'J—H H—F:
H H H H
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In the liquid state, the molecules of any one of these compounds have strong
attractions for one another. A partially positive hydrogen atom of one molecule
is attracted to the unshared pair of electrons of the electronegative atom of another
molecule. This attraction is called a hydrogen bond.

H CH,
9 s+ | oy |

B0 o= — — a0 CH;—O:———H—0:

H H
hydrogen bonds

Compounds or groups containing only carbon and hydrogen cannot
undergo hydrogen bonding. As an example, consider methane, CH,. Methane
cannot undergo hydrogen bonding for two reasons:

(1) Because the CH bond is nonpolar, a CH, molecule does not have a partially
positive H.

(2) The carbon atom in CH, has no unshared electrons to attract a hydrogen
atom.

The dissociation energy of a hydrogen bond is only 5-10 kcal/mole, much
lower than the bond dissociation energy of a typical covalent bond (80-100
kcal/mole) but substantially stronger than most dipole-dipole attractions. The
reason for this difference is the size of the atoms involved. A hydrogen atom is small
compared to other atoms and can occupy a position very close to the unshared
electrons of an electronegative atom. A strong electrostatic attraction results.
Atoms larger than hydrogen cannot occupy positions so near to each other;
consequently, dipole-dipole attractions between other atoms are weaker.

H H H
/ © N Ot i~/ N \ Né+
H ®---0 ~C— nC—I
\ H ! / \ H ;‘I/
—— —_—————e—— -
closer farther apart

Sample Problem

Show the hydrogen bonding between two molecules of CH,CH,NH,.

Solution:

(1)  Look for one or more partially positive hydrogens.

H
CH,CH,—N—H

not these

(2)  Look for an electronegative atom (N, O, or F) with unshared electrons.

H

CH3CH2-é-H
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(3) Draw two molecules with a hydrogen bond between one partially positive H and the N
of the other molecule. (You need not show the unshared electrons here.)

| i
CH,CHZ—-I\ll— — —H—N—CH,CH,
H
Hydrogen bonds are not all the same strength. An O—— —HO hydrogen
bond is stronger than an N— — —HN hydrogen bond. Why is this true? Oxygen

is more electronegative than nitrogen; therefore, the O—H group is more polar
and has a more positive H. This more positive H is more strongly attracted by a
negative center.

H H
CH;—O———H—0O—CH, CH;—IL———H—'II\J—CH3
h h
more positive H: less positive H:
stronger hydrogen bond weaker hydrogen bond

Hydrogen bonds may form between two different compounds, such as
between CH;OH and H,O or between CH3;NH, and H,O. In these cases, there
is often more than one possibility for hydrogen bonding. The following structures
show two types of hydrogen bond between CH;NH, and H,O. (In a mixture of
these two compounds, hydrogen bonds can also form between two molecules of
H,O and between two molecules of CH;NH, .)

H H H H
CH,—-Il\I———H—-(l) CH_,—IL—H———(I)—H
") \
more positive H: less positive H:
stronger hydrogen bond weaker hydrogen bond

Table 1.7 shows the amount of energy needed to break some different
types of hydrogen bond. Note that the OH— — —N hydrogen bond is the strongest
of the group. Because nitrogen is less electronegative than oxygen, its electrons are
more loosely held and more easily attracted by another atom. The combination
of nitrogen’s loose electrons and the more positive hydrogen of an OH group
leads to a quite strong hydrogen bond.

C. Effects of Hydrogen Bonding

Hydrogen bonds are rather like glue between molecules. Although a single
hydrogen bond by itself is weak, all the molecules taken together may form a great
many hydrogen bonds.

For all substances, boiling points increase with molecular weight because
of increased van der Waals attractions. However, a hydrogen-bonded compound
has a higher boiling point than would be predicted from molecular weight alone.
For a hydrogen-bonded liquid to be volatilized, additional energy must be supplied
for breaking all the intermolecular hydrogen bonds.
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Table 1.7. Approximate Dissociation Ener-
gies of Some Hydrogen Bonds

Approximate

Type of dissociation energy
hydrogen bond (kcal/mole)
I
—(O)—=sl==—=8N= 7
I
I
—O—H———:0— 5
I I
—=N=l5E—== 2I|\1— 3
I |
—N—H———:0— 2

Ethanol (CH;CH,OH) and dimethyl ether (CH;OCH;) have the same
molecular weight. Ethanol has a much higher boiling point than does dimethyl
ether—ethanol is a liquid at room temperature while dimethyl ether is a gas. The
difference in boiling points between these two compounds can be directly attributed
to the fact that ethanol molecules are joined by hydrogen bonds, while dimethyl
ether molecules cannot form hydrogen bonds among themselves.

no H to form

hyd) bond
st a hydrogen bond

CH3CH2(I)———H—? CH,—O—CH,
H CH,CH,
ethanol dimethyl ether,
bp 78.5% bp —23.6°

Solubility of covalent compounds in water is another property affected by
hydrogen bonding. A compound that can form hydrogen bonds with water tends
to be far more soluble in water than a compound that cannot. Sugars, such as
glucose, contain many —OH groups and are quite soluble in water. Hexane,
however, cannot form hydrogen bonds and cannot break the existing hydrogen
bonds in water; therefore, hexane is water-insoluble.

O

(”,'H CH,4
éHOH (|sz
(ITHOH éHz
éHOH CI‘HZ
éHOH éHZ
CH,OH (|:H3
glucose hexane

soluble in water insoluble in water
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STUDY PROBLEM

1.10  Show all the types of hydrogen bond (if any) that would be found in:

(a) liquid CH3;CH,CH,NH, (b) a solution of CH;OH in H,O
(¢) liquid CH;CH,OCH,CHj; (d) asolution of CH;OCH; in H,O

Section 1.10

Acids and Bases

According to the Bronsted—Lowry concept of acids and bases, an acid is a
substance that can donate a hydrogen ion; two examples of Brgnsted—Lowry acids
are HCl and HNO;. A base is defined as a substance that can accept a hydrogen
ion; OH™ and NH; are examples.

A hydrogen ion is electron-deficient, and a base has an unshared pair of
bonding electrons. Reaction between a hydrogen ion and a base results in bonding
between the two.

H' + :OH” —— H—OH
2N +
H" + :NH; ——— H—NH;

Although many acid-base reactions involve the transfer of a proton from an
acid to a base, some acid—base reactions do not involve proton transfer. For this
reason, the more general Lewis concept of acids and bases was developed. A
Lewis acid is a substance that can accept a pair of electrons. Any species with an
electron-deficient atom can act as a Lewis acid; the hydrogen ion is a Lewis acid.
Most Lewis acids other than H* that we will encounter in this text are anhydrous
metal salts (for example, ZnCl,, FeCl;, and AlBrs;).

A reaction involving a Lewis acid :

Fe&gjn ——— FeBr,” + Br:*

A Lewis base is a substance that can donate a pair of electrons. Examples of
Lewis bases are NH; and ~“OH, both of which have unshared pairs of electrons.
(Most Lewis bases are bases by the Bronsted-Lowry theory as well.)

Let us now consider some organic compounds that act as acids and bases.
Amines are a class of organic compounds structurally similar to ammonia; an
amine contains a nitrogen atom that is covalently bonded to one or more carbon
atoms and that has an unshared pair of electrons.

Some common amines:

CH3—1'TI—H CH3—I'\|3—H CH;—fTi—Cl—h
H CH, CH,
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Amines, like ammonia, are weak bases and undergo reversible reactions with
acids or with water.

o o (3

CH;—NH, + H—C

a base

I: &= CH,—NH, + :{I:"

D O + -
CH;NH, + H—=OH ——= CH;NH; + :OH"

a base

An organic compound containing a carboxyl group (—CO,H) acts as a weak
acid. Compounds that contain carboxyl groups are called carboxylic acids.
Acetic acid, CH;CO,H, is an example. One of the reasons for the acidity of car-
boxylic acids is the polarity of the O—H bond. '

The carboxyl group (—CO, H):

” d- o+

—C—0—H

In water solution, the hydrogen ion is removed from the carboxyl group in a
reversible reaction, and the carboxylate anion s formed.

Il A 7 . .. |,
CH;C—0O—H + H—0—H —— CH,C—0:" + H—O—H
acetic acid acetate ion
a carboxylic acid a carboxylate ion

STUDY PROBLEMS

1.11 Which of the following compounds or ions acts as an acid and which acts as a base
in H,O?

i
(a) ~NH, () CH,CH,CH,COH (c) ~OCH,CH,

H
d) 15/ (e) NH
( \ e

H

1.12 Complete the following equations for acid-base reactions:

(a) CH,CH,CO,H + H,0 ——

(b) QCOZH + H,0 —

(¢) (CH;);NH + H,0 —/——

(d) < NH + H, O ——
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A. Acidity Constants

A chemical reaction has an equilibrium constant K that reflects how far the
reaction proceeds toward completion. For the ionization of a weak acid, this con-
stant is called an acidity constant K,. An equilibrium constant is determined by
the following general equation, with concentration values given in molarity, M:

concentrations of products in M
concentrations of reactants in M

For acetic acid:

CH,CO,H =——— CH,CO, + H*
_ [CH;CO, J[H']*

“= " [CH,COH]
where [H*] = concentration of H*
[CH,CO, ] = concentration of CH,CO, "
{CH,CO,H] = concentration of CH,CO,H

The more ionized a weak acid is, the larger is the value for K, because the
values in the numerator are larger. 4 stronger acid has a larger K, value.

[H +] [ani on] «————— as numerator increases,
Ka = - = - K, increases

- [nonionized acid]

Just as pH is the negative logarithm of hydrogen ion concentration, pK, is
the negative logarithm of K,. We will use pK,, values in this text for comparison of
acid strength. (The K, values and pK, values for some carboxylic acids are given
in Table 1.8.)

pH = —log[H"]

pKa = _IOg Ka

Examples : If K,=10 3, then pK,=3
If K,=10% then pK,= -2

* More correctly, the activity, or effective concentration, should be used, rather than
molarity. Since activities of ions approach their molarities in dilute solution, molarity may be
used for the sake of simplicity. In addition, the equilibrium expression should contain the
hydrogen acceptor, water:

CH,CO,H + H,O ——= CH;CO, + H,0"

, _ [CH,CO, ][H;0"]
‘" [CH,CO,H][H,0]

For all practical purposes, the molar concentration of water remains fixed at 55.5. This
constant factor is generally grouped with the equilibrium constant K, and the [H;O "] term
is simplified to [H"].

[CH3CO, ][H;0"] [CH4CO, J[H"]

O KT @ = i = N i e
o = KH:0] [CH,CO,H] [CH,CO,H]
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Table | 8. Acidity Constants and pK, Values
Sfor Some Carboxylic Acids

Formula K, pK,
HCO,H 175 x 10°° 3.75
CH;CO,H 1.75 x 10°° 4.75
CH;CH,CO,H 1.34 x 1077 4.87

CH,CH,CH,CO,H 154 x 1075 481

Sample Problem

Calculate the pK, of an acid with K, equal to 136 x 107°.

Solution: pK,= —log K,

—log(136 x 10 %)
—log(1.36 x 10" %)
—(log 1.36 — 3)
=3 — log 1.36

B o from log table, slide
=3-0.133 rule, or calculator
= 2.87

Il

I

As K, gets larger (stronger acid), pK, gets smaller. The smaller the value for
pK,, the stronger the acid.

K,: 10-1° 1073 107! 10°

B. Basicity Constants

The reversible reaction of a weak base with water, like the reaction of a weak
acid with water, results in a small but constant concentration of ions at equilibrium.
The basicity constant K, is the equilibrium constant for this reaction. As in the case
of K,, the value for [H,O] is included in K, in the equilibrium expression.

NH; + H,0. ——— NH,* + :OH
_ [NH,"]J[OH]
[NH;]

b
pK, = —log K,

With an increase in base strength, the value for K, increases and the pK,
value decreases. The smaller the value for pK,, the stronger the base.

K,: 107° 1077 1073

pK,: 10 7 5 l
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SUMMARY

The probable location (relative to the nucleus) of an electron with a particular
energy is called the atomic orbital. The first electron shell (closest to the nucleus,
lowest energy) contains only the spherical ls orbital. The second shell (higher
energy) contains a spherical 2s orbital and three mutually perpendicular, two-
lobed 2p orbitals. Any orbital can hold a maximum of two paired (opposite spin)
electrons.

The atomic radius equals half the distance between nuclei bonded by a non-
polar covalent bond, such as in H—H. The atomic radius increases as we go down
any group in the periodic table and decreases as we go from left to right across a.
period. Electronegativity is a measure of the pull of the nucleus on the outer
electrons. It decreases as we go down any group and increases as we go from left
to right in the periodic table.

A chemical bond results from electron transfer (ionic bond) or electron sharing
(covalent bond). The number of bonds an atom can form (the valence) is determined
by the number of bonding electrons. Carbon has four bonding electrons and forms
four covalent bonds.

An empirical formula tells us the relative number of different atoms in a mole-
cule, and the molecular formula tells us the actual number of different atoms in a
covalent molecule.

C,H; CqeHy
empirical molecular
Sformula Sformula

In structural formulas, which show the structures of molecules, pairs of
electrons may be represented by dots or by lines. Unshared bonding electrons are
not always shown in structural formulas.

H
H . I
H:C:N:H H—C—N—H CH;NH,
HH ||
H H
Lewis formula complete condensed
structural formula structural formula

An atom may share two, four, or six electrons with another atom—that is,
two atoms may be joined by a single bond, a double bond, or a triple bond.

. H
single bond ] /\ double bond
triple bond Gtgzc_c =CH,

A formal charge arises from a coordinate covalent bond, a bond in which both
electrons are supplied by one atom.

0.
74
CH;— N | both e™ from N

o

31
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The bond distance is the distance between nuclei of covalently bonded atoms.
The bond angle is the angle between two covalent bonds in a molecule. The bond
dissociation energy (AH in the following equation) is the amount of energy needed
to effect homolytic cleavage of a covalent bond.

ij—q{ — H;C-+ H- AH = +104 kcal/mole.

A polar covalent bond is a covalent bond between atoms with substantially
different electronegativities. The bond moment is the measure of the polarity of
the bond. The dipole moment is the measure of the polarity of the entire molecule.

Dipole-dipole attractions between molecules (van der Waals attractions)
are generally well under 5 kcal/mole except for hydrogen bonds (attractions
between a partially positive H and an unshared pair of electrons of N, O, or F),
which require 5-10 kcal/mole for their dissociation. Hydrogen bonding leads to
an increase in boiling point and water solubility of a compound.

A Bronsted-Lowry acid is a substance that can donate H" ; a Brensted—Lowry
base is a substance that can accept H*. A Lewis acid is a substance that can accept
electrons; a Lewis base is a substance that can donate a pair of electrons.

Bronsted-Lowry acids: HCl, CH;CO,H Lewis acids: H*, FeCl,
Bronsted-Lowry bases: ~ OH, NH; Lewis bases: ~OH, NH;,

The strength of a weak acid or a weak base is reported as K, (or pK,) or as
K, (or pK,), respectively. A stronger acid has a larger value for K, (and a smaller
pK,); a stronger base has a larger K, (and a smaller pK,).

anion

(H*J[A"]
IS, = —— = ¢ K,= —log K
g [ ] and pkK, og K,
[ﬁH][OH‘]
=" 2 and pK,= —logK
= (B] and pkK, 08 KKy

k_,, base
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STUDY PROBLEMS

1.15

1.16

1.17

1.18

1.19

1.20

1.21

1.22

1.23

1.24

Without referring to the text, give the electron configurations (for example, 152 2s') for:

(a) carbon (atomic no. 6) (b) silicon (14)
(c) phosphorus (15) (d) sulfur (16)

Which atomic orbitals contain the bonding electrons of carbon?

If an atom used p atomic orbitals to form single covalent bonds with two hydrogen
atoms, what would be the expected bond angle?

Which element in each of the following lists has the largest atomic radius? (Do not refer

to the text, but make your prediction on the basis of relative locations in the periodic ~

table.) (a)Si,C,0; (b)B.C,F; (c)H,C,O.

Which element in each of the following lists is the most electronegative? (Refer to
Figure 1.5.)

(a) C,H,O (b) C.H.N (¢c) C H,Mg (d) C.CLO

. Which of the following compounds would you expect to have (1) an ionic bond; (2) a

covalent bond; or (3) both ionic and covalent bonds?

(a) CH;CO,Na (b) CH;l (¢) LiOH (d) CH;ONa
() CH;OH (f) Mg(OH)Br (g) H,S (h) CHCl,

Without referring to the text, give the valences for the elements in period 2.

What is the expected maximum number of covalent bonds that an atom of any second-
period element could form? Why?

Give the Lewis formula for each of the following structures:

H H H H H H H
o AT L U i
I  bengl
!

(¢) CH;CHCH(CH;), (d) H,0, (e) HzC/—\CH2
4
Calculate the formal charges of all atoms except H in each of the following structures:
:0: CH,
(a) CH3—:S—-CI (b) CH3—C:‘—N~——(:):: (¢) CH;—C=N:

:0: CH;
:(”):
(d) CH,C—O0: () CH3—ITI—(:):—H

H

33
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1.25 Give the complete structural formula (showing each atom and using lines for bonds) for
each of the following condensed formulas:

O

I
(a) (CH,),CHCHBICH,  (b) (CH,),CHCNHCH(CH,)CH=CH,
(©) (CH,),C=C(CH,)C=CCH,

1.26 Write the condensed structural formula for each of the following structures:

H H H H

(@He=

| [ HHH
() H—(lf—O—H (b) H—(I?—(l?—IT (© H:C:N:C:H
i

25

H H H H
1.27  Write the molecular formula for each of the following structural formulas:

Ly e
(a) H—(lf—C|‘—(|,‘—?—OH (b) H—(If—(",—C—("—H

H H H H H H H
OH
i
H H—C—HH H H H

|
(c) H—?—?—?—H (d) H—$—?—?—0H
H OH H H H—C—H H

1.28 Give the complete structural formula for each of the following compounds:

(a) H,C=CHCH=CHCN  (b) CH,COCH,
(c) CH,CO,H (d) OHCCH,CHO

(Hint: Each structure contains at least one double or triple bond that is not shown. Use
rules of valence to find these.)

1.29 Show any unshared pairs of valence electrons (if any) in the following formulas:

(a) CH,NH, (b) (CH,);N (¢) (CH,;,NH*  (d) CH,OH
() (CH,,COH () CH,=CH, (g) H,C=O

1.30 Draw a polygon formula for each of the following cyclic structures:

E!z
~CH C\
H,C (G HC/ A
(a) H|C (L/O (b) H|| |
2 \C/H C\N4CH
H,
O O
" i
HN™ CCH, HNT ¢ N\
(©) & (|.‘|H (d) C| Il CH
/
Oé \1}\{1/ HZN/ %N/ \E
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Study Problems

Convert each of the following polygon formulas to a complete structural formula,
showing each atom and each bond. Show also any unshared pairs of valence electrons.

Br
(a) ®»{( 0 @© <:>< (d) O\_j
CH, N

Draw the polygon and the structural formulas for a carbon ring system containing:

(a) six ring carbons and a double bond;
(b) five ring carbons and a carbonyl group (C==0) in the ring.

The bond dissociation energy for the carbon-halogen bond of CH,—F is 108 kcal/mole;

for CH;—Cl, it is 83.5 kcal/mole; for CH;—Br, it is 70 kcal/mole; and for CH;—1, it _

is 56 kcal/mole. Calculate the net AH for each of the following reactions:

(@) CH, + F, —— CH;F + HF
(b) CH, + Cl, —— CH,Cl + HCl
(c) CH; + Br, ——— CH;Br + HBr
(d CH,+1, —— CH;l + HI

Write chemical equations for (1) the homolytic cleavage, and (2) the heterolytic cleavage,
of each of the following compounds at the indicated bond. (Apply your knowledge of
electronegativities in the heterolytic cleavages.)

(a) CH,CH,—Cl  (b) H—OH (c) H—NH,
(d) CH,—OH (¢) CH,0—H

Circle the most electronegative element in each of the following structures, and show the
direction of polarization of its bond(s):
O

Il
(a) CH,OH (b) CH,CCH,
(¢) FCH,CO,H  (d) (CH,),NCH,CH,OH

Which is the positive end and which is the negative end of the dipole in each of the
following bonds?

(a) C—Mg (b) C—Br c)y C—0O
(d C—Cl (©) C=sl () €=

Arrange each of the following series of compounds in order of increasing polarity
(least polar first):

(a) CH;CH,CH,NH,, CH;CH,CH,;, CH,;CH,CH,OH;
(b) CH3;CH,CH,Br, CH;CH,CH,l, CH,CH,CH,CL
Arrange the following compounds in order of increasing ionic character (least ionic

first): (a) CH,; (b)HBr; (c)LiCL

Which of the following compounds can form hydrogen bonds with other molecules of
its own kind?

(a) (CH,),NH (b) CH,CH,OCH,CH,OH
I
(c) CH,COH (d) CH,OCH,CH,OCH,
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1.40

1.41

1.42

1.43

1.44

Draw structures to show the hydrogen bonding (if any) you would expect in the following
compounds:

(1) CH,CH,OH  (b) CH,CH,OCH, (¢) CH,CH,F  (d) (CH,);N

Which of the following compounds would form hydrogen bonds with itself? With water ?

o)
|
(a) CH,CH,CH,OH  (b) CH,CCH, (¢ CHS(lfHCHS
CH,

CHzC{{z

(d) (CH,),CHOCH, (€) ' /NH
CH,CH,

Show all types of hydrogen bond in an aqueous solution of (CH;),NH. Which is the
strongest hydrogen bond?

Complete the following equations for acid-base reactions:

(a) CH;0" + H,0 —

(b) CH,NH, + HCl ——

(©) QC02H+0H P
(@ {( NH+H' —

(¢) CH,CO,” + HY ——
i
(fy CH3;NH, + CH;COH ——=

Calculate the pK, of each of the following acids, and arrange in order of increasing
acidity (weakest acid first):

Structure K,
(a) CH,;CO,H 1.75 x 107°
(b) @'OH 1.0 x 1071
(c) QCHZCOZH 52 x 1073
(d) CH,;CH,OH ~10 '

(¢) CH,CH, ~ 10743
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Calculate the pK, of the following bases, and arrange in order of increasing base
strength:

Structure K,

i
(a) CH,;CNH, 43 x 1071
(b) QNHz 43 x 1010
(¢) (CH;);CNH, 68 x 10°*

(d) morphine (page 766) 1.6 x 10°°

What element corresponds with each of the following electron configurations?

(a) Is* 2s% 2p° 3s! (b) 1s? 2s? 2p® 3s? 3p° (c) 1s* 2s* 2p°

From the electron configurations, which pairs of elements would you expect to exhibit
similar chemical behavior?

(@) 1s? 2s' and 1s% 2s?
(b) Is? 2s' and Is® 257 2p° 3s? 3p° 45!
() 1s*> 2s' and I1s% 2s? 2p® 3s!

If you mix equal volumes of equimolar solutions of NaBr and LiCl, you will obtain the
same solution as a similar mixture prepared from LiBr and NaCl. Why? Would this be
true for solutions of CH;Cl + NaBr, and CH;Br + NaCl? Why?

Lead(1V) chloride, PbCl,, is a liquid at room temperature (mp — 15°), while lead(II)
chloride, PbCl,, is a high-melting solid (mp 501°). What do these properties suggest
about the bonding in these two compounds?

Assign the proper ionic charge to each of the following ions:

(@ :C=N: (b)) :C=CH (o) H—(:j—(l‘—H (d) CH,0:
H

None of the following compounds contain double bonds. Can you devise a condensed
structural formula for each? More than one answer may be possible. (Remember the
valences.)

(a) C3He; (b)) C,HO;  (c) C,HLO.

Calculate the heats of reaction for:

(@) CH;CH; + Cl, ——— CH;CH,CIl + HCI;
(b) CH;CH; + Br, ——— CH;CH,Br + HBr.

Which reaction liberates more energy ? (The bond dissociation energy for CH;CH,—Br
is 68 kcal/mole. See Table 1.4, page 18, for others.)

37
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1.53

1.54

1.55

1.56

1857

1.58

Considering the electronegativities of the atoms involved, which reaction in each of the
following pairs is the more reasonable?

(a) .CH;OH —— CHJO £ H*
CH,OH —— CH,0" + H"

(b) (CH,),CHBr —— (CH,),CH + Br~
(CH,),CHBr —— (CH,),CH + Br*

(¢) CH,CH,Li —— CH,CH, + Li*
CH,CH,Li —— CH,CH, + Li~

BF; has a dipole moment of zero. Suggest a shape for the BF; molecule.

Arrange the following compounds according to increasing solubility in water, least
soluble first:

o)
[
(a) CH,COH (b) CH,CH, (¢) CH,CH,OCH,CH,

Diethyl ether, CH3;CH,OCH,CH3, and 1-butanol, CH;CH,CH,CH,OH, are equally
soluble in water, but the boiling point of 1-butanol is 83° higher than that of diethyl
ether. What explanation can you give for these observations?

In the following reactions, which of the reactants is the Lewis acid and which is the
Lewis base?

(a) (CH,);CCl + AICl, ——= (CH,),C* + AICl,"
(b) (CH,),C* + CH,=CH, =——= (CH,),CCH,CH,

Indicate the most likely position of attack by a Lewis acid on each of the following struc-
tures:

-
@ HN NH (b 0" (9 CH,OH
s



Chapter 2

Ovrbitals and Their Role
in Covalent Bonding

In Chapter 1, we took a brief look at atomic orbitals and at covalent bonding.
In this chapter, we will discuss the molecular orbital theory of covalent bonding.
We will see that the molecular orbital theory can be used to explain why different
covalent molecules have different shapes and why some covalent bonds are more
reactive than others. A knowledge of molecular orbitals is indispensable because
the differences in the shapes and in the bonds of molecules lead to differences in
chemistry—whether in a flask in the laboratory or in the cells of an animal.

Section 2.1

Properties of Waves

Until 1923, chemists assumed that electrons were nothing more than nega-
tively charged particles whirling about the atomic nuclei. In 1923, Louis de Broglie,
a French graduate student, proposed the revolutionary idea that electrons have
properties of waves as well as properties of particles. De Broglie’s proposal met with
skepticism at first, but his idea was the seed that grew into today’s quantum-
mechanical concept of electron motion.

Quantum mechanics is a mathematical subject. For our understanding of
covalent bonds, we need only the results of quantum-mechanical studies, rather
than the mathematical equations themselves. With this in mind, let us survey some
of the basic concepts of wave motion as they pertain to the current theories of co-
valent bonds.

We will begin with some simple standing waves (Figure 2.1), the type of wave
that occurs when you pluck a string, like a guitar string, that is fixed at both ends.
This type of wave exhibits motion in only one dimension. By contrast, the standing
waves caused by beating the head of a drum are two-dimensional, and the wave
system of an electron is three-dimensional. The height of a standing wave is its
amplitude, which may be up (positive value) or down (negative value) in relation to
the resting position of the string. (Note that the + or — sign of amplitude is a
mathematical sign, not an electrical charge.) A position on the wave at which the
amplitude is zero is called a node, and is a position on the guitar string that does not
move as the string vibrates.

Two standing waves can be either in phase or out of phase in reference to each
other. Intermediate states in which waves are only partially in phase are also
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positive amplitude

node n n

Amplitude 0 <

negative amplitude

Figure 2.1. Some standing waves of a vibrating string with fixed ends (negative amplitudes
shaded).

possible. We can illustrate these terms by two wave systems on two identical vi-
brating strings. If the positive and negative amplitudes of the two waves correspond
to each other, the two waves are in phase. If the mathematical signs of the ampli-
tudes are opposite, the waves are out of phase (see Figure 2.2).

If two in-phase waves on the same string overlap, they reinforce each other.
The reinforcement is expressed by addition of the mathematical functions of the
same sign describing the waves. Conversely, a pair of overlapping waves that are
out of phase interfere with each other. The process of interference is represented
by addition of two mathematical functions of opposite sign. Complete interference

/I\ h and h and
Amplitude 0' ’ 0

or or
Amplitude 0 0
I and and
in phase out of phase

Figure 2.2. Two standing waves may be either in phase or out of phase.

+
o’ ‘\
A\
reinforcement: ‘/' +\y —> + + —> /Y\
i by

complete partial
node
interference: X e —
complete partial

Figure 2.3. Reinforcement and interference of waves.
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+ and — are mathematical signs,
not electrical charges

® -

b

ls 2s 2p

no node

Figure 2.4. The ls, 25, and 2p orbitals with their signs of amplitude.

results in the cancelling of one wave by another. Partial overlap of two out-of-
phase waves gives rise to a node. Figure 2.3 illustrates reinforcement and inter-
ference.

Although a three-dimensional electron wave system is more complicated
than a one-dimensional string system, the principles are similar. Each atomic
orbital of an atom behaves as a wave function and may have a positive or negative
amplitude. If the orbital has both positive and negative amplitudes, it has a node.
Figure 2.4 depicts the ls, 2s, and 2p orbitals, including their signs of amplitude
and their nodes.

One atomic orbital may overlap an atomic orbital of another atom. When the
overlapping orbitals are in phase, the result is reinforcement and a bonding
molecular orbital. On the other hand, interaction between atomic orbitals that are
out of phase results in interference, creating a node between the two nuclei. Inter-
ference leads to antibonding molecular orbitals. We will expand upon these defi-
nitions of bonding and antibonding orbitals in Section 2.2B.

Section 2.2

Bonding in Hydrogen

Hydrogen (H,) is the simplest molecule. We will look at the covalent bond
of H, in some detail because many features of this bond are similar to those of
more complex covalent bonds.

Let us consider two isolated hydrogen atoms, each with one electron in a
ls atomic orbital. As these two atoms begin bond formation, the electron of each
atom becomes attracted by the nucleus of the other atom, as well as by its own
nucleus. When the nuclei are at a certain distance from each other (the bond
distance, 0.74 A for H,), the atomic orbitals merge, or overlap, to reinforce each
other and form a bonding molecular orbital. This molecular orbital encompasses
both hydrogen nuclei and contains two paired electrons (one from each H).
Both electrons are now equally attracted to both nuclei. Because a large portion
of the electron density of this new orbital is located between the two nuclei, re-
pulsions between the nuclei are minimized. This molecular orbital results in the
covalent bond between the two hydrogen atoms in H, (see Figure 2.5).
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molecular orbital
atomic 1s orbitals, overlap with two e~ of
each with one e~ opposite spin

9099@3

Figure 2.5. The formation of the molecular orbital in H,.

A. The Sigma Bond

The molecular orbital that bonds the two hydrogen atoms together is cy/in-
drically symmetrical—that is, symmetrical around a line, or axis, joining the two
nuclei. Think of the axis as an axle, and rotate the orbital around this axis. If the
appearance of the orbital is not changed by the rotation, the orbital is symmetrical
around that axis (see Figure 2.6).

Any molecular orbital that is symmetrical around the axis connecting the
nuclei is called a sigma (¢) molecular orbital; the bond is a sigma bond. The bond
in H, is only one of many sigma bonds we will encounter. (We will also encounter
molecular orbitals that are not sigma orbitals—that is, orbitals that are not sym-
metrical around their nuclear axes.)

Figure 2.6. The sigma bond of hydrogen is
symmetrical around the axis joining
the two nuclei.

axis

B. The Bonding Orbital and the Antibonding Orbital

When a pair of waves overlap, they either reinforce each other or interfere
with each other. Addition of two in-phase ls atomic orbitals of two H atoms
results in reinforcement and the ¢ bonding molecular orbital, with a high electron
density between the bonded nuclei.

If two waves are out of phase, they interfere with each other. Interference
of two out-of-phase atomic orbitals of two hydrogen atoms gives a molecular
orbital with a node between the nuclei. In this molecular orbital, the probability
of finding an electron between the nuclei is very low. Therefore, this particular
molecular orbital gives rise to a system where the two nuclei are not shielded by the
pair of electrons, and the nuclei repel each other. Because of the nuclear repulsion,
this system is of higher energy than the system of two independent H atoms. This
higher-energy orbital is the antibonding orbital, in this case, a ¢* orbital (the *
meaning ‘‘antibonding’’). Figure 2.7 compares the shapes of the ¢ and ¢* orbitals
for H,.

The energy of the H, molecule with two electrons in the ¢ bonding orbital is
lower by 104 kcal/mole than the combined energy of two separate hydrogen atoms.
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/low e~ density

(< o* orbital
et . :
! (antibonding)

0o

out of phase

P
+
‘ej;,
’ fo’(‘e
e, 7

Potential
energy, £

high e~ density

in phase

o orbital
(bonding)

Figure 2.7. Reinforcement and interference of two 1s orbitals. (The + and — refer to phases
of the wave functions, not electrical charges.)

The energy of the molecule with electrons in the ¢* antibonding orbital, on the
other hand, is higher than that of two separate hydrogen atoms. These relative
energies may be represented by the following diagram:

s

< & antibonding orbital of H,
Potential ’ Che
energy, £ s

.

.
.

“— atomic orbitals of H and H

ls
'T;\_’/bonding orbital of H,

A molecular orbital, like an atomic orbital, can hold no electrons, one elec-
tron, or two paired electrons. The two electrons in a hydrogen molecule go into
the lowest-energy orbital available, the ¢ bonding orbital. In the following dia-
gram, we use a pair of arrows (one pointing up and one pointing down) to represent
a pair of electrons of opposite spin.

Is 1l ls
i = '\‘mo e in orbital

of lowest energy
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We said in Chapter 1 that electrons in different atomic orbitals differ in
energy because of the varying distances of these electrons from the nucleus. The
higher energy of a molecule with electrons in an antibonding orbital (compared
to the energy of the molecule with electrons in a bonding orbital) does not arise
from the electrons being farther from the nuclei. Instead, the higher energy arises
from the presence of the node between the nuclei.

For the hydrogen molecule, the ¢ and ¢* orbitals are in the same general
region of space. Although two particles of matter cannot occupy the same space
at the same time, two orbitals may. Remember, orbitals are not matter, but are
simply regions of space where the probability of finding an electron with a par-
ticular energy is high.

Almost all bonding molecular orbitals have antibonding orbitals associated
with them. In each case, a molecule with electrons in a bonding molecular orbital
has a lower energy than the energy of the nonbonded atoms, and a molecule with
electrons in an antibonding orbital has a higher energy than that of the nonbonded
atoms. Because the antibonding orbitals are of high energy, the electrons are not
generally found there. Almost all the chemistry in this text will deal with molecules
in the ground state, the state in which the electrons are in the lowest-energy orbitals.
However, we will encounter a few situations where energy absorbed by a molecule
is used to promote an electron from a low-energy orbital to a higher-energy orbital.
A molecule is said to be in an excited state when one or more electrons are not in the
orbital of lowest energy.

Some General Features of Bonding and Antibonding Orbitals

Let us summarize some general rules that apply to all molecular orbitals, not
only the molecular orbitals of H,:

(1) Any orbital (molecular or atomic) can hold a maximum of two electrons,
which must be of opposite spin.

(2) The number of molecular orbitals equals the number of atomic orbitals
that went into their formation. (For H,, two ls atomic orbitals yield two
molecular orbitals: ¢ and ¢*.)

(3) In the filling of molecular orbitals with electrons, the lowest-energy orbitals
are filled first. If two orbitals are degenerate (of equal energies), each gets one
electron before either is filled.

Section 2.4

Hybrid Orbitals of Carbon

When a hydrogen atom becomes part of a molecule, it uses its 1s atomic
orbital for bonding. The situation with the carbon atom is somewhat different.
Carbon has two electrons in the 1s orbital; consequently, the 1s orbital is a filled
orbital that is not used for bonding. The four electrons at the second energy level
of carbon are the bonding electrons.
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Hybrid Orbitals of Carbon

There are four atomic orbitals at the second energy level: one 2s and three 2p
orbitals. However, carbon does not use these four orbitals in their pure states for
bonding. Instead, carbon blends, or hybridizes, its four second-level atomic
orbitals in one of three different ways for bonding:

(1) sp? hybridization, used when carbon forms four single bonds.

sp? carbons
v N

H—(I‘—H H—Cl‘—Cl‘—H
H H H

(2) sp?hybridization, used when carbon forms a double bond.

sp? carbons

(3) sp hybridization, used when carbon forms a triple bond.

¥  spcarbons
F=C=C=/H]

Why does a carbon atom form compounds with hybrid orbitals rather than
with unhybridized atomic orbitals? The answer is that hybridization gives stronger
bonds because of greater overlap, and therefore results in more-stable, lower-
energy molecules. As we discuss each type of hybridization, note that the shape
of each hybrid orbital is favorable for maximum overlap with an orbital of another
atom. Also note that the geometries of the three types of hybrid orbital allow
attached groups to be as far from each other as possible, thus minimizing their
repulsions for each other.

A. sp® Hybridization

In methane (CH,), the carbon atom has four equivalent bonds to hydrogen.
Each C—H bond has a bond distance of 1.09 A and a bond dissociation energy
of 104 kcal/mole. The bond angle between each C—H bond is 109.3°. From this
experimental evidence alone, it is evident that carbon does not form bonds by
means of one s atomic orbital and three p atomic orbitals. If that were the case, the
four C—H bonds would not all be equivalent.

According to present-day theory, these four equivalent bonds arise from
complete hybridization of the four atomic orbitals (one 2s orbital and three 2p
orbitals) to yield four equivalent sp? orbitals. The sp* orbitals have equal energies —
slightly higher than that of the 2s orbitals, but slightly lower than that of the 2p
orbitals. Each of the sp® orbitals contains one electron for bonding.
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Atomic orbitals of C
(filled nonbonding Ls
orbital not shown):

D Orbitals used for bonding :

2p 2p 2p
—="
four sp?

2s

The preceding diagram is called an orbital diagram. Each box in the diagram
represents an orbital. The relative energies of the various orbitals are signified
by the vertical positions of the boxes within the diagram. Electrons are represented
by arrows, and the direction of electron spin is indicated by the direction of the
arrow.

The sp? orbital, which results from a blend of the 2s and 2p orbitals, is shaped
rather like a bowling pin : it has a large lobe and a small lobe (of opposite amplitude)
with a node at the nucleus. Figure 2.8 shows one isolated sp® orbital. The small
end of the hybrid orbital is not used for bonding because overlap of the large end
with another orbital gives more complete overlap and results in a stronger bond.

Four sp3-hybrid orbitals surround the carbon nucleus. Because of repulsions
between electrons in different orbitals, these sp® orbitals lie as far apart from each
other as possible while still extending away from the same’carbon nucleus—that
is, the four orbitals point toward the corners of a regular tetrahedron (Figure 2.8).
This geometry gives idealized bond angles of 109.3°. An sp® carbon atom is often
referred to as a tetrahedral carbon atom because of the geometry of its bonds.

When an sp® carbon atom forms bonds, it does so by overlapping each of its
four sp? orbitals (each with one electron) with orbitals from four other atoms
(each orbital in turn containing one electron). In methane (Figures 2.9 and 2.10),
each sp® orbital of carbon overlaps with a ls orbital of hydrogen. Each of the
resultant sp>—s molecular orbitals is symmetrical around the axis passing through
the nuclei of the carbon and the hydrogen. The covalent bonds between C and H
in methane, like the H—H covalent bond, are sigma bonds.

Ethane (CH;CH,;) contains two sp* carbon atoms. These two carbon atoms
form a C—C sigma bond by the overlap of one sp* orbital from each carbon
(sp>-sp® sigma bond). Each carbon atom has three remaining sp> orbitals, and
each of these overlaps with a ls orbital of a hydrogen atom to form a C—H
sigma bond. Each carbon atom in ethane is tetrahedral (see Figures 2.11 and 2.12).

the end used
for bonding

\

one sp3 orbital four sp3 orbitals a regular C with
tetrahedron four sp3 bonds

Figure 2.8. The four sp* orbitals point toward the corners of a regular tetrahedron.
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one ¢~ in each atomic two ¢~ in each
or hybrid orbital molecular orbital

Figure 2.9. Formation of C—H sigma bonds in methane, CH,. (The small lobes of the sp*
orbitals are not shown.)

H H
l |
CH, 5= C| —H /C \H
H H H
condensed structural dimensional
structural formula formula formula
molecular
model
Figure 2.10. Some different ways of representing methane.
. H H
sp3 Sp3 —."‘ﬁ"‘: H
\ / /B H
| < 4 ’ A — ClasantC
H . H
ethane

Figure 2.11. Formation of the sp*-sp® sigma bond in ethane, CH,CH;.

H
H H > H
| He 3/
CH,CH; H—C—C—H b
L] S\ H
H H H
condensed structural dimensional
structural formula formula formula
molecular
model

Figure 2.12. Some different ways of representing ethane.
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sp*~sp® sigma bond

sp3-s sigma bond

In any molecule, any carbon atom bonded to four other atoms is in the sp3-
hybrid state, and the four bonds from that carbon are sigma bonds. When carbon
is bonded to four other atoms, the sp* hybridization allows maximum overlap and
places the four attached atoms at the maximum distances from each other. If
possible, the sp* bond angles are 109.5°; however, other factors, such as dipole—
dipole repulsions or the geometry of a cyclic compound, can cause deviations from
this ideal bond angle.

Examples of structures with sp® carbons (each C has four sigma bonds):

H H
H H H HO._ [_H
| B | Ho /S N\ _H
H—C—H H—C—C—H H—C—O—H >C 3
}I{ Pli }l1 f|{ i \C-C/
. H—y \ H
H H

Sample Problem

Give the complete structural formula (showing all atoms and bonds) for propane
(CH;CH,CHj3). Which types of orbitals overlap to form each bond?

Solution : each C—H bond is sp>-s

sp*-sp?

STUDY PROBLEM

2.1 Write the complete structural formula for each of the following compounds. Which
types of orbitals overlap to form each bond?

(@) (CH,),CH (b) Q

B. sp? Hybridization

When carbon is bonded to another atom by a double bond, the carbon atom
is in the sp?-hybrid state.
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Hybrid Orbitals of Carbon

Examples of compounds with sp* carbons :
H H H
\C © ’ C
== =0
/ N
H H H
ethylene formaldehyde

To form sp? bonding orbitals, carbon hybridizes its 2s orbital with only two
of its 2p orbitals. One p orbital remains unhybridized on the carbon atom. Because
three atomic orbitals are used to form the sp? orbitals, three sp-hybrid orbitals
result. Each sp? orbital has a shape similar to that of an sp* orbital and contains
one electron that can be used for bonding.

L L]

2 2p 2 ] 2p
‘ [
three sp?

2s

The three sp? orbitals around a carbon nucleus lie as far apart from one
another as possible—that is, the sp? orbitals lie in a plane with angles of 120°
(ideally) between them. An sp? carbon atom is said to be a trigonal (triangular)
carbon. Figure 2.13 shows a carbon atom with three sp? orbitals and the one un-
hybridized p orbital, which is perpendicular to the sp? plane.

In ethylene (CH,=CH,), two sp? carbons are joined by a sigma bond
formed by the overlap of one sp? orbital from each carbon atom. (This sigma bond
is one of the bonds of the double bond.) Each carbon atom still has two sp?
orbitals left for bonding with hydrogen. (Each carbon atom also has a p orbital,
which is not shown in the following structure.)

Planar sigma-bond structure of ethylene (p orbitals not shown):

H\ 1-1/% H
=L '}nfc‘
/ N
H
ez
\\‘
o
J J 5?‘\".'. \\
o~ - sp? \\\\“ N .
- o _____Cx% />[1 orbital
5 P /
| ] yd
3 -
1 - ‘//
,-..a“'\—'-_ /’/
a trigonal carbon; three spz orbitals in p orbital at a right angle to the plane

a plane with 120° angles between them

Figure 2.13. Carbon in the sp?-hybrid state.
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One pi bond is a two-lobed molecular
orbital containing one pair of ¢~ and
having a node at the site of the sigma

bond.
. O ’
H gy, ~ woe H H"""'um
H/C“?:-HA ________ '*'Wq-\HﬁH/C
\sz/( }
& T = . b

Figure 2.14. Formation of the sp?-sp? sigma bond and the p—p pi bond in ethylene,
CH,=CH,.

What of the remaining p orbital on each carbon ? Each p orbital has two lobes,
one above the plane of the sigma bonds and the other (of opposite amplitude)
below the plane. Each p orbital contains one electron. If these p electrons become
paired in a bonding molecular orbital, then the energy of the system is lowered.
Since the p orbitals lie side by side in the ethylene molecule, the ends of the orbitals
cannot overlap, as they do in sigma-bond formation. Rather, the two p orbitals
overlap their sides (see Figure 2.14). The result of this side-to-side overlap is the
pi(n) bond—a bonding molecular orbital joining the two carbons and located above
and below the plane of the sigma bonds. The pi bond is the second bond of the
double bond.

Any carbon atom that is bonded to three other atoms is in the sp2-hybrid
state. In stable compounds, the p orbital on the sp* carbon must overlap with a
p orbital of an adjacent atom, which can be another carbon atom or an atom of some
other element.

H H H o
N\ 7
H—C

AN /
Cc=C C=0
/ N / AN
H &\H) / OH
sp? carbons

C. Some Features of the Pi Bond

Each p orbital of a pi bond has two lobes and has a node at the nucleus. It is
not surprising that the pi orbital also is two-lobed and has a node. Unlike a sigma
orbital, a pi orbital is not cylindrically symmetrical. However, just like any mo-
lecular orbital, a pi orbital can hold a maximum of two paired electrons.

A 2p orbital of carbon is of slightly higher energy than an sp? orbital. For
this reason, a pi bond, which is formed from two 2p orbitals, has slightly higher
energy and is slightly less stable than an sp?-sp? sigma bond. The bond dissociation
energy of the sigma bond of ethylene’s carbon—carbon double bond is estimated to
be 95 kcal/mole, while that of the pi bond is estimated to be only 68 kcal/mole.

The more-exposed pi electrons are more vulnerable to external effects than
are electrons in sigma bonds. The pi bond is polarized more easily—we might
say that the pi electrons are more mobile. The pi electrons are more easily promoted
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no overlap H
overlap

.

b il
! C H LS -
r/ ! +~ 68 kcal/mole / \
C H

b \C- 4 ‘\“‘\\
H J\/) HN\
H _H
Figure 2.15. The portion of a molecule surrounding a pi bond is held in a planar structure
unless enough energy is supplied to break the pi bond.

to an excited state. Also, they are more readily attacked by an outside atom or
molecule. What does this vulnerability mean in terms of the chemistry of pi-
bonded compounds? In a molecule, the pi bond is a site of chemical reactivity.

Another property of the pi bond of ethylene is that its geometry holds the
molecule in a rigid shape. For the carbon atoms to rotate around their bonds, the
pi bond must first be broken (see Figure 2.15). In chemical reactions, molecules
may have sufficient energy (about 68 kcal/mole) for this bond to break. In a flask
at room temperature, however, molecules do not have enough energy for this bond
breakage to occur. (Approximately 20 kcal/mole is the maximum energy available
to molecules at room temperature.) The significance of the rigidity of pi bonds
will be discussed in Chapter 4.

In a structural formula, the double bond is indicated by two identical lines.
Keep in mind that the double bond is not simply two identical bonds, but that the
double line represents one strong sigma bond and one weak pi bond.

n n

H H H
NV N
/

Cc=0

H H H

Y
Q

Sample Problem

What type of overlap (sp*-s, for example) is present in each bond of CH;CH=CH,? What is
cach bond angle (approximately)?

Solution :
spis JSour 109° angles
3—
HNH —77%F H_*H
i
o o=c) - 8 }"\ R
= sp*-s
4 N C—=C
H H
sp2—sp? \ /
D and p-p

six 120° angles
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STUDY PROBLEMS

2.2  Give the complete structural formula for each of the following compounds. Indicate
which types of orbitals are used to form each bond.

(a) CH,=C(CH,;), (b) CH,=CHCH=CH, (¢ @

2.3  For compound (b) in Problem 2.2, draw the structure showing the pi bonds with its
correct geometry in reference to the sigma bonds. (Use lines to represent the sigma
bonds.)

D. The Bonding and Antibonding Ovbitals of Ethylene

The carbon—carbon sigma bond in ethylene results from overlap of two sp?
orbitals. Because two sp? orbitals form this bond, two molecular orbitals result.
The other molecular orbital, arising from interference between the two sp?
orbitals, is the antibonding ¢* orbital. This antibonding orbital is similar to the
a* orbital of hydrogen; it has a node between the two carbon nuclei and is of high
energy. The two electrons of the C—C sigma bond in ethylene are usually found in
the lower-energy ¢ orbital.

In the pi bond joining the two carbons of ethylene, each carbon atom con-
tributes one p orbital for a total of two p orbitals; therefore, two pi molecular
orbitals result. One of these is the 7 bonding orbital that arises from the overlap
of two in-phase p orbitals. The other orbital is the n* antibonding orbital, which
arises from interference between two p orbitals of opposite phase. These two
orbitals are frequently designated 7, for the bonding orbital and =,* for the anti-
bonding orbital. Some molecules contain several n orbitals, which we number in
order of increasing energy; the subscript numbers are useful for differentiating
the m orbitals. (We do not usually use subscript numbers for ¢ orbitals because o*
orbitals are usually of minor importance to the organic chemist.)

Figure 2.16 shows the orbital representations of the n, and #,* orbitals of
ethylene. Note that besides the node at the o-bond site, the n,* orbital has an
additional node between the two carbon nuclei. A minimum of the pi electron den-
sity is located between the nuclei in this orbital; thus, the n,* orbital is of higher
energy than the 7, orbital. In the ground state of ethylene, the pi electrons are
found in the lower-energy =, orbital.

The following diagram comparing energies of the g, o*, n,, and n,* orbitals
shows that the o* orbital is of higher energy than the n,* orbital. The amount of
energy required to promote an electron from the ¢ orbital to the o* orbital is
therefore greater than the energy required to promote a = electron to the zn*
orbital.

Ground state of C=C in ethylene:
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node between nuclei

— ey
.

7,* antibonding orbital

+) &
H- vy "uu““‘ H
H"’C

)

out of phase

.99

..."l:", C “““‘,... H
; I B 'elbr"rp overlap
\J \ |
in phase LS
H-.. — H
o C C n
H™  ~H

y

m, bonding orbital

Figure 2.16. The n, bonding orbital and the 7,* antibonding orbital of ethylene. (The + and
— refer to phases of the wave function, not electrical charges.)

Why is more energy required to promote a ¢ electron than a n electron?
Sigma bonding electrons are found close to the nucleus and, for the most part,
directly between the nuclei. Promotion of one of these sigma electrons results in
severe nuclear repulsion. However, the 7 bonding electrons are farther from the
nucleus. Promotion of one of these pi electrons does not result in such severe nuclear
repulsions. (Also, when a pi electron is promoted, the nuclei are still shielded from
each other by ¢ bonding electrons.)

Because of the large amount of energy required to promote a sigma electron,
electron transitions of the ¢ — o* type are rare and relatively unimportant to the
organic chemist.\However, n — 1* electron transitions, which require less energy,
are important. For example, 7 — 7* transitions are responsible for vision, a topic
that will be mentioned in Chapter 20, and for the energy capture needed for
photosynthesis.
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Two possible excited states of C=C in ethylene :

S
nt .
o — o*, higher AE 11 1 } n, — n,*, lower AE
m m,
1 T
@ =——— 0 ==

E. sp Hybridization

When a carbon atom is joined to only two other atoms, as in acetylene
(CH=CH)), its hybridization state is sp. One 2s orbital blends with only one 2p
orbital to form two sp-hybrid orbitals. In this case, two unhybridized 2p orbitals
remain, each with one electron.

alols uln
P P P P
— (]

———

two sp

2s‘

The two sp orbitals lie as far apart as possible, in a straight line with an angle
of 180° between them. The p orbitals are perpendicular to each other and to the
line of the sp orbitals (see Figure 2.17).

In CH=CH, the two carbon atoms are joined by an sp-sp sigma bond. Each
carbon is also bonded to a hydrogen atom by an sp—s sigma bond. The two p
orbitals of one carbon then overlap with the two p orbitals of the other carbon to
form two pi bonds. One pi bond is above and below the line of the sigma bonds, as
shown in Figure 2.18; the other pi bond is located in front and back.

p orbitals perpendicular to
each other and to the linear
sp orbitals

sp

one sp orbital two sp orbitals the two p orbitals
: form a line (the sp orbitals shown as a line)

Figure 2.17. Carbon in the sp-hybrid state.
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180°

H-C¥C-H

sigma bonds

.

p orbitals two pi bonds

Figure 2.18. Bonding in acetylene, CH=CH.

As you might guess, the chemical reactions of a compound containing a
triple bond are not too different from those of a compound containing a double
bond. Instead of one pi bond, there are two.

one ¢ bond two pi bonds

H—C=C—H CH;—C=C—H

STUDY PROBLEM

2.4  What type of overlap is present in each bond of CH;—C=CH? What are the approxi-
mate bond angles?

F. Effects of Hybridization on Bond Distances

A 2s orbital is of slightly lower energy than a 2p orbital. On the average, 2s
electrons are found closer to the nucleus than 2p electrons. For this reason, a
hybrid orbital with a greater proportion of s character is of lower energy and is
closer to the nucleus than a hybrid orbital with less s character.

An sp-hybrid orbital is one-half s and one-half p; we may say that the sp
orbital has 50% s character and 50%, p character. At the other extreme is the sp3
orbital, which has only one-fourth, or 25%, s character.

hybridization of carbon percent s character

CH=CH sp 50
CH,=CH, sp? 331
CH,CH, sp® 25

Because the sp orbital contains more s character, it is closer to its nucleus;
it forms shorter and stronger bonds than the sp® orbital. The sp? orbital is inter-
mediate between sp and sp? in its s character and in the length and strength of the
bonds it forms.

Table 2.1 shows the differences in bond distances among the three C—C
and C—H bond types. Note that the sp—s C—H bond in CH=CH is the shortest,



56 Chapter 2
Orbitals and Covalent Bonding

Table 2.1. Effect of Hybridization on Bond Distance

longest bonds from C shortest bonds from C
LIRME]
H
H Cl‘ Cl‘ H \C © /H H—C=C

| /TN =c—H

H H H H
percent s character: 25 33} 50
C—C bond length: 1.54 A 134 A 1.20 A
C—H bond length: 1.09 A 1.08 A 1.06 A

while the sp*~s C—H bond is the longest. We see an even wider variation in the
C—C bonds because these bond distances are affected by the number of bonds
joining the carbon atoms as well as by the hybridization of the carbon atoms.

STUDY PROBLEM

2.5 Foreach of the following structures, list the numbered bonds in order of increasing bond
distance (shortest bond first):

® ~ O,
(a) CH,—CH,CH=CH, (b) H—?—CH2C=CH2 (©) <:>

H C;)\®

G. Summary of the Hybrid Orbitals of Carbon

(1)  When acarbon atom is bonded to four other atoms, the bonds from the carbon
atom are formed from four equivalent sp® orbitals. The sp* carbon is

tetrahedral.
s,.s\}*li
H/CQ' H Examples: CH,, CHCl,, <:>
H
S[)" /
tetrahedral

(2) When carbon bonds to three other atoms, the bonds from the carbon atom
are formed from three equivalent sp? orbitals with one p orbital remaining.
The sp? orbitals form three sigma bonds; the p orbital forms a pi bond. The
sp? carbon is trigonal.

candn
H H
N\ /
/C———C\ Examples: CH,CH=CH,, H,C=0, <\:>
. " AN /%
2

. 5
trigonal P
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(3) When carbon bonds to two other atoms, the bonds from the carbon atom are
formed from two equivalent sp bonds, with two p orbitals remaining. The
two p orbitals overlap with two p orbitals of another atom to form two pi
bonds. The sp orbitals form two equivalent and linear sigma bonds.

one o, Iwo 1

H—C=C—H Examples: CH;C=CH, HC=N
linear
sp
Section 2.5
Functional Groups

Although sp3-sp® carbon-carbon bonds and sp>-s carbon-hydrogen bonds
are common to almost all organic compounds, surprisingly, these bonds do not
usually play the major role in organic reactions. For the most part, it is the presence
of either pi bonds or other atoms in an organic structure that confers reactivity.
A site of chemical reactivity in a molecule is called a functional group. A pibond or
an electronegative (or electropositive) atom in an organic molecule can lead to
chemical reaction; either one of these is considered a functional group or part of a
functional group.

Some functional groups (circled):

cH,@E®H. cHcH @ cu.cn @

STUDY PROBLEM

2.6 Circle the functional groups in the following structures:

O
I
(a) CH,=CHCH,CH (b) <:>—NH2 (c)
OH

A series of compounds with the same functional group tend to undergo the
same chemical reactions. For example, each of the following series of compounds
contains a hydroxyl group (—OH). These compounds all belong to the class of
compounds called alcohols, and all undergo similar reactions.

Some alcohols :

CH,CH,OH (CH,),COH QOH

Because of the similarities in reactivity among compounds with the same
functional group, it is frequently convenient to use a general formula for a series of
compounds. We usually use R— to represent an alkyl group, a group that contains
only sp* carbon atoms plus hydrogens. By this technique, we may represent an
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Table 2.2. Some Functional Groups and Compound Classes

Functional group Class of compound
Structure Name General structure Class name
c=C double bond R,C=CR, alkene
-—@ triple bond RC=CR™ alkyne
—NH, amino group RNH, amine
—OH hydroxyl group ROH alcohol
—OR alkoxyl group R'OR* ether

“ R’ refers to an alkyl group that may be the same as or dif-
ferent from R.

alcohol as ROH. Table 2.2 shows some functional groups and some classes of
compounds with generalized formulas.

R— means an alkyl group, such as CH;—, CH;CH,—, or <:>—

ROH means an alcohol, such as CH;OH, CH;CH,OH, or <:>—OH

Sample Problem

The following compounds are all amines. Give a general formula for an amine.
CH;NH, CH;CH;,;NH, (CH;),CHCH,NH,
Solution: RNH,

STUDY PROBLEM

2.7  The following compounds are all carboxylic acids. Write the general formula for a
carboxylic acid.

CH,CO,H  CH,CH,CH,CO,H <:>—C02H
Section 2.6

Hybrid Orbitals of Nitrogen

Many important functional groups in organic compounds contain nitrogen
or oxygen. Electronically, nitrogen is similar to carbon, and the atomic orbitals of
nitrogen hybridize in a manner very similar to those of carbon:

“peseir e

four sp* orbitals of N
2s
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As these orbital diagrams show, nitrogen can hybridize its four second-level
atomic orbitals to four equivalent sp® bonding orbitals. However, note one im-
portant difference between nitrogen and carbon. While carbon has four electrons
to distribute in four sp> orbitals, nitrogen has five electrons to distribute in four
sp orbitals. One of the sp® orbitals of nitrogen is filled with a pair of electrons, and
nitrogen can form compounds with only three covalent bonds to other atoms.

A molecule of ammonia contains an sp* nitrogen atom bonded to three
hydrogen atoms. An amine molecule has a similar structure: an sp* nitrogen
atom bonded to one or more carbon atoms. In either ammonia or an amine, the
nitrogen has one orbital filled with a pair of unshared electrons.

Some amines :

CH,NH CH,),N { N { &
3 2 ( 3)3 \ N\
H CH,

General terms for amines :
RNH,;, R,NH, or R;N
Figure 2.19 shows the geometry and the filled orbitals of ammonia and two amines:
the similarities in structure are evident in this figure.
The unshared pair of electrons in the filled orbital on the nitrogen of ammonia
and amines allows these compounds to act as bases. When an amine is treated with

an acid, these unshared electrons are used to form a sigma bond with the acid. The
product is an amine salt.

H
Yl [
CH3—IIJ—CH3 +HCl —— CH3—II\I*—CH3 Cl-
CH, CH,

an amine an amine salt

By analogy with carbon, we would expect the H—N—H bond angle in
NH; to be 109.5°. Experiments have shown that this is not so; the bond angles in
NH, are 107.3°. Some chemists believe that the bond angles are compressed by the
large size of the filled orbital with its unshared electrons. (Since the electrons in
this filled orbital are attracted to only one nucleus rather than to two nuclei, they

/,7 filled sp3 orbital \

N 0 F N i
NI N/ N
sp g l/,"." ~ sp By %, ',,"' / /m,l'.-
H \ H \ H ¢ \ CH
H H CH,

ammonia amines

Figure 2.19. Bonding in ammonia and in two amines.
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are less tightly held; therefore, the filled orbital is larger than an N—H sigma
orbital.) When atoms other than hydrogen are bonded to an sp® nitrogen, the bond
angles are observed to be closer to the tetrahedral angle of 109.5° because of re-
pulsions between these larger groups.

No.... N..

WA N AN

H H CH; CH;
107.3° 108°

ammonia trimethylamine

Like carbon, nitrogen is also found in organic compounds in the sp?- and
sp-hybrid states. Again, the important difference between nitrogen and carbon is
that one of the orbitals of nitrogen is filled with a pair of unshared electrons.

s;';z\' sp
CHJCH=N"\ CH;CH,C=N:
CH,

STUDY PROBLEM

2.8 Give the complete structural formula for each of the following compounds and tell
which types of orbitals overlap to form each bond:

NH

Il
(@) (CH,),NCH,NH, (b) H,NCNHCH,CN

Section 2.7
Hybrid Orbitals of Oxygen

Like carbon and nitrogen, oxygen forms bonds with sp3-hybrid orbitals.
Because oxygen has six bonding electrons, it forms two covalent bonds and has
two filled orbitals.

2 2 2

- —
Tl four sp? orbitals of O
1]

2s

Water is an example of a compound containing an sp* oxygen. The bond angle
in water is measured to be 104.5°, not the idealized 109.5°. It is believed that the
size of the filled orbitals with unshared electrons compresses the H—O—H bond
angle, just as the filled orbital in ammonia compresses the H—N—H bond
angles.

There are a number of classes of organic compounds that contain sp* oxygen
atoms. For the present, let us consider just two, alcohols and ethers.
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A. Alcohols

An alcohol is a compound that contains an oxygen atom bonded to an sp?
carbon atom and a hydrogen atom. The bonding in an alcohol is directly analogous
to the bonding in water—the oxygen is sp® hybridized and has two pairs of un-
shared electrons. The geometries of a molecule of water and of molecules of two
alcohols are shown in Figure 2.20.

HOH CH,OH CH,CH,OH ROH

water methanol ethanol general term
for an alcohol

filled orbitals

N N N

sp3-s r sp3-sp3
H\/O\ G \/ e
H

O 4
ci, |\ v cmc{\ ‘
H H

Figure 2.20. Bonding in water and in the alcohols CH;OH and CH;CH,OH.

B. Ethers

An ether is a compound that contains an sp* oxygen bonded to two carbon
atoms. The structure of an ether is directly analogous to that of water or an alcohol
except that both hydrogen atoms of H,O have been replaced by alkyl groups.
The oxygen in an ether is sp* hybridized and has two pairs of unshared electrons.

CH,;OCH,CH, CH;OCH, ROR’
methyl ethyl ether dimethyl ether general term
for an ether

The functional group in an ether (—OR) is called an alkoxyl group. (This

term is analogous to hydroxyl for —OH.) In methyl ethyl ether, either CH,O or
OCH,CH ; may be considered the alkoxyl group.

STUDY PROBLEMS

2.9 Draw the structure of dimethyl ether to show the geometry around the oxygen. Indicate
the unshared electrons as we have done for the alcohols in Figure 2.20.

2.10 Circle the alkoxyl groups in the following structures:

(a) QOCH; (b) O

O
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C. Carbonyl Compounds

The carbonyl group (C=0) contains an sp? carbon atom connected to an
oxygen atom by a double bond. It is tempting to think that a carbonyl oxygen is
in the sp?-hybrid state just as the carbonyl carbon is; however, chemists are not
truly sure of the hybridization of a carbonyl oxygen.

The geometry of a carbonyl group is determined by the sp? carbon. The
carbonyl group is planar around the trigonal sp® carbon. The carbon—oxygen
bond contains a pair of exposed pi electrons. The oxygen also has two pairs of
unshared electrons. Figure 2.2]1 shows the geometry of a carbonyl group.

The carbonyl group :

0O oand n ‘O O

i ! L
VRN AN 7\
trigonal and planar unshared pairs of e~ polar

The carbonyl group is more polar than the C—O group in an alcohol or
ether. The probable reason for this enhanced polarity is that the mobile pi electrons

_— N

I unshared e~
. s aa § ‘@,7
gy s g~ -

planar sigma-bond structure

(all bond angles approx. 120°) L.‘._,.r

the pi bond

Figure 2.21. Bonding in the carbonyl group.

Table 2.3. Some Classes of Carbonyl Compounds

Functional group Class of compound
Structure Name General structure Class name
0 i
—CH aldehydo group RCH, or RCHO aldehyde
(”) (0)
—=C—= keto group RCR’ ketone
1 i
—COH carboxyl group RCOH, RCO,H, or RCOOH carboxylic acid
0 I
—COR ester, or R'COR, R'CO,R, or R'COOR ester

carbalkoxyl, group
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are more easily drawn toward the electronegative oxygen than are the C—O
sigma electrons.

The carbonyl group itself is not considered to be a functional group; rather,
it is part of a variety of functional groups. The functional group and class of com-
pound are determined by the other atoms bonded to the carbonyl carbon. If one
of the atoms bonded to the carbonyl carbon is a hydrogen, then the compound is an
aldehyde. If two carbons are bonded to the carbonyl carbon, then the compound
is a ketone. A few classes of carbonyl compounds are shown in Table 2.3.

Sample Problem

Classify each of the following compounds as an aldehyde, a ketone, a carboxylic acid, or an
ester:

i i

(a) <:>——COZH (b) CH,CH,CH (©) O—-CCH3
i i o

(d) CH,COCH, () CH,CCH,COH . (f) HCCH,COCH,

Solution: (a) carboxylic acid; (b) aldehyde; (c) ketone; (d) ester; (e) ketone and carboxylic
acid; (f) aldehyde and ester.

STUDY PROBLEMS

2.11 Write condensed structural formulas for four-carbon compounds that contain: (a) an
aldehydo group; (b) a keto group; (c) a carboxyl group: (d) an ester group;
(e) an aldehydo and a keto group; (f) a carboxyl group and an ester group.

2.12  Which of the following compounds are esters? Which are ethers?

ﬁ &
(a) CH,0CCH,  (b) CH,CH,OCH,CH;, (¢)
o)
o)
(d) (l @ <:>-OCH3 () cnﬂo@
0" ~o

Section 2.8

Conjugated Double Bonds

An organic molecule may contain more than one functional group. In most
polyfunctional compounds, each functional group is independent of another;
however, this is not always the case. Let us consider some compounds with more
than one carbon—carbon double bond.

There are two principal ways double bonds can be positioned in an organic
molecule. Two double bonds coming from adjacent atoms are called conjugated
double bonds.
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Conjugated double bonds:

CHZZC,QHZCHZ %Q

adjacent carbon atoms

Double bonds joining atoms that are not adjacent are called isolated, or
nonconjugated, double bonds.

Isolated double bonds:

CH,=CH=CH, =GL-=C1i" %@
~_ /

carbon atoms are not adjacent

A compound may contain several double bonds in conjugation, and the
same compound may contain isolated double bonds as well.

CH,=CH—CH=CH—CH=CHCH,CH,CH=CH,

N\

conjugated isolated
STUDY PROBLEMS .
2.13 Vitamin A has the structure shown below. How many conjugated double bonds does it
contain?
CH, CH,
H,C CH; H I H

I
C C © CH,0OH
%C/ %C/ %C/ %C/

H H H H
CH,
2.14 Draw the structure of an eight-carbon compound that has (a) three conjugated double

bonds: (b) two conjugated double bonds and one isolated double bond; and (c) three
isolated double bonds.

Isolated double bonds behave independently; each double bond under-
goes reaction as if the other were not present. Conjugated double bonds, on the
other hand, are not independent of each other; there is electronic interaction
between them. Let us choose the simplest of the conjugated systems,
CH,=CH—CH=CH,, called 1,3-butadiene, to discuss this phenomenon.
Figure 2.22 illustrates the p-orbital overlap in 1,3-butadiene.

We have numbered the carbon atoms of 1,3-butadiene in Figure 2.22 for
reference. There are two pairs of p orbitals that form two pi bonds: one pi bond
between carbons | and 2, and one pi bond between carbons 3 and 4. However,
the p orbitals of carbons 2 and 3 are also adjacent, and partial overlap of these p
orbitals occurs. Although most of the pi-electron density is located between car-
bons 1-2 and 3-4, some pi-electron density is also found between carbons 2-3.
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partial overlap

each Cissp? / \/

Ny

I £
N N S .
|

||1 H / &

\@\ \

two pi bonds
top viewl of planar ¢ bonds side view showing p orbitals
(p orbitals not shown) (hydrogens not shown)

Figure 2.22. The p-orbital picture of 1,3-butadiene, CH,—=CH—CH=CH,.

We use a number of terms to describe this pi-bond interaction in conjugated
systems. We may say that there is partial p-orbital overlap between the central
carbons. We may also say that the bond between carbons 2 and 3 in 1,3-butadiene
has partial double-bond character. Yet another way of describing the system is to
say that the pi electrons are delocalized, which means that the pi-electron density
is distributed over a somewhat larger region within the molecule. By contrast,
localized electrons are restricted to two nuclei; nonconjugated pi bonds have
localized pi electrons.

STUDY PROBLEMS

2.15 Draw the p orbitals of each of the following compounds, using lines to show pi-bond
overlap and dotted lines to show partial overlap, as we have done in Figure 2.22.

(a) CH,=CHCH,CH=CHCH=CH, (b) ©
2.16 Write the structure of a four-carbon compound that has a keto group in conjugation

with a carbon-carbon double bond.

Section 2.9

Benzene

Benzene (CgHg) is a cyclic compound with six carbon atoms joined in a ring.
Each carbon atom is sp? hybridized, and the ring is planar. Each carbon atom has
one hydrogen atom attached to it, and each carbon atom also has an unhybridized
p orbital perpendicular to the plane of the sigma bonds of the ring. Each of these
six p orbitals can contribute one electron for pi bonding (see Figure 2.23).
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complete overlap

e

H H
H H H s —H
H H 2\ N
top view side view showing p orbitals aromatic pi cloud
(p orbitals not shown) (all in phase)

Figure 2.23. The structure of benzene, C4Hg.

With six p electrons, benzene should contain three pi bonds. We could draw
three pi bondsin the ring one way (formula A), or we could draw them another way
(formula B). However, we might also wonder—could this type of p-orbital system
lead to complete delocalization of all six p electrons (formula C) instead of just
partial delocalization ?

N )
C—C
/ \
H—C C—H or or maybe
\ /
/C _C\ A B C
H H
sigma-bond structure placement of pi bonds
(Each C is sp? and (The circle represents complete delocalization.)

has one p electron.)

It is known that all carbon—carbon bond distances in benzene are the same,
1.40 A. All six bonds are longer than C—C double bonds, but shorter than C—C
single bonds. If the benzene ring contained three localized double bonds separated
by three single bonds, the bonds would be of different lengths. The fact that all
the carbon—carbon bonds in the benzene ring have the same length suggests that the
benzene ring does not contain alternating single and double bonds.

From the bond distances plus a body of other evidence that we will present
in later chapters, chemists have concluded that benzene is a symmetrical molecule
and that each of the six ring bonds is like each of the other ring bonds. Instead of
alternating double and single bonds, the six pi electrons are completely delocalized
in a cloud of electronic charge shaped rather like a pair of donuts. This cloud of
pielectrons is called the aromatic pi cloud of benzene. Figure 2.23 depicts the lowest-
energy bonding orbital of benzene, the one commonly used to represent the aro-
matic pi cloud. For most purposes in this text, we will use a hexagon with a circle
inside it to represent benzene; the circle represents the aromatic pi cloud.

Benzene is just one member of a class of aromatic compounds, compounds
that contain aromatic pi clouds. Historically, the term ‘‘aromatic” derives from
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Figure 2.24. The structure of pyridine, CsH;N.

H | | H .
H H ;
usual formula sigma-bond structure aromatic pi cloud
(all C’s are sp?; H’s not shown)

each has a p electron)

Figure 2.25. The structure of naphthalene, C,,Hy.

the fact that many of these compounds have distinctive odors. We will discuss
aromatic compounds in detail in Chapters 10 and 16. Here, let us mention two
more aromatic compounds that we will encounter earlier in the text. One of these
is pyridine, which contains a nitrogen atom in the ring. The other is naphthalene,
which contains two fused benzene rings (benzene rings that share two carbon
atoms in common). The structures of these compounds are shown in Figures 2.24
and 2.25.

Section 2.10

Resonance

Methane (CH,) and ethylene (CH,=CH,) are examples of organic com-
pounds with structures that may reasonably be described using single valence-
bond formulas (that is, using lines for pairs of bonding electrons). In each case, a
line joining two atomic symbols represents a covalent bond between two atoms.

Benzene is an example of an organic compound that cannot be accurately
represented by a single valence-bond formula. The delocalization of the pi elec-
trons results in a system in which the pi electrons encompass more than two atoms.
Classical valence-bond notation does not cover this circumstance. (The circle in
the hexagon representing the aromatic picloud in benzene is a fairly recent addition
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to organic symbolism.) In order to describe the pi-electron distribution in benzene
using classical valence-bond formulas, two formulas must be used.

— the real structure is
@ — @ a composite of these
two resonance structures

resonance structures for benzene
(Kekulé formulas)

These two valence-bond formulas for benzene are called Kekulé structures
in honor of Friedrich August Kekulé, who first proposed them in 1872. Kekulé’s
original proposal was brilliant, but unfortunately incorrect. His idea was that the
two structures for benzene shifted back and forth so fast that neither could be
isolated independently of the other. The two Kekulé structures were said to be in
resonance with each other; for this reason, the Kekulé structures are also called
the resonance symbols, or resonance structures, for benzene. We now know that
benzene does not shift between two different structures; the real structure of ben-
zene is in between the two resonance structures. We say that benzene is a resonance
hybrid of the two resonance structures.

Whenever we can describe a molecular structure by two or more valence-
bond formulas that differ only in the positions of the electrons (usually pi electrons),
none of these formulas will be in complete accord with the chemical and physical
properties of the compound. If different resonance structures can be written for a
compound, we can assume a delocalization of electron density. These statements
are true for all aromatic structures, as well as for some other structures we will
mention shortly.

The real structure of naphthalene is a composite of the resonance structures:

‘

The real structure of pyridine is a composite of the resonance structures :

= X
| —— |
N =
N N
The important thing to keep in mind is that resonance symbols are not rue
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