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Preface

What enters your mind when you hear the words "organic chemistry?" Some of you may think,
"the chemistry of life," or "the chemistry of carbon." Other responses might include "pre-med,
"pressure,” "difficult," or "memorization." Although formally the study of the compounds of
carbon, the discipline of organic chemistry encompasses many skills that are common to other
areas of study. Organic chemistry is as much a liberal art as a science, and mastery of the concepts
and techniques of organic chemistry can lead to improved competence in other fields.

As you work on the problems that accompany the text, you will bring to the task many
problem-solving techniques. For example, planning an organic synthesis requires the skills of a
chess player; you must plan your moves while looking several steps ahead, and you must keep
your plan flexible. Structure-determination problems are like detective problems, in which many
clues must be assembled to yield the most likely solution. Naming organic compounds is similar to
the systematic naming of biological specimens; in both cases, a set of rules must be learned and
then applied to the specimen or compound under study.

The problems in the text fall into two categories: drill and complex. Drill problems, which
appear throughout the text and at the end of each chapter, test your knowledge of one fact or
technique at a time. You may need to rely on memorization to solve these problems, which you
should work on first. More complicated problems require you to recall facts from several parts of
the text and then use one or more of the problem-solving techniques mentioned above. As each
major type of problem—synthesis, nomenclature, or structure determination—is introduced in the
text, a solution is extensively worked out in this Solutions Manual.

Here are several suggestions that may help you with problem solving:

1. The text is organized into chapters that describe individual functional groups. As you
study each functional group, make sure that you understand the structure and reactivity of
that group . In case your memory of a specific reaction fails you, you can rely on your
general knowledge of functional groups for help.

2. Use molecular models. 1t is difficult to visualize the three-dimensional structure of an
organic molecule when looking at a two-dimensional drawing. Models will help you to
appreciate the structural aspects of organic chemistry and are indispensable tools for
understanding stereochemistry.

3. Every effort has been made to make this Solutions Manual as clear, attractive, and
error-free as possible. Nevertheless, you should use the Solutions Manual in moderation.
The principal use of this book should be to check answers to problems you have already
worked out. The Solutions Manual should not be used as a substitute for effort; at times,
struggling with a problem is the only way to teach yourself.

4. Look through the appendices at the end of the Solutions Manual. Some of these
appendices contain tables that may help you in working problems; others present
information related to the history of organic chemistry.

Although the Solutions Manual is written to accompany Organic Chemistry, it contains
several unique features. Each chapter of the Solutions Manual begins with an outline of the text that
can be used for a concise review of the text material and can also serve as a reference. After every
few chapters a Review Unit has been inserted. In most cases, the chapters covered in the Review
Units are related to each other, and the units are planned to appear at approximately the place in the
textbook where a test might be given. Each unit lists the vocabulary for the chapters covered, the
skills needed to solve problems, and several important points that might need reinforcing or that
restate material in the text from a slightly different point of view. Finally, the small self-test that has
been included allows you to test yourself on the material from more than one chapter.

I have tried to include many types of study aids in this Solutions Manual. Nevertheless,
this book can only serve as an adjunct to the larger and more complete textbook. If Organic






Chapter 1 - Structure and Bonding

Chapter Outline

I. Atomic Structure (Sections 1.1 — 1.3).
A. Introduction to atomic structure (Section 1.1).
1. Atoms consist of a dense, positively charged nucleus surrounded by negatively
charged electrons.
a. The nucleus is made up of positively charged protons and uncharged neutrons.
b. The nucleus contains most of the mass of the atom.
c. Electrons move about the nucleus at a distance of about 1071% m.
. The atomic number (Z) gives the number of protons in the nucleus.
The mass number (A) gives the total number of protons and neutrons.
. All atoms of a given element have the same value of Z.
a. Atoms of a given element can have different values of A.
b. Atoms of the same element with different values of A are called isotopes.
B. Orbitals (Section 1.2).
1. The distribution of electrons in an atom can be described by a wave equation.
a. The solution to a wave equation is an orbital, represented by .
b. W predicts the volume of space in which an electron is likely to be found.
2. There are four different kinds of orbitals (s, p, d, f).
a. The s orbitals are spherical.
b. The p orbitals are dumbbell-shaped.
c. Four of the five d orbitals are cloverleaf-shaped.
3. An atom's electrons are organized into shells.
a. The shells differ in the numbers and kinds of orbitals they have.
b. Electrons in different orbitals have different energies.
c. [Each orbital can hold two electrons.
4. The two lowest-energy electrons are in the 1s orbital.
a. The 2s orbital is the next in energy.
Each p orbital has a region of zero density, called a node.
b. The next three orbitals are 2py, 2py and 2p,, which have the same energy .
C. Electron Configuration (Section 1.3).
1. The ground-state electron configuration of an atom is a listing of the orbitals
occupied by the electrons of the atom.
2. Rules for predicting the ground-state electron configuration of an atom:
a. Orbitals with the lowest energy levels are filled first.
The order of filling is 1s, 2s, 2p, 3s, 3p, 4s, 3d.
b. Only two electrons can occupy each orbital, and they must be of opposite spin.
c. If two or more orbitals have the same energy, one electron occupies each until
all are half-full (Hund's rule). Only then does a second electron occupy one of
the orbitals.
All of the electrons in a half-filled shell have the same spin.
II. Chemical Bonding Theory (Sections 1.4 — 1.6).
A. Development of chemical binding theory (Section 1.4).
1. Kekulé and Couper proposed that carbon has four "affinity units" —~ carbon is
tetravalent.
2. Other scientists suggested that carbon can form double bonds, triple bonds and
rings.
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3.
4.

Van't Hoff and Le Bel proposed that the 4 atoms to which carbon forms bonds sit
at the corners of a regular tetrahedron.

In a drawing of a tetrahedral carbon, a wedged line represents a bond pointing
toward the viewer, and a dashed line points behind the plane of the page.

B. Covalent bonds (Section 1.5).

b

4.

Atoms bond together because the resulting compound is more stable than the

individual atoms.

a. Atoms tend to achieve the electron configuration of the nearest noble gas.

b. Atoms in groups 1A, 2A and 7A either lose electrons or gain electrons to form
ionic compounds.

c. Atoms in the middle of the periodic table share electrons by forming covalent
bonds.

. The number of covalent bonds formed by an atom depends on the number of

electrons it has and on the number it needs to achieve an octet.

. Covalent bonds can be represented two ways.

a. In Lewis structures, bonds are represented as pairs of dots.

b. In line-bond structures, bonds are represented as lines drawn between two
atoms.

Valence electrons not used for bonding are called lone-pair electrons.
Lone-pair electrons are represented as dots.

C. Valence bond theory (Section 1.6).

1.
2

5.
6.

7.

Covalent bonds are formed by the overlap of two atomic orbitals, each of which
contains one electron. The two electrons have opposite spins.

Each of the bonded atoms retains its atomic orbitals, but the electron pair of the
overlapping orbitals is shared by both atoms.

3. The greater the orbital overlap, the stronger the bond.
4.

Bonds formed by the head-on overlap of two atomic orbitals are cylindrically
symmetrical and are called ¢ bonds.

Bond strength is the measure of the amount of energy needed to break a bond.
Bond length is the optimum distance between nuclei.

Every bond has a characteristic bond length and bond strength.

I1I. Hybrldlzatlon (Sections 1.7 = 1.11).
A. sp Orbitals (Sections 1.7, 1.8).

l.

2.

Structure of methane (Section 1.7).

a. When carbon forms 4 bonds with hydrogen, one 2s orbltal and three 2p orbitals
combine to form four equivalent atomic orbitals (sp hybrid orbitals).

b. These orbitals are tetrahedrally oriented.

c. Because these orbitals are unsymmetrical, they can form stronger bonds than
unhybridized orbitals can.

d. These bonds have a specific geometry and a bond angle of 109.5°.

Structure of ethane (Section 1.8).

a. Ethane has the same type of hybridization as oceurs in methane.

b. The C—C bond is formed by overlap of two sp> orbitals.

5 Bond lengths, strengths and angles are very close to those of methane.

B. sp Orbitals (Section 1.9).
l.

If one carbon 2s orbital combines with two carbon 2p orbitals, three hybrid sp
orbitals are formed and one p orbital remains unchanged.

. The three sp” orbitals lie in a plane at angles of 120°, and the p orbital is

perpendicular to them.

. Two different types of bond form between two carbons

a. A o bond forms from the overlap of two sp? orbitals.
b. A n bond forms by sideways overlap of two p orbitals.
c. This combination is known as a carbon-carbon double bond.
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Ethylene is composed of a carbon-carbon double bond and four ¢ bonds formed

between the remaining four sp? orbitals of carbon and the 1s orbitals of hydrogen.
The double bond of ethylene is both shorter and stronger than the C—C bond of
ethane.

C. sp Orbitals (Section 1.10).

1.

.
3.

If one carbon 2s orbital combines with one carbon 2p orbital, two hybrid sp orbitals
are formed, and two p orbitals are unchanged.

The two sp orbitals are 180° apart, and the two p orbitals are perpendicular to them
and to each other.

Two different types of bonds form.

a. A o bond forms from the overlap of two sp orbitals.

b. Two = bonds form by sideways overlap of four p orbitals.

c. This combination is known as a carbon-carbon triple bond.

. Acetylene is composed of a carbon-carbon triple bond and two ¢ bonds formed

between the remaining two sp orbitals of carbon and the 1s orbitals of hydrogen.
The triple bond of acetylene is the strongest carbon-carbon bond.

D. Hybridization of nitrogen and oxygen (Section 1.11).

l.

2

3.

Covalent bonds between other elements can be described by using hybrid orbltals
Both the nitrogen atom in ammonia and the oxygen atom in water form sp hybrid
orbitals.

The lone-pair electrons in these compounds occupy sp orbitals.
The bond angles between hydrogen and the central atom is often less than 109°
because the lone-pair electrons take up more room than the ¢ bond.

IV. Molecular orbital theory (Section 1.12).
A. Molecular orbitals arise from a mathematical combination of atomic orbitals and belong
to the entire molecule.

1.

Two ls orbitals can combine in two different ways.

a. The additive combination is a bonding MO and is lower in energy than the two
hydrogen 1ls atomic orbitals.

b. The subtractive combination is an antibonding MO and is higher in energy than
the two hydrogen 1s atomic orbitals.

. A node is a region between nuclei where electrons aren't found.

If a node occurs between two nuclei, the nuclei repel each other.

. The number of MOs in a molecule is the same as the number of atomic orbitals

combined.
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Solutions to Problems

(a) To find the ground-state electron configuration of an element, first locate its atomic
number. For boron, the atomic number is 5; boron thus has 5 protons and 5 electrons.
Next, assign the electrons to the proper energy levels, starting with the lowest level. Fill
each level completely before assigning electrons to a higher energy level.

2p

Boron 2

97}

A

l
s 4
Remember that only two electrons can occupy the same orbital, and that they must be of
opposite spin.

A different way to represent the ground-state electron configuration is to simply write
down the occupied orbitals and to indicate the number of electrons in each orbital. For
example, the electron configuration for boron is 152 252 2p

Often, we are interested only in the electrons in the outermost shell. We can then
represent all filled levels by the symbol for the noble gas having the same levels filled. 1n
the case of boron, the filled ls energy ]evel is represented by [He], and the valence shell
configuration is symbolized by [He] 2s? 2p

(b) Let's constder an element with many electrons. Phosphorus, with an atomic number of
15, has 15 electrons. Assigning these to energy levels:

v 4 4

. b
Phosphorus  2p A4~ LEE 1

.

o 4

Notice that the 3p electrons are all in different orbitals. According to Hund's rule, we must
place one electron into each orbital of the same energy level until all orbitals are half-filled.

The more conmse way tor ?resent ground-state electron configuration for phosphorus:
1s% 252 2p 352 3p or [Ne] 3s
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(c) Oxygen (atomic number 8) (d) Chlorine (atomic number 17)

» 4 4+ N
25 M 35 A
. 4 S
i
‘H.

2s

ls
is 25" 2p4 15> 2s° 2p6 3s° 3p5
[He] 252 2p* [Ne] 3s% 3p°

1.2 Strategy: The elements of the periodic table are organized into groups that are based on
the number of outer-shell electrons each element has. For example, an element in group 1A
has one outer-shell electron, and an element in group SA has five outer-shell electrons. To
find the number of outer-shell electrons for a given element, use the periodic table to locate
its group.

Solution:

(a) Potassium (group 1A) has one electron in its outermost shell.

(b) Aluminum (group 3A) has three outer-shell electrons.

(c) Krypton is a noble gas and has eight electrons in its outermost shell.

1.3 Strategy: A solid line represents a bond lying in the plane of the page, a wedged bond
represents a bond pointing out of the plane of the page toward the viewer, and a dashed
bond represents a bond pointing behind the plane of the page.

Solution
|
C. Chloroform
cl—— \""Cl
Cl
1.4
H H
\ 4 H
H"C_C Ethane

4 \
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1.5 Strategy: Identify the group of the centra] element to predict the number of covalent bonds
the element can form.

Solution: (a) Germanium (Group 4A) has four electrons in its valence shell and forms
four bonds to achieve the noble-gas configuration of neon. A likely formula is GeCly.

Element Group Likely Formula

(b) Al 3A AlH3

(c) C 4A CH-Cl»
(d) Si 4A SiF4

(e) N 5A CH;NH,

1.6 Strategy: Follow these three steps for drawing the Lewis structure of a molecule.

(1) Determine the number of valence, or outer-shell electrons for each atom in the
molecule. For chloroform, we know that carbon has four valence electrons, hydrogen
has one valence electron, and each chlorine has seven valence electrons.

.C- 4x1=4
H- I x 1= 1
:Clr 7x3=2]

26  total valence electrons
(2) Next, use two electrons for each single bond.

H
Cl:C: Cl
Cl
(3) Finally, use the remaining electrons to achieve an noble gas configuration for all atoms.
Solution:
Molecule Lewis structure Line-bond structure
g i
(a) CHCI3 :_C_I:_C_: Cl: Cl—C—CCl
: Cl: (|:|
(b)  H,S H:S: H—S
8 valence electrons H H
H H H H
A en . |
(c)  CHgNH, “H:C:N:H H—C—N—H
- q :. .e . " I
14 valence electrons l H H
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1.8

1.9

1.10
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(d)  NaH Na: H Na —H

2 valence electrons

H i
(€)  CHali H:C:Li H=C—Li
8 valence electrons H H

Each of the two carbons has 4 valence electrons. Two electrons are used to form the
carbon-carbon bond, and the 6 electrons that remain can form bonds with a maximum of 6
hydrogens. Thus, the formula C,H~ is not possible.

Strategy: Connect the carbons and add hydrogens so that all carbons are bonded to four
different atoms.

H H H H H
I I | \ sp3f‘H
H—C—C—C—H L= Propane
| | | H™ lsp3
H H H H _C—H
H 4,3
H P

The geometry around all carbon atoms is tetrahedral, and all bond angles are approximately
109°.

HH HH HH
y ' ) H H H H H H
He \. \. \P | | | | | |
Ne” N U Ne” H_CI:_CI:_CI:—CI:_(I:_?_H Hexane
'k 1 1
HH HH HH FEEES RS HEH e
H H -
| 4 H \sp3 )
HESGEEE Nc—c»p Propene
| A\ /3 2\\
H C—H H 1C—H
/ /o2
H HSP

The C3-H bonds are ¢ bonds formed by overlap of an sp3 orbital of carbon 3 with an s
orbital of hydrogen.

The C2-H and C1-H bonds are ¢ bonds formed by overlap of an sp orbital of carbon
with an s orbital of hydrogen.

The C2-C3 bond is a 6 bond formed by overlap of an sp orbital of carbon 3 with an
sp orbital of carbon 2.

There are two Cl—C2 bonds. One is a ¢ bond formed by overlap of an sp? orbital of
carbon 1 with an sp? orbital of carbon 2. The other is a n bond formed by overlap of a p
orbital of carbon 1 with a p orbital of carbon 2. All four atoms connected to the carbon-
carbon double bond lie in the same plane, and all bond angles between these atoms are
120°. The bond angle between hydrogen and the sp -hybridized carbon is 109°.
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1.11
I-|| H
H. P ,C sp /C l\ All atoms lie in the same plane, and all bond
4(|3 sp 2(|3 sp2 H  angles are approximately 120°.
H H

1,3-Butadiene

1.12 Strategy: The atoms of acetaldehyde contribute 18 valence electrons. Ten electrons take
part in the 5 single bonds, 4 electrons are involved in the carbon-oxygen double bond, and
4 electrons form the 2 lone pairs of electrons on oxygen.

Solution:
4 i
H: C C::0: H —(l‘,—C=:O: Acetaldehyde
H H
1.13
Hoo0 g
I Il Aspirin,
H\ 40\ /C\“/H
(I: ICI: O All carbons are sp2 hybridized, with the exception of the
Ce _Co.. indicated carbon. All oxygen atoms have two lone pairs
AN o) of electrons.
T
H - C ~ I‘ H
o) fipd
H
1.14
H H
| H\sp> sp sp
H—(|3—CEC—H ?3—9201 H Propyne
H H
The C3-H bonds are s bonds formed by overlap of an sp3 orbital of carbon 3 with an s
orbital of hydrogen.
The C1-H bond is a o bond formed by overlap of an sp orbital of carbon 1 with an s
orbital of hydrogen.

The C2-C3 bond is a 6 bond formed by overlap of an sp orbital of carbon 2 with an sp°
orbital of carbon 3.

There are three C1-C2 bonds. One is a o bond formed by overlap of an sp orbital of
carbon 1 with an sp orbital of carbon 2. The other two bonds are n bonds formed by
overlap of two p orbitals of carbon 1 with two p orbitals of carbon 2.

The three carbon atoms of propyne lie in a straight line; the bond angle is 180° The
H-C=C, bond angle is also 180°. The bond angle between hydrogen and the sp -
hybridized carbon is 109°.



1.15

H
H:CI:N:IH

Four electrons are shared in the

hybridized.
1.16
(a) H H
/ @@
H
(b)

v,

HeC~ %\ = CHg
HyC

Y

Hoi0
H

(c)

H

Visualizing Chemistry

H—C=N—H

Structure and Bonding

Formaldimine

carbon-nitrogen double bond. The nitrogen atom is sp*

The sp3-hybridized oxygen atom
has tetrahedral geometry.

Tetrahedral geometry at nitrogen and carbon.

Like nitrogen, phosphorus has
five outer-shell electrons. PH;

has tetrahedral geometry.

1.17
(a) kln
H-C—H
CH
HaG, CHs AREI BET
G H—C—C—C—H CcH
H3C/ \CH3 ;i I I 512
H—?—HH
H
(b) n H\ H ’
\ C /
HF SN C\\CHZCHQCHs
H | H
H H H
I H HI
— A /C~-
H C\\(ls/l N CgHyoN
H;CfN\C,CHz.CH ~CHg
I
H H H

This drawing is more difficult to interpret because of the six-membered ring. The first
structure shows a flat ring, and the other shows the ring in three dimensions.
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Additional Problems

1.21

1.22

1.23
1.24

1.25
1.26

1.27

Atomic Number of
Element Number valence electrons
(a) Calcium 20 2
(b) Chlorine 17 7
(c) Germanium 32 4
(d) Strontium 38 2
Atomic Ground-state
Element Number Electron configuration
(a) Potassium 19 152 252 2p6 352 3p6 45t
(b) Sulfur 16 152252 2p6 352 3p*
(¢) Aluminum 13 152 252 2p6 3s2 3pl
(d) Bromine 35« 1s22s22p%3s% 3p0 4s? 34! 4p°
(@) CH3OH  (b) AlICl3 (c) CF,Cl, (d) NI

H:C:C:::N: Acetonitrile

In the compound acetonitrile, nitrogen has eight electrons in its outer electron shell. Six are
used in the carbon-nitrogen triple bond, and two are a nonbonding electron pair.

The H3C- carbon is sp3 hybridized, and the -CN carbon is sp hybridized.

H H\ Cl
He G:: € :Cl: /o=c
H H H

Vinyl chloride has 18 valence electrons. Eight electrons are used for 4 single bonds, 4
electrons are used in the carbon-carbon double bond, and 6 electrons are in the 3 lone pairs
that surround chlorine.

(a) b . 0: © . 0:
HaC—S—CHy HaC—C—NH, HaC—C—Cl:
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1.32

1.33

1.34

1.35

1.36
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H H
\ /
C—=0
/ \
H—C C—H Benzene
\\ /
C—C
/ \
H H

All carbon atoms of benzene are sp” hybridized, and all bond angles of benzene are 120°.
Benzene is a planar molecule.

(a) The C-O-C bond angle is approximately 109°, and oxygen is sp —-hybrldlzed
(b) The C-N—C bond angle is approximately 109°, and nitrogen is sp -—hybndlzed.
(c) The C-N-H bond angle is approximately 109°, and nitrogen is s sp —hybndlzed.
(d) The O—C-O bond angle 1s approximately 120°, and carbon is sp“~hybridized.

Examples:

(a) CHaCH,CH=CH, (b) H,C=CH—CH=CH, (c) H,C=CH—C =CH

(a) The 4 valence electrons of carbon can form bonds with a maximum of 4 hydrogens.
Thus, it is not possible for the compound CHjs to exist.

(b) If you try to draw a molecule with the formula C;HgN, you will see that it is impossible
for both carbons and nitrogen to have a complete octet of electrons. Therefore, CoHgN is
unlikely to exist.

(c) A compound with the formula C3;HsBr, doesn't have filled outer shells for all atoms
and 1s thus unlikely to exist.

i

=S H

OH

Ethanol

(a) (b) (c) (d)
¥ H H H H H H H Hoo 1 H
\ ] | LT el
/C—C=N H—(l:—(lz—o—(l:—H H—?—clz—cl;—(lj—H He 7 \ _H
/ a C
H=C H H H H H RN T
\ H H W L
H / \
H H
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1.44
o bonds

S Sp
g bond

7 bonds P

Carbon dioxide is a linear molecule.
1.45

.0,
I {
HgC_-- C

\N/ ~ ~_-N

| [l “c—H Caffeine
C

All of the indicated atoms are spz-hybridized.
1.46 (a) The positively char§ed carbon atom has six valence shell electrons.

(b) A carbocation is sp“—hybridized.
(c) A carbocation is planar.

O 0

1.47

a6 __N
H™ > H H™ 4 >H
H H

(a) A carbanion is isoelectronic with (has the same number of electrons as) a trivalent
nitrogen compound.

(b) The negatively charged carbanion carbon has eight valence electrons.

(c) The carbon atom is sp 3_hybridized.

(d) A carbanion is tetrahedral.

1.48 According to the Pauli Exclusion Principle, two electrons in the same orbital must have
opposite spins. Thus, the two electrons of triplet (spin-unpaired) methylene must occupy

18

different orbitals. In triplet methylene, sp-hybridized carbon forms one bond to each of two
hydrogens. Each of the two unpaired electrons occupies a p orbital. In singlet (spin-paired)
methylene the two electrons can occupy the same orbital because they have opposite spins.

Including the two C—H bonds, there are a total of three occupied orbitals. We predict sp?

hybridization and planar geometry for singlet methylene.






Chapter 2 — Polar Covalent Bonds; Acids and Bases

Chapter Outline

I. Polar covalent bonds (Sections 2.1 — 2.3).
A. Electronegativity (Section 2.1).

1.

4
5.

Although some bonds are totally ionic and some are totally covalent, most chemical
bonds are polar covalent bonds.
In these bonds, electrons are attracted to one atom more than to the other atom.
Bond polarity is due to differences in electronegativity (EN).
a. Elements on the right side of the periodic table are more electronegative than
elements on the left side.
b. Carbon has an EN of 2.5.
c. Elements with EN > 2.5 are more electronegative than carbon.
d. Elements with EN < 2.5 are less electronegative than carbon.

. The difference in EN between two elements can be used to predict the polarity of a

bond.

a. If AEN < 0.4, a bond is nonpolar covalent.

b. If AEN is between 0.4 and 2.0, a bond is polar covalent.
c. If AEN > 2.0, a bond is ionic.

d. The symbols 8+ and 3 are used to indicate partial charges.
e. A crossed arrow is used to indicate bond polarity.

The tail of the arrow is electron-poor, and the head of the arrow is electron-rich.
Electrostatic potential maps are also used to show electron-rich (red) and electron-
poor (blue) regions of molecules.

An inductive effect is an atom's ability to polarize a bond.

B. Dipole moment (Section 2.2).

I
2.

3.
4.

Dipole moment is the measure of a molecule's overall polarity.

Dipole moment (u) = Q x r, where Q = charge and r = distance between charges.
Dipole moment is measured in debyes (D).

Dipole moment can be used to measure charge separation.

Water and ammonia have large values of D; methane and ethane have D = 0.

C. Formal charge (Section 2.3).

1.
2

(FC) =[ electrons
3.

Formal charge (FC) indicates electron "ownership" in a molecule.

# of valence:] [ # of bonding electrons ] [# nonbonding]
X P » electrons

Molecules that are neutral overall but that have + and - charges on individual atoms
are dipolar.

II. Resonance (Sections 2.4 — 2.6).
A. Chemical structures and resonance (Section 2.4).

1.

Some molecules (CH3NO,, for example) can be drawn as two (or more) different
Lewis structures.

a. These structures are called resonance structures.

b. The true structure of the molecule is intermediate between the structures.

c. The true structure is called a resonance hybrid.

. Resonance structures differ only in the placement of n and nonbonding electrons.

All atoms occupy the same positions.

. Resonance is an important concept in organic chemistry.
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B. Rules for resonance forms (Section 2.5).

I
2.

3.

4.
5.

Individual resonance forms are imaginary, not real.
Resonance forms differ only in the-placement of their © or nonbonding electrons.
A curved arrow is used to indicate the movement of electrons, not atoms.
Different resonance forms of a molecule don't have to be equivalent.
If resonance forms are nonequivalent, the structure of the actual molecule
resembles the more stable resonance form(s).
Resonance forms must be valid Lewis structures and obey normal rules of valency.
The resonance hybrid is more stable than any individual resonance form.

C. A useful technique for drawing resonance forms (Section 2.6).

1.
2.
3.

Any three-atom grouping with a multiple bond adjacent to a nonbonding p orbital
has two resonance forms. ;

One atom in the grouping has a lone electron pair, a vacant orbital or a single
electron.

By recognizing these three-atom pieces, resonance forms can be generated.

III. Acids and bases (Sections 2.7 — 2.11).
A. Brgnsted-Lowry definition (Section 2.7).

1.
2.

A Brgnsted-Lowry acid donates an H ion; a Brgnsted-Lowry base accepts H.
The product that results when a base gains H' is the conjugate acid of the base; the
product that results when an acid loses H" is the conjugate base of the acid.

B. Acid and base strength (Section 2.8 —2.10).

l.
2.
3.

4.

A strong acid reacts almost completely with water (Section 2.8).
The strength of an acid in water is indicated by K, the acidity constant.
Strong acids have large acidity constants, and weaker acids have smaller acidity
constants.
The pKj, is normally used to express acid strength.
a. pK,=-log K,
b. A strong acid has a small pK,, and a weak acid has a large pK,.
c. The conjugate base of a strong acid is a weak base, and the conjugate base
of a weak acid is a strong base.

. Predicting acid-base reactions from pK, (Section 2.9).

a. Anacid with a low pK, reacts with the conjugate base of an acid with a high
pKy

b. In other words, the products of an acid—base reaction are more stable than
the reactants.

. Organic acids and organic bases (Section 2.10).

a. There are two main types of organic acids:
1. Acids that contain hydrogen bonded to oxygen.
ii. Acids that have hydrogen bonded to the carbon next to a C=0 group.
b. The main type of organic base contains a nitrogen atom with a lone electron
pair.

C. Lewis acids and bases (Section 2.11).

1.

3.

A Lewis acid accepts an electron pair.

a. A Lewis acid may have either a vacant low-energy orbital or a polar bond to
hydrogen.

b. Examples include metal cations, halogen acids, Group 3 compounds and
transition-metal compounds.

. A Lewis base has a pair of nonbonding electrons.

a. Most oxygen- and nitrogen-containing organic compounds are Lewis bases.
b. Many organic Lewis bases have more than one basic site.

A curved arrow shows the movement of electrons from a Lewis base to a Lewis
acid.
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[V. Chemical structures (Sections 2.12 — 2.13).
A. Drawing chemical structures (Section 2.12).
1. Condensed structures don't show C-H bonds and don't show the bonds between
CH3, CH; and CH units.
2. Skeletal structures are simpler still.
a. Carbon atoms aren't usually shown.
b. Hydrogen atoms bonded to carbon aren't usually shown.
c. Other atoms are shown.
B. Molecular models (Section 2.13).
1. Space-filling models show the crowding within a molecule.
2. Ball-and-stick models show bonds.

Answers to Problems

2.1  After solving this problem, use Figure 2.2 to check your answers. The larger the number,
the more electronegative the element.

More electronegative Less electronegative
(@H (2.1) Li (1.0)
(b)Br (2.8) B (2.0)
(c)Cl (3.0) I (2.5)
(d)C (2.5) H (2.1)

Carbon is slightly more electronegative than hydrogen.

2.2 AsinProblem 2.1, use Figure 2.2,

@ 55 L S © 5 5 D 5 s
HaC—Br HaC— NH, HaC—Li H,N—H
€
© o+ O- ® &> O+ (8) o+ o-
H3C—OH H3C—MgBr H3C—F

2.3  Strategy: Use Figure 2.2 to find the electronegativities of each element. Calculate AEN
and rank the answers in order of increasing AEN.

Solution:
Carbon: EN=2.5 Carbon: EN =25 Fluorine: EN =4.0
Lithium: EN=1.0 Potassium: EN =0.8 Carbon: EN =2.5
AEN = 1.5 AEN = 1.7 AEN =1.5
Carbon: EN=25 Oxygen EN =3.5
Magnesium: EN =1.2 Carbon: EN=25
AEN =1.3 AEN =1.0

The most polar bond has the largest AEN. Thus, in order of increasing bond polarity:

H;C—OH < H3C—MgBI‘ < H;C—Li, H;C—F < H3C—K
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2.4

2.5

2.6

2.7

Chapter 2

In an electrostatic potential map, the color red indicates regions of a molecule that are
electron-rich. The map shows that oxygen is the most electronegative atom in methyl
alcohol, and the direction of polarity of the C-O bond is:
3
HO:

Methyl alcohol

miCH _

The dipole moment of CO, is zero because the bond polarities of the two carbon-oxygen
bonds cancel.

Strategy: For each bond, identify the more electronegative element, and draw an arrow
that points from the less electronegative element to the more electronegative element.
Estimate the sum of the individual dipole moments to arrive at the dipole moment for the
entire molecule.

Solution:
(a) ’ 8 (b) ]
G Z/( 0 dipole | I ]'L net dipole
|| moment C Y\\\ moment
ZaANY e

(c) (d)
Cl C
S
i 7 et dipole \T 7 i net dipole

t | moment
{(4 CI momen / =
PN

H H

Strategy: To find the formal charge of an atom in a molecule, follow these two steps:
(1) Draw a Lewis structure of the molecule.

:<|): H:
St = H: C
Hsc/..\CH3 H

(2) Use the formula in Section 2.3 to determine formal charge for each atom. The periodic
table shows the number of valence electrons of the element, and the Lewis structure shows
the number of bonding and nonbonding electrons.

+ . (D.O.

H
CH
H
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(c) + +
N=N—N—H -=— ":N=N=N—H
(d) T ,?
H\C/ QC/Br H\Céc\C/Br
Il I - I I
H/C\Céc\Br H/C*c/c\sr
| l
H H

Strategy: When an acid loses a proton, the product is the conjugate base of the acid.
When a base gains a proton, the product is the conjugate acid of the base.

Solution:
H—NOz + :NHz === NOz + NH,"

Acid Base Conjugate Conjugate
base acid

Recall from Section 2.8 that a strong acid has a small pK, and a weak acid has a large pK.
Accordingly, picric acid (pK, = 0.38) is a stronger acid than formic acid (pK, = 3.75).

HO-H is a stronger acid than HyN—-H. Since H;N" is a stronger base than HO™, the
conjugate acid of HN™ (H,N-H) is a weaker acid than the conjugate acid of HO™
(HO-H).

Strategy: Use Table 2.3 to find the strength of each acid. A reaction takes place as written
if the stronger acid is the reactant.

Solution:

(a) 5 -
H—CN + CH3COO Na” — Na” ON + CH;COOH
pK, =93 pK.=4.7
Weaker acid Stronger acid

Remember that the lower the pKj, the stronger the acid. Thus CH3;COOH, not HCN, is
the stronger acid, and the above reaction will not take place in the direction written.

(b) A ? I -y
CH3CH,O—H + Na* "CN ——> CHzCH,0O~ Na* + HCN
pK. = 16 pK, =93
Weaker acid Stronger acid

Using the same reasoning as in part (a), we can see that the above reaction will not occur.
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(b) !
Cl HCiH Aluminum: FC=3—%-0=-1
Cl:Al N : CIH
Cl H:c:H H Nitrogen: ~ FC=5 - 5 —0=+1
H

The formal charge of —1 for aluminum indicates that it has a net negative charge; the formal
charge +1 for nitrogen indicates that it has a net positive charge.
For clarity, electron dots have been left off F and Cl in the above structures.

2.19 The nitrogen on the left is more electron-rich and more basic. The indicated hydrogen is
most electron-poor (bluest) and is most acidic.

H

more basic (red) most acidic (blue)

T =
N—H Imidazole
Ny

2.20 Strategy: Remember that the end of a line represents a carbon atom with 3 hydrogens, a
two-way intersection represents a carbon atom with 2 hydrogens, a three-way intersection
represents a carbon with 1 hydrogen and a four-way intersection represents a carbon with
no hydrogens.

Solution:
a b
(a) e OH 1 H (b) 3H o
NPT
OH 7H
OH —=
I H
HO IH

Adrenaline — CgH13NO3

Estrone — C41gH5505
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2.30

2.31

2.32

2.33

2.34

2.35

Chapter 2
More polar Less polar
(a) HzC == cl—cl
o+  o-
b H=c HaC T
5+  &- & O+
(C) HO_'CH3 (CH3)3SI_CH3
&~ O+ o+ o—
(d) Li—OH HsC —Li
5+ O & O+
(a) (b) (c) (d) no dipole
i moment
Cl Cl Cl Cl Cl
)./ 4
Cl Cl

In phosgene, the individual bond polarities tend to cancel, but in formaldehyde, the bond
polarities add to each other. Thus, phosgene has a smaller dipole moment than
formaldehyde.

f f

R sy
Phosgene Formaldehyde

In Section 2.2, we found that u = Q x r. For a proton and an electron separated by 100 pm,

n=4.8 D. If the two charges are separated by 136 pm, u = 6.53 D. Since the observed

dipole moment is 1.08 D, the H—CI bond has (1.08 D/ 6.53 D) x 100 % = 16.5 % ionic
character.

The magnitude of a dipole moment depends on both charge and distance between atoms.
Fluorine is more electronegative than chlorine, but a C—F bond is shorter than a C-Cl
bond. Thus, the dipole moment of CH3F is smaller than that of CH;Cl.

To save space, molecules are shown as line-bond structures with lone pairs, rather than as
Lewis structures.

(a) (CH3)26BF3 Oxygen: FC = 6- -2 = +1

Boron: FC = 3 - -0 = -1
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2.45

2.46

2.47

2.48

2.49

2.50
2.51
2.52

2.53
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The substances with the largest values of pK, are the least acidic.

Least acidic - » Most acidic
0 T i
CHaCCHy < @—OH < CHgCCH,CCH3 <  CH,COH

To react completely (> 99.9%) with NaOH, an acid must have a pK, at least 3 units
smaller than the pK, of H,O. Thus, all substances in the previous problem except acetone
react completely with NaOH.

The stronger the acid (smaller pK,), the weaker its conjugate base. Since NH4" is a
stronger acid than CH3NHs", NH; is a weaker base than CH3;NH,.

& i
H3C—(I)—O_K+ + HO0O — H3C—CI—OH + K" "OH
CHj CHj
pKg<ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>