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This Study Guide and Problems Book is a companion to the second edition of Organic
Chemistry by William Brown. This volume provides a detailed section-by-section overview of the
major points covered in the text. Reading these overviews before and after reading a text chapter
should help identify and summarize important elements of the material. The overviews are written
in a very compact outline format. Key terms are printed in boldface the first time they appear.
Bracketed sentences in italic print provide hints for studying and pitfalls to avoid. Especially
important ideas are identified with the symbol "%".

A summary of reactions is presented in tabular form. The starting materials are listed on
the vertical axis, while the products of the reaction are listed across the top. Where the two
intersect in the table is the section number where a particular reaction can be found in the text.
Below the table are generalized descriptions and explanations of the different reactions in the table.

All of the problems from the text have been reprinted in this guide, so there is no need to
flip back and forth between the text and the guide. Detailed, stepwise solutions to all of the
problems are provided. This guide was reviewed for accuracy by Brent and Sheila Iverson,
Richard Luibrand at the California State University at Hayward, and William Brown at Beloit
College. If you have any comments or questions, please direct them to Professor Brent Iverson,
Department of Chemistry and Biochemistry, the University of Texas at Austin, Austin, Texas
78712. !

E-mail: biverson@utxvms.cc.utexas.edu.

Brent and Sheila Iverson
Austin, Texas
June, 1997



NTENTS:

I N S N O N N G G gy Gty gy gy Gy g
XA NBE NN =R OOR IO NEWRN e TR INNR L=

Covalent Bonds and Shapes of Molecules 1
Alkanes and Cycloalkanes 37

Acids and Bases 72

Stereochemistry 87

Alkenes I 111

Alkenes II 133

Alkyl Halides and Radical Reactions 174
Nucleophilic Substitution and p-Elimination 201
Alcohols and Thiols 231

Alkynes 269

Ethers and Epoxides 291

Mass Spectrometry 329

Nuclear Magnetic Resonance Spectroscopy 346
Infrared and Ultraviolet-Visible Spectroscopy 372
Aldehydes and Ketones 388

Carboxylic Acids 453

Functional Derivatives of Carboxylic Acids 478
Enolate Anions and Enamines 518

Aromatics I: Benzene and its Derivatives 571
Aromatics II: Reactions of Benzene and its Derivatives
Amines 656

Conjugated Dienes 690

Organic Polymer Chemistry 714

Carbohydrates 733

Lipids 764
The Organic Chemistry of Metabolism 782

Amino Acids and Proteins 794
Nucleic Acids 825

619






Chapter 1: Covalent Bonds and Shapes of Molecules Overview 1

CHAPTER 1: COVALENT BONDS AND SHAPES OF MOLECULES

1.0 OVERVIEW

* Organic Chemistry is the study of compounds that contain carbon atoms in combination with other types of
atoms such as hydrogen, nitrogen, oxygen, and chlorine.

* The Lewis model of bonding qualitatively describes coordination numbers of atoms and molecular
geometries.

* Valence bond theory and molecular orbital theory comprise a more accurate theoretical framework with
which to understand relationships between molecular structure and reactivity.

* Organic chemists are concerned primarily with where electrons are located in an atom, molecule, or ion,
because then they can understand or predict structure, bonding, and reactivity. %

1.1 ELECTRONIC STRUCTURE OF ATOMS

* Electrons are found around atoms in defined regions of space called atomic orbitals.

- An atomic orbital can hold up to two electrons (the Pauli Exclusion Principle), one with spin
quantum number of +1/2, and the other with spin quantum number -1/2. )

- Atomic orbitals are classified as s, p, d,or f.

- For most of organic chemistry, s and p atomic orbitals are the only types of orbitals that we need to
consider.

- The d atomic orbitals are important for third row elements such as sulfur (S) and phosphorus (P).

+ Orbitals with the same principal quantum number (1, 2, 3, etc.) form what is called a shell of
electrons. For example, the 2s and 2p orbitals are in the same shell (the 2nd shell) while 1s and 2s
orbitals are in different shells.

- There is only one s orbital for a given shell

- There are three p orbitals for shells with principal quantum number 2 and higher. The three 2p orbitals
are orthogonal to each other and are designated 2px, 2py, and 2p;.

- There are five d orbitals for shells with a principal quantum number of 3 or higher. )

- All the orbitals of the same type in a given shell have the same energy; that is, they are said to be
degenerate. For example, all three 2p orbitals are degenerate. — .

« Different elements have different numbers of electrons, and these are placed in orbitals beginning with the
lowest energy orbital (the Aufbau Principle). ;
- Orbitals with the smallest principal quantum number are lowest in energy and are filled first. :
- For orbitals with the same principal quantum number, s orbitals are filled before p orbitals which are

filled before d orbitals. -
- According to Hund's rule, one electron is added to each degenerate orbital before two electrons are

added to any one of them.
« Chemists are primarily interested in the valence electrons of an atom. Valence electrons are the
electrons in the outermost shell of an atom. *
- For H, the valence electron is in the 15t shell, namely the 1s orbital.
-For C, N, O, and F the valence electrons are in the 214 shell, namely the 2s and the three 2p orbitals.
- For Si, P, S, and Cl the valence electrons are in the 37 shell, namely the 3s, and the three 3p orbitals.
For P and S, the 3d orbitals are important.

1.2 THE LEWIS MODEL OF BONDING )
« Atoms can gain or lose electrons to fill their valence shells. An atom that gains electrons has an overall

negative charge and is called an anion, while an atom that loses electrons has an overall positive charge
and is called a cation. * J . _
« Atoms can also take part in chemical bonds to fill their valence shells. ‘
« Chemical bonds in molecules are made from electrons mlthe vai;er}lce shells of atoms. *
- Bonds do not involve electrons from shells below the valence shell.
- Atoms overwhelmingly prefer to be surrounded by a filled valence shell of electrons (noble gas

configuration). *
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- A filled valence shell for H is 2 electrons, and a filled valence shell for C, N, O, and F is 8 electrons; the
"octet rule."

- P and S can have 8 electrons in their valence shells, but the valence shell for S may contain as many as
10 electrons, and the valence shell of P may contain as many as 12 electrons. This is due to the presence
of 3d orbitals in these third row elements.

« In an ionic bond, an atom transfers one or more electrons to a different atom creating negatively and
positively charged ions that then attract each other.

- Ionic bonding is only observed when the electron transfer creates filled valence shells for both of the
ions.

+ In a covalent bond, atoms share pairs of electrons, thus increasing the number of electrons around each
atom. In this way the valence shell of each atom is filled.

- Sharing a pair of clectrons holds the two atoms together.

- Organic chemistry is concerned primarily with covalent bonds.

- Noble gases do not normally take part in bonding because their valence shells are already filled.

« Electron pairs taking part in covalent bonds are not necessarily shared evenly between the atoms. The more
electronegative element taking part in a bond attracts the majority of the electron density of the shared
electrons. *

- The unequal sharing of electrons of a covalent bond can be analyzed using a table of electronegativities of
the eleiments.

- On the Periodic Table of the elements, electronegativity increases from the bottom left hand corner to
the upper right hand corner (See Table 1.3 in book).

+ Knowing how to identify the electron-rich and electron-poor regions of molecules is the key to
understanding and learning organic chemistry. %

- The unequal sharing of electrons in covalent bonds forms Lhe basis for reactivity in a molecule, so
understanding how electrons are distributed in a given molecule allows chemical reactions to be predicted
accurately. [By the time you have finished studying organic chemistry you should be able to look at the
structure of a molecule, and then, based on your understanding of the electron distribution in the
molecule, predict chemical reactions. This prediction approach is much more successful than trying to
memorize reactions without understanding the reasons they take place.]

* A nonpolar covalent bond has a relatively small difference in electronegativities, less than 0.5, between
the two atoms of the bond. A polar covalent bond has a relatively large difference in electronegativities,
(between 0.5 and 1.9) between the two atoms of the bond.

+ The polarity of a covalent bond can be measured as the bond dipole, u, the product of one of the charges
times the distance separating the charges. %

+ Lewis structures are used to represent molecules. [Lewis structures are not as hard as they look, but you
need a lot of practice to get the hang of them.]

- In a Lewis structure, a line between two atoms represents a pair of electrons taking part in a bond and a
pair of dots represents an unshared or lone pair of electrons.

* To draw a Lewis structure:

- First, count all the valence electrons of each atom in the structure. Remember that in the neutral states,
H has 1 valence electron, C has 4, N has 5, O has 6 and F has 7. Add a valence electron for each unit of
negative charge on an atom or ion, and subtract a valence electron for each unit of positive charge.

- Second, determine how the atoms are connected to each other. Usually the connectivity mformatlon
must be provided for you in the form of a condensed structural formula.

- Third, draw single bonds (a line) between all of the atoms known to be connected to each othcr For
example, for the condensed structural formula CH3CHO write down:

1T
H—?—-C-—-H
H

- Fourth, draw any remaining bonds (double or triple bonds) and add any lone pairs of electrons that
may be necessary so that each atom in the molecule is surrounded by a filled valence shell of

electrons. *
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For H, a filled valence shell is 2 electrons (1 bond), and for C, N, O, and F; a filled valence shell is 8
electrons distributed as described in the following table:

s # Of Bonds (Single bonds count as 1 bond,|# Of Lone Pairs
double bonds as 2, and triple bonds as 3) Of Electrons
C 4 0
N 3 1
0] 2 2
F 1 3

Finishing the example, two lone pairs of electrons are added to the oxygen atom and a double bond is
added between the carbon and oxygen atoms to fill all valence shells and complete the structure:

||-| :(I?:
H—?—C——H
H

In most organic molecules, the halogens Cl, Br, and I are treated the same as F. On the other hand,
the neutral atoms B, P, and S have some unusual bonding patterns as described in the following table.

Atom # Of Bonds (Single bonds count as 1 bond,|# Of Lone Pairs
double bonds as 2, and triple bonds as 3) Of Electrons
B 3 0
P 3 1
p* 5 0
S 2 2
) 4 1
S* 6 0

(* 3d orbitals are involved, so more than 8 valence electrons can be accommodated in the
valence shell.)

If there is a negative formal charge (see below) on an atom, add a lone pair of electrons and use one
less bond.

If there is a positive formal charge on an atom other than carbon, add a bond and use one less lone
pair of electrons.

For carbon with a positive formal charge, you cannot add a bond because carbon already has four. In
this case, you should use one less bond and no lone pairs (the carbon is surrounded by only six
valence electrons).

« Some Helpful Hints for drawing Lewis structures: _
- After drawing the single bonds between all connected atoms, draw the lone pairs of electrons. For

neutral atoms, the number of lone pairs on a given element does not change t:rom molecule to mol;cule.
In the neutral, uncharged state, C has zero lone pairs, N has one lone pair, O has two lone pairs, and
F has three lone pairs. For example, in the molecule CO,, draw the single bonds and lone pairs of

electrons around oxygen as follows:
0—C—0
e bonds as necessary. If there are not enough single bonds to

- After drawing the lone pairs, fill in multipl :
e - . filled valence shell, then use multiple bonds.

other atoms surrounding an atom to give a
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In these cases you should draw the multiple bond(s) to the adjacent atom(s) that also need multiple
bond(s) to fill their valence shell. The CO, example is completed by adding a double bond to each
oxygen atom, thereby filling the valence shell of carbon as well:
o .
* Formal charges are useful as a bookkeeping method for keeping track of charges on a molecule. %

- For the computation of formal charge, the electrons in bonds are counted as being distributed evenly
between the bonded atoms. One electron is counted for each atom taking part in a single bond, two
electrons (fior each atom taking part in a double bond, and three electrons for each atom taking part in a
triple bond.

- Lone pairs of electrons and electrons in shells lower than the valence shell (1s electrons for C, N, O, F,
etc.) are counted as belonging entirely to the atoms to which they are attached.

- Total formal charge derives from comparing the number of electrons counted as above to the number of
protons in the nucleus of the atom (an extra electron results in a formal charge of -1, an extra proton
results in a formal charge of +1, etc.).

- The following tables show the formal charges associated with certain atoms commonly found in organic
molecules and reaction intermediates.

- The sum of formal charges in a molecule is equal to the net charge.

Table Of Atoms With +1 Formal Charge

Atoml¥* Of Bonds (Single bonds count as 1 bond,|# Of Lone Pairs
double bonds as 2, and triple bonds as 3) Of Eiectrons
H 0 0
C 3 0
N 4 0
(o] 3 1
S 3 1
P 4 0
Table Of Atoms With -1 Formal Charge
Atoml# Of Bonds (Single bonds count as 1 bond, |# Of Lone Pairs
double bonds as 2, and triple bonds as 3) Of Electrons
C 3 3
N 2 2
0 1 3
S 1 3
F 0 4

1.3 FUNCTIONAL GROUPS
* Condensed structural formulas are highly abbreviated versions of Lewis structures that are used to
describe molecules.
- The number of hydrogen atoms attached to a given atom is denoted with a subscript. For example -CHj3
means there are three hydrogen atoms attached to the carbon atom.
- Lines are used to denote bonds. A single line (-) between two atoms represents a single bond, a double
line (=) denotes a double bond, etc.
Lone pairs of electrons are not drawn.
- Parentheses are used to denote branching in a molecule. In other words, whole groups of atoms attached
to a given atom are placed in parentheses. For example, (CH3)3CH indicates that there are three -CHj3
groups attached to the remaining carbon atom.
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« Carbon combines with other atoms to form characteristic structural units called functional groups such as
hydroxyl groups (-OH), carboxyl groups (-CO2H), and carbonyl groups (C=0O) that are important for three
reasons:

- First, they are sites of chemical reactions, and a particular functional group, in whatever compound it is
found, undergoes the same types of chemical reactions.

- Second, they are used to divide organic molecules into classes in terms of their physical properties.

- Third, they provide a basis for naming compounds.

1.4 BOND ANGLES AND SHAPES OF MOLECULES

« The Valence-Shell Electron-Pair Repulsion (VSEPR) model of molecular structure assumes that
areas of valence electron density around an atom are distributed to be as far apart as possible in three-
dimensional space. *

- When using the VSEPR model, lone pairs of electrons, the two electrons in a single bond, the four
electrons in a double bond, and the six electrons in a triple bond are each counted as only a single area of
electron density.

- Four areas of electron density around an atom adopt a tetrahedral shape with bond angles near 109.5°,
such as in methane, CHa.

Tee,5°

- Three areas of electron density around an atom adopt a trigonal planar shape with bond angles near 120°,
such as in formaldehyde, HoC=0.

- Two areas of electron density around ari atom adopt a linear shape with bond angles near 180°, such as in
acetylene, HC=CH.

180°

@

H—c=c—H OO

. The VSEPR model predicts shape but does not explain why the electrons are located where they are.
Thus, it is only a useful model and not a theory. The theory of electronic structure is presented in

Sections 1.7 and 1.8.

1.5 POLAR AND NONPOLAR MOLECULES o .

-SThe dipole moment, y, of a molecule is the vector sum of all the individual bond dipoles. Thus, to
understand the dipole moment for a molecule, an understanding of the bond dipoles must be combined with
an understanding of molecular structure. For example, all the bond dipoles cancel in symmetrical molecules

such BF3 and CCly, but not in molecules such as H,O and NH3. *

1- %egisa(z(];‘?}igry is used to depict and understand those special chemical species for which no single

Lewis structure provides an adequate description. * [This also requires a lot of practice.]
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- Resonance theory is particularly good at helping to understand cases of partial bonding (for example 1.5
bonds between two atoms, etc.) or when a formal charge is distributed between more than one atom. In
these situations, the true structure (referred to as a resonance hybrid) is thought of as a composite of
two or more contributing structures.

In drawing resonance structures, a straight, double headed arrow («») is placed between contributing
structures. Curved arrows () are used to indicate how electrons can be redistributed to make one
contributing structure from another. Always draw the curved arrows to indicate where a pair of
electrons started (tail of arrow) to where the electrons end up (head of arrow).

- No atoms are moved between contributing structures, and only certain kinds of electrons are moved. %

Lone pairs of electrons or a pair of electrons taking part in a multiple bond are moved.

A lone pair of electrons from an atom can only move to an adjacent bond to make a multiple bond. A
pair of electrons in a multiple bond can only move to an adjacent atom to create a new lone pair of
electrons or to an adjacent bond to make a multiple bond.

- Contributing structures cannot have atoms with more than a filled valence shell of electrons. %

There can be no more than 2 electrons around H or more than 8 electrons around C, N, O, or F.

You cannot have more than a filled valence shell because there are no more orbitals in which to place
the extra electrons. On the other hand, atoms can have less than the filled valence shell, for example a
carbon atom with +1 formal charge only has 6 valence electrons and one empty 2p orbital.

* Keep in mind that even though we use multiple contributing structures to describe a molecule or ion, the
molecule or ion in fact only has gne true structure. It does not alternate between the contributing
structures. ¥

* The following qualitative rules are used to estimate the relative importance of con tributing
structures.

- Equivalent structures (those that have the same patterns of covalent bonding) contribute equally. For
example, carbonate ion (CO32-) has three equivalent contributing structures.

- Structures in which all atoms have filled valence shells (complete octets) contribute more than those in
which one or more valence shells are not filled.

- Structures involving separation of unlike charges contribute less than those that do not involve charge
separation.

- Structures that carry a negative charge on the more electronegative element contribute more than those
with the negative charge on the less electronegative element. Similarly, structures that carry a positive
charge on the less electronegative element contribute more than those with the positive charge on the less
electronegative element.

1.7 QUANTUM OR WAVE MECHANICS
* Electrons have certain properties of particles and certain properties of waves. %
- Electrons have mass and charge like particles. -
- Because they are so small and are moving so fast, electrons have no defined position. Their location is
best described by wave mechanics and a wave equation called the Schrodinger equation.
Solutions of the Schrédinger equation are called wave functions and are represented by the Greek
letter v (psi).
Each wave function (y) describes a different orbital.
There are many solutions to the Schrédinger equation for a given atom. .
- The sign of the wave function v can change from positive (+) to negative (-) in different parts of the
same orbital. This is analogous to the way that waves can have positive or negative amplitudes. %
The sign of the wave function does not indicate anything about charge. [This can be confusing.
Make sure that you understand it before you go on.]
- The value of y2 is proportional to the probability of finding electron density at a given point in an orbital.
Note that the sign of y2 is always positive, because the square of even a negative value is still positive.
In a 2p orbital, it is just as probable to find electron density in the negative lobe as it is to find electron
density in the positive lobe. [Make sure you understand this statement.]

- A node is any place in an orbital at which the value of v and thus y2 is zero.

A nodal surface or nodal plane are surfaces or planes where y and y2 is zero. There is absolutely no
electron density at a node, a nodal surface, or a nodal plane.
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- The Schrédinger equation can in principle describe covalent bonding, but, even with powerful computers
the equation is too complicated to be solved exactly for large molecules.

1.8 MOLECULAR ORBITAL THEORY TO COVALENT BONDING
« Molecular orbital theory assumes that individual electron pairs are found in molecular orbitals that
are distributed over the entire molecule. *
* Molecular orbitals are analogous to atomic orbitals and are described by the following four rules:
- First, combination of n atomic orbitals in a molecule or ion forms n molecular orbitals, each of which
extends over the entire molecule or ion.
The number of molecular orbitals is equal to the number of atomic orbitals combined, because atomic
orbitals can be combined by both addition and subtraction.
- Second, molecular orbitals, just like atcmic orbitals, are arranged in order of increasing energy.
- Third, filling of molecular orbitals is governed by the same principles as the filling of atomic orbitals.
(See Section 1.1)
Electrons are placed in molecular orbitals starting with the lowest energy orbitals first.
A molecular orbital cannot hold more than two electrons.
Two electrons in the same molecular orbital have opposite spins.
When two or more degenerate (same energy) molecular orbitals are available, one electron is placed
in each before any one of them gets two electrons.
« When two atomic orbitals combine to form a molecular orbital, the wave functions are both added and
subtracted to create one bonding molecular orbital and one antibonding molecular orbital.
- A bonding molecular orbital occurs when the electron density of the orbital is concentrated between the
atomic nuclei.
Electrons in bonding molecular orbitals stabilize covalent bonds because they serve to offset the
repulsive forces of the positively-charged atomic nuclei. Both nuclei are attracted to the electrons
between them.
The energy of a bonding molecular orbital is lower than the energy of the uncombined atomic orbitals.
- An antibonding molecular orbital (designated with an *) occurs when the electron density of the orbital is
concentrated in regions of space outside the arca between the atomic nuclei.
Electrons in antibonding molecular orbitals do not stabilize covalent bonds because the electrons are
not positioned to offset the repulsive forces of the positively charged atomic nuclei.
The energy of an antibonding molecular orbital is higher than the energy of the uncombined atomic
orbitals.
« A ¢ (sigma) bond occurs when the majority of the electron density is found on the bond axis.
- For example, a ¢ bond results from the overlap between two 1s orbitals. -
- Because rotating a ¢ bond does not decrease the overlap of the orbitals involved (o bonds have cylindrical
symmetry), a ¢ bond can rotate freely about the bond axis. .
« A n (pi) bond occurs when the majority of the electron density is found above and below the bond axis.
- For example, a n bond results from the overlap of two 2p orbitals that are parallel to cach other, and
orthogonal to the ¢ bond that exists between the two atoms. :
- Because rotating a = bond by 90° destroys the orbital overlap, = bonds cannot rotate around the bond

axis. [Understand this before going on.] i ;

« An electronic ground state occurs when all of the electrons are in the molecular orbitals of lowest

possible energy. An electronic excited state occurs when an electron in a lower lying orbital is pro-

moted to an orbital that is higher in energy. This can occur when light is absorbed by a molecule, for
example. " . A .

« For elements more complicated than hydrogen, it 1s helpful to combine (hybrldl.ze) the valence atomic

orbitals on a given atom before looking for overlap with orbitals from other atoms. *
- For C, N, and O hybridization means the 2s atomic orbital is combined with one, two, or all three 2p

atomic orbitals.
« The results of the orbital combinations are ca
to the number of atomic orbitals combined. \ _
- An sp3 hybrid orbital is the combination of one 2s orbital with three 2p orbitals.

Four sp3 orbitals of equivalent energy are created.

lled hybrid orbitals, the number of hybrid orbitals are cqual
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Each sp3 orbital has one large lobe and a smaller one of opposite sign pointing in the opposite
direction (with a node at the nucleus). The large lobes point to different corners of a tetrahedron
(109.5° bond angle). This explains the tetrahedral structure of molecules like methane, CHy.

- An sp2 hybrid orbital is the result of combining the 2s orbital with two 2p orbitals.
Three sp? orbitals of equivalent energy are created.
Each sp? orbital has one large lobe and a smaller one of opposite sign pointing in the opposite
direction (with a node at the nucleus). The large lobes point to a different corner of a triangle (120°
bond angle). This explains the trigonal planar structure of molecules like formaldehyde, CHp=O.
The left over 2p orbital lies perpendicular of the plane formed by the three sp? orbitals.

- An sp hybrid orbital is the combination of one 2s orbital with one 2p orbital.
Two sp orbitals of equivalent energy are created.
Each sp orbital has two lobes of opposite sign pointing in opposite directions (with a node at the
nucleus).
The lobes with like sign point in exactly opposite directions (180° bond angle). This explains the
linear structure of molecules like acetylene, HC=CH.
The two left over 2p orbitals are orthogonal to each other, and orthogonal to the two sp hybrid orbitals
as well.

- Carbon atoms in molecules are either sp3, sp2, or sp hybridized. 1s Orbitals are not considered for

hybridization with C, N, or O because the s orbitals do not participate in covalent bonding.
- The hybridization of a given atom (sp3, sp2, or sp) determines the geometry and type of bonds made by
that atom. The important parameters associated with each hybridization state are listed in the following

table.

Carbon Atom Hybridization State Parameters

# Of Groups Geometr
Hybridiztion [# Of Hybrid [# Of 2p Orbitais| 5o~ - 1% |# Of o |# Of e

State Orbitals Left Over Carbon Bonds |Bonds Carbon
sp3 4 0 4 4 0 Tetrahedral

2 Trigonal

e 3 E 3 3 g Planar

sp 2 2 2 2 2 Linear

* Bonding in complex molecules can be qualitatively understood as overlap of hybrid orbitals. %
* Organic chemistry is primarily concerned with twe types of covalent bonds, namely sigma (o)
bonds and pi (z) bonds.
- A o (sigma) bond can be formed in a variety of ways. %
A o bond results from the overlap between an s orbital and any other atomic orbital.
A o bond also results from the overlap of an sp?, sp2, or sp hybrid orbital and any s, sp3, sp2, or sp
hybrid orbital along the bond axis. [You should be able to picture these different types of orbital
overlap that all lead 10 o bonds.]
Because rotating a ¢ bond along the bond axis does not decrease any orbital overlap, there is only a
small barrier to rotation. Thus, single bonds rotate extremely rapidly around the bond
axis. This explains why molecules with only ¢ bonds are highly flexible, able to adopt an almost
infinite number of rapidly interconverting conformations in solution. %
- A double bond in molecules such as HyC=CH, can be understood in terms of:
One o bond formed by sp? hybridized orbitals on each carbon atom.
One = bond formed between the 2p orbitals on each carbon atom.
Because rotating a = bond by 90° destroys the orbital overlap, there is a large barrier to rotation and for
all practical purposes double bonds cannot rotate around the bond axis. [Make sure this
makes sense (o you before moving on. The fact that n bonds cannot rotate adds rigidity to molecules
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CHAPTER 1

Solutions to the Problems
Problem 1.1 Write and compare the ground-state electron configurations for the following:
(a) Carbon and silicon

C (6 electrons) 1s22s22p?2
Si (14 electrons) 1s22522p63523p?

Both carbon and silicon have four electrons in their highest (valence) shells.
(b) Oxygen and sulfur

O (8 electrons) 1s22s22p4
S (16 electrons) 1s22s22p63s23p4

Both oxygen and sulfur have six electrons in their highest (valence) shells.
(c) Nitrogen and phosphorus

N (7 electrons) 1s22s522p3
P (15 electrons) 1s22s522p63s23p3

Both nitrogen and phosphorus have five electrons in their highest (valence) shells.

Problem 1.2 Show that the following obey the octet rule.
(a) Sulfur (atomic number 16) forms sulfide ion, S2-,

S (16 electrons): 1522522p63523p4
§% (18 electrons): 1522522p63523p6
(b) Magnesium (atomic number 12) forms Mg2+.
Mg (12 electrons): 15225?2p6352
»Mgz" (10 electrons): 1522522p6

Problem 1.3 Judging from their relative positions in the Periodic Table, which element is more electronegative?
(@) Lithium or potassium

In general, electronegativity increases from left to right across a row and from bottom to top
of a column in the Periodic Table. This is because electronegativity increases with increasing
positive charge on the nucleus and with decreasing distance of the valence electrons from the
nucleus. Lithium is higher up on the Periodic Table and thus more electronegative than
potassium.

(b) Nitrogen or phosphorus

Nitrogen is higher up on the Periodic Table and thus more electronegative than phosphorus.
(c) Carbon or silicon

Carbon is higher up on the Periodic Table and thus more electronegative than silicon.
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Problem 1.4 Classify these bonds as nonpolar covalent, polar covalent, or ionic.
(a) S-H (b) P-H (¢)C-F (d) C-Cl

Using the rule that bonds formed from atoms with an electronegativity difference of 0.4 or
less are nonpolar covalent, the following table can be constructed:

Differences in

Bond electronegativity Type of bond
S-H 25 - 2.1 =04 Nonpolar covalent
P-H 21-21=0 Nonpolar covalent
C-F 4.0 - 2.5 = 1.5 Polar covalent
C-Ci 3.0 - 25 = 0.5 Polar covalent

Fr)cﬂ(yjlc;}n 1.5 Indicate the direction of polarity in these polar covalent bonds using the symbols 8- and +.
a -
5+ &-

C-N

Nitrogen is more electronegative than carbon
(b) N-O

5+ -
N-O

Oxygen is more electronegative than nitrogen
(c) C-Cl

8+ &-
C-ClI

Chlorine is more electronegative than carbon

Problem 1.6 Draw Lewis structures, showing all valence electrons, for the following covalent molecules.
(a) C2Hg (b) CSy (c) HCN

C H-C=N:

n
N’
4

|
H- —?-H S
H

2C—5)=728

Problem 1.7 Draw Lewis structures for these ions, and show which atom in each bears the formal charge.

(a) CH3NH3* (b) COs% \ (c)OH
Methylammonium ion Carbonate 10n Hydroxide ion
H H ‘0
|1, oy 2o
H—(i?—-ril—H :Q—C—Q- :(_)_—-H
H H

Problem 1.8 Draw a condensed structural formula for the one ether of molecular formula C3HgO.
Problem 1.9 Draw condensed structural formulas for the three ketones of molecular formula CsHy00.
9 9 ?
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Problem 1,10 Draw condensed structural formulas for the two carboxylic acids of molecular formula C4HgO;.
(@) (o] 5
I} 1
CH3-CH,—CH,—C-OH CHa—CI:H—C-OH

Problem 1.11 Predict all bond angles for these molecules.
(a) CH3;0H

£<
F \o09.5°
(c) H2CO3 (Carbonic Acid)

. 120° 120°
109.5 108 109.5°
N M~
HSN.CLSH
Q‘T 0

120°

Problem 1.12 Which molecules are polar? For each molecule that is, specify the direction of its dipole moment.
(a) CH.Cl,

Recall that a molecular dipole moment is determined as the vector sum of the bond dipoles in
three-dimensional space. Thus, by superimposing the bond dipoles on a three-dimensional
drawing, the molecular dipole moment can be determined.
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(c) HO2

The H,0; molecule can rotate around the O-O single bond, so we must consider the molecular
dipole moments in the various possible conformations. Conformations such as the one
depicted on the left below have a net molecular dipole moment, while conformations such as
the one the right below do not. The presence of at least some conformations (such as that on
the left) that have a molecular dipole moment means that the entire molecule must have an
overall dipole moment, in this case p = 2.2 D.

ey —

L=22D

Problem 1.13 Draw the contributing structure indicated by curved arrows. Be certain to show all formal charges.

o} (I) 10 :0:

L S Uy.- Lr..
(a) H-C-O: —=—= H-C-0O: (b) H-C-O: ——= H-C=0
b : B

:03 (r
(¢) CHy~CX0—CH, ——= CH,=C=0-—CH,

Problem 1.14 Which sets are pairs of contributing structures?

(;b': /O- //b': ek
(a) CHy—C] | = CHy—Cl _ (b) CHy—C,, _ == CHy—C{
_Q:' O: &Q: O:

The set in (a) is a pair of contributing structures, while the set in (b) is not. The structure on
the right in set (b) is not a viable contributing structure because there are five bonds to the

carbon atom.

Problem 1.15 Estimate the relative contribution of the members in each set.

H :0: et
b TR ST SR <CH) - T .
Ay CFis o A H—CL£0—H H—C=0—H
H H H H = =

ibution i In both. cases, the second
The first structure makes the greater contribution n (a) and (b). T ses, the
contributing structure involves the disfavored creation and separation of unlike charges.
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Problem 1.15 Describe the bonding in these molecules in terms atomic orbitals involved, and predict all bond
angles.

T
(a) H—CIJ—C=C—H
] |
H H H
T sp® gp2?
H—C—(')=('3—H
I
H H H
T
(b) H—(l)—r\IJ—H
ol
3
H SP s 3 H Osp? -sp’ H 109.5°
/) 3 / |
H—C—N —H H-C—LN—H H—C—N —H
=L . L
H H H H sp -1s H H

Electroni It D f A

Problem 1.17 Write ground-state electron configurations for each atom. After each atom is given its atomic
number.

(a) Sodium (11)

Na (11 electrons) 1s22522p63sl

(b) Magnesium (12)
Mg (12 electrons) 1s22s22p63s2

(c) Oxygen (8)
O (8 electrons) 1s22s22p*

(d) Nitrogen (7)
N (7 electrons) 1s22s22p3

Problem 1.18 Which atom has the ground-state electron configuration of
(a) 1s22522p63523p4

Sulfur (16) has this ground-state electron configuration
(b) 1s22522p4

Oxygen (8) has this ground-state electron configuration



Chapter 1: Covalent Bonds and Shapes of Molecules Solutions 15

Problem 1.19 Define valence shell and valence electron.

The valence shell is the outermost occupied shell of an atom. A valence electron is an electron
in the valence shell.

Problem 1.20 How many electrons are in the valence shell of each atom?
(a) Carbon

With a ground-state electron configuration of 1s22s22p2 there are four electrons in the valence
shell of carbon.

(b) Nitrogen

With a ground-state electron configuration of 1s22s22p3 there are five electrons in the valence
shell of nitrogen.

(c) Chlorine

With a ground-state electron configuration of 1s22s22p63s23p5 there are seven electrons in the
valence shell of chlorine. :

(d) Aluminum

With a ground-state electron configuration of 1s22s22p63s23p! there are three electrons in the
valence shell of aluminum.

Lewi r r
Problem 1.21 Judging from their relative positions in the Periodic Table, which atom is more electronegative?
(a) Carbon or nitrogen

In general, electronegativity increases from left to right across a row and from bottom to top
of a column in the Periodic Table. This is because electronegativity increases with increasing
positive charge on the nucleus and with decreasing distance of the valence electrons from the

nucleus. Nitrogen is farther to the right on the Periodic Table and thus more electronegative
than carbon.

(b) Chlorine or bromine

Chlorine is higher up on the Periodic Table and thus more electronegative than bromine.
(c) Oxygen or sulfur

Oxygen is higher up on the Periodic Table and thus more electronegative than sulfur.

Problem 1.22 Which of these compounds have covalent bonds and which have ionic bonds?
(a) LiF (b) CH3F (c) MgCl (d) HCI

Using the rule that an ionic bond is formed between atoms with an electronegativity difference
of 1.9 or greater, the following table can be constructed:
Differences in

Bond electronegativity Type of bond
Li-F 4.0 - 1.0 = 3.0 Tonic

C-H 25 -21 =04 Nonpolar covalent
C-F 40, - 2868= .S Polar covalent
Mg-Cl 30 - 12 =11.8 Polar covalent
H-CIl 30 - 21 =09 Polar covalent

Based on these values, only LiF has an ionic bond, the other compounds have only covalent

bonds.
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Problem 1.23 Using the symbols 8- and &+, indicate the direction of polarity, if any, in each covalent bond.
(a) C-CI

S+ o-
C-Cl

Chlorine is more electronegative than carbon
(b) S-H

5- o+
S-H

Sulfur is more electronegative than hydrogen
(c)C-S

Carbon and sulfur have the same electronegativities so there is no direction of polarity in a C-
S bond

(d) P-H

Phosphorus- and hydrogen have the same electronegativities, so there is no direction of
polarity in a P-H bond

Problem 1.24 Write Lewis structures for these molecules Be certain to show all valence electrons. None of

these compounds contains a ring of atoms.

(a) H20, , (b) NaHy | (c) CH30H
Hydrogen peroxide Hydrazine Methanol
|
H—O0—0—H H——'r'i—-iii—H H—tI:—b:—H
H H H
(d) CH3SH (e) CH3NH; (f) CH2Cl,
Methanethiol Methylamine Dichloromethane
n* *r i
H—(i,‘—:S:—H H—(l:—'rli—H H-—?—(';‘ii
H H H :Cl :
(g) CH30CHj3 (h) H,CO3 (i) CH;0
Dimethyl ether Carbonic acid Methanal
H H 2(0)8 H
| e vl oo N
H—(IZ—_O_—(IZ—H H—0—C—O—H /C=Q
H H H
() CH3CO2H (k) CH3COCHj () HCN
Ethanoic acid Propanone Hydrogen cyanide
T :("): T :?: H
H—?—C-—:O:—H —H H—C=N:

H

_?_C_
H

I
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(m) HNO3 ) (n) HNO (o) HCOzH
Nitric acid Nitrous acid Methanoic acid
: cl): :0:
- o — N ..
H—Q—?—Q: H—Q—N=9 H—C—Q—H

Problem 1.25 Why are the following molecular formulas impossible?
(a) CHs

Carbon atoms can only accommodate four bonds, and each hydrogen atom can only
accommodate one bond. Thus, there is no way for a stable bonding arrangement to be created
that utilizes one carbon atom and all five hydrogen atoms.

(b) CoH,

Since hydrogen atoms can only accommodate one bond each, no single hydrogen atom can
make stable bonds to both carbon atoms. Thus, the two carbon atoms must be bonded to each
other. This means that each of the bonded carbon atoms can accommodate only three more
bonds. Therefore, only six hydrogen atoms can be bonded to the carbon atoms, not seven
hydrogen atoms.

Problem 1.26 Write Lewis structures for these ions. Show all valence electrons and all formal charges.

(a) NHp" (b) HCO3~ (c) CO3*
Amide ion Bicarbonate ion Carbonate ion
H :0: 10
| _ -— B .- - -
H—N_: H—-Q—-C—Q! :Q—C—Q:
(d) NO3- (e) HCO7- (f) CH3COz" .
Nitrate ion Methanoate ion Ethanoate ion
:0: :0: T :c“) g
- .o " UK = II 8 w— .e :—
:0—N—O0": H—C—-Q_I H—?—-C—Q-
e o4 o
H

Problem 1.27 Following the rule that each atom of carbon, oxygen, and nitrogen reacts to achieve a complete
outer shell of eight electrons, add unshared pairs of electrons as necessary [0 complete the valence shell of each
atom in these ions. Then assign formal charges as appropriate.

The following structural formulas show all valence electrons and all formal charges.

H H H H HH .o

L. - I 1 - | I
(a) H—C—C—0: (b) H—C—C: (c)H—N -G—C(.. -

s H H e e @

Problem 1,28 Following are several Lewis structures showing all valence electrons. Assign formal charges to
each structure as appropriate.

There is a formal positive charge in parts (a), (e), and (f). There is a formal negative charge
in parts (b), (c), and (d).
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H:O: :0: :0:
| Il / . | . Il
(a) H—C—C—C} (b) H—N—C=C—H (c) H—C—C—H
H H H H H
H:0: H H H
| I I+ | |l ..+
(d)H—CI:—C=?—H (e) H—?—(.I:—(l:—H (f) H—?—?—H
H H H H H H H

Problem 1.29 Each compound contains both ionic and covalent bonds. Draw the Lewis structure for each and
show by dashes which are covalent bonds and, by indication of charges, which are ionic bonds.

(a) CH3ONa (b) NH4Cl (c) NaHCO3
Sodium methoxide Ammonium chloride Sodium bicarbonate
lil H (0%
H—?—Q; Na* H—N"—H L H—b:—g—b:!_ Na*
: .
(d) NaBH4 (e) LiAlH,
Sodium borohydride Lithium aluminum hydride
H_ Na oL
H—B—H H—AHH
. }

In naming these compounds, the cation is named first followed by the name of the anion.

Polarity of Covalent Bonds

Problem 1.30 Which of these statements are true about electronegativity?

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

(b) Electronegativity increases from the top to the bottom in a column of the Periodic Table.
(c) Hydrogen, the element with the lowest atomic number, has the smallest electronegativity.
(d) The higher the atomic number of an element, the greater its electronegativity.

Electronegativity increases from left to right across a row and from bottom to top of a column
in the Periodic Table. Thus, statement (a) is true, but (b), (¢), and (d) are false.

Problem 1.31 Why does fluorine, the element in the upper right corner of the Periodic Table, have the largest
electronegativity of any element?

Electronegativity increases with increasing positive charge on the nucleus and with decreasing
distance of the valence electrons from the nucleus. Fluorine is that element for which these
two parameters lead to maximum electronegativity.

Problem 1.32 Arrange the single covalent bonds within each set in order of increasing polarity.

(a) C-H, O-H, N-H (b) C-H, B-H, O-H (c) C-H, C-C], C-I
C-H < N-H < O-H B-H < C-H < O-H C-I= C-H < C-Ct1
©04) (0.9 1.49) 01 049 @049 0.4) (0.4) (0.9)

(@) C-S, C-0,C-N (e) C-Li, C-B, C-Mg
CS <C-N<C-O C-B < C-Mg < C-Li

0 (0.5 .09 0.5 1.3 (1.5

The difference in electronegativities is given in parentheses underneath each answer.



Chapter 1: Covalent Bonds and Shapes of Molecules Solutions 19

Problem 1.33 Using the values of electronegativity given in Table 1.5, predict which indicated bond in each set is
more polar and using the symbols &+ and 5-, show its direction of polarity 1

(a) CH3-OH or CH30-H (b) H-NH; or CH3-NH,
5- 3+ 3+ &-
CH;0-H H-NH,
(c) CH3-SH or CH3S-H (d) CH3-F or H-F
5- 8+ d+ &-
CH;S-H H-F
Problem 1.34 Identify the most polar bond in each molecule.
(a) HSCH,CH,OH (b) CHCI,F (c) HOCH,CH;NH;
The O-H bond The C-F bond The O-H bond
(1.4) (1.5) (1.4)

The difference in electronegativities is given in parentheses underneath each answer.

Problem 1.35 Predict whether the carbon-metal bond in these organometallic compounds is nonpolar covalent,
polar covalent, or ionic. For polar covalent bonds, show the direction of polarity by the symbols &+ and 5-.

(0.7) (1.3) (0.6)
5- 5+<|:H20H3 5- 8+ 5- o+
CH,CH, Methylmagnesium Dimethylmercury
chloride
Tetraethyllead

All of the above carbon-metal bonds are poiar covalent because the difference in ;
electronegativities is between 0.5 and 1.9. In each case, carbon is the more electronegative
element. The difference in electronegativities is given above the carbon-metal bond in each
answer.

Bond Angles and Shapes of Molecules -
Problem 1.36 Use the VSEPR model to predict bond angles about each highlighted atom.

Approximate bond angles as predicted by the valence-shell electron-pair repulsion model are
as shown. .

109.5°

/o |
|
(@) HES (D
H H
120°
(b)H—-—(|3 Cl:
H H
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Problem 1.37 Use the VSEPR model to predict bond angles about each atom of carbon, nitrogen, and oxygen in
these molecules. Hint; first add unshared pairs of electrons as necessary to complete the valence shell of each
atom and then make your predictions.

109.5° 120°

109.5°
109.5° - yd

H3
(b) cus—y'g—CHs
109.5°
109.5° .o 120°

[P
(¢) CH,—CH,-C—O—H

109.5°
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120°

Problem 1.38 Use VSEPR model to predict the geometry of the following ions:

(@) NHz~
109.5°

(e) CH3COy"

1095° Y :o: 120°
I/ -
H=C—C=0:
H

21
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(&) AlCls
109.5° : ¢}
:@:}—A[l'—{:]:
él .

Problem 1.39 Silicon is immediately under carbon in the Periodic Table. Predict the geometry of silane, SiHy.
Silicon is in Group 4 of the Periodic Table, and like carbon, has four valence electrons. In
silane, SiH,, silicon is surrounded by four regions of electron density. Therefore, predict all
H-Si-H bond angles to be 109.5°, so the molecule is tetrahedral around Si.

H
Hing] y— 109.5°
H? H

Problem 1.40 Phosphorus is immediately under nitrogen in the Periodic Table. Predict the molecular formula for
phosphine, the compound formed from phosphorus and hydrogen. Predict the H-P-H bond angle in phosphine.

\\"P
H H
H i o
109.5
Like nitrogen, phosphorus has five valence electrons, so predict that phosphine has the
molecular formula of PH3 in analogy to ammonia, NH3;. In phosphine, the phosphorus atom
is surrounded by four areas of electron density; one lone pair of electrons and single bonds to

three hydrogen. Therefore, predict all H-P-H bond angles to be 109.59, so the molecule is
pyramidal.

Problem 1.41 Draw Lewis structures for the following functional groups. Be certain to show all valence
electrons on each. :

(a) Carbony! group (b) Carboxyl group (c) Hydroxyl group
:0: 10 =
I .. —O—H
E=C— —C—0—H il

Problem 1.42 Draw condensed structural formulas for all compounds of molecular formula C4HgO that contain:
(a) A carbonyl group (there are two aldehydes and one ketone).

Ketones

o)
I
CH;—C—CH,—CH; also written as CH;COCH,CH,4
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Aldehydes
O

I .
CH;—CH,—-CH,—C—H also written as CH;CH,CH,CHO

o)

Il
CH3—CI:H—C—H alse written as (CH3),CHCHO
CH,

(b) A carbon-carbon double bond and an alcohol (there are eight)

There are three separate but related things to build into this answer; the carbon skeleton (the
order of attachment of carbon atoms), the location of the double bond, and the location of the
-OH group. Here, as in other problems of this type, it is important to have a system and to
follow it. As one way to proceed, first decide the number of different carbon skeletons that
are possible. A little doodling with paper and pencil should convince you that there are only
two.

¢
C-C-C-C and c-C-C
Next locate the double bond on these carbon skeletons. There are three possible locations for
it
i
C=C-C-C and C-C=C-C and C=C-C
Finally, locate the -OH group and then add the remaining seven hydrogens to complete each
structural formula. For the first carbon skeleton, there are four possible locations of the -OH
group; for the second carbon skeleton there are two possible locations; and for the third, there
are also two possible locations. Four of these compounds (marked by an asterisk) are not
stable and are in equilibrium with a more stable aldehyde or ketone. You need not be
concerned, however, with this now. Just concentrate on drawing the required eight structural

formulas.
*OH OH

* | ]
HO-CH=CH-CH,~CH,  CH,=C—CH,—CHj; CH,=CH—CH—CH,
*OlH
CH,=CH-CH,~CH,~OH  HO—CH,—~CH=CH-CH;  CH;—C=CH—CH,

?Hs ?Hs
HO-CH=C-CH, CH,=C—CH,—OH

() A carbon-carbon double bond and an ether (there are four)
CH;—~0-CH,—-CH=CH, CH;—0~-CH=CH—CH, CH;—CH,—0-CH=CH,

o
CH3—0_0=CH2
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Problem 1.43 Draw structural formulas for
(a) The eight alcohols of molecular formula CsH120.

To make it easier for you to see the patterns of carbon skeletons and functional groups, only
carbon atoms and hydroxyl groups are shown in the following solutions. To complete these
structural formulas, you need only supply enough hydrogen atoms to complete the tetravalence
of each carbon.

There are three different carbon skeletons on which the -OH group can be placed:

C
|

c-c-c-c-C c-C-c—C c-C-C
C C

Three isomeric alcohols are possible from the first carbon skeleton, four from the second
carbon skeleton, and one from the third carbon skeleton.

CI)H (I)H
HO-C-C-C-C-C c-C-C-C-C €rC-C~C—C
(1) (2) (3)
oK o ¢
HO—C—(IZ—C—C C—(IZ—C—C C—?—C—C C—(Il—C—C—OH C—?—C—OH
Cc Cc Cc Cc Cc
(4) (5) (6) (7) (8)

(b) The six ethers of molecular formula CsH120.

Following are structural formulas for the six isomeric ethers of molecular formula C5Hy,O0.
They are drawn first with all possible combinations of (C)1-0-(C)4 and then all possible
combinations of (C)3-0-(C)3.

(o C
EC=WECECECEE C—O—CI:—C—C C—O—C—(I:—C
(1) r 2 (3)
: ;
C—O—?—C CECEOSCECE cC-C-0-Cc-C
C
(4) (5) (6)

(c) The eight aldehydes of molecular formula CgH120.

Following are structural formulas for the eight aldehydes of molecular formula CqH;,0.

They are drawn starting with the aldehyde group and then attaching the remaining five carbons
in a chain (structure 1), then four carbons in a chain and one carbon as a branch on the chain
(structures 2, 3, and 4) and finally three carbons in a chain and two carbons as branches
(structures 5, 6, 7, and 8).
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0 ¢ 9 ¢ 9
C—C-C—(l:—C—OH C—(E—C—C-—OH C—C—(li—C—OH
Cc o c
(4) (5) (6)
¢ 0 0
C—C—?—C—OH C—C—?—C—OH
Cc c-C
(7) (8)

Polar and Nonpolar Molecules

1.44 Draw a three-dimensional representation for each molecule. Indicate which have a dipole moment, and in
what direction it is pointing.

(a) CH5Cl

)

w=187D

(b) CH2Cl,

|

p, = 1.60 D
(c) CH,CIBr

|

u= 150D
(d) CHCl5

I

u=101D
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(e) CCly

No molecular
dipole moment

(f) CH,=CCl,

I

p=13D

(g) CH,=CHCI

/

iw=145D

(h) HC=C-C=CH

No molecular
dipole moment

(i) CH3C=N

+——

p=392D

() (CH3),C=0

io
i Te Zh
,\/ﬁ“ (‘3 (A:’H\
L =288D Hi H

Note how the strong dipole of the
C=0 bond dominates

(k) BrCH=CHBr (two answers)

The two bromine atoms can either be on opposite sides or on the same side of the double
bond. Recall that double bonds do not rotate.

27
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No molecular
dipole moment

Problem 1.45 Account for the fact that the dipole moment of chloromethane, CH3Cl (1.87 D), is larger than that
of fluoromethane, CH3F (1.85 D), even though the electronegativity of fluorine (4.0)is larger than that of chlorine
(B

The only difference between the two molecules is the C-Cl vs. C-F bond, so the differences in
overall molecular dipole moments must be due to differences in these bond dipoles. A bond
dipole is a product of the charge times the separation distance between the atoms of the bond.
Fluorine is more electronegative than chlorine, so there is more charge built up on the C-F
bond. However, Cl is a larger atom than F so the C-CI bond (1.78 A) is considerably longer
than a C-F bond (1.38 A). This difference in bond length dominates and the C-Cl bond has a
larger bond dipole.

Problem 1.46 Tetrafluoroethene, CoF 4, is the starting material for the synthesis of the polymer
poly(tetrafluoroethene), better known as Teflon. Tetrafluoroethene.has a zero dipole moment. Propose a
structural formula for this molecule.

No molecular AN /
dipole moment L=C_
N
Tetrafluoroethene

Problem 1.47 The dipole moment of chloromethane, CH3Cl, is 1.87 D. Assume that the contribution of the three
C-H bonds to its dipole is negligible and that the measured value of 1.87 D is due entirely to the polarity of the C-
Cl bond. Given the fact that the charge on an electron is 1.60 x 10-19 coulomb (C) and the length of the C-Cl
bond in CH3Cl is 1.78 A, calculate the partial negative charge of chlorine and the partial positive charge on carbon
in this molecule.

Recall that 1 D = 3.34 x 10-30 Cem and 1 A = 10-1° m. The bond dipole is a product of the
charge on either atom times the bond distance. Thus:

1.87 D = Charge x 1.78 x 101 m

rearranging and substituting the D unit conversion gives:

(1.87) x (3.34 x 10-3° C.m) -
Charge = 5 = 351 x 100" C
1.78 x 1001 m

Dividing by the charge on an electron gives the partial charge on each atom.
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3.51 x 10°2°
Charge = & O 022

1.6 x 100 C

Noéeztzhat the charge on the carbon atom is + 0.22, and the charge on the chlorine atom is

Resonan n ntributin r r

Problem 1.48 Which of these statements are true about resonance contributing structures?
(a) All contributing structures must have the same number of valence electrons.

(b) All contributing structures must have the same arrangement of atoms.

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

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

For sets of contributing structures, electrons (usually 7 electrons or lone pair electrons)

29

move, but the atomic nuclei maintain the same arrangement in space. Thus, statements (b) and

(d) are true. In addition, the total number of electrons, valence and inner shell electrons, in

each contributing structure must be the same, so statement (a) is also true. However, the

movement of electrons often leaves one or more atoms without a filled valence shell in a given

contributing structure, so statement (c) is false.

Problem 1.49 Draw the contributing structure indicated by the curved arrow(s). Assign formal charges as
appropriate.

o 3
(@ H—O—C_. . _ H—0—C
o Yo:
o o
() H—=0+cl = <— n=0=c] _
Q: 0
(/;Ej: 0
(c) CH;—O—C ~—> CH;—O0—C3
\6_- NGRS
. .o e T ol
.o U .o
F =
(e) H—d—N=/:c?' ~— H—0—N—0
- + . ..
() H=O2NLGY —— H-0=N-0:

Problem 1.50 Using the VSEPR model, predict the bond angles about the carbon atom in each pair of

contributing structures in problem 1.49. In what way do the bond angles change from one contributing structure

to the other?

As stated in the answer to Problem 1.48, bond angles do not change from one contributing

structure to the other.
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Problem 1.51 In the Problem 1.49, you were given one contributing structure and asked to draw another. Label
pairs of contributing structures that are equivalent. For pairs of contributing structures that are not equivalent,
label the more important contributing structure.

(a) The two structures are equivalent because each involves a similar separation of charge.
(b, ¢, d, e, f) The first structure is more important, because the second involves creation and
separation of unlike charges.

Problem 1.52 Are the structures in each set valid contributing structures?

H\ . R +
(a) /C=Q - :/CEO:
H H

The structure on the right is not a valid contributing structure because there are 10 valence
electrons around the carbon atom. Besides this, the two structures cannot be valid
contributing structures of the same molecule because they have a different number of valence
electrons. The molecule on the left has 12 valence electrons, and the molecule on the right has
14 valence electrons.
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Both of these are valid contributing structures.

H :(I?: |-|1 :f):
|
(c) H—(l;—C—H ~———— H_(I;_C_H
H H -

The structure on the right is not a valid contributing structure because there are two extra
electrons and thus it is a completely different species.

... H :O:
(@) =c{ —=—= H—C—C—H
H H t

Although each is a valid Lewis structure, they are not valid contributing structures for the
same resonance hybrid. An atomic nucleus, namely a hydrogen, has changed position. Later
you will learn that these two molecules are related to each other, and are called tautomers.

Problem 1.53 Following are three contributing structures for diazomethane, CH2N».
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