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CHEMICAL BONDING 9
AND MOLECULAR
STRUCTURE

All of the variety of living things
found in this rain forest, and
elsewhere on earth, depends on
the three-dimensional shapes of
molecules and the requirement
that certain molecules fit
precisely together for biochemical
reactions to occur. In this chapter
we will study the kinds of shapes
that molecules have and the way
the electronic structures of
atoms influence the chemical
bonds that determine molecular
geometry. (Steve Satushek/
Iconica/Getty Images]
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The structure of an ionic compound, such as NaCl, is controlled
primarily by the sizes of the ions and their charges. The attractions between the ions have no preferred directions,
so if an ionic compound is melted, this structure is lost and the array of ions collapses into a jumbled liquid state.
Molecular substances are quite different, however. Molecules have three-dimensional shapes that are determined
by the relative orientations of their covalent bonds, and this structure is maintained regardless of whether the
substance is a solid, a liquid, or a gas.

Many of the properties of a molecule depend on the three-dimensional arrangement of its atoms. For example,
the functioning of enzymes, which are substances that affect how fast biochemical reactions occur, requires that there
be a very precise fit between one molecule and ancther. Even slight alterations in molecular geometry can destroy this
fit and deactivate the enzyme, which in turn prevents the biochemical reaction involved from occurring. Similarly, the
structures of polymer molecules in plastics have a strong influence on the properties of materials made from them.

In this chapter we will explore the topic of molecular geometry and study theoretical models that allow us to
explain, and in some cases predict, the shapes of molecules. We will also examine theories that explain, in terms of
wave mechanics and the electronic structures of atoms, why covalent bonds form and why they are so highly direc-
tional in nature. You will find the knowledge gained here helpful in later discussions of physical properties of substances

such as melting points and boiling points.

MOLECULES ARE THREE-DIMENSIONAL
WITH SHAPES THAT ARE BUILT FROM FIVE
BASIC ARRANGEMENTS

We live in a three-dimensional world made up of three-dimensional molecules. However,
the Lewis structures we've been using to describe the bonding in molecules do not convey
any information about the shapes of molecules; they simply describe which atoms are
bonded to each other. Our goal now is to examine theories that predict molecular shapes
and explain covalent structures in terms of quantum theory. We'll begin by studying some
of the kinds of shapes molecules have.
Molecular shape only becomes a question when there are at least three atoms present.
If there are only two, there is no doubt as to how they are arranged; one is just alongside %’ LS
the other. But when there are three or more atoms in a molecule we find that its shape is Basic molecular shapes
often built from just one or another of five basic geometrical structures.

Linear molecules

In a linear molecule the atoms lie in a straight line. When the molecule has three atoms,

the angle formed by the covalent bonds, which we call the bond angle, equals 180° as

illustrated below.

1802
"N

A linear molecule

Planar triangular molecules

A planar triangular molecule is one in which three atoms are located at the corners of a
triangle and are bonded to a fourth atom that lies in the center of the triangle.

120°
} o -
'
A planar triangular Another view showing how all
molecule the atoms are in the same plane

In this molecule, all four atoms lie in the same plane and the bond angles are all equal to 120°.

o
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As you study these structures,
you should try hard to visualize
them in three dimensions. You
should also learn how to sketch
them in a way that conveys the
three-dimensional information.

An axial bond

An equatorial
bond

Axial and
equatorial bonds in a trigonal
bipyramidal molecule.

A simplified
way of drawing a trigonal
bipyramid. To form a trigonal
bipyramidal molecule, atoms
would be attached at the corners
of the triangle in the center and
at the ends of the bonds that
extend vertically up and down.

Tetrahedral molecules

A tetrahedron is a four-sided geometric figure shaped like a pyramid with triangular faces.
A tetrahedral molecule is one in which four atoms, located at the vertices of a tetrahe-
dron, are bonded to a fifth atom in the center of the structure.

A tetrahedron A tetrahedral molecule
All the bond angles in a tetrahedral molecule are the same and are equal to 109.5°.

Trigonal bipyramidal molecules

A trigonal bipyramid consists of two trigonal pyramids (pyramids with triangular faces)
that share a common base. In a trigonal bipyramidal molecule, the central atom is located
in the middle of the triangular plane shared by the upper and lower trigonal pyramids and
is bonded to five atoms that are at the vertices of the figure.

A trigonal bipyramid A trigonal bipyramidal molecule

In this type of molecule, not all the bonds are equivalent. If we imagine the trigo-
nal bipyramid centered inside a sphere similar to the earth, as illustrated in Figure 9.1,
the atoms in the triangular plane are located around the equator. The bonds to these
atoms are called equatorial bonds. The angle between two equatorial bonds is 120°. The
two vertical bonds pointing along the north and south axis of the sphere are 180° apart
and are called axial bonds. The bond angle between an axial bond and an equatorial
bond is 90°.

A simplified representation of a trigonal bipyramid is illustrated in Figure 9.2. The
equatorial triangular plane is sketched as it would look tilted, so we're looking at it from
its edge. The axial bonds are represented as lines pointing up and down. To add more three-
dimensional character, notice that the bond pointing down appears to be partially hidden
by the triangular plane in the center.

Octahedral molecules

An octahedron is an eight-sided figure, which you might think of as two square pyramids
sharing a common square base. The octahedron has only six vertices, and in an octahedral
molecule we find an atom in the center of the octahedron bonded to six other atoms at
the vertices.

All the bonds in an octahedral molecule are equivalent, with angles between adjacent
bonds equal to 90°.
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An octahedron An octahedral molecule

A simplified representation of an octahedron is shown in Figure 9.3. The square plane
in the center of the octahedron, when drawn in perspective and viewed from its edge, looks A simplified way
like a parallelogram. The bonds to the top and bottom of the octahedron are shown as  of drawing an octahedron. To
vertical lines. Once again, the bond pointing down is drawn so it appears to be partially ~ form an octahedral molecule,

hidden by the square plane in the center. atoms would be attached at the
corners of the square in the center

and at the ends of the bonds that
MOLECULAR SHAPES ARE PREDICTED USING extend vertically up and down.

THE VSEPR MODEL

A useful theoretical model should explain known facts, and it should be capable of mak-
ing accurate predictions. The valence shell electron pair repulsion model (called the
VSEPR model, for short) is remarkably successful at both and is also conceptually simple.
The model is based on the following idea:

Groups of electrons in the valence shell of an atom repel each other and will position them- %’ LS

selves in the valence shell so that they are as far apart as possible. VSEPR model
We will use the term electron domain to describe regions in space where groups of valence An electron domain can be a
shell electrons can be found. We will consider two types of domains: bond, a lone pair, or an unpaired

. . . . . electron. Some prefer to call the
* Bonding domains contain electron pairs that are involved in bonds between pairs of  ygEpR model (P; ¢ VSEPR theory)

atoms. All of the electrons within a given single, double, or triple bond are considered to be in
the same bonding domain. A double bond (containing 4 electrons) will occupy more space
than a single bond (with only 2 electrons) but all electrons in a bond occupy the same
region in space, so they all belong to the same bonding domain.

the electron domain model.

* Nonbonding domains contain valence electrons that are associated with « single atom. A
nonbonding domain is either an unshared pair of valence electrons (called a lone pair) or
a single unpaired electron (found in molecules with an odd number of valence electrons).

Figure 9.4 shows the orientations assumed by different numbers of electron domains which
permit them to minimize repulsions by remaining as far apart as possible. Notice that when
atoms are attached to these electron domains, molecules are formed having the shapes
described in the preceding section.

Lewis structures permit us to apply the VSEPR model

When we speak of the shape of a molecule, we are referring to the arrangement of some
number of atoms around a central atom. To apply the VSEPR model in predicting shape,
we have to know how many electron domains are in the valence shell of the central atom.
This is where Lewis structures are helpful.

Consider the BeCl, molecule. On page 318 we gave its Lewis structure as

:Cl—Be—Cl:

Because there are three atoms, the molecule is either linear or nonlinear; that is, the atoms
lie in a straight line, or they form some angle less than 180°.

Cl——Be—Cl or Be
S ax_Aa
180 <180°

o
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Number of
Domains

Shape

electron domains

=él—Be—él=

Electron
domains

Example

1802

Linear BeCl, Q '/Q\‘ @

Planar triangular BCls 7 ‘}

Tetrahedral 7 109.5°
(A tetrahedron is pyramid shaped. It has CHy,
four triangular faces and four corners.)

(I‘J(i,
S
Q“

©

Trigonal bipyramidal SN
(This figure consists of two three-sided "/P \\Q
pyramids joined by sharing a common PClg -
face—the triangular plane through the Wb
center.)

o @

Octahedral ,;/ 3
(An octahedron is an eight-sided figure F (—S‘)-‘\ F
with six corners. It consists of two SF, F - { B
square pyramids that share a common N ‘Y,

’
-
2
~
~
N

square base.)

Z
e/
N

Shapes expected for different numbers of electron domains around a central
atom, M. Each lobe represents an electron domain.

To decide on the structure, we begin by counting the number of electron domains in the
valence shell of the Be atom. In this molecule Be forms two single bonds to Cl atoms, each
of which corresponds to a domain, so Be has two bonding domains in its valence shell. In
Figure 9.4, we see that when there are two electron domains in the valence shell of an atom,
minimum repulsion occurs if they are on opposite sides of the nucleus, pointing in oppo-
site directions. We can represent this as

L

to suggest the approximate locations of the electron clouds of the valence shell electron
pairs. In order for the electrons to be in the Be— Cl bonds, the Cl atoms must be placed
where the electrons are; the result is that we predict that a BeCl, molecule should be linear.

Cl—Be—ClI

In fact, this is the shape of BeCl, molecules in the vapor state.

o
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EXAMPLE 9.1
Carbon tetrachloride was once used as a cleaning fluid undil it was discovered that it Predicting Molecular Shapes

causes liver damage if absorbed by the body. What is the shape of the molecule?
The primary tool for solving this kind of problem is the Lewis structure, which

we will draw following the procedure in Chapter 8. First, however, we need the chemical for-
mula. Applying the rules of nomenclature in Chapter 2 gives CCl,. After we draw the Lewis
structure, we can count the number of electron domains around the central atom. Finally, we'll
use the VSEPR model as a tool to deduce the structure of the molecule.

m Following the procedure in Figure 8.9, the Lewis structure of CCly is @
:Cl:
:(:::1—(|:—<:::1= Q @

There are four bonds, each corresponding to a bonding domain around the carbon. According
to Figure 9.4, the domains can be farthest apart when arranged tetrahedrally, so the molecule
is expected to be tetrahedral. (This is, in fact, its structure.)

ERGIEEVEVT R ST PN The answer depends critically on the Lewis structure, so

be sure to check that you've constructed it correctly. Once we're confident in the Lewis struc-
ture the rest is straightforward. The arrangement of domains gives us the arrangement of CI
atoms around the C atom.

Practice Exercise 1: What is the shape of the SeF; molecule? (Hint: If necessary, refer
to Figure 8.9 on page 318.)

Practice Exercise 2: What shape is expected for the SbCls molecule?

Nonbonding domains affect the shape of a molecule

Some molecules have a central atom with one or more nonbonding domains, consisting The electronegativity
of unshared electron pairs (lone pairs) or unpaired valence electrons. These nonbonding  difference between tin and
domains affect the geometry of the molecule. An example is SnCl,. chlorine is only 1.1, which means
. . . tin—chlorine bonds have a
:Cl—Sn—Cl: significant degree of covalent

character. Many compounds of
There are three domains around the tin atom, two bonding domains plus a nonbonding  tin are molecular, especially those

domain (the lone pair). According to Figure 9.4, the domains are farthest apart when at  of Sn'". SnCl, is another example
the corners of a triangle. For the moment, let’s ignore the chlorine atoms and concentrate  of a molecule that behaves as

on how the electron domains are arranged. though it has less than an octet
around the central atom.

We can see the shape of the molecule, now, by placing the two Cl atoms where two of the
domains are.

cl Cl
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Note once again that in
describing the shape of the
molecule, we look at how the
atoms are arranged and ignore
the nonbonding domains.

We can’t describe this molecule as triangular, even though that is how the domains are
arranged. Molecular shape describes the arrangement of atoms, not the arrangement of domains.
Therefore, we describe the shape of the SnCl, molecule as being nonlinear or bent or
V-shaped.

Notice that when there are three domains around the central atom, zwo different
molecular shapes are possible. If all three are bonding domains, a molecule with a planar
triangular shape is formed, as shown for BCl; in Figure 9.4. If one of the domains is
nonbonding, as in SnCl,, the arrangement of the atoms in the molecule is said to be
nonlinear. The predicted shapes of both, however, are derived by first noting the triangu-
lar arrangement of domains around the central atom and #hen adding the necessary number
of atoms.

Molecules with four domains have shapes derived from a tetrahedron

There are many molecules with four electron pairs (an octet) in the valence shell of the cen-
tral atom. When these electron pairs are used to form four bonds, as in methane (CHy),
the resulting molecule is tetrahedral (Figure 9.4). There are many examples, however, where
nonbonding domains are also present. For example,

H—N—H H—O—H

H

one lone pair two lone pairs

Figure 9.5 shows how the nonbonding domains affect the shapes of molecules of this type.

With one nonbonding domain, the central atom is at the top of a pyramid with three
atoms at the corners of the triangular base. The resulting structure is said to be trigonal
pyramidal. When there are two nonbonding domains in the tetrahedron, the three atoms
of the molecule (the central acom plus the two atoms bonded to it) do not lie in a straight
line, so the structure is described as nonlinear or bent.

Number of Number of
Bonding Nonbonding Structure
Domains Domains
2
prs S Tetrahedral
/,”, \\ (example, CHy)
4 0 B . All bond angles
" are 109.5°.
) o
/// ot \\\
ANy _ _
Molecular :A/’,’ /;\\ Trlgonall pyramidal
shapes with four domains 3 1 XM AN (it slelpse)
around the central atom. i X (example, NH3)
The molecules MX;, MX;, and X7
MX, shown here all have four
domains arranged tetrahedrally AR
around the central atom. The ! /,I\ 3 )
!
shaPes of the .molecules a.nd KN Nonlinear, bent
their descriptions are derived 2 2 e N\ ™ (example, H,0)
from the way the X atoms are BTN o=
arranged around A/, ignoring X777

the nonbonding domains.
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Number of Number of
Bonding Nonbonding Structure
Domains Domains
X
& I Trigonal bipyramidal
5 0 M x g pyramida
% ‘ ‘ (example, PClsg)
X
Distorted tetrahedral
X X
G
4 1 N\, M x X
I :
X X
(example, SF,)
Bonding domain X T-shaped
N | X—— M——x|
| PR U S e |
3 2 NN =% -E :
[ l [
N x|
X
(example, CIF3)
Nonbonding domain
X
5 \\J 7T
2 3 (N V¢ Linear
(\\:__ ‘w. . (example, 137)
C
Relative sizes Molecular shapes with five domains around the central atom.
of bonding and nonbonding Four different molecular structures are possible, depending on the number
domains. of nonbonding domains around the central atom . 7 -
one palr
in the
equatorial
| plane
Molecules with five domains have shapes derived from a trigonal bipyramid Q
When five domains are present around the central atom, they are directed toward the
vertices of a trigonal bipyramid. Molecules such as PCls have this geometry, as shown in
Figure 9.4, and are said to have a trigonal bipyramidal shape. T~ :
In the trigonal bipyramid, nonbonding domains always occupy positions in the equa- | Axial bond Egﬁgtor'al
torial plane (the triangular plane through the center of the molecule). This is because non-
bonding domains, which have a positive nucleus only at one end, are larger than bondin
& b 4 5 & This distorted

domains, as illustrated in Figure 9.6. The larger nonbonding domains are less crowded in
the equatorial plane, where they have just two closest neighbors at 90°, than they would
be in an axial position, where they would have three closest neighbors at 90°.

Figure 9.7 shows the kinds of geometries that we find for different numbers
of nonbonding domains in the trigonal bipyramid. When there is only one nonbond-
ing domain, as in SF, the structure is described as a distorted tetrahedron or seesaw
in which the central atom lies along one edge of a four-sided figure (Figure 9.8).

o

tetrahedron is sometimes
described as a seesaw structure.
The origin of this description can
be seen if we tip the structure
over so it stands on the two atoms
in the equatorial plane, with the
nonbonding domain pointing up.
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Lone pairs
in the
equatorial

1 plane

Equatorial
bond

Axial bond

[0 A molecule with

two nonbonding domains in
the equatorial plane of the
trigonal bipyramid. When
tipped over, the molecule looks
like a T, so it is called 7-shaped.

No common molecule or ion
with six domains around the
central atom has more than two
nonbonding domains.

EXAMPLE 9.2

Predicting the Shapes of
Molecules and lons

Octahedral
(example, SFg)
All bond angles
are 90°,

Square pyramidal

(example, BrFg)

Square planar
(example, XeF,)

[T E0T Molecular shapes with six domains around the central atom. Although
more are theoretically possible, only three different molecular shapes are observed,
depending on the number of nonbonding domains around the central atom.

With two nonbonding domains in the equatorial plane, the molecule is T-shaped (shaped
like the letter T, Figure 9.9), and when there are three nonbonding domains in the
equatorial plane, the molecule is linear.

Molecules with six domains have shapes derived from an octahedron

Finally, we come to molecules or ions that have six domains around the central atom. When
all are in bonds, as in SF, the molecule is octahedral (Figure 9.4). When one nonbonding
domain is present the molecule or ion has the shape of a square pyramid, and when two
nonbonding domains are present they take positions on opposite sides of the nucleus and
the molecule or ion has a square planar structure. These shapes are shown in Figure 9.10.

Do we expect the ClO, " ion to be linear?

To predict the shape, the first step is to draw the Lewis structure for the ClO,
ion. Then we can count the number of domains around the central atom. This will determine
which of the basic geometries describes the orientations of the domains. We sketch this
shape and then attach the two oxygens. Finally, we ignore any nonbonding domains to arrive
at the description of the shape of the ion. In other words, in this last step we note how the azoms
are arranged, not how the domains are arranged.

o
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Following the usual procedure, we obtain
fo—e—o]

There are four domains around the chlorine: two bonding and two nonbonding. Four domains
(according to the theory) are always arranged tetrahedrally. This gives

Now we add the two oxygens. It doesn’t matter which locations in the tetrahedron we choose
because all the bond angles are equal.

For a molecule with three
atoms, there are only two ways
they can be arranged, either in a

straight line (linear) or in a
We see that the O—Cl—0O angle is less than 180°, so the ion is expected to be nonlinear. nonlinear arrangement.

CRG LGNS TP IR Y Here are questions we have to answer to check our work.

First, has the Lewis structure been drawn correctly? Have we counted the domains correctly?
Have we selected the correct orientation of the domains? And finally, have we correctly
described the structure obtained by adding the two oxygen atoms? Our answer to each of
these questions is “Yes,” so we can be confident our answer is right.

Xenon is one of the noble gases, and is generally quite unreactive. In fact, it was long
believed that all the noble gases were totally unable to form compounds. It came as quite

a surprise, therefore, when it was discovered that some compounds could be made. One of these
is xenon difluoride. What would you expect the geometry of xenon difluoride to be, linear or
nonlinear?

First, we use the rules of nomenclature from Chapter 2 to obtain the formula,
which is XeF,. From here, the procedure is the same as before. First we write the com-
pound’s Lewis structure. Then we count domains around the central atom to determine
which of the basic geometries forms the basis for the structure. Next, we sketch the struc-
ture and attach the fluorine atoms to two of the domains. Finally, we ignore any nonbond-
ing domains and observe how the atoms are arranged to describe the shape of the molecule.

m The outer shell of xenon, of course, has a noble gas configuration, which contains
8 electrons. Each fluorine has 7 valence electrons. Using this information we obtain the
following Lewis structure for XeF,.

F %,

Next we count domains around xenon; there are five of them, three nonbonding and two bond-
ing domains. When there are five domains, they are arranged in a trigonal bipyramid.

o
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Now we must add the fluorine atoms. In a trigonal bipyramid, the nonbonding domains always
occur in the equatorial plane through the center, so the fluorines go on the top and bottom.

This gives

F

The three atoms, F—Xe—F, are arranged in a straight line, so the molecule is linear.

R LW VAR T IR s the Lewis structure correct? Yes. Have we selected the

correct basic geometry? Yes. Have we attached the F atoms to the Xe correctly? Yes. All is in
order, so the answer is correct.

EXAMPLE 9.4

Predicting the Shapes of
Molecules and lons

The Lewis structure for the very poisonous gas hydrogen cyanide, HCN, is

H—C=N:

Is the HCN molecule linear or nonlinear?

LYYRETEH We already have the Lewis structure, so we count electron domains and proceed
as before. The critical link in this problem is remembering that 4/l the electron pairs in a given
bond belong to the same bonding domain.

CIJENGEIE There are two bonding domains around the carbon, one for the triple bond with

nitrogen, and one for the single bond with hydrogen.

bonding domain bonding domain

consisting of one consisting of three

electron pair electron pairs
H—C=N:

Therefore, we expect the two bonds to locate themselves 180° apart, yielding a linear HCN
molecule.

CRGIEEW R84 Have we correctly counted bonding domains? Yes. We can

E€XpecCt our answer to be correct.

Practice Exercise 3: The first known compound of the noble gas argon is HArE What
shape is expected for the HArF molecule? (Hint: Remember, argon is a noble gas with eight
electrons in its valence shell.)

Practice Exercise 4: What shape is expected for the I;~ ion?

o
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Practice Exercise 5: What shape is expected for the XeF, molecule?

Practice Exercise 6: Predict the Shapes of 50327, CO327, XCO4, and OF2.

MOLECULAR SYMMETRY AFFECTS
THE POLARITY OF MOLECULES

9.3

The dipole moment of a molecule is a property that can be determined experimentally, and
when this is done, an interesting observation is made. There are many molecules that have
no dipole moment even though they contain bonds that are polar. Stated differently, they
are nonpolar molecules, even though they have polar bonds. The reason for this can be
seen if we examine the key role that molecular structure plays in determining molecular

polarity.
For a diatomic molecule such as HCI, the polar bond causes the molecule as a whole
to be polar. Similarly, H, is nonpolar because the H—H bond is nonpolar. For molecules Any molecule composed of

that contain more than two atoms, however, we have to consider the combined effects of  just two atoms that differ in
all the bonds. Sometimes, when all the atoms attached to the central atom are the same, electronegativity must be polar
the effects of the individual polar bonds cancel and the molecule as a whole is nonpolar. because the bond is polar.
Some examples are shown in Figure 9.11. In this figure the dipoles associated with
the bonds themselves—the bond dipoles—are shown as arrows crossed at one end, +——.
The arrowhead indicates the negative end of the bond dipole and the crossed end corre-
sponds to the positive end.
The CO, molecule is symmetric. Both bonds are identical, so each bond dipole is of
the same I.nagnitude. Becaus.e CO, is a linear molecule, thes.e bond diPoles point in oppo- Bond dipoles can be treated as
site directions and work against each other. The net result is that their effects cancel, and vectors, and the polarity of a
CO, is nonpolar. Although it isn't so easy to visualize, the same thing also happens in BCl;  10lecule is predicted by taking
and CCly. In each of these molecules, the influence of one bond dipole is canceled by the  the vector sum of the bond
effects of the others. dipoles. If you've studied vectors
Perhaps you've noticed that the structures of the molecules in Figure 9.11 correspond  before, this may help your
to three of the basic shapes that we used to derive the shapes of molecules. Molecules with ~ understanding.
the remaining two structures, trigonal bipyramidal and octahedral, also are nonpolar if all
the atoms attached to the central atom are the same. All of the basic shapes are “balanced,”
or symmetric,’ if all of the domains and groups attached to them are identical. Examples

QD &
.90 ; 1
00 595 3

co, BCl, ccl,

~

©

In symmetric molecules such as these, the bond dipoles cancel to give nonpolar
molecules.

! Symmetry is a more complex subject than we present it here. When we describe the symmetry properties of
a molecule, we are specifying the various ways the molecule can be turned and otherwise manipulated while
leaving the molecule looking exactly as it appeared before the manipulation. For example, imagine the BCl,
molecule in Figure 9.11 being rotated 120° around an axis, perpendicular to the page, that passes through the
B atom. Performing this rotation leaves the molecule looking just as it did before the rotation. This rotation
axis is a symmetry property of BCls.

Intuitively, we can recognize when an object possesses symmetry elements such as rotation axes (as well as
other symmetry properties we haven't mentioned). Comparing objects, we can usually tell when one is more
symmetric than another, and in our discussions in this chapter we rely on this qualitative sense of symmetry.

o



brady_ c09_338-386hr

8/27/07

11:48 AM Page 350

—p—

Chapter 9 Chemical Bonding and Molecular Structure

Trigonal bipyramid

I Net

dipole
"9
C

Bond dipoles in
the chloroform molecule,
CHCI;. Because C s slightly
more electronegative than H,
the C— H bond dipole points
toward the carbon. The small
C—H bond dipole actually adds
to the effects of the C— Cl bond
dipoles. All the bond dipoles are
additive, and this causes CHCl;
to be a polar molecule.

The lone pairs also influence
the polarity of a molecule, but
we will not explore this any
further here.

Octahedron

(b)

Cancellation of bond dipoles in trigonal bipyramidal and octahedral molecules.
(@) A trigonal bipyramidal molecule, AX;, in which the central atom A is bonded to five identical
atoms X. The set of three bond dipoles in the triangular plane in the center (in blue) cancel, as do
the linear set of dipoles (red). Overall, the molecule is nonpolar. (4) An octahedral molecule MX;
in which the central atom is bonded to six identical atoms. This molecule contains three linear
sets of bond dipoles. Cancellation occurs for each set, so the molecule is nonpolar overall.

are shown in Figure 9.12. The trigonal bipyramidal structure can be viewed as a planar
triangular set of atoms (shown in blue) plus a pair of atoms arranged linearly (shown in
red). All the bond dipoles in the planar triangle cancel, as do the two dipoles of the bonds
arranged linearly, so the molecule is nonpolar overall. Similarly, we can look at the octa-
hedral molecule as consisting of three linear sets of bond dipoles. Cancellation of bond
dipoles occurs in each set, so overall the octahedral molecule is also nonpolar.

If all the atoms attached to the central atom are not the same, or if there are lone pairs in
the valence shell of the central atom, the molecule is usually polar. For example, in CHCl;,
one of the atoms in the tetrahedral structure is different from the others. The C—H bond
is less polar than the C—Cl bonds, and the bond dipoles do not cancel (Figure 9.13).
An “unbalanced” structure such as this is said to be dissymmetric.

Two familiar molecules that have lone pairs in the valence shells of their central atoms
are shown in Figure 9.14. Here the bond dipoles are oriented in such a way that their effects
do not cancel. In water, for example, each bond dipole points partially in the same
direction, toward the oxygen atom. As a result, the bond dipoles partially add to give a
net dipole moment for the molecule. The same thing happens in ammonia where
three bond dipoles point partially in the same direction and add to give a polar NH;
molecule.

Not every structure that contains lone pairs on the central atom produces polar
molecules. The following are two exceptions.

X a
- \ ]
- \ / .
Q@ AwA
@9
5 o
No net dipole

In the first case, we have a pair of bond dipoles arranged linearly, just as they are in CO,.
In the second, the bonded atoms lie at the corners of a square, which can be viewed as two
linear sets of bond dipoles. If the atoms attached to the central atom are the same, cancella-
tion of bond dipoles is bound to occur and produce nonpolar molecules. This means that
molecules such as linear XeF, and square planar XeF are nonpolar.

o
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X QN Noncancellation
H H gives H H

4+
H has Noncancellation H
H gives H
H H

When nonbonding domains occur on the central atom, the bond dipoles usually
do not cancel, and polar molecules result.

In Summary
* A molecule will be nonpolar if (a) the bonds are nonpolar or (b) there are no lone pairs i\\"

. OLS
in the valence shell of the central atom and all the atoms attached to the central atom are
Molecular shape and

the same. >
molecular polarity

* A molecule in which the central atom has lone pairs of electrons will usually be polar,
with the two exceptions described above.

On the basis of the preceding discussions, let’s see how we can predict whether mole-
cules are expected to be polar or nonpolar.

Do we expect the phosphorus trichloride molecule to be polar or nonpolar?

As before, the first step is to convert the name of the compound into a chemical
formula. Our tool is the set of rules given in Chapter 2, which gives the formula PCl;. Next,
we'll use electronegativities as a tool to determine whether the bonds in the molecule are polar.
If they’re not, the molecule will be nonpolar regardless of its structure. If the bonds are polar,
we then need to determine the molecular structure. Our tools will be the procedure for draw-
ing the Lewis structure and the VSEPR model. On the basis of the molecular structure, we can
then decide whether the bond dipoles cancel.

m The electronegativities of the atoms (P = 2.1, Cl = 2.9) tell us that the
individual P—CI bonds will be polar. Therefore, to predict whether or not the molecule is
polar, we need to know its shape. First we draw the Lewis structure following our usual
procedure.

:(‘ljlz
:Cl—p—Cl:

There are four domains around the phosphorus, so they should be arranged tetrahedrally. 57 - _
This means that the PCl; molecule should have a trigonal pyramidal shape, as shown in the @ @ I et fpele
margin. Because of the structure, the bond dipoles do not cancel, and we expect the molecule @f

to be polar.

CRGIVE L RAFCENTE:SY There’s not much to do here except to carefully check

the Lewis structure to be sure it’s correct and to check that we've applied the VSEPR theory
correctly.
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Bond dipoles
+> +—>
g W
+—>

Net dipole

TO %
VB criteria for bond

formation

Would you expect the molecule HCN to be polar or nonpolar?

LYARETCWN IR I Our analysis proceeds as in the preceding example. To begin,

we have polar bonds because carbon is slightly more electronegative than hydrogen and nitro-
gen is slightly more electronegative than carbon. The Lewis structure of HCN is

H—C=N:

There are two domains around the central carbon atom, so we expect a linear shape. However,
the two bond dipoles do not cancel. One reason is that they are not of equal magnitude, which
we know because the difference in electronegativity between C and H is 0.4, whereas the dif-
ference in electronegativity between C and N is 0.6. The other reason is because both bond
dipoles point in the same direction, from the atom of low electronegativity to the one of high
electronegativity. This is illustrated in the margin. Notice that the bond dipoles add to give a
net dipole moment for the molecule.

RGO RALCDT:I8Y As in the preceding example, we can check that we've

obtained the correct Lewis structure and applied the VSEPR theory correctly, which we have.
We can also check to see whether we've used the electronegativities to reach the right conclu-
sions, which we have. We can be confident in our conclusions.

Practice Exercise 7: s the sulfur tetrafluoride molecule polar or nonpolar? (Hint: Use

the VSEPR model to sketch the shape of the molecule.)

Practice Exercise 8: Which of the following molecules would you expect to be polar?

(a) SF, (b) SO,, (¢) BrCl, (d) AsHs, (¢) CF,Cl,

VALENCE BOND THEORY EXPLAINS BONDING
AS AN OVERLAP OF ATOMIC ORBITALS

9.9

So far we have described the bonding in molecules using Lewis structures. Lewis struc-
tures, however, tell us nothing about why covalent bonds are formed or how electrons
manage to be shared between atoms. Nor does the VSEPR model explain why electrons
group themselves into domains as they do. Thus, we must look beyond these simple
models to understand more fully the covalent bond and the factors that determine
molecular geometry.

There are fundamentally two theories of covalent bonding that have evolved based on
quantum theory, the valence bond theory (or VB theory, for short) and the molecular
orbital theory (MO theory). They differ principally in the way they construct a theore-
tical model of the bonding in a molecule. The valence bond theory imagines individual
atoms, each with its own orbitals and electrons, coming together to form the covalent
bonds of the molecule. The molecular orbital theory doesn’t concern itself with how the
molecule is formed. It just views a molecule as a collection of positively charged nuclei
surrounded in some way by electrons that occupy a set of molecular orbitals, in much the
same way that the electrons in an atom occupy atomic orbitals. (In a sense, MO theory
would look at an atom as if it were a special case—a molecule having only one positive
center, instead of many.)

According to VB theory, a bond between two atoms is formed when two electrons with
their spins paired are shared by rwo overlapping atomic orbitals, one orbital from each of the
atoms joined by the bond. By overlap of orbitals we mean that portions of two atomic
orbitals from different atoms share the same space.

An important part of the theory, as suggested by the bold italic type above, is that only
one pair of electrons, with paired spins, can be shared by two overlapping orbitals. This

o
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Separated H atoms Overlapping of orbitals | | Covalent bond in H, | of the Flydrogen molecule
according to valence bond

theory.

electron pair becomes concentrated in the region of overlap and helps “cement” the nuclei
together, so the amount that the potential energy is lowered when the bond is formed is
determined in part by the extent to which the orbitals overlap. Therefore, atoms tend ro
position themselves so that the maximum amount of orbital overlap occurs because this yields
the minimum potential energy and therefore the strongest bonds.

The way VB theory views the formation of a hydrogen molecule is shown in Figure 9.15.
As the two atoms approach each other, their 1s orbitals begin to overlap and merge as
the electron pair spreads out over both orbitals, thereby giving the H—H bond. The
description of the bond in H, provided by VB theory is essentially the same as that
discussed in Chaprter 8.

Now let’s look at the HF molecule, which is a bit more complex than H,. Following
the usual rules we can write its Lewis structure as

H—F:
and we can diagram the formation of the bond as
H-+ - F P —> H—F :

Our Lewis symbols suggest that the H—F bond is formed by the pairing of electrons, one
from hydrogen and one from fluorine. To explain this according to VB theory, we must
have two half-filled orbitals, one from each atom, that can be joined by overlap. (They
must be half-filled, because we can’t place more than two electrons into the bond.) To see
clearly what must happen, it is best to look at the orbital diagrams of the valence shells of

hydrogen and fluorine.
Ho (D)
Ls
ARORODO
2s 2p

The requirements for bond formation are met by overlapping the half-filled 1s orbital of
hydrogen with the half-filled 2p orbital of fluorine; there are then two orbitals plus two
electrons whose spins can adjust so they are paired. The formation of the bond is illustrated
in Figure 9.16.

The overlap of orbitals provides a means for sharing electrons, thereby allowing each
atom to complete its valence shell. It is sometimes convenient to indicate this using orbital
diagrams. For example, the diagram below shows how the fluorine atom completes its 2p
subshell by acquiring a share of an electron from hydrogen.

F (in HF) @ @@@ (Colored arrow is the H electron.)
2s 2p

Notice that in both the Lewis and VB descriptions of the formation of the H—F bond,

the atoms’ valence shells are completed.

o
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+

H,S is the compound that
gives rotten eggs their foul odor.

If necessary, review the
procedure for drawing orbital
diagrams on page 273-275 in
Chapter 7.

In VB theory, two orbitals
from different atoms never
overlap simultaneously with
opposite ends of the same p
orbital.

1s 2p
QO SI—
Ho

F H::F::

The formation of the hydrogen fluoride molecule according to valence bond
theory. For clarity, only the half-filled 2p orbital of fluorine is shown. The other 2p orbitals of
fluorine are filled and cannot participate in bonding.

Valence bond theory can explain bond angles

Let’s look now at a more complex molecule, hydrogen sulfide, H,S. Experiments have
shown that it is a nonlinear molecule in which the H—S8—H bond angle is about 92°.

a
HN_*H
92°
Using Lewis symbols, we would diagram the formation of H,S as
2H- + +S- —> H—S—H

Our Lewis symbols suggest that each H—S bond is formed by the pairing of two elec-
trons, one from H and one from S. Applying this to VB theory, each bond requires the
overlap of two half-filled orbitals, one on H and one on S. Therefore, forming 7wo H—3S§
bonds in H,S will require zwo half-filled orbitals on sulfur to form bonds to two separate
H atoms. To clearly see what happens, let’s look at the orbital diagrams of the valence shells

of hydrogen and sulfur.
Ho (D)
1s
s () @O
3s 3p

Sulfur has two 3p orbitals that each contain only one electron. Each of these can overlap
with the 1s orbital of a hydrogen atom, as shown in Figure 9.17. This overlap completes
the 3p subshell of sulfur because each hydrogen provides one electron.

S (in H,S) @ (Colored arrows are H electrons.)
3s 3p

In Figure 9.17, notice that when the 1s orbital of a hydrogen atom overlaps with a p orbital
of sulfur, the best overlap occurs when the hydrogen atom lies along the axis of the p orbital.
Because p orbitals are oriented at 90° to each other, the H— 3 bonds are expected to be at
this angle, too. Therefore, the predicted bond angle is 90°. This is very close to the actual
bond angle of 92° found by experiment. Thus, the VB theory requirement for maximum
overlap quite nicely explains the geometry of the hydrogen sulfide molecule. Also, notice
that both the Lewis and VB descriptions of the formation of the H— S bonds account for
the completion of the atoms’ valence shells. Therefore, a Lewis structure can be viewed, in a
very qualitative sense, as a shorthand notation for the valence bond description of a molecule.

Other kinds of orbital overlaps are also possible. For example, according to VB theory
the bonding in the fluorine molecule, F,, occurs by the overlap of two 2p orbitals, as shown

o
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Partially filled
3p orbitals

Bonding in H,S.
We expect the hydrogen 1s
orbitals to position themselves
so that they can best overlap
with the two partially filled 3p
orbitals of sulfur, which gives a
predicted bond angle of 90°.
The experimentally measured
bond angle of 92° is very close
to the predicted angle.

Filled 3p orbital

in Figure 9.18. The formation of the other diatomic molecules of the halogens, all of which
are held together by single bonds, could be similarly described.

Practice Exercise 9: Use the principles of VB theory to explain the bonding in HCL.
Give the orbital diagram for chlorine in the HCI molecule and indicate the orbital that
shares the electron with one from hydrogen. Sketch the orbital overlap that gives rise to the
H—Cl bond. (Hint: Remember that a half-filled orbital on each atom is required to form

the covalent bond.) "\

Practice Exercise 10: The phosphine molecule, PHj, has a trigonal pyramidal shape

93.7°
with H—P—H bond angles equal to 93.7°. Give the orbital diagram for phosphorus in
the PH; molecule and indicate the orbitals that share electrons with those from hydrogen. \\L
On a set of xyz coordinate axes, sketch the orbital overlaps that give rise to the P—H bonds. @ @

HYBRID ORBITALS ARE USED TO EXPLAIN
EXPERIMENTAL MOLECULAR GEOMETRIES

There are many molecules for which the simple VB theory described above fails to account
for the correct shape. For example, there are no simple atomic orbitals that are oriented so
they point toward the corners of a tetrahedron, yet there are many tetrahedral molecules.
Therefore, to explain the bonds in molecules such as CH, we must study the way atomic

Colliding atoms | Overlap region, p— p |

/ /
2p

2p
F

cme
.o

Bonding in the fluorine molecule according to valence bond theory. The two
completely filled p orbitals on each fluorine atom are omitted, for clarity.

o
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180°
TO % \
Orientations of (a) Two sp hybrids Linear
hybrid orbitals

(b) Three sp? hybrids
(All orbitals are
in the plane of
the paper.)

(c) Four sp? hybrids

All angles = 120° Planar triangular
Directional
properties of hybrid orbitals

% All angles = 109.5° Tetrahedral
formed from s, p, and 4 atomic
orbitals. (2) sp hybrid orbitals
oriented at 180° to each other.
() sp* hybrid orbitals formed 90°
from an s orbital and two
porbi ,tal s. The angle betvs{een (d) Five spd hybrids 120 Trigonal bipyramidal
them is 120°. (¢) sp” hybrid
orbitals formed from an s orbital
and three p orbitals. The angle

between them is 109.5°.

(d) sp*d hybrid orbitals formed
from an s orbital, three
p orbitals, and a 4 orbital.
The orbitals point toward the
‘(,:)i;jzoﬁ;btr?f(giligif };:;2:3 (e) Six sp%d? hybrids Octahedral
from an s orbital, three
p orbitals, and two 4 orbitals.
A

The orbitals point toward the Il angles = 90°
vertices of an octahedron.

orbitals of the same atom combine with each other to produce new orbitals with the correct
orientations when bonds are formed.

Atomic orbitals (s, p, and &) are the basic building blocks of chemical bonds. To
account for the variety of molecular shapes, we often must blend two or more of these basic
building blocks to form hybrid atomic orbitals.” The new orbitals have new shapes and
new directional properties, and they can be overlapped to give structures that have bond
angles that match those found by experiment. It’s important to realize that hybrid orbitals
are part of the valence bond zheory. They can’t be directly observed in an experiment.
We use them to describe molecular structures that have been determined experimentally.

Figure 9.19 shows the approximate shapes and orientations of five important kinds of
hybrid orbitals. You may recognize them as being the same as the orientations of electron
domains predicted by the VSEPR model. This is as it should be, of course, because both
theories are used to describe the same molecular structures; if they didn't agree with each
other, we would have to discard the one that gave incorrect results.

2 Mathematically, hybrid orbitals are formed by the addition and subtraction of the wave functions for the
basic atomic orbitals. This process produces a new set of wave functions corresponding to the hybrid orbitals.
The hybrid orbital wave functions describe the shape and directional properties of the orbitals.

o
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In identifying hybrid orbitals, we specify which kinds of pure atomic orbitals, as well
as the number of each, that are mixed to form the hybrids. Thus, hybrid orbitals labeled
sp°d?* are formed by blending one s orbital, three p orbitals, and two 4 orbitals. 7he total
number of hybrid orbitals in a set is equal to the number of basic atomic orbitals used to form
them. Therefore, a set of sp°d? hybrids consists of six orbitals, whereas a set of 5p* orbitals
consists of four orbitals.

Figure 9.20 illustrates how an s and p orbital mix to form a set of two sp hybrid In general, the greater the
orbitals. Notice that each of the hybrid orbitals has the same shape; each has one large lobe  overlap of two orbitals, the
and another much smaller one. The large lobe extends farther from the nucleus than either ~ stronger is the bond. At a given
the s or p orbital from which the hybrid was formed. This allows the hybrid orbital to over- dismnci betvvsen nuclei, the
lap more effectively with an orbital on another atom when a bond is formed. Therefore, ~8reater “feach” of a hybrid orbital
hybrid orbitals form stronger, more stable bonds than would be possible if just simple &V betterb(?velrlap than cicher
atomic orbitals were used. In fact, the strength of these bonds is in good agreement with an sorp orbital.
bond strengths that are determined experimentally.

Another point to notice in Figure 9.20 is that the large lobes of the two sp hybrid
orbitals point in opposite directions; that is, they are 180° apart. If bonds are formed by
the overlap of these hybrids with orbitals of other atoms, the other atoms will occupy
positions on opposite sides of this central atom. Let’s look at a specific example, the linear
beryllium hydride molecule, BeH,, as it would be formed in the gas phase.?

The orbital diagram for the valence shell of beryllium is

e (1) OO0

Notice that the 2s orbital is filled and the three 2p orbitals are empty. For bonds to form
at a 180° angle between beryllium and the two hydrogen atoms, two conditions must be
met: (1) the two orbitals that beryllium uses to form the Be—H bonds must point in
opposite directions, and (2) each of the beryllium orbitals must contain only one electron.
In satisfying these requirements, the electrons of the beryllium atom become unpaired and
the resulting half-filled s and p atomic orbitals become hybridized.

2s 2p

Q9

Mixing or hybridizing
an s and a p orbital of
the same atom

These two sp
hybrid orbitals
actually have
the same center.

sp hybrid sp hybrid

Formation of
sp hybrid orbitals. Mixing of
the 25 and 2p atomic orbitals
produces a pair of sp hybrid
orbitals. The large lobes of
these orbitals point in
opposite directions.

Orientation of the

two sp hybrid orbitals
with respect to the
nucleus and each other

3In the solid state, BeH, has a complex structure not consisting of simple BeH, molecules.

o
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2s 2p

Be @ @Q@ (Electrons become unpaired.)

These form
a set of
sp hybrids
Be @@ QQ (sp hybrids are formed.)
unhybridized

2p orbirals

Now the 1s orbitals of the hydrogen atoms can overlap with the sp hybrids of beryllium to
form the bonds, as shown in Figure 9.21. Because the two sp hybrid orbitals of beryllium
are identical in shape and energy, the two Be—H bonds are alike except for the directions
in which they point, and we say that the bonds are equivalent. Since the bonds point
in opposite directions, the linear geometry of the molecule is also explained. The orbital
diagram for beryllium in this molecule is

Be (in BeH,) @@ QQ (Colored arrows are H electrons.)

unhybridized
2p orbirals

Even if we had not known the shape of the BeH, molecule, we could have obtained
the same bonding picture by applying the VSEPR model first. The Lewis structure for
BeH, is H:Be:H, with two bonding domains around the central atom, so the molecule is
linear. Once the shape is known, we can apply the VB theory to explain the bonding in

1s sp sp ls

(a)

{15050 Bonding in BeH,

according to valence bond
theory. Only the larger lobe of ) l

each sp hybrid orbital is shown.

(@) The two hydrogen 1s orbitals
approach the pair of sp hybrid

orbitals of beryllium. (4) Over-

lap of the hydrogen 1s orbitals

with the sp hybrid orbitals.

(¢) A representation of the

distribution of electron density

in the two Be—H bonds after

they have been formed. (c)
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terms of orbital overlaps. Thus, the VB theory and VSEPR model complement each other
well. The VSEPR model allows us to predict geometry in a simple way, and once the geom-
etry is known, it is relatively easy to analyze the bonding in terms of VB theory.

EXAMPLE 9.7

Explaining Bonding with
Hybrid Orbitals

Methane, CHy, is a tetrahedral molecule. How is this explained in terms of valence bond
theory?

No pure atomic orbitals have the correct orientations to form a tetrahedral
molecule, so we expect hybrid orbitals will be used. Our tool is Figure 9.19, which permits us
to select which hybrids are appropriate based on the geometry of the molecule. Then we can
use the orbital diagram of carbon to follow the changes leading to bond formation.

m The tetrahedral structure of the molecule suggests that sp? hybrid orbitals are

involved in bonding. Let’s examine the valence shell of carbon.
c (1 OO0
2s 2p

To form four C—H bonds, we need four half-filled orbitals. Unpairing the electrons in the 2
and moving one to the vacant 2p orbital satisfies this requirement. Then we can hybridize all
the orbitals to give the desired sp® set.

2s 2p
C @ m (Electrons become unpaired.)
[ |
[

These become

hybridized.
l

0000

sp® hybrids

Then we form the four bonds to hydrogen 1s orbitals.

C (in CHy) mmmm (Colored arrows are H electrons.)
@

This is illustrated in Figure 9.22. Formation of

o the bonds in methane. Each
The positions of the hydrogen atoms around the carbon {4 results from the overlap

give the correct tetrahedral shape for the molecule. The Lewis structure for CHy shows four  of a hydrogen 15 orbital
bonding domains around the carbon atom, which is consistent with the idea of four sp3 orbitals  with an sp° hybrid orbital on
overlapping with hydrogen 1s orbitals to form four bonds. the carbon atom.

Region of overlap

Practice Exercise 11: The BCl; molecule has a planar triangular shape. What kind of
hybrid orbitals does boron use in this molecule? Use orbital diagrams to explain how the
bonds are formed. (Hint: Which kind of hybrid orbitals are oriented correctly to give this
molecular shape?)

Practice Exercise 12: In the gas phase, beryllium fluoride exists as linear molecules.
Which kind of hybrid orbitals does Be use in this compound? Use orbital diagrams to
explain how the bonds are formed.

o
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TO %
VSEPR model

and hybridization

The bonds in the
ethane molecule. (2) Overlap of
orbitals. (4) The degree of
overlap of the sp® orbitals in the
carbon—carbon bond is not
appreciably affected by the
rotation of the two CH; —
groups relative to each other
around the bond.

In methane, carbon forms four single bonds with hydrogen atoms by using sp* hybrid
orbitals. In fact, carbon uses these same kinds of orbitals in all of its compounds in which
it is bonded to four other atoms by single bonds. This makes the tetrahedral orientation of
atoms around carbon one of the primary structural features of organic compounds, and
organic chemists routinely think in terms of “tetrahedral carbon.”

In the alkane series of hydrocarbons (compounds with the general formula C H,, ; ,,
page 61), carbon atoms are bonded to other carbon atoms. An example is ethane, C,Hg.

T
H H
ethane

In this molecule, the carbons are bonded together by the overlap of sp* hybrid orbitals
(Figure 9.23). One of the most important characteristics of this bond is that the overlap
of the orbitals in the C— C bond is hardly affected at all if one portion of the molecule
rotates relative to the other around the bond axis. Such rotation, therefore, is said to occur
freely and permits different possible relative orientations of the atoms in the molecule.
These different relative orientations are called conformations. With complex molecules,
the number of possible conformations is enormous. For example, Figure 9.24 illustrates
three of the large number of possible conformations of the pentane molecule, CsH,,, one
of the low molecular weight organic compounds in gasoline.

We can use the VSEPR maodel to predict hybridization

We've seen that if we know the structure of a molecule, we can make a reasonable guess as
to the kind of hybrid orbitals that the central atom uses to form its bonds. Because the
VSEPR model works so well in predicting geometry, we can use it to help us obtain VB
descriptions of bonding. This is illustrated in the following example.

Overlap for
C—C bond

sp°-s

Overlap for
C—H bond
(a)
- H H
. an »
w
H ‘A ‘H 1k ‘
- = . H

There is free rotation
around this bond.

(b)
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Three of the
many conformations of
the atoms in the pentane
molecule, CsH,,. Free rotation
around single bonds makes
these different conformations
possible.

EXAMPLE 9.8

Using the VSEPR Model
to Predict Hybridization

Predict the shape of the sulfur hexafluoride molecule and describe the bonding in the mol-
ecule in terms of valence bond theory.

The rules of nomenclature tell us the chemical formula is SF;. Based on the for-
mula, we will write a Lewis structure for the molecule. This will permit us to determine its
geometry. Then we will examine Figure 9.19 to select the hybrid orbitals that fit this geometry.
Finally, we will write the orbital diagram for sulfur to determine which orbitals are used to form

the hybrids.

m Following the procedure discussed earlier, the Lewis structure for SFy is

The VSEPR model tells us the molecule should be octahedral, and referring to Figure 9.19, we
find that the hybrid set that fits this structure is sp°d>.
As before, let’s examine the valence shell of sulfur.

MOROOO
3s 3p

To form six bonds to fluorine atoms we need six half-filled orbitals, but we show only four
orbitals altogether. However, sp’4? orbitals tell us we need to look for & orbitals to include in
the set of hybrids.
An isolated sulfur atom has electrons only in its 3s and 3p subshells, so these are the only
ones we usually show in the orbital diagram. But the third shell also has a o subshell, which is
empty in a sulfur acom. Therefore, let’s rewrite the orbital diagram to show the vacant 34 Sulfur is able to exceed an octet
subshell. because of the availability of &

orbitals in its valence shell.
s () OOOO0O
3s 3p 3d
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Unpairing all of the electrons to give six half-filled orbitals, followed by hybridization, gives the
required set of half-filled sp’4? orbitals (Figure 9.25).

3s 3p
s D OOD ODOO0)  memmbeon
l ] i

unpaired.)
These become
hybridized.
l
. OOOOOD OO0 wemssr
The sp’d* hybrid formed.)
orbitals of sulfur in SF. spd? unhybridized

34 orbitals

Finally, the six S—F bonds are formed by overlap of the half-filled 2p orbitals of the fluorine
atoms with these half-filled sp’4* hybrids.

S (in SFy) (Colored arrows
OEEHHH® OO0

are F electrons.)
spid? unhybridized
3d orbitals

CRGIEEW R IR The fact that all the parts fit together so well to account

for the structure of SF,; makes us feel that our explanation of the bonding is reasonable.

Practice Exercise 13: What kind of hybrid orbitals are expected to be used by the cen-
tral atom in PCls? (Hint: Which hybrid orbitals have the same geometry as the molecule?)

Practice Exercise 14: What kind of hybrid orbitals are expected to be used by the
central atom in SiH4? Use orbital diagrams to describe the bonding in the molecule.

Practice Exercise 15: Use the VSEPR model to predict the shape of the AsCls
molecule and then describe the bonding in the molecule using valence bond theory.

Hybrid orbitals can be used to describe molecules
with nonbonding domains

Methane is a tetrahedral molecule with sp* hybridization of the orbitals of carbon and
H— C—H bond angles that are each equal to 109.5°. In ammonia, NH;, the H—N—H
bond angles are 107°, and in water the H—O —H bond angle is 104.5°. Both NH; and
H,0 have H—X—H bond angles that are close to the bond angles expected for a mole-
cule whose central atom has sp® hybrids. The use of sp® hybrids by oxygen and nitrogen,
therefore, is often used to explain the geometry of H,O and NHj.

2s 2p
o @ ®OD

Hybridization and bond formation occur.

O (in H,O) mmmm (Colored arrows

are H electrons.)
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Lone
pairs of
electrons —

(a) (b)

{1050 Hybrid orbitals can hold lone pairs of electrons. (2) In water, two lone pairs on
oxygen are held in sp? hybrid orbitals. (4) Ammonia has one lone pair in an sp* hybrid orbital.

2s 2p
N OROO0,
| i |
Hybridization and bond formation occur.

l

N (in NH;) mmmm (Colored arrows

@ are H electrons.)

According to these descriptions, not all of the hybrid orbitals of the central atom must be
used for bonding. Lone pairs of electrons can be accommodated in them too, as illustrated
in Figure 9.26. In fact, putting the lone pair on the nitrogen in an sp? hybrid orbital gives
a geometry that agrees well with the experimentally determined structure of the ammonia
molecule.

EXAMPLE 9.9

Explaining Bonding with
Hybrid Orbitals

Use valence bond theory to explain the bonding in the SF; molecule.

Once again, our primary tool in answering the question is the Lewis structure,
which will tell us the number of electron domains around the central atom. We'll use this
information to select the kinds of hybrid orbitals used by sulfur in the molecule. Then we can
construct the orbital diagrams as before.

BT Lecs begin by constructing the Lewis structure for the molecule. Following the

usual procedure, we obtain

The VSEPR model predicts that the electron pairs around the sulfur should be in a trigonal
bipyramidal arrangement, and the only hybrids that fit this geometry are sp’d. To see how they
are formed, we look at the valence shell of sulfur, including the vacant 34 subshell.

s (W 0000
3s 3p 3d

o
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To form the four bonds to fluorine atoms, we need four half-filled orbitals, so we unpair the
electrons in one of the filled orbitals. This gives

C @ OO0 0000

Next, we form the hybrid orbitals. In doing this, we use all the valence shell orbitals that have
electrons in them.

Joloooloeees

These becom

7 hybridized.
Lone [ l
pair____
O s WEOO® OOO0
\

\\\ : — sp’d unhybridized

S~ __ s :I\-Q 34 orbitals

i

f H Now, four S—F bonds can be formed by overlap of half-filled 2p orbitals of fluorine with the

sp’d hybrid orbitals of sulfur.

9
o @ODDD COCOD @t

The structure of SF, are F electrons.)
lone pair _T {de unhybridized
3d orbitals

CRGIEEUEER LR Counting electrons in the Lewis structure gives a total of

34, which is how many electrons are in the valence shells of one sulfur and four fluorine atoms,
so the Lewis structure appears to be correct. The rest of the answer flows smoothly, so the bond-
ing description appears to be reasonable.

Practice Exercise 16: What kind of orbitals are used by Xe in the XeF; molecule?
(Hint: An Xe atom has eight valence electrons.)

Practice Exercise 17: What kind of hybrid orbitals would we expect the central atom
to use for bonding in (a) PCl; and (b) CIF5?

Hybrid orbitals can be used to explain the formation
of coordinate covalent bonds

In Section 8.6 we defined a coordinate covalent bond as one in which both of the shared
electrons are provided by just one of the joined atoms. Such a bond is formed when boron
trifluoride, BF;, combines with an additional fluoride ion to form the tetrafluoroborate
ion, BF, .

BF, + F- — BF,~

tetrafluoroborate ion

o
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We can diagram this reaction as follows:
SR LR
: F : : F :

As we mentioned previously, the coordinate covalent bond is really no different from any
other covalent bond once it has formed. The distinction is made only for bookkeeping pur-
poses. One place where such bookkeeping is useful is in keeping track of the orbitals and
electrons used when atoms bond together.

The VB theory requirements for bond formation—two overlapping orbitals sharing The tetrahedral
two paired electrons—can be satisfied in two ways. One, as we have already seen, is by the ~ structure of the BF, ion.
overlapping of two half-filled orbitals. This gives an “ordinary” covalent bond. The other
is by overlapping one filled orbital with one empty orbital. The atom with the filled orbital
donates the shared pair of electrons, and a coordinate covalent bond is formed.

The structure of the BF, ion, which the VSEPR model predicts to be tetrahedral
(Figure 9.27), can be explained as follows. First we examine the orbital diagram for boron.

2s 2p
s (W OO
To form four bonds, we need four hybrid orbitals arranged tetrahedrally around the boron,
so we expect boron to use sp® hybrids. Notice we spread the electrons out over the hybrid

orbitals as much as possible.
s (OO0
sp°

Boron forms three ordinary covalent bonds with fluorine atoms plus one coordinate
covalent bond with a fluoride ion.

coordinate covalent bond—
both electrons from F~

}
B (in BE, ) mm@m (Colored arrows

are fluorine electrons.)
P

Practice Exercise 18: If we assume nitrogen uses sp° hybrid orbitals in NHj, use
valence bond theory to account for the formation of NH " from NH; and H*. (Hint: Which
atom donates the pair of electrons in the formation of the bond between H* and NHj3?)
Practice Exercise 19: What is the shape of the PCl;~ ion? What hybrid orbitals are
used by phosphorus in PCl;? Draw the orbital diagram for phosphorus in PCl; .

HYBRID ORBITALS CAN BE USED TO DESCRIBE
MULTIPLE BONDS

The types of orbital overlap that we have described so far produce bonds in which the elec-
tron density is concentrated most heavily between the nuclei of the two atoms along an
imaginary line that joins their centers. Any bond of this kind, whether formed from the
overlap of s orbitals, p orbitals, or hybrid orbitals (Figure 9.28), is called a sigma bond
(or o bond).

o
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[[Z[E57 5027 Formation of o

bonds. Sigma bonds concentrate
electron density along the line
between the two atoms joined
by the bond. (2) From the over-
lap of s orbitals. (4) From the
end-to-end overlap of p orbitals.
(¢) From the overlap of hybrid
orbitals.

[ZE57 5150 Formation of a 7
bond. Two p orbitals overlap

sideways instead of end-to-end.
The electron density is

concentrated in two regions on
opposite sides of the bond axis.

Q
(@ s orbitals
m
(b) p orbitals I
(©) Hybrid orbitals

Sigma bonds

Another way that p orbitals can overlap is shown in Figure 9.29. This produces a bond
in which the electron density is divided between two separate regions that lie on opposite
sides of an imaginary line joining the two nuclei. This kind of bond is called a pi bond
(or 7 bond). Notice that a 77 bond, like a p orbital, consists of two parts, and each part
makes up just half of the 7 bond; it takes boh of them to equal one 7 bond. The forma-
tion of 7 bonds allows atoms to form double and triple bonds.

A double bond consists of a sigma bond and a pi bond
A hydrocarbon that contains a double bond is ethylene (also called ethene), C,Hy. It has
the Lewis structure

H H
\ /
C=C
/ \
H H
ethylene

The molecule is planar and each carbon atom lies in the center of a triangle surrounded by
three other atoms (two H and one C atom). A planar triangular arrangement of bonds
suggests that carbon uses sp* hybrid orbitals. Therefore, let’s look at the distribution of
electrons among the orbitals that carbon has available in its valence shell, assuming
sp* hybridization.

Overlap

Bond axis

One 1 bond consisting of
two separate regions of
electron density

o
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2s 2p
C @ @@@ (Electrons become unpaired for bond formation.)
| |

These become

hybridized.

\:
C @@@ @ (sp* hybrids are formed.)
e

unhybridized 2p orbital
(used to form o bonds)

Notice that the carbon atom has an unpaired electron in an unhybridized 2p orbital. This
p orbital is oriented perpendicular to the triangular plane of the sp? hybrid orbitals, as
shown in Figure 9.30. Now we can see how the molecule goes together.

The three sp? hybrid
orbitals and the
unhybridized p orbital

at each carbon in ethylene

120°

Forming the network of
o bonds in ethylene \

s—sp? overlap
to form C—H
G bonds

s—sp? overlap
to form C—H
o bonds

sp?—sp? overlap to
form a C—=C & bond

Forming the
n bond in
ethylene

H p orbitals

[[ZTE 510 The carbon—carbon double bond.
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The double bond is a little
like a hot dog on a bun.
The sigma bond is like the hot
dog, and the 7 bond is like the
two parts of the bun.

Restricted rotation around
double bonds affects the
properties of organic and
biochemical molecules.

Restricted

rotation around a double bond.
As the CH, group closest to us
rotates relative to the one at the
rear, the unhybridized p orbitals
become misaligned, as shown
here. This destroys the overlap
and breaks the 77 bond. Bond
breaking requires a lot of energy,
more than is available to the
molecule through the normal
bending and stretching of its
bonds at room temperature.
Because of this, rotation about
the double bond axis is hindered

or “restricted.”

The two filled sp* hybrids on
the oxygen become lone pairs on
the oxygen atom in the molecule.

The basic framework of the molecule is determined by the formation of ¢ bonds. Each
carbon uses two of its sp* hybrids to form o bonds to hydrogen atoms. The third sp* hybrid
on each carbon is used to form a o bond between the two carbon atoms, thereby
accounting for one of the two bonds of the double bond. Finally, the remaining unhy-
bridized 2p orbitals, one from each carbon atom, overlap to produce a 7 bond, which
accounts for the second bond of the double bond.

This description of the bonding in C,H accounts for one of the most important prop-
erties of double bonds: rotation of one portion of the molecule relative to the rest around
the axis of the double bond occurs only with great difficulty. The reason for this is illus-
trated in Figure 9.31. We see that as one CH, group is rotated relative to the other around
the carbon—carbon bond, the unhybridized p orbitals become misaligned and can no longer
overlap effectively. This destroys the 7 bond. In effect, then, rotation around a double bond
involves bond breaking, which requires more energy than is normally available to mole-
cules at room temperature. As a result, rotation around the axis of a double bond usually
doesn’t take place.

In almost every instance, a double bond consists of a 0 bond and a 7 bond. Another
example is the compound formaldehyde (the substance used as a preservative for biologi-
cal specimens and as an embalming fluid). The Lewis structure of this compound is

H
\ .
C=0
/ -
H
formaldehyde

As with ethylene, the carbon forms sp® hybrids, leaving an unpaired electron in an unhy-

bridized p orbital.
c (MWO® ®
sp*

unhybridized 2p orbital

The oxygen can also form sp? hybrids, with electron pairs in two of them and an unpaired
electron in the third. This means that the remaining unhybridized p orbital also has an
unpaired electron.

2s 2p
O @ (ground state of oxygen)
| |
I

These form sp* hybrids.

o Ww® @

sp? unhybridized 2p orbital

Figure 9.32 shows how the carbon, hydrogen, and oxygen atoms form the molecule.
As before, the basic framework of the molecule is formed by the o bonds. These determine
the molecular shape. The carbon—oxygen double bond also contains a 7 bond formed by
the overlap of the unhybridized p orbitals.

o
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H
N
H/ Unshared pairs
of electrons
FOrmaldehyde on oxygen in
sp? orbitals
sp?—sp? overlap to
form a C—0 & bond
Forming the
n bond in
formaldehyde

A3

A triple bond consists of a sigma bond and two pi bonds
An example of a molecule containing a triple bond is ethyne, also known as acetylene,
C,H, (a gas used as a fuel for welding torches).
H—C=C—H
ethyne
(acetylene)

In the linear acetylene molecule, each carbon needs two hybrid orbitals to form two o
bonds—one to a hydrogen atom and one to the other carbon atom. These can be provided
by mixing the 2s and one of the 2p orbitals to form sp hybrids. To help us visualize the
bonding, we will imagine that there is an xyz coordinate system centered at each carbon
atom and that it is the 2p, orbital that becomes mixed in the hybrid orbitals.

2s 2p, 2py 2p,

C @ m (Electrons become unpaired for bonding.)
|—|—l

These become

hybridized.
\A

c OO
P

Figure 9.33 shows how the molecule is formed. The sp orbitals point in opposite directions
and are used to form the o bonds. The unhybridized 2p, and 2p, orbitals are perpendicular
to the C— C bond axis and overlap sideways to form two separate 7 bonds that surround
the C— C o bond. Notice that we now have three pairs of electrons in three bonds—one
o bond and two 7 bonds—whose electron densities are concentrated in different places.
Also notice that the use of sp hybrid orbitals for the o bonds allows us to explain the linear
arrangement of atoms in the molecule.

00,

2p.  2p, (unhybridized)

[I50 == Bonding in
formaldehyde. The carbon—
oxygen double bond consists
of a 0 bond and a 7 bond.
The o bond is formed by
overlap of sp* hybrid orbitals.
Overlap of unhybridized

p orbitals on the two atoms
gives the 7 bond.

We label the orbitals p,, p,, and
2. just for convenience; they are
really all equivalent.

369
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o bond
H—C y
H—C=C—H
Acetylene
Forming the
c-bond
network in
acetylene
(a)
(b)
The 7 bonds
in acetylene
Two lobes of
one w bond Two lobes of
the other
7 bond

(c)

TO %
Analyzing bonding in

molecules

IS0 EET The carbon—carbon triple bond in acetylene. (2) The sp hybrid orbitals on the
carbon atoms are used to form sigma bonds to the hydrogen atoms and to each other. This
accounts for one of the three bonds between the carbon atoms. () Sideways overlap of
unhybridized 2p, and 2p, orbitals of the carbon atoms produces two 7 bonds. (¢) The two
bonds in acetylene after they've formed surround the o bond.

Similar descriptions can be used to explain the bonding in other molecules that have
triple bonds. Figure 9.34, for example, shows how the nitrogen molecule, N,, is formed.
In it, too, the triple bond is composed of one o bond and two 7 bonds.

A Brief Summary

On the basis of the preceding discussion, we can make some observations that are helpful
in applying the valence bond theory to a variety of molecules.

1. The basic molecular framework of a molecule is determined by the arrangement of its o bonds.
2. Hybrid orbitals are used by an atom to form its o bonds and to hold lone pairs of electrons.
3. The number of hybrid orbitals needed by an atom in a structure equals the number of

atoms to which it is bonded p/us the number of lone pairs of electrons in its valence shell.
4. When there is a double bond in a molecule, it consists of one o bond and one 7 bond.
5. When there is a triple bond in a molecule, it consists of one o bond and two 7 bonds.
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Each nitrogen has
an unshared pair
of electrons in its
other sp orbital. y

IN=N:
Nitrogen

The ¢ bond

in N, is made
by the overlap
of two sp hybrid
orbitals.

The = bonds in N,

Two lobes of
one m bond

Two lobes of
the other
7 bond

[0 5T Bonding in nitrogen. The triple bond in nitrogen, N, is formed like the
triple bond in acetylene. A sigma bond is formed by overlap of sp hybrid orbitals. The two
unhybridized 2p orbitals on each nitrogen atom overlap to give the two 7 bonds. On each
nitrogen, there is a lone pair of electrons in the sp hybrid orbital that’s not used to form the
sigma bond.

Practice Exercise 20: Consider the molecule below. What kind of hybl‘id orbitals are
used by atoms 1, 2, and 3? How many sigma bonds and pi bonds are in the molecule? (Hint:
Study the brief summary above.)

[

o
) S
7k o

Practice Exercise 21: Consider the molecule below. What kind of hybrid orbitals are
used by atoms 1, 2, and 3? How many sigma bonds and pi bonds are in the molecule?

o, Y

H—C=C—C=C—N—H
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The number of MOs formed is
always equal to the number of
atomic orbitals that are combined.

ls

MOLECULAR ORBITAL THEORY EXPLAINS
BONDING AS CONSTRUCTIVE INTERFERENCE
OF ATOMIC ORBITALS

9.7

Molecular orbital theory takes the view that a molecule is similar to an atom in one
important respect. Both have energy levels that correspond to various orbitals that can be
populated by electrons. In atoms, these orbitals are called atomic orbitals; in molecules,
they are called molecular orbitals. (We shall frequently call them MOs.)

In most cases, the actual shapes and energies of molecular orbitals cannot be deter-
mined exactly. Nevertheless, reasonably good estimates of their shapes and energies can be
obtained by combining the electron waves corresponding to the atomic orbitals of the
atoms that make up the molecule. In forming molecular orbitals, these waves interact by
constructive and destructive interference just like other waves we've seen. Their intensities
are cither added or subtracted when the atomic orbitals overlap.

Figure 9.35 illustrates the formation of molecular orbitals by the overlap of two 1s
orbitals. Notice that the #wo 15 atomic orbitals combine to give zwo MOs. In one MO, the
intensities of the electron waves add between the nuclei, which gives a buildup of electron
density that helps hold the nuclei near each other. Such an MO is called a bonding
molecular orbital. Electrons in bonding MOs tend to stabilize a molecule. In the other MO,
cancellation of the electron waves reduces the electron density between the nuclei, which
allows the nuclei to repel each other strongly. This is an antibonding molecular orbital.
Antibonding MO:s tend to destabilize a molecule when occupied by electrons.

Both MOs in Figure 9.35 have their maximum electron density on an imaginary line
that passes through the two nuclei, giving them properties of sigma bonds. MOs like this
are also designated as sigma (o), with a subscript showing which atomic orbitals make up the
MO. An asterisk indicates which is an antibonding MO. Thus, the bonding and antibond-
ing MOs formed by overlap of 1s orbitals are symbolized as 0|, and o {; respectively.

Bonding MOs are lower in energy than antibonding MOs formed from the same atomic
orbitals, as shown in Figure 9.35. When electrons populate molecular orbitals, they fill the
lower energy, bonding MOs first. The rules that apply to filling MOs are the same as those for
filling atomic orbitals: Electrons spread out over molecular orbitals of equal energy (Hund's rule)
and two electrons can only occupy the same orbital if their spins are paired. When filling the MOs,
we also have to be sure we've accounted for all of the valence electrons of the separate atoms.

Nodal plane
between nuclei

|
Cancellation of |
electron waves | .
reduces |
electron density |

between nuclei. o%, antibonding
Electron density
is additive
between

the nuclei.

Orbitals overlap.

615 bonding

Interaction of 1s atomic orbitals to produce bonding and antibonding molecular
orbitals. These are o-type orbitals because the electron density is concentrated along the imagi-
nary line that passes through both nuclei. The antibonding orbital has a nodal plane between the
nuclei where the electron density drops to zero.
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(@) (b)

Molecular orbital descriptions of H, and He,. (2) Molecular orbital energy level
diagram for H,. (4) Molecular orbital energy level diagram for He,.

Molecular orbital theory can explain why some molecules
exist and others do not

Figure 9.364 is an MO energy level diagram for H,. The energies of the separate 1s atomic
orbitals are indicated at the left and right; those of the molecular orbitals are shown in the
center. The H, molecule has two electrons, and both can be placed in the o, orbital.
The shape of this bonding orbital, shown in Figure 9.35, should be familiar. It’s the same
as the shape of the electron cloud that we described using the valence bond theory.

Next, let’s consider what happens when two helium atoms come together. Why can’t
a stable molecule of He, be formed? Figure 9.366 is the energy diagram for He,. Notice
that both bonding and antibonding orbitals are filled. In situations such as this there is a
net destabilization because the antibonding MO is raised in energy more than the bond-
ing MO is lowered, relative to the orbitals of the separated atoms. This means the total
energy of He, is larger than that of two separate He atoms, so the “molecule” is unstable
and immediately comes apart.

In general, the effects of antibonding electrons (those in antibonding MOs) cancel
the effects of an equal number of bonding electrons, and molecules with equal numbers of
bonding and antibonding electrons are unstable. If we remove an antibonding electron
from He, to give He,", there is a net excess of bonding electrons, and the ion should be
capable of existence. In fact, the emission spectrum of He, " can be observed when an
electric discharge is passed through a helium-filled tube, which shows that He," is present
during the electric discharge. However, the ion is not very stable and cannot be isolated.

Bond order is related to the difference in the number
of electron pairs in bonding and antibonding orbitals

The concept of bond order was introduced in Section 8.6 where it was defined as the
number of pairs of electrons shared between two atoms. To translate the MO description
into these terms, we compute the bond order as follows:

(number of bonding ¢”) — (number of antibonding ¢7)

Bond order =
ond order 2 electrons/bond

He

4@3 LS
MO bond order
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For the H, molecule, we have

2—0
Bond order = S =1

A bond order of 1 corresponds to a single bond. For He, we have
2—2
Bond order = —— =0
2
A bond order of zero means there is no bond, so the He, molecule is unable to exist. For
the He," ion, which is able to form, the calculated bond order is

2—1
Bond order = N = 0.5

Notice that the bond order does not have to be a whole number. In this case, it indicates
a bond character equivalent to about half a bond.

Molecular orbital theory successfully predicts
the properties of second period diatomics

The outer shell of a Period 2 element (Li through Ne) consists of 2s and 2p subshells. When
atoms of this period bond to each other, the atomic orbitals of these subshells interact
strongly to produce molecular orbitals. The 2s orbitals, for example, overlap to form o,
and o5 molecular orbitals having essentially the same shapes as the o, and o{; MOs,
respectively. Figure 9.37 shows the shapes of the bonding and antibonding MOs produced

> Y,

* *
o M 0N,

-

o

2px 2px L S n2pxorn2py
or or
(b)

IS0 EEET Formation of molecular orbitals by the overlap of p orbitals. (2) Two 2, orbitals that
point at each other give bonding and antibonding o-type MOs. (4) Perpendicular to the 2p, orbitals
are 2p, and 2p, orbitals that overlap to give two sets of bonding and antibonding 77-type MOs.

o
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* *
62pz 62pz

%5
%5

T3p, T3p, / /
\
'@Q@J OO0~ '@Q@" ,-QQQ- !
GZpZ 7 TCZPX n2py

0-sz
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N
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a

N

2
—

*iI] : E

=

O2s O2s

Atom A : Atom B Atom A

{

Atom B
Oos O2s
Molecular Molecular
orbitals orbitals
(a) (b)

Approximate relative energies of molecular orbitals in second period diatomic
molecules. (2) Li, through N,. (&) O, through Ne,.

when the 2p orbitals overlap. If we label those that point toward each other as 2p, a set of

bonding and antibonding MOs are formed that we can label as o7, and o3, . The 2p, and
2p, orbitals, which are perpendicular to the 2pz orbitals, overlap sideways to give T-type

molecular orbitals. They are labeled Ty, and 73, , and 7,, and 73, , respectively.

The approximate relative energies of the MOs formed from the second shell atomic
orbitals are shown in Figure 9.38. Notice that from Li to N, the energies of the Ty, and
T, orbitals are lower than the energy of the 075, . Then from O to Ne, the energies of the
two ) levels are reversed. The reasons for this are complex and beyond the scope of this book.

Using Figure 9.38, we can predict the electronic structures of diatomic molecules of
Period 2. These MO electron configurations are obtained using the same rules that are
applied to the filling of atomic orbitals in atoms.

How Electrons Fill Molecular Orbitals -iB; LS

1. Electrons fill the lowest energy orbitals that are available.

2. No more than two electrons, with spins paired, can occupy any orbital.

3. Electrons spread out as much as possible, with spins unpaired, over orbitals that have the
same energy.

How electrons fill MOs

Applying these rules to the valence electrons of Period 2 atoms gives the MO electron con-
figurations shown in Table 9.1. Let’s see how well MO theory performs by examining data
that are available for these molecules.

According to Table 9.1, MO theory predicts that molecules of Be, and Ne, should not
exist at all because they have bond orders of zero. In beryllium vapor and in gaseous neon,
no evidence of Be, or Ne, has ever been found. MO theory also predicts that diatomic mol-
ecules of the other Period 2 elements should exist because they all have bond orders greater
than zero. These molecules have, in fact, been observed. Although lithium, boron, and car-
bon are complex solids under ordinary conditions, they can be vaporized. In the vapor,
molecules of Liy, B,, and C, can be detected. Nitrogen, oxygen, and fluorine, as you know,
are gaseous elements that exist as N, O,, and F,.

o
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In Table 9.1, we also see that the predicted bond order increases from boron to car-
bon to nitrogen and then decreases from nitrogen to oxygen to fluorine. As the bond or-
der increases, the zer number of bonding electrons increases, so the bonds should become
stronger and the bond lengths shorter. The experimentally measured bond energies and bond
lengths given in Table 9.1 agree with these predictions quite nicely.

Molecular Orbital Populations and Bond Orders for Period 2 Diatomic Molecules?

Li,

Be, B, C, N, 0O, F, Ne,

Uzpz O
9%, O

o O
02: @

Number of 2
Bonding Electrons

Number of 0
Antibonding Electrons

Bond Order 1
Bond Energy (kJ/mol) 110
Bond Length (pm) 267

o O O O % O O @

w00 00 OO0 OO0 OO o OO OO OO

O O O @ ey, OO OO OO

BeE w00 00 OO OO ®® P o ® ® @

® ® ® ® o ® ® @
® ® ®© ® o ® O O

2 4 6 8 8 8 8
2 2 2 2 4 6 8
0 1 2 3 2 1 0
= 300 612 953 501 129 —
— 158 124 109 121 144 —

“ Although the order of the energy levels corresponding to the 075, , and the 7 bonding MOs become reversed at oxygen, either sequence would yield
the same result—a triple bond for N, a double bond for O,, and a single bond for F,.

Although MO theory handles
easily the bonding situations that
VB theory has trouble with,

MO theory loses the simplicity of
VB theory. For even quite simple
molecules, MO theory is too
complicated to make predictions
without extensive calculations.

Molecular orbital theory is particularly successful in explaining the electronic structure
of the oxygen molecule. Experiments show that O, is paramagnetic (it's weakly attracted to
a magnet) and that the molecule contains two unpaired electrons. In addition, the bond
length in O, is about what is expected for an oxygen—oxygen double bond. These data can-
not be explained by valence bond theory. For example, if we write a Lewis structure for O,
that shows a double bond and also obeys the octet rule, all the electrons appear in pairs.

:0::0: (not acceptable based on experimental
evidence because all electrons are paired)

On the other hand, if we show the unpaired electrons, the structure has only a single bond
and doesn’t obey the octet rule.

O : O (not acceptable based on experimental
evidence because of the O—O single bond)

With MO theory, we don’t have any of these difficulties. By applying Hund’s rule, the
two electrons in the 7* orbitals of O, spread out over these orbitals with their spins
unpaired because both orbitals have the same energy (see Table 9.1). The electrons in the
two antibonding 77* orbitals cancel the effects of two electrons in the two bonding 7
orbitals, so the net bond order is 2 and the bond is effectively a double bond.
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Bonding of heteronuclear diatomic molecules
is also explained by MO theory

As molecules become more complex, the simple application of MO theory becomes much
more difficult. This is because it is necessary to consider the relative energies of the indi-
vidual atomic orbitals as well as the orientations of the orbitals relative to those on other
atoms. Nevertheless, we can take a brief look at the MO descriptions of a couple of
diatomic molecules to see what happens when both atoms in the molecule are not the
same. Such molecules are said to be heteronuclear.

The MO description of HF is similar to that of valence bond theory

When we consider the possible interaction of the orbitals of different atoms to form
molecular orbitals, the first factor we have to consider is the relative energies of the orbitals.
This is because orbitals interact most effectively when they are of about equal energy;
the greater the difference in energy between the orbitals, the less the orbitals interact, and
the more the orbitals behave like simple atomic orbitals.

In HE the 1s orbital of hydrogen is higher in energy than either the 25 or 2p subshell of
fluorine, but it is closest in energy to the 2p subshell (Figure 9.39). Taking the z axis as the
internuclear axis, the hydrogen 15 orbital overlaps with the 2p, orbital of fluorine to give bond-
ing and antibonding o type orbitals, as illustrated in Figure 9.40. The 2p, and 2p, orbitals of
fluorine, however, have no orbitals on hydrogen with which to interact, so they are unchanged
when the molecule is formed. These two orbitals are said to be nonbonding orbitals because
they are neither bonding nor antibonding; they have no effect on the stability of the molecule.

In the MO description of HE we have a pair of electrons in the bonding MO formed
by the overlap of the hydrogen 1s orbital with the fluorine 2p, orbital. Earlier we saw that
valence bond theory explains the bond in HF in the same way, as a pair of electrons shared
between the hydrogen 1s orbital and a fluorine 2p orbital.

The MO energy diagram for CO is similar to that of Period 2

homonuclear diatomics

A homonuclear diatomic molecule is one in which both atoms are of the same element.
Examples are N, and O,. Carbon monoxide is a heteronuclear molecule, but both atoms
are from Period 2 and we expect the orbitals of the second shell to be the ones used to form

/ * \
/ N \
/ \
/
1s ﬂ% \\
\\ \ The 25 orbital of fluorine is so
\ \ much lower in energy than the 2p
? \ \ subshell that we don’t need to
5 \ ! consider its interaction with the
\ / amm hydrogen 1s orbital. That's why it
\\ 2p, 2p, // 2p, 2p, 2p, isn’t shown in the energy diagram.
@~
c
Hydrogen H—F Fluorine

Molecular orbital energy diagram for HE Only the 1s orbital of hydrogen and the
2p orbitals of fluorine are shown.
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Formation of o
and o™* orbitals in HF. Notice
that the antibonding o orbital
has a nodal plane between the
nuclei, which effectively
removes electron density from
the region between the nuclei
and, if occupied, leads to
destabilization of the molecule.

Nodal plane

/

1s 2p, \

the MOs. The orbital overlaps are similar to those of the homonuclear diatomics of Period
2, so the energy diagram resembles the one shown in Figure 9.384.

Because the outer shell electrons of oxygen experience a larger effective nuclear charge
than those of carbon, the oxygen orbitals will be somewhat lower in energy. This is shown
in Figure 9.41. There’s a total of 10 valence electrons (4 from carbon and 6 from oxygen)
to distribute among the MOs of the molecule. When we do this, there are 8 bonding elec-
trons and 2 antibonding electrons, so the net bond order is 3, corresponding to a triple
bond. As expected, it consists of a ¢ bond and two 7 bonds.

Practice Exercise 22: The molecular orbital energy level diagram for the cyanide ion,
CN, is similar to that of the Period 2 homonuclear diatomics. Sketch the energy diagram
for the ion and indicate the electron population of the MOs. What is the bond order in the
ion? How does this agree with the bond order predicted from the Lewis structure of the ion?
(Hint: How many valence electrons are there in the ion?)

Practice Exercise 23: The MO energy level diagram for the nitrogen monoxide mol-
ecule is essentially the same as that shown in Table 9.1 for O,, except the oxygen orbitals are
slightly lower in energy than the corresponding nitrogen orbitals. Sketch the energy diagram
for nitrogen monoxide and indicate which MOs are populated. Calculate the bond order
for the molecule. (Hint: Make adjustments to Figure 9.384.)

MOLECULAR ORBITAL THEORY USES
DELOCALIZED ORBITALS TO DESCRIBE
MOLECULES WITH RESONANCE STRUCTURES

One of the least satisfying aspects of the way valence bond theory explains chemical bond-
ing is the need to write resonance structures for certain molecules and ions. For example,
consider benzene, CgHy. As you learned earlier, this molecule has the shape of a ring whose
resonance structures can be written as

The MO description of bonding in this molecule is as follows: The basic structure of
the molecule is determined by the sigma-bond framework, which requires that the car-
bon atoms use sp* hybrid orbitals. This allows each carbon to form three o bonds (two to
other C atoms and one to an H atom). Each carbon atom is left with a half-filled unhy-
bridized p orbital perpendicular to the plane of the ring. These p orbitals overlap to give

o
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a delocalized m-electron cloud (a delocalized molecular orbital) that looks something
like two doughnuts with the sigma-bond framework sandwiched between them (Figure

9.42). The delocalized nature of the pi electrons is the reason we usually represent the
structure of benzene as

One of the special characteristics of delocalized bonds is that they make a molecule or
ion more stable than it would be if it had localized bonds. In Section 8.7 this was described
in terms of resonance energy. In the molecular orbital theory, we no longer speak of
resonance; instead, we refer to the electrons as being delocalized. The extra stability that is

associated with this delocalization is therefore described, in the language of MO theory, as
the delocalization energy.

H H
N/
c—cC
H—C C—H
120°

120° C+C

%12@’ \H

H

o-bond network p orbitals ready Delocalized & electrons
in benzene to overlap
(a) (b) (c)

Approximate
molecular orbital energy dia-
gram for carbon monoxide. The
oxygen orbitals are lower in en-
ergy than the corresponding car-
bon orbitals. The net bond
order for CO is 3.

Functionally, the terms
resonance energy and delocalization
energy are the same; they just
come from different approaches to
bonding theory.

Benzene. (2) The
o-bond framework. All atoms lie
in the same plane. (6) The unhy-
bridized p orbitals at each carbon
prior to side-to-side overlap.

(¢) The double doughnut-shaped
electron cloud formed by the
delocalized 7 electrons.
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SUMMARY

Molecular Shapes and VSEPR Theory. The structures of
most molecules can be described in terms of one or another of five
basic geometries: linear, planar triangular, tetrahedral, trigonal
bipyramidal, and octahedral. The VSEPR theory predicts
molecular geometry by assuming that electron domains—regions
of space that contain bonding electrons, unpaired valence elec-
trons, or lone pairs—stay as far apart as possible from each other,
while staying as close as possible to the central atom. Figures 9.4,
9.5,9.7,and 9.10 illustrate the structures obtained with different
numbers of groups of electrons in the valence shell of the central
atom in a molecule or ion and with different numbers of lone
pairs and attached atoms. The correct shape of a molecule or poly-
atomic ion can usually be predicted from the Lewis structure.

Molecular Shape and Molecular Polarity. A molecule that
contains identical atoms attached to a central atom will be non-
polar if there are no lone pairs of electrons in the central atom’s
valence shell. It will be polar if lone pairs are present, except in two
cases: (1) when there are three lone pairs and two attached atoms,
and (2) when there are two lone pairs and four attached atoms. If
all the atoms attached to the central atom are not alike, the
molecule will usually be polar.

Valence Bond (VB) Theory. According to VB theory, a cova-
lent bond is formed between two atoms when an atomic orbital
on one atom overlaps with an atomic orbital on the other and a
pair of electrons with paired spins is shared between the overlap-
ping orbitals. In general, the better the overlap of the orbitals, the
stronger the bond. A given atomic orbital can only overlap with
one other orbital on a different atom, so a given atomic orbital can
only form one bond with an orbital on one other atom.

Hybrid Atomic Orbitals. Hybrid orbitals are formed by mix-
ing pure s, p, and 4 orbitals. Hybrid orbitals overlap better with
other orbitals than the pure atomic orbitals from which they are
formed, so bonds formed by hybrid orbitals are stronger than
those formed by ordinary atomic orbitals. Sigma bonds (o bonds)
are formed by the following kinds of orbital overlap: s—s, s—p, end-
to-end p—p, and overlap of hybrid orbitals. Sigma bonds allow free
rotation around the bond axis. The side-by-side overlap of p
orbitals produces a pi bond (7 bond). Pi bonds do not permit free
rotation around the bond axis because such a rotation involves
bond breaking. In complex molecules, the basic molecular frame-
work is built with o bonds. A double bond consists of one o bond
and one 7 bond. A triple bond consists of one o bond and two 7

bonds.
Molecular Orbital (MO) Theory. This theory begins with the

supposition that molecules are similar to atoms, except they have
more than one positive center. They are treated as collections of
nuclei and electrons, with the electrons of the molecule distrib-
uted among molecular orbitals of different energies. Molecular
orbitals can spread over two or more nuclei, and can be consid-
ered to be formed by the constructive and destructive interference
of the overlapping electron waves corresponding to the atomic
orbitals of the atoms in the molecule. Bonding MOs concentrate
electron density between nuclei; antibonding MOs remove elec-
tron density from between nuclei. Nonbonding MOs do not
affect the energy of the molecule. The rules for the filling of MOs
are the same as those for atomic orbitals. The ability of MO the-
ory to describe delocalized orbitals avoids the need for resonance
theory. Delocalization of bonds leads to a lowering of the energy
by an amount called the delocalization energy and produces
more stable molecular structures.

TlDLS FOR PROBLEM SOLVING

In this chapter you learned to apply the following concepts as tools in solving problems related to chemical bonding and
molecular structure. Study each one carefully so that you know what each is used for. When faced with solving a problem, recall
what each tool does and consider whether it will be helpful in finding a solution. This will aid you in selecting the tools you need.

Basic molecular shapes (pages 339-341) You need an understanding of the five basic geometries discussed. Practice drawing

them and be sure you know their names.

VSEPR model (page 341) Electron groups repel each other and arrange themselves in the valence shell of an atom to yield
minimum repulsions, which is what determines the shape of the molecule. This tool serves as the foundation for understanding the

VSEPR model.

Molecular shape and polarity (page 351) We can use molecular shape to determine whether a molecule will be polar or non-

polar. Refer to the summary on page 351.

Criteria for bond formation according to VB theory (page 352) A bond requires overlap of two orbitals sharing two
electrons with paired spins. Both orbitals can be half-filled, or one can be filled and the other empty. We use these criteria to

establish which orbitals atoms use when bonds are formed.
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The VSEPR model (page 341) and orientations of hybrid orbitals (page 356) These tools are interrelated. Lewis structures
permit us to use the VSEPR model to predict molecular shape, which then allows us to select the correct hybrid orbitals for the va-
lence bond description of bonding. After forming the Lewis structure, we determine the number of domains, from which we de-
rive the structure of the molecule or ion. A convenient way of doing this is to describe the VSEPR structure symbolically. In doing
this we represent the central atom by A, the atoms attached to the central atom by X, and lone pairs by £. We can then signify the
number of bonding and nonbonding domains around M as a formula MX,E,,, where 7 is the number of bonding domains and 7
is the number of nonbonding domains. The resulting formula is related to the structure of the molecule or ion, and to the hybrid
orbitals used by the central atom, as shown below. Practice sketching the structures, associating them with the appropriate general-
ized formula MX,E,,, and using the structures to select the appropriate set of hybrid orbitals.

MX,
sp
Linear

~ @
0

sp3
Tetrahedral

MX3
sp?
Planar
triangular

MX3E
sp3
Trigonal
pyramidal

MXs
sp3d
Trigonal bipyramidal

MXg
sp3d?
Octahedral

Seesaw or distorted

Q.
O

MXsE
sp3d?
Square pyramidal

o

MX, E
sp2?

Nonlinear (bent)

MX,E,
sp3
Nonlinear (bent)

Q

O

MX,E3
sp3d
Linear

MX,E,
sp3d?
Square planar
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Criteria for determining numbers of ¢ and 7 bonds and hybridization (page 370) The Lewis structure for a polyatomic
molecule lets us apply these criteria to determine how many o and 7 bonds are between atoms and the kind of hybrid orbitals
each atom uses. Remember that the shape of the molecule is determined by the framework of o bonds, with 77 bonds used in dou-

ble and triple bonds.

Calculating bond order in MO theory (page 373)

Bond order =

(number of bonding ¢) — (number of antibonding ¢")

2 electrons/bond

How electrons fill molecular orbitals (page 375) Electrons populate MOs following the same rules that apply to atomic or-
bitals in an atom. Use this tool to obtain the correct distribution of electrons over the MOs of a molecule or ion.

QUESTIONS,

PROBLEMS,

AND EXERCISES

Answers to problems whose numbers are printed in color are given in Appendix B. More challenging problems are marked with as-
terisks. ILW = Interactive Learningware solution is available at www.wiley.com/college/brady. OH = an Office Hours video is avail-

able for this problem.

REVIEW QUESTIONS

Shapes of Molecules

9.1 Sketch the following molecular shapes and give the various
bond angles in the structure: (a) planar triangular, (b) tetrahedral,
and (c) octahedral.

9.2 Sketch the following molecular shapes and give the bond
angles in the structure: (a) linear, and (b) trigonal bipyramidal.

VSEPR Theory

9.3 What is the underlying principle on which the VSEPR model
is based?

9.4 What is an electron domain?

9.5 How many bonding domains and how many nonbonding
domains are there in a molecule of formaldehyde, HCHO?

9.6 Sketch the following molecular shapes and give the various
bond angles in the structures: (a) T-shaped, (b) seesaw-shaped, and
() square pyramidal.

9.7 What arrangements of domains around an atom are expected
when there are (a) three domains, (b) six domains, (c) four
domains, or (d) five domains?

Predicting Molecular Polarity
9.8 Why is it useful to know the polarities of molecules?

9.9 How do we indicate a bond dipole when we draw the struc-
ture of a molecule?

9.10 Are all dissymmetric molecules polar?

9.11 What condition must be met if a molecule having polar
bonds is to be nonpolar?

9.12 Use a drawing to show why the SO, molecule is polar.

Modern Bonding Theories

9.13 What is the theoretical basis of both valence bond (VB)
theory and molecular orbital (MO) theory?

9.14 What shortcomings of Lewis structures and VSEPR theory
do VB and MO theories attempt to overcome?

9.15 What is the main difference in the way VB and MO
theories view the bonds in a molecule?

Valence Bond Theory
9.16 What is meant by orbital overlap?
9.17 What are the main principles of the valence bond theory?

9.18 Use sketches of orbitals to describe how VB theory would
explain the formation of the H—Br bond in hydrogen bromide.

Hybrid Orbitals

9.19 Why do atoms usually prefer to use hybrid orbitals for
bonding rather than pure atomic orbitals?

9.20 Sketch figures that illustrate the directional properties of the
following hybrid orbitals: (a) sp, (b) sp% (c) sp’, (d) sp°d, and
(e) sp*d™.

9.21 Why do Period 2 elements never use sp’4 or sp°d? hybrid
orbitals for bond formation?

9.22 What relationship is there, if any, between Lewis structures
and the valence bond descriptions of molecules?

9.23 How can the VSEPR model be used to predict the
hybridization of an atom in a molecule?

9.24 If the central oxygen in the water molecule did not use sp?
hybridized orbitals (or orbitals of any other kind of hybridization),
what would be the expected bond angle in H,O (assuming no
angle-spreading force)?

9.25 Using orbital diagrams, describe how sp® hybridization
occurs in each atom: (a) carbon, (b) nitrogen, and (c) oxygen. If
these elements use sp® hybrid orbitals to form bonds, how many
lone pairs of electrons would be found on each?

9.26 Sketch the way the orbitals overlap to form the bonds in
each of the following: (a) CHy, (b) NH;, and (¢) H,O. (Assume
the central atom uses hybrid orbitals.)

o
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9.27 We explained the bond angles of 107° in NHj; by using sp?
hybridization of the central nitrogen atom. Had the original
unhybridized p orbitals of the nitrogen been used to overlap with 1s
orbitals of each hydrogen, what would have been the H—N—H
bond angles? Explain.

9.28 Using sketches of orbitals and orbital diagrams, describe 5])2
hybridization at (a) boron and (b) carbon.

9.29 What two basic shapes have hybridizations that include &
orbitals?

Coordinate Covalent Bonds and VB Theory

9.30 The ammonia molecule, NHj, can combine with a hydro-
gen ion, H (which has an empty 1s orbital), to form the ammo-
nium ion, NH*. (This is how ammonia can neutralize an acid
and therefore function as a base.) Sketch the geometry of the
ammonium ion, indicating the bond angles.

9.31 How does the geometry around B and O change in the
following reaction? How does the hybridization of each atom
change?

III :é[:

I . ,
H—O: + 1|3—ql:—>H—Q—1|3—gl=

H :Cl:

:(;.]: :Q[:

Multiple Bonds and Hybrid Orbitals
9.32 How do o and 7 bonds differ?

9.33 Why can free rotation occur easily around a o-bond axis but
not around a 77-bond axis?

9.34 Using sketches, describe the bonds and bond angles in
ethylene, C,H,.

9.35 Sketch the way the bonds form in acetylene, C,H,.

9.36 How does VB theory treat the benzene molecule? (Draw
sketches describing the orbital overlaps and the bond angles.)

Molecular Orbital Theory
9.37 Why is the higher-energy MO in H, called an antibonding
orbital?

9.38 Using a sketch, describe the two lowest energy MOs of H,
and their relationship to their parent atomic orbitals.

9.39 Explain why He, does not exist but H, does.

9.40 How does MO theory account for the paramagnetism of gy 9.59 Ethylene

0,?

9.41 On the basis of MO theory, explain why Li, molecules can
exist but Be, molecules cannot. Could the ion Be,” exist?

9.42 What are the bond orders in (a) O,, (b) O, , and (c) C,*?

9.43 What relationship is there between bond order and bond
energy?

9.44 Sketch the shapes of the 7,, and 75, MOs.
9.45 What is a delocalized MO?

9.46 What problem encountered by VB theory does MO theory
avoid by delocalized bonding?

9.47 Draw the representation of the benzene molecule that indi-
cates its delocalized 7 system.

9.48 What effect does delocalization have on the stability of the
electronic structure of a molecule?

—p—

Questions, Problems, and Exercises

REVIEW PROBLEMS

9.50 Predict the shapes (a) NH, ™, (b) CO;>7, (¢) IF;, (d) By,
and (e) GaH;.

9.51 Predict the shapes of (a) SF3+, (b) NO; 7, (c) SOZ7, (d) O,
and (e) N,O.

W 9.52 Predict the shapes of (a) ECL", (b) AsFs, (c) AsF;, (d) SbH;,

and (e) SeO,.

9.53 Predict the shapes of (a) TeF,, (b) SbCl; , () NO,,
(d) PCL,", and (e) PO~

9.54 Predict the shapes of (a) 10, , (b) ICl,, (c) TeF,,
(d) SiO*~, and (e) IC, .

9.55 Predict the shapes of (a) CS,, (b) BrF;, (c) ICL;, (d) CIO; ",
and (e) SeO;.

9.56 Which of the following has a shape described by the figure
below? (a) I0,, (b) ICl,™, (c) SnCl,, (d) BrE,*

9.57 Which of the following has a shape described by the figure
below? (a) BrF;, (b) PF;, (c) NO;~, (d) SCl;~

9.58 Acetylene, a gas used in welding torches, has the Lewis struc-
ture H—C=C—H. What would you expect the H—C—C
bond angle to be in this molecule?

a gas used to ripen tomatoes artificially, has the
Lewis structure

H H

|
H—C=C—H

What would you expect the H—C—H and H—C—C bond
angles to be in this molecule? (Caution: Don’t be fooled by the
way the structure is drawn here.)

9.60 Predict the bond angle for each of the following. (a) Cl,O,
(b) H,0, (c) SO,, (d) I3, (e) NH,~

9.61 Predict the bond angle for each of the following. (a) HOCI,
(b) PH, ", (c) OCNT, (d) Os, (e) SnF,

Predicting Molecular Polarity

9.49 What is delocalization energy? How is it related to resonance W 9.62 Which of the following molecules would be expected to be

energy?

polar? (a) HBr, (b) POCIL, (c) CH,0, (d) SnCly, (e) SbCls

o
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9.63 Which of the following molecules would be expected to be
polar? (a) PBr3, (b) SO;, (c) AsCl;, (d) CIF;, (e) BCl,

9.64 Which of the following molecules or ions would be expected
to have a net dipole moment? (a) CINO, (b) XeF;", (c) SeBry,
(d) NO, (e) NO,

9.65 Which of the following molecules or ions would be expected
to have a net dipole moment? (a) H,S, (b) BeH,, (c) SCN™,
(d) CN7, (e) BrCl4

9.66 Explain why SF is nonpolar, but SFsBr is polar.
9.67 Explain why CH;Cl is polar, but CCly is not.

Valence Bond Theory

9.68 Hydrogen selenide is one of nature’s most foul-smelling sub-
stances. Molecules of H,Se have H—Se—H bond angles very
close to 90°. How would VB theory explain the bonding in H,Se?
Use sketches of orbitals to show how the bonds are formed. Illus-
trate with appropriate orbital diagrams as well.

0H 9.69 Use sketches of orbitals to show how VB theory explains the

bonding in the F, molecule. Illustrate with appropriate orbital
diagrams as well.

Hybrid Orbitals

9.70 Use orbital diagrams to explain how the beryllium chloride
molecule is formed. What kind of hybrid orbitals does beryllium

use in this molecule?

9.71 Use orbital diagrams to describe the bonding in (a) tin tetra-
chloride and (b) antimony pentachloride. Be sure to indicate
hybrid orbital formation.

O0H 9.72 Draw Lewis structures for the following and use the geom-

etry predicted by the VSEPR model to determine what kind of
hybrid orbitals the central atom uses in bond formation:
(a) ClO;, (b) SO;, and (c) OF,.

9.73 Draw Lewis structures for the following and use the geom-
etry predicted by the VSEPR model to determine what kind of
hybrid orbitals the central atom uses in bond formation:

(a) SbCl;, (b) BrCl;, and (c) XeF,.

9.74 Use the VSEPR model to help you describe the bonding in
the following molecules according to VB theory: (a) arsenic
trichloride and (b) chlorine trifluoride. Use orbital diagrams for
the central atom to show how hybridization occurs.

9.75 Use the VSEPR model to help you describe the bonding in
the following molecules according to VB theory: (a) antimony
pentafluoride and (b) selenium dichloride. Use orbital diagrams
for the central atom to show how hybridization occurs.

Coordinate Covalent Bonds and VB Theory

9.76 Use orbital diagrams to show that the bonding in SbF,~
involves the formation of a coordinate covalent bond.

9.77 What kind of hybrid orbitals are used by tin in SnCl*~?
Draw the orbital diagram for Sn in SnCl*~. What is the geome-
try of SnClg*?

Multiple Bonding and Valence Bond Theory

—p—

(a) Using a sketch, show the electron configuration of sp?
hybridized nitrogen just before the overlapping occurs to make
the double bond.

(b) Using sketches (and the analogy to the double bond in C,H,),
describe the two bonds of the carbon—nitrogen double bond.

(c) Describe the geometry of H,C=NH (using a sketch that
shows all expected bond angles).

9.79 A nitrogen atom can undergo sp hybridization and then
become joined to carbon by a triple bond to give the structural
unit — C=N:. This triple bond consists of one o bond and two
7 bonds.

(a) Write the orbital diagram for sp hybridized nitrogen as it
would look before any bonds form.

(b) Using the carbon—carbon triple bond as the analogy, and
drawing pictures to show which atomic orbitals overlap with
which, show how the three bonds of the triple bond in
—C=N: form.

(c) Again using sketches, describe all the bonds in hydrogen
cyanide, H—C=N:

(d) What is the likeliest H—C—N bond angle in HCN?

9.80 Tetrachloroethylene, a common dry-cleaning solvent, has
the formula C,Cly. Its structure is

icf'\ /’c{:
C=C

-/ N\ -

CL Cl

Use the electron domain and VB theories to describe the bonding

in this molecule. What are the expected bond angles?

9.81 Phosgene, COCl,, was used as a war gas during World War

I. It reacts with moisture in the lungs of its victims to form CO,

and gaseous HCI, which cause the lungs to fill with fluid. Phos-

gene is a simple molecule having the structure

joN

. s

0=cC
Cl

Describe the bonding in this molecule using VB theory.

9.82 What kind of hybrid orbitals do the numbered atoms use in
the following molecule?

@7 EC_ Cl \H

0H 9.83 What kinds of bonds (o, 77) are found in the numbered

bonds in the following molecule?

Ifj@|/@

H—C—C=C—C—C=C

Molecular Orbital Theory

/

H

I 9.84 Use the MO energy diagram to predict which in each pair

9.78 A nitrogen atom can undergo sp* hybridization when it U has the greater bond energy: (a) O, or O,", (b) O, or O, ", and

becomes part of a carbon—nitrogen double bond, as in H,C=NH.

() N, or N,".

o
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9.85 Assume that in the NO molecule the molecular orbital
energy level sequence is similar to that for O,. What happens to
the NO bond length when an electron is removed from NO to
give NO*?

9.86 In each of the following pairs, which substance has the longer
bond length? (a) N, or N, ", (b) NO or NO¥, (c) O, or O,~

9.87 Which of the following molecules or ions are paramagnetic?

@ O,", (b) Oy, (©) O, (d) NO, (¢) N,

9.88 Construct the MO energy level diagram for the OH mole-
cule assuming it is similar to that for HE How many electrons are
in (a) bonding MOs and (b) nonbonding MOs? What is the net
bond order in the molecule?

9.89 If boron and nitrogen were to form a molecule with the for-
mula BN, what would its MO energy level diagram look like, given
that the energies of the 2p orbitals of nitrogen are lower than those
of boron? If Figure 9.384 applies, would the molecule be paramag-
netic or diamagnetic? What is the net bond order in the molecule?

ADDITIONAL EXERCISES

OH 9.90 Formaldehyde has the Lewis structure

H

| .
H—C=0

What would you predict its shape to be?

9.91 The molecule XCl; is pyramidal. In which group in the
periodic table is element X found? If the molecule were planar tri-
angular, in which group would X be found? If the molecule were
T-shaped, in which group would X be found? Why is it unlikely
that element X'is in Group VI?

9.92 Antimony forms a compound with hydrogen that is called
stibine. Its formula is SbH; and the H—Sb—H bond angles are
91.3°. Which kinds of orbitals does Sb most likely use to form the
Sb—H bonds, pure p orbitals or hybrid orbitals? Explain your
reasoning.

9.93 Describe the changes in molecular geometry and hybridiza-
tion that take place during the following reactions:

(a) BF; + F~ —> BF,~

(b) PCls + CI- — PCl4~

(o) ICL + CI" —ICl,~

(d) PCl; + Cl, — PCls

() GH, + H,—> C,Hy

9.94 Which one of the following five diagrams best represents the
structure of BrCl,"?

P

(a) (b) (c)

—p—

Questions, Problems, and Exercises

(d) (e)

0H 9.95 Cyclopropane is a triangular molecule with C—C—C

bond angles of 60°. Explain why the o bonds joining carbon
atoms in cyclopropane are weaker than the carbon—carbon o
bonds in the noncyclic propane.

H\ /H
. C H H H
S 1
H—C—=C—H H—C—Cll—Cli—H
H H H H H

cyclopropane propane

9.96 Phosphorus trifluoride, PF;, has F— P —F bond angles of

97.8°.

(a) How would VB theory use hybrid orbitals to explain these
data?

(b) How would VB theory use unhybridized orbitals to account
for these data?

(c) Do cither of these models work very well?

9.97 A six-membered ring of carbons can hold a double bond but

not a triple bond. Explain.
cyclohexyne (unknown)

cyclohexene (exists)

*9.98 There exists a hydrocarbon called butadiene, which has the
molecular formula C;H; and the structure

H H
\ /
H c=cC
\C C/ \H
\
H H

The C=C bond lengths are 134 pm (about what is expected for
a carbon—carbon double bond), but the C—C bond length in
this molecule is 147 pm, which is shorter than a normal C—C
single bond. The molecule is planar (i.e., all the atoms lie in the
same plane).

(a) What kind of hybrid orbitals do the carbon atoms use in this
molecule to form the carbon—carbon bonds?

(b) Between which pairs of carbon atoms do we expect to find
sideways overlap of p orbitals (i.e., 7-type p—p overlap)?

(c) On the basis of your answer to part (b), do you expect to find
localized or delocalized 7 bonding in the carbon chain in this
molecule?

(d) Based on your answer to part (c), explain why the center car-
bon—carbon bond is shorter than a carbon—carbon single

bond.
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*9.99 The more electronegative are the atoms bonded ro the central
atom, the less are the repulsions between the electron pairs in the
bonds. On the basis of this statement, predict the most probable
structure for the molecule PCLF,. Do we expect the molecule to
be polar or nonpolar?

*9.100 A lone pair of electrons in the valence shell of an atom has a
larger effective volume than a bonding electron pair. Lone pairs
therefore repel other electron pairs more strongly than do bonding pairs.
On the basis of these statements, describe how the bond angles in
TeF, and BrF, deviate from those found in a trigonal bipyramid
and an octahedron, respectively. Sketch the molecular shapes of
TeF, and BrF; and indicate these deviations on your drawing.

*9.101 The two electron pairs in a double bond repel other electron
pairs more than the single pair of electrons in a single bond. On the
basis of this statement, which bond angles should be larger in
SO,Cl,, the O—S—0 bond angles or the CI—S—Cl bond
angles? (In the molecule, sulfur is bonded to two oxygen atoms
and two chlorine atoms. Hinz: Assign formal charges and work
with the best Lewis structure for the molecule.)

*9.102 A hybrid orbital does not distribute electron density symmet-
rically around the nucleus of an atom. Therefore, a lone pair in a
hybrid orbital contributes to the overall polarity of a molecule. On the
basis of these statements and the fact that NH; is a very polar mol-
ecule and NF; is a nearly nonpolar molecule, justify the notion
that the lone pair of electrons in each of these molecules is held in

an sp® hybrid orbital.

9.103 In a certain molecule, a p orbital overlaps with a & orbital
as shown below. Which kind of bond is formed, o or 7?2 Explain

your choice.

9.104 If we take the internuclear axis in a diatomic molecule to
be the z axis, what kind of p orbital (p,, P, Or p,) on one atom
would have to overlap with a 4., orbital on the other atom to give
a pi bond?

9.105 The peroxynitrite ion, OONO™, is a potent toxin formed
in cells affected by diseases such as diabetes or atherosclerosis. Per-
oxynitrite ion can oxidize and destroy biomolecules crucial for the
survival of the cell.

—p—

(a) Give the O—O—N and O—N—0 bond angles in per-
oxynitrite ion.

(b) What is the hybridization of the N atom in peroxynitrite ion?

(c) Suggest why the peroxynitrite ion is expected to be much less
stable than the nitrate ion, NO; .

EXERCISES IN CRITICAL
THINKING

9.106 Five basic molecular shapes were described for simple
molecular structures containing a central atom bonded to various
numbers of surrounding atoms. Can you suggest additional pos-
sible structures? Provide arguments about the likelihood that these
other structures might actually exist.

9.107 Compare and contrast the concepts of delocalization and
resonance.

9.108 Why doesn’t a carbon—carbon quadruple bond exist?

9.109 What might the structure of the iodine heptafluoride mol-
ecule be? If you can think of more than one possible structure,
which is likely to be of lowest energy based on the VSEPR model?

9.110 The F—F bond is weaker than the Cl—Cl bond. How
might the lone pairs on the atoms in the molecules be responsible
for this?

9.111 Molecular orbital theory predicts the existence of anti-
bonding molecular orbitals. How do antibonding electrons affect
the stability in a molecule?

9.112 The structure of the diborane molecule, B,Hg, is some-
times drawn as

H H H
N N\
B B
/N N\
H H H

There are not enough valence electrons in the molecule to form
eight single bonds, which is what the structure implies. Assuming
that the boron atoms use sp* hybrid orbitals, suggest a way that
hydrogen 1s orbitals can be involved in forming delocalized
molecular orbitals that bridge the two boron atoms. Use diagrams
to illustrate your answer. What would be the average bond order

in the bridging bonds?
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