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The molecular-orbital method that we applied to diatomic molecules provides 
a logical starting point for understanding polyatomic systems. The most 
general method for constructing molecular wave functions for polyatomic 
molecules is to use unhybridized atomic orbitals in linear combinations. 
Electrons in these molecular orbitals are not localized between two atoms of a 
polyatomic molecule, rather they are delocalized among several atoms. This is 
conceptually very different from the Lewis picture, in which two electrons 
between two atoms are equivalent to one chemical bond.

An alternative method for dealing with complex molecules is to use 
localized, two-atom molecular orbitals. For many applications the localized 
bond theory provides a simple framework for the discussion of ground-state 
properties, particularly molecular geometry. Thus in this chapter, after 
comparing the two models in the case of BeH2, we will emphasize the localized 
molecular-orbital methods.

4-1  BERYLLlUM HYDRIDE, BeH2

One of the simplest molecules that we can use to illustrate the delocalized 
molecular-orbital method is BeH2, for which we will assume a linear structure. 
As for a diatomic molecule, we label the molecular axis the Z axis (the 
Ha-Be-Hb line), as shown in Figure 4-1. The molecular orbitals for BeH2 
are formed by using the 2s and 2p beryllium valence orbitals and the 1s valence 
orbitals of Ha and Hb. The correct linear combinations for the bonding molec
ular orbitals are obtained by writing the combinations of 1sa and 1sb that 
match the algebraic signs on the lobes of the central beryllium atom's 2s and 
2pz orbitals, respectively. This procedure gives a bonding orbital that con- 
centrates electron density between the nuclei. Since the 2s orbital does not 
change sign over its spherical surface, the combination (1sa + 1sb) is appropriate 
for one bonding molecular orbital (see Figure 4-1). The 2pz orbital has a 
plus lobe along +Z and a minus lobe along -Z. Thus the proper combination 
of H orbitals for the second bonding molecular orbital is (1sa - 1sb), as shown 
in Figure 4-2.

We can describe the two σb molecular orbitals by the following molecular 
wave functions:

σsb ∝ [2s + λ1(1sa + 1sb)] 
σzb ∝ [2pz + λ2(1sa - 1sb)]

The corresponding antibonding molecular orbitals, σs* and σz*, will have nodes 
between the Be and the two H nuclei. That is, we will combine the beryllium 2s 
orbital with -(1sa + 1sb) and the beryllium 2pz orbital with -(1sa - 1sb).



4-1
Linear polyatomic molecule. (a) Coordinate system for BeH2. (b) Overlap of the hydrogen 
1s orbitals with the beryllium 2s orbital.

4-2
Overlap of the hydrogen 1s orbitals with the beryllium 2pz orbital.
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◄ 4-3
Spatial representations of the molecular orbitals of BeH2. The πx and πy orbitals shown at the 
bottom are not used in bonding.

Therefore the two σ* molecular orbitals are

σs* ∝ [2s - γ1(1sa + 1sb)] 
and

σz* ∝ [2pz - γ2(1sa - 1sb)]

since the beryllium 2s and 2pz orbitals are of much higher energy than the 
hydrogen 1s orbitals (H is more electronegative than Be), we can assume con
fidently that the electrons in the bonding orbitals of BeH2 spend more time 
around the hydrogen nuclei. In the antibonding orbitals an electron is forced 
into the vicinity of the beryllium nucleus. In other words, calculation of the 
coefficients of the valence orbitals in the molecular-orbital combinations would 
reveal that λ1 and λ2 are greater than γ1 and γ2, respectively.

The 2px and 2py beryllium orbitals are not used in bonding, because they 
are π orbitals in a linear molecule and hydrogen has no valence orbitals capable 
of forming π molecular orbitals. Therefore these orbitals are nonbonding in 
the BeH2 molecule. Spatial representations of the BeH2 molecular orbitals 
are shown in Figure 4-3.

The molecular-orbital energy-level scheme for BeH2, shown in Figure 4-4, 
is constructed as follows. The valence orbitals of the beryllium atom are 
indicated at the left of the diagram, with the lower-energy 2s orbital below the 
2p orbitals. The 1s orbitals of the two hydrogen atoms are placed on the right 
of the diagram. The 1s orbitals of hydrogen are placed lower than either 2s or 
2p orbitals of beryllium because of the difference in electronegativity of the two 
atoms. The molecular orbitals—bonding, nonbonding, and antibonding—are 
placed in the middle of the diagram. As usual, the bonding levels are of lower 
energy than the individual atomic orbitals, and the antibonding levels are of 
correspondingly higher energy. The energy of the 2px and 2py nonbonding 
Be orbitals does not change in our approximation scheme.

The ground state of BeH2 is found by placing the valence electrons in the 
most stable molecular orbitals of Figure 4-4. There are four valence electrons, 
two from beryllium (2s2) and two from the two hydrogen atoms. Therefore 
the ground-state electronic configuration is

(σsb)2(σzb)2

Thus in this description of the electronic structure of BeH2 the two electron-pair 
bonds are delocalized over the three atoms.
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4-2 LOCALIZED MOLECULAR ORBITALS FOR BeH2, BH3, AND CH4

A simpler approach to deducing the electronic structures of polyatomic mole
cules is the localized molecular-orbital method. We will develop this method 
first for BeH2 so that we can compare it with the general delocalized molecular 
orbital theory presented in the preceding section.

Instead of using the pure 2s and 2pz beryllium valence orbitals to make two 
delocalized bonding orbitals, we can construct two equivalent valence orbitals 
centered on Be, which are directed at Ha and Hb, respectively. This is accom- 
plished by hybridizing the 2s and 2p orbitals to give two equivalent sp hybrid 
orbitals, as shown in Figure 4-5. One hybrid orbital, spa, is directed at Ha 
and strongly overlaps the 1sa orbital. The other hybrid orbital, spb, is directed 
at Hb and strongly overlaps the 1sb orbital. In this scheme the two bonding 
molecular orbitals in BeH2 are formed by making two equivalent linear
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4-4
Relative orbital energies in BeH2.
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combinations, each of which is localized between two atoms:

spa + 1sa

spb + 1sb
The two localized molecular orbitals are shown in Figure 4-6. The four valence 
electrons participate in two localized electron-pair bonds, analogous to the 
Lewis structure for BeH2. Each of the linear sp hybrid orbitals has half s and 
half p character, and the two sp orbitals are sufficient to attach two hydrogen 
atoms to the central beryllium atom in BeH2.

Next we will consider the BH3 molecule (which is observed in a mass 
spectrometer as a fragment of the B2H6 molecule, Section 4-3) in which three 
hydrogen atoms are bonded to the central boron atom. In the localized 
molecular-orbital method this is accomplished by hybridizing the 2s and 2p 
orbitals of a boron atom to give three equivalent sp2 hybrid orbitals (Figure

4-5
Formation of two sp orbitals by linear combination of 2s and 
2pz orbitals.
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4-6
Localized electron-pair bonds for BeH2 that are formed from two equivalent sp hybrid orbitals 
centered at the Be nucleus. Each Be sp orbital forms a localized bonding molecular orbital 
with a hydrogen 1s orbital.

4-7).  Each sp2 hybrid orbital has one third s and two thirds p character. Since 
any two p orbitals lie in the same plane and the s orbital is nondirectional, the 
sp2 hybrid orbitals lie in a plane. The three sp2 hybrid orbitals form three 
equivalent, localized bonding orbitals with the three hydrogen 1s orbitals. 
Each of the sp2-1s bonding orbitals is occupied by an electron pair, as illustrated 
in Figure 4-8. Using hybrid-orbital theory, we would predict the structure of 
BH3 to be trigonal planar. The angle between the H-B-H internuclear lines, 
which is called the H-B-H bond angle, is expected to be 120°.

Methane, CH4, is an example of a molecule with four equivalent atoms 
attached to a central atom. All the carbon valence orbitals are needed to attach 
the four hydrogen atoms. Thus by hybridizing the 2s and the three 2p orbitals

4-7►  
Formation of three equivalent sp2 hybrid orbitals by 
linear combination of 2s and 2p orbitals. The sp2 
hybrid orbitals are trigonal planar.

Localized electron-pair bonds
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4-8
Localized electron-pair bonds in BH3.

4-9
Formation of four equivalent, tetrahedral sp3 hybrid orbitals.

Empty 2p orbital

sp2-1s bond

mixing

sp3 hybrid orbitals
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4-10
Localized electron-pair structure for CH4.

4-11
Tetrahedral molecular structure of CH4.

we obtain four equivalent sp3 hybrid orbitals (Figure 4-9). Each sp3 hybrid 
orbital has one fourth s and three fourths p character. The four sp3 orbitals 
are directed toward the corners of a regular tetrahedron, thus the sp3 orbitals 
are called tetrahedral hybrids. Four localized bonding orbitals can be made by 
combining each hydrogen 1s orbital with an sp3 hybrid orbital. The best 
overlap between the sp3 orbitals and the 1s orbitals is obtained by placing the 
four hydrogen atoms at the corners of a regular tetrahedron, as indicated in 
Figure 4-10. There are eight valence electrons (four from the carbon atom 
and one from each of the four hydrogen atoms) to distribute in the four localized 
bonding orbitals. These eight electrons account for the four equivalent, 
localized electron-pair bonds shown in Figure 4-10.

The structure of CH4 has been determined by several experimental methods, 
including neutron diffraction. All data reveal that the structure of CH4 is 
tetrahedral (Figure 4-11), which is completely consistent with localized bond- 
orbital theory. The H-C-H bond angle is 109°28' and the C-H bond length 
is 1.093 Å.

θ = 109º28'
R (C-H) = 1.093 Å
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A summary of localized bond-orbital theory for BeH2, BH3, and CH4 is 
given in Table 4-1.

4-3 HYDROGEN IN BRIDGE BONDS

Table 4-1. Localized orbital theory and molecular geometry

Example 
molecule

Groups 
attached to 
central atom

Hybrid orbitals 
appropriate for 
central atom Molecular geometry

BeH2 2 sp Linear
[angle (H-Be-H) = 180°]

BH3 3 sp2 Trigonal planar
[angle (H-B-H) = 120°]

CH4 4 sp3 Tetrahedral
[angle (H-C-H) = 109°28']

Of the three molecules discussed in the preceding section, only CH4 has a 
closed valence-shell bonding configuration. At normal temperatures and 
pressures both BeH2 and BH3 use their empty valence orbitals to form larger 
molecular aggregates. Beryllium hydride is a solid in which hydrogen atoms 
share electrons with adjacent beryllium atoms in "bridge" bonds, which may 
be represented as

In a sense each Be shares eight electrons in the solid, thereby achieving a closed 
valence shell.

Under ordinary conditions the compound of empirical formula BH3 has 
the molecular formula B2H6 and is called diborane. The experimentally 
determined structure of B2H6 reveals two types of hydrogen atoms, as shown in 
Figure 4-12. Two BH2 units are held together through two B-H-B bridge, 
or three-center, bonds. In the B2H6 structure the regular (or terminal) B-H 
bond length is shorter than the B---H distance in the bridge bonds.

One way to formulate the electronic structure of B2H6 employing localized 
molecular orbitals is shown in Figure 4-13. Each boron atom uses two sp3 
hybrid orbitals to attach the two terminal hydrogen atoms. Each of the 
remaining two sp3 orbitals forms a three-center bonding orbital with a hydrogen 
1s orbital and an sp3 orbital on the other boron atom. In this model (Figure 
4-12) the bridging hydrogen atoms are positioned above and below the plane 
of the connected BH2 fragments, as is observed experimentally.

114
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4-12
Bridging bonds in diborane. The arc from B through H to B represents a three-center electron- 
pair bond-one bonding molecular orbital spread over three nuclei with a capacity for two 
electrons. The B-H distance in the bridge bonds is 1.334 ± 0.027 Å, as compared to the 
terminal B-H bond length of 1.187 ± 0.030 Å.

4-13
A localized-orbital model of the three-center electron-pair bonds in diborane, B2H6. The 1s 
orbitals of bridging hydrogen atoms overlap with the sp3 hybrid orbitals on each B atom.
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4-14
Simple picture of the bonding in NH3 that uses only the nitrogen 2p orbitals.

4-4 LOCALIZED MOLECULAR ORBITAL THEORY FOR MOLECULES 
WlTH LONE ELECTRON PAIRS—NH3 AND H2O

The NH3 molecule is similar to CH4 in that it has four valence electron pairs 
associated with the central atom:

However, in NH3 not all of these electron pairs are equivalent. As we can see 
from its Lewis structure, NH3 has three N-H single bonds and one lone 
electron pair. It also is known that the three hydrogen atoms in NH3 are 
equivalent. One simple formulation of the bonding in NH3 involves three 
localized electron-pair bonds between the nitrogen 2p and the hydrogen 1s 
orbitals (Figure 4-14). In this model the lone electron pair is in the nitrogen 
2s orbital.
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4-15
Tetrahedral placement of four electron pairs in NH3 to 
minimize electronic repulsions.

4-16
Localized bond-orbital structure for NH3 
that uses sp3 hybrid orbitals for nitrogen.

Another simple bonding scheme for NH3 emphasizes minimizing the 
repulsions of the four valence electron pairs; the most stable arrangement for 
four electron pairs is tetrahedral (Figure 4-15). To accommodate the electrons 
in the tetrahedral arrangement, we use four equivalent sp3 hybrid orbitals on 
the nitrogen atom. In this model the nitrogen 2s orbital is involved in the N-H 
bonds. Each of the three N-H bonding orbitals is constructed from one nitrogen 
sp3 hybrid orbital and one hydrogen 1s orbital. The lone electron pair is 
assigned to the remaining sp3 hybrid orbital. This model of the electronic 
structure of NH3 is shown in Figure 4-16.

The two models of the electronic structure of NH3 allow us to predict 
different H-N-H bond angles, although both predictions give the same general 
molecular shape. By the molecular shape we mean the positions of the atoms, 
which we can determine experimentally, but not the placement of lone-pair 
electrons, which only can be inferred. From both the (2p + 1s) and (sp3 + 1s)

Lone pair
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4-17
A view of the trigonal pyramidal molecular 
structure of NH3.

4-18
Simple picture of the bonding in H2O. Only the oxygen 2p orbitals are used, thus an H-O-H 
bond angle of 90° is predicted.

R = 1.014 Å

118
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4-19
Localized-bond structure for H2O with sp3 
orbitals for oxygen. Using this model we 
predict an H-O-H bond angle of 109° 28'.

bonding schemes we predict that the molecular shape of NH3 is trigonal 
pyramidal. However, from the (2p + 1s) scheme, we predict an H-N-H bond 
angle of 90° (the angle between the p orbitals), whereas from the (sp3 + 1s) 
scheme, we predict the tetrahedral angle of 109° 28' (the angle between the sp3 
hybrid orbitals).

The experimentally determined molecular structure of NH3 is shown in 
Figure 4-17. Ammonia is trigonal pyramidal and the observed H-N-H bond 
angle is 107°, which is much closer to the tetrahedral angle predicted from the 
(sp3 + 1s) model. Thus we conclude that repulsions of valence electron pairs 
play an important role in determining molecular geometry. The N-H bond 
length is 1.014 Å, which is slightly shorter than the C-H bond length of 1.093 Å 
in CH4. This shorter N-H bond length is consistent with the fact that the 
nitrogen atom is smaller than the carbon atom.

A similar approach can be taken to deduce the electronic structure of the 
water molecule. The Lewis structure of H2O is 

with two H-O single bonds and two lone electron pairs. Since atomic oxygen 
has the valence electronic configuration 2s22p4, we can construct two localized 
electron-pair bonds, using (2p + 1s) bonding orbitals (Figure 4-18). In this 
scheme the lone electron pairs are in the (2s)2 and (2py)2 orbitals. If we consider 
the repulsions of the four electron pairs to be of primary importance, the 2s 
and the three 2p orbitals of oxygen must be hybridized to make four sp3 orbitals. 
Two (sp3 + 1s) bonding orbitals are formed between the oxygen atom and the 
two hydrogen atoms. The two lone electron pairs are equivalent and occupy 
the remaining two sp3 orbitals. This model of the electronic structure of H2O 
is shown in Figure 4-19.

Lone pairs
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From both electronic structural descriptions we predict correctly that the 
shape of the H2O molecule is angular. With the (2p + 1s) bonding scheme we 
predict an H-O-H bond angle of 90°, whereas with the (sp3 + 1s) bonding 
scheme the angle would be 109° 28'. The actual molecular geometry of H2O is 
illustrated in Figure 4-20. The observed H-O-H bond angle of 105° again 
is much closer to the angle predicted from the (sp3 + 1s) model, which minimizes 
the repulsions of the four electron pairs.

As the central atom in a molecule becomes larger the electrons in valence 
orbitals, on the average, are farther from each other. Consequently inter- 
electronic repulsions play a proportionately smaller role in determining molec
ular shapes. For example, a sulfur atom is effectively larger than atomic 
oxygen, and from atomic spectra it is known that interelectronic repulsions in 
the sulfur valence orbitals are substantially smaller than in the oxygen valence 
orbitals. This probably is the reason why the H-S-H bond angle in hydrogen 
sulfide (H2S) is 92°, which is much closer to the bond angle that is predicted

R = 0.958 Å

4-20
Angular molecular structure of H2O.

3s2 electrons

4-21
Simple 3p + 1s localized-bonding structure for 
H2S.
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from the (3p + 1s) bonding model (Figure 4-21). Apparently the repulsion of 
the two bonding electron pairs in H2S is much less than the repulsion of the 
two bonding pairs in H2O.

4-5  THE VALENCE-SHELL ELECTRON-PAIR REPULSION (VSEPR) 
METHOD AND MOLECULAR GEOMETRY

Our discussion of the bond angles in H2O and NH3 established the principle 
that bonding electron pairs and lone electron pairs will adopt a spatial arrange
ment that minimizes electron-pair repulsion. Application of this principle to 
predict molecular shapes commonly is called the valence-shell electron-pair 
repulsion (VSEPR) method.

The VSEPR method logically accompanies the localized molecular orbital 
theory. To apply the VSEPR method we simply count the number of lone 
electron pairs and the number of bonding σ electron pairs around the central 
atom in a polyatomic molecule. We will call the total number of electron pairs 
the steric number, SN. The sp, sp2, and sp3 hybrid orbitals are appropriate for 
molecules in which SN = 2, 3, and 4, respectively. For SN = 5, we must 
combine one s, three p, and one d valence orbitals to give five trigonal bi- 
pyramidal (sp3d) hybrid orbitals. A set of six equivalent, octahedrally directed 
sp3d2 orbitals is necessary for SN = 6. Examples of predicted molecular shapes 
from SN = 2 through SN = 6 are shown in Figure 4-22.

The placement of electron pairs for SN = 5 shown in Figure 4-22 deserves 
special comment. The spatial arrangement for five electron pairs is a trigonal 
bypyramid (sp3d hybrids), in which there are three equatorial and two axial 
positions. The shape of a molecule such as PF5 must be a trigonal bipyramid 
because there are no lone pairs. But where should we place the lone electron 
pair in SF4? According to the VSEPR method, the most prohibitive repulsion 
is (lone pair)-(lone pair), followed in order by (lone pair)-(bonded pair) and 
(bonded pair)-(bonded pair). Therefore in SF4 the "worst" repulsion is 
(lone pair)-(bonded pair), because there is only one lone pair. If we place the 
lone pair in one of the equatorial orbitals, it will repel only two bonded pairs 
at a 90° angle, whereas axial placement results in three 90o-angle repulsions:

three 90° interactions 
(axial placement of lone pair)

two 90° interactions 
(equatorial placement of lone pair)



4-22
Molecular shapes predicted from the VSEPR method.

SN
Number of 
lone pairs Orbital hybridization Molecular shape Example

2 0
sp

linear

BeH2, CO2

3 0 sp2

trigonal planar

SO3, BF3

3 1

angular

SO2, O3

4 0 sp3

tetrahedral

CH4, CF4, 
SO42-

4 1

trigonal pyramidal

NH3, PF3, 
AsCl3

4 2

angular

H2O, H2S, 
SF2

5 0 sp3d

trigonal bipyramidal

PF5, PCl5, 
AsF5



SN Number of 
lone pairs Orbital hybridization Molecular shape Example

5 1

sawhorse

SF4

5 2

T-shaped

ClF3

5 3

linear

XeF2, I3-,
IF2

6 0 sp3d2

octahedral

SF6, PF6-, 
SiF62-

6 1

square pyramidal

IF5, BrF5

6 2

square planar

XeF4, IF4-
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The 90o interactions are much larger than 120° or 180° interactions, because 
electron-pair repulsions fall off very rapidly as the distance between pairs 
increases (see Section 6-2). Therefore the VSEPR choice is equatorial place- 
ment of the lone electron pair, which results in a smaller number of 90° 
interactions. Similar reasoning leads to the placement of the second (e.g., 
ClF3) and third (e.g., I3-) lone pairs into equatorial orbitals and to the predicted 
shapes shown in Figure 4-22.

The VSEPR method is easy to use and gives the correct molecular shape 
for a remarkably large number of molecules. For example, all of the predicted 
shapes in Figure 4-22 are in agreement with experimentally determined 
molecular structures.

4-6 POLAR AND NONPOLAR POLYATOMIC MOLECULES

An example of a polar polyatomic molecule is H2O. Because the oxygen 
valence orbitals are of lower energy than the hydrogen 1s orbitals (oxygen is 
more electronegative than hydrogen), the electron pairs in the two O-H bonds 
are pulled more toward the oxygen atom. In addition, the oxygen atom has 
two lone pairs of electrons. The result is a separation of charge in the H2O 
molecule, in which the oxygen atom is relatively negative and the hydrogen 
atoms are relatively positive:

Because of the angular shape of H2O, the H-O bonds and lone-pair contri- 
butions combine, as shown in Figure 4-23, to give the dipole moment of 1.844 D.

A nonpolar molecule has zero (or nearly zero) dipole moment. A molecule 
such as H2, in which the bonding electron pair is shared equally by both atoms, 
has zero dipole moment and is nonpolar. Molecules in which valence electrons 
are shared unequally also may have zero dipole moments if the shapes of the 
molecules are symmetrical. An example is CCl4. The molecular and electronic 
structures of CCl4 are shown in Figure 4-24. since chlorine is more electro- 
negative than carbon, the bonding electron pairs are pulled toward the chlorine 
atoms. Thus each C-Cl unit has a small bond dipole moment. The bond 
dipoles can be resolved into equal and opposite CCl2 dipoles, as shown in 
Figure 4-25. The symmetrical (tetrahedral) molecular shape of CCl4 results in 
a zero dipole moment, thus CCl4 is nonpolar.

4-23 ►
Contributions to the 1.844 D dipole moment of 
H2O.

124
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4-25
Canceling bond dipoles in CCl4.

Bond dipoles

Total dipole moment

Lone pairs

4-24
Structure of CCl4.

sp3—p localized σ bond 
R = 1.761 Å

Zero resultant dipole moment
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Table 4-2. Molecular shapes and dipole moments of selected polyatomic 
molecules

Molecule Shape
Dipole 
moment, D Classification

CS2 Linear 0 Nonpolar
HCN Linear 2.98 Polar
COS Linear 0.712 Polar
BF3 Trigonal planar ~0 Nonpolar
SO3 Trigonal planar ~0 Nonpolar
CF4 Tetrahedral ~0 Nonpolar
CCl4 Tetrahedral ~0 Nonpolar
NH3 Trigonal pyramidal 1.47 Polar
PF3 Trigonal pyramidal 1.03 Polar
AsF3 Trigonal pyramidal 2.59 Polar
H2O Angular 1.85 Polar
H2S Angular 0.97 Polar
SO2 Angular 1.63 Polar
NO2 Angular 0.316 Polar
O3 Angular 0.53 Polar

In summary, polar molecules have bond dipoles that add to give a resultant 
nonzero dipole moment. Nonpolar molecules have either pure covalent bonds 
(equal sharing) or bond dipoles that cancel due to a symmetrical molecular 
shape. Table 4-2 gives the molecular shapes and the polarities of several 
representative polyatomic molecules.

4-7 SlNGLE AND MULTIPLE BONDS IN CARBON COMPOUNDS

Carbon atoms have a remarkable ability to form bonds with hydrogen atoms 
and other carbon atoms. Because a carbon atom has one 2s and three 2p 
valence orbitals, the structure around a carbon atom for full σ bonding is 
tetrahedral (sp3). If one hydrogen atom in CH4 is replaced with a CH3 group, 
the C2H6 (ethane) molecule is obtained. The C2H6 molecule contains one 
C-C bond, and the structure around each carbon atom is tetrahedral (sp3), as 
shown in Figure 4-26. By continually replacing hydrogen atoms with CH3 
groups, we obtain the many hydrocarbons with the full sp3 σ-bonding structure 
at each carbon atom. Such hydrocarbons are said to be saturated because each 
carbon atom uses its valence orbitals to attach the maximum number (4) of 
atoms through σ bonds.

Ethylene

In unsaturated organic molecules a carbon atom uses only three or two of its 
four valence orbitals for σ bonding. This leaves one or two 2p orbitals available
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4-26
Localized-bond structure for C2H6.

4-27
The σ-bond structure for C2H4.

4-28
Representation of the bonding in C2H4, using 
localized molecular orbitals with 2p-2p overlap to 
form a π bond.

for π bonding. For example, in ethylene, C2H4, there are three atoms around 
each carbon atom. One way to make localized molecular orbitals for C2H4 is 
first to use three sp2 hybrid orbitals for each carbon atom to form five σ bonds, 
four C-H bonds and one C-C bond (Figure 4-27). The σ bonds account for 
10 of the 12 valence electrons in C2H4. In this scheme each carbon atom has 
one valence p orbital not involved in σ bonding that is perpendicular to the 
set of sp2 orbitals. Thus the two 2p carbon orbitals in ethylene can overlap to 
form a π bonding molecular orbital. The 2p - 2p overlap is largest when the 
two sp2 orbital sets are oriented in the same plane, as shown in Figure 4-28.

5 σ-bonding pairs = 10 electrons
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4-29
The bonding and antibonding π molecular orbitals in C2H4. The π electronic structure of the 
ground state is (πb)2.

The remaining valence electron pair in C2H4 occupies the π bonding orbital. 
From the electronic structural model shown in Figure 4-28 we predict that the 
C2H4 molecule will have a planar structure, with H-C-H and H-C-C bond 
angles of 120°. From experimental data we know that the molecule is planar, 
and that the H-C-H bond angle is 117° and the H-C-C bond angle is 121° 31'. 
Thus the molecular structure of C2H4 is in close agreement with the predictions 
from the electronic structural model.

Unsaturated hydrocarbons such as ethylene absorb light at longer wave- 
lengths (lower energies) than do saturated hydrocarbons. For example, ethylene 
has an ultraviolet absorption peak at 1710 Å (58,500 cm-1), whereas ethane 
does not begin to absorb strongly before 1600 Å. This fact suggests that the 
separation between σ bonding and σ antibonding orbitals in hydrocarbons is 
larger than the separation between π bonding and π antibonding orbitals.

En
er
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For this reason it is common to ignore the σ* levels, as we have done, but to 
include both πb and π* orbitals in a molecular-orbital formulation of unsaturated 
hydrocarbons. Spatial representations and relative energies of the πb and π* 
orbitals of C2H4 are shown in Figure 4-29. On the basis of the π-orbital 
electronic structure of C2H4 we assign the absorption peak at 58,500 cm-1 to 
the electronic transition πb → π*.

If the π-electron system of an unsaturated hydrocarbon is more extensive 
than ethylene, the energy separation between the highest occupied πb orbital 
and the lowest unoccupied π* level becomes smaller, and energy absorption 
occurs at longer wavelengths. Such extensive π-electron systems are found in 
conjugated polyenes, compounds in which conventional structural formulas 
show alternate single and double bonds:

Polyenes having ten or more conjugated double bonds absorb visible light, 
hence they are colored. The pigments responsible for light perception in the 
human eye contain long, conjugated polyene chains, as do some vegetable 
pigments such as carotene, the colored substance in carrots.

Saturated and unsaturated carbon compounds differ considerably in the 
ease with which the molecules rotate around the carbon-carbon bonds. 
Rotation around the single bond in ethane requires very little energy, but 
rotation around the double bond in ethylene does not occur at an appreciable 
rate at temperatures below about 400°C. A rationalization of this restriction is 
the fact that rotation of the CH2 groups with respect to each other would twist 
the atomic 2p(π) orbitals out of alignment, thus essentially breaking the π bond 
(see Figure 4-28).

Acetylene
In acetylene, C2H2, there is only one carbon atom and one hydrogen atom 

attached to either carbon atom. Thus we use two sp hybrid orbitals from each 
carbon atom to form σ bonds. For C2H2 there are three σ bonds, one C-C 
bond and two C-H bonds. In addition there are two 2p orbitals on each 
carbon atom that are available to form two π bonds. The resulting electronic 
structure of C2H2 is shown in Figure 4-30. The observed molecular structure 
of C2H2 is linear, which is consistent with the electronic structural description.

To summarize, the double bond in C2H4 consists of one σ and one π bond, 
and the triple bond in C2H2 consists of one σ and two π bonds. The relationship 
between bond order (the number of bonds between two atoms), bond distance, 
and bond energy is illustrated clearly in the series C2H6, C2H4, and C2H2. As

conjugated polyene skeleton
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4-30
Localized-orbital representation of the bonding 
in C2H2 that shows the overlap of the two 2p 
orbitals on each carbon to form two π bonds.

the carbon-to-carbon bond order increases the bond length decreases, and the 
energy required to dissociate the HnC-CHn bond into two HnC fragments 
increases (see Table 4-3).

Table 4-3. ReIationship of bond order to bond length and bond 
energy in three hydrocarbons

Molecule

C-C 
Bond 
order

C-C Bond 
length, Å

HnC-CHn Bond 
energy,
kcal mole-1

C2H6 1 1.54 83
C2H4 2 1.35 125
C2H2 3 1.21 230

Benzene

The formula of benzene is C6H6, and the molecule has the planar structure 
shown in Figure 4-31. The planar hexagon of carbon atoms is an important 
molecular framework in structural chemistry, because it occurs in countless 
organic molecules. Therefore we will discuss the bonding and energy levels in 
the benzene molecule in detail.

Each carbon atom in the benzene ring is attached to two other carbon atoms 
and one hydrogen atom. Thus it is convenient to use sp2 hybrid orbitals for 
each carbon atom to form the σ-bonding network shown in Figure 4-32. 
since each carbon atom furnishes four valence electrons and each hydrogen 
atom furnishes one, there is one electron left for each carbon atom in a 2p
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4-31
Planar structure of C6H6.

4-32
σ-Bond network in the benzene molecule.
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4-33
π-Bond resonance structures for the benzene molecule.

4-34
2p(π) Valence orbitals in C6H6.

orbital perpendicular to the plane of the molecule. In a localized π-bonding 
scheme three localized electron-pair bonds can be formed in the ways shown 
in Figure 4-33, which depicts the localized π-bond structures.

The general expressions for the delocalized π molecular orbitals in benzene 
are given by appropriate linear combinations of the six 2p(π) valence orbitals.

The two Kekulé structures

The three Dewar structures
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Using the lettering system shown in Figure 4-34, we can formulate the bonding 
orbital of lowest energy as:

The highest-energy antibonding orbital has nodes between the nuclei:

The other molecular orbitals have energies between π1b and π3*:

The π molecular orbitals for benzene are shown in Figure 4-35. A calculation 
of the energies of the six π molecular orbitals gives the energy-level scheme for 
C6H6 that is shown in Figure 4-36.

There are a total of 30 valence electrons in benzene. Twenty-four electrons 
are used in σ bonding (six C-C bonds and six C-H bonds), thereby leaving six 
electrons for the π molecular orbitals shown in Figure 4-36. In the ground 
state the π electrons have the configuration (π1b)2(π2b)2(π3b)2, thereby giving a 
total of three π bonds. Therefore each carbon-carbon bond consists of one 
full σ bond and half a π bond. The carbon-carbon bond length in C6H6 is 
1.390 Å, which is between the C—C and C=C bond lengths.

Simplified representations for the bonding in benzene are shown in Figure 
4-37. Both the localized and delocalized bonding pictures are given for 
comparison. Benzene actually is more stable than might be expected for a 
system of six C-C single bonds and three C-C π bonds. This added stability 
is due to the delocalization of the electrons in the three π bonds over all six 
carbon atoms, as is evident from the molecular orbitals shown in Figure 4-35. 
If we did not allow the delocalization of electrons in C6H6, we would have a 
system of three isolated double bonds (only one of the Kekulé structures shown 
in Figure 4-37). An electron in a localized πb orbital of a C=C bond has less 
energy than an electron in a carbon 2p atomic orbital by an amount equal to 
that of an electron in a π2b or π3b molecular orbital of benzene. Because two 
electrons are placed in the π1b orbital the delocalization of three π bonds in 
C6H6 gives an added stability equal to twice the energy difference of the π2b and

133
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4-35
π Molecular orbitals for benzene.
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4-36
Energy-level scheme for the π molecular orbitals 
in benzene.

4-37
Simplified representations of bonding in a 
benzene molecule.

π1b levels. This ''resonance'' energy is computed to be equal to the energy of 
one isolated C-C π bond.

The so-called experimental resonance energy of benzene is obtained by 
adding the bond energies of the C-C, C=C, and C-H bonds and comparing 
the total with the experimentally known value for the heat of formation of 
benzene. The difference indicates that benzene is about 40 kcal mole-1 lower 
in energy than the sum of the bond energies for a system of six C-H, three C-C, 
and three isolated C=C bonds would suggest.

4-8 MOLECULAR SPECTROSCOPY

In addition to electronic energy levels, molecules possess energy levels associated 
with rotational (Figure 4-38) and vibrational motion (Figure 4-39). Generally, 
any linear polyatomic molecule can rotate around the three mutually per- 
pendicular axes through the center of gravity of the molecule, as shown in 
Figure 4-38. For the case of a linear molecule (a diatomic molecule must

Isolated 
carbon
2p orbital

Kekulé structures

Dewar structures

Simple molecular-orbital picture
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4-39
Vibrational motion in molecules.

Diatomic molecule

Diatomic 
molecule

Center of gravity

Linear 
triatomic 
molecule

Nonlinear 
triatomic 
molecule

Center of gravity
4-38
Rotational motion in molecules.

Nonlinear triatomic molecule

Linear triatomic molecule

S tretch antisym m etrical

S tre c h  s y mme tric a l

Bending (on axis)
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4-40
Generalized energy-level diagram for a molecule.

be linear), one of these axes lies on the line between the centers of the atoms, 
thus there are only two ways of rotation. Figure 4-39 shows the modes of 
vibration of diatomic, linear triatomic, and nonlinear triatomic molecules. 
Often it is helpful in discussing vibrations in molecules to treat the bonds 
between the atoms as springs, as shown.

A reasonable approximation for the total molecular energy is

Etotal = Eelectronic + Evibrational + Erotational

Figure 4-40 shows a generalized energy-level diagram for a molecule. Two 
electronic levels, E1 and E2, are shown with their vibrational and rotational 
levels. Separations between electronic energy levels usually are much larger 
than those between vibrational levels, which in turn are much larger than those 
between rotational levels. Electronic transitions correspond to absorption of 
radiation in the visible and ultraviolet portion of the spectrum, vibrational

Rotational levels

(First electronic excited level)

Vibrational levels
(Ground-state electronic level)

Typical electronic transitions

Typical vibrational transitions

Typical rotational transitions



138 PoIyatomic molecules 4-8

10
11

3.
33

0.
3 c

m
40

 jo
ul

e 
m

ol
e-

1
10

 c
al

 m
ol

e-
1

M
ic

ro
w

av
e 

→
   

   
   

   
   

   
   

   
   

   
   

   
In

fra
re

d 
→

(fa
r IR

)

H
ot

 w
ire

, e
tc

.

10
17

3.
3 ×

 10
6

3 n
m

30
 A

-1
 400

 eV

U
ltr

av
io

le
t →

(n
ea

r ∪
V)

 
(fa

r U
V)

La
m

p,
 et

c.
, g

ra
tin

g,
 ph

ot
ot

ub
e

G
am

m
a r

ay
s

N
uc

le
ar

 re
ac

tio
n,

 co
un

te
r

10
10

0.
33

3
3 c

m
4 

jo
ul

e m
ol

e-
1

1 c
al

 m
ol

e-
1

Kl
ys

tro
n,

 gu
id

e,
 ca

vi
ty 10

16
3.

3 x
 10

5

30
 nm

30
0 

Å
10

00
 kc

al
 m

ol
e

40
 eV

10
9

0.
03

33
30

 cm
0.

4 
jo

ul
e 

m
ol

e-
1

0.
1 c

al
 m

ol
e-

1

10
15

33
33

3
30

0 n
m

30
00

 Å
10

0 
kc

al
 m

ol
e-

1
4 

eV

10
8

0.
00

33
3 m 0.

04
 jo

ul
e m

ol
e-

1
0.

01
 ca

l m
ol

e-
1

R
ad

io
 →

(lo
ng

-w
av

e)
 (shor

t-w
av

e)
 (telev

is
io

n a
nd

 FM
) (U

H
F)

Va
cu

um
 tu

be
s,

 w
ire

s,
 an

te
nn

a,
 co

il

10
14

33
33

3 
μ

30
,0

00
 Å

10
 kc

al
 m

ol
e-

1
16

 kT
In

fra
re

d 
→

   
   
   
   
   
   
   
   
   
   
   
   
   
   
   
   
   
   
   
   
   
 V
is
ib
le
 →

(n
ea

r IR
) 

(re
d 

→
 b

lu
e)

La
m

p,
 pr

is
m

, g
ra

tin
g;

 ph
ot

ot
ub

e o
r 

ph
ot

og
ra

ph
ic

 pl
at

e

10
20

3.
3 x

 10
9

0.
03

 Å
40

0 k
eV

0.
4 M

eV
X 

ra
ys

 →
X-

ra
y t

ub
e,

 ph
ot

og
ra

ph
ic

 pl
at

e

10
7

3.
3 ×

 10
-4

30
 m

0.
00

4 
jo

ul
e 

m
ol

e-
1

10
13

33
3

30
 μ

1 kc
al

 m
ol

e-
1

1.
6 k

T

10
19

3.
3 ×

 10
8

0.
3 

Å
40

 ke
V

10
6

3.
3 x

 10
-5

30
0 m

40
00

 er
g m

ol
e-

1

(n
ot

 us
ed

)

10
12

33 30
0 

μ

0.
1 k

ca
l m

ol
e-

1
0.

16
 kT

10
18

3.
3 x

 10
7

3 
Å

4 k
eV

Fr
eq

ue
nc

y,
 se

c-
1

W
av

e n
um

be
r, c

m
-1

W
av

el
en

gt
h

En
er

gy

N
am

e

So
ur

ce
 an

d 
de

te
ct

or

Fr
eq

ue
nc

y,
 se

c-
1

W
av

e n
um

be
r, c

m
-1

W
av

el
en

gt
h

En
er

gy

N
am

e

So
ur

ce
 an

d 
de

te
ct

or

Fr
eq

ue
nc

y,
 se

c-
1

W
av

e n
um

be
r, c

m
-1

W
av

el
en

gt
h

En
er

gy

N
am

e
So

ur
ce

 an
d 

de
te

ct
or



4-8 MoIecuIar spectroscopy 139

4-41
Schematic of an infrared spectrophotometer.

transitions correspond to absorption in the near-infrared and infrared regions, 
and rotational transitions correspond to absorption in the far-infrared to 
microwave regions.

Table 4-4 shows the range of electromagnetic radiation, gives energies in all 
commonly used units, and indicates the kind of spectroscopy that is used in 
each range. The quantized properties of molecular energy levels have been 
utilized in modern spectroscopic techniques to help to identify molecules and 
to assign molecular structures. For example, the study of rotational transitions 
by far-infrared and microwave spectroscopy is used to obtain extremely precise 
data on bond angles and bond lengths.

In infrared spectroscopy a beam of infrared radiation, whose wavelength 
varies from 2.5 μ to 15 μ (wave number varies from 4000 cm-1 to 667 cm-1) is 
passed through a sample of a compound (Figure 4-41). Often, the sample 
first is compressed under pressure into a thin wafer and inserted into infrared- 
transparent sodium chloride sample holders. Sodium chloride must be used 
because quartz or glass is opaque to infrared light. The sodium chloride prism 
position and the slit widths determine the wavelength of the radiation reaching 
the detector. The absorption of radiation at different wave numbers corresponds 
to the excitation of molecules from a low (usually the lowest) vibrational energy 
level to the next higher vibrational energy level.

NaCl prism Sample
Infrared source:
heated filament

Thermocouple: detector

Recorder



140 PoIyatomic molecules 4-8

Absorbed radiation is identified by its wavelength (2 in Å, μ, or nm; 
1 μ = 103 nm = 104 Å = 10-4 cm), its frequency (v in sec-1), or its wave 
number ( in cm-1). Radiation absorption is detected electronically and 
recorded in some suitable form as a graphical trace. A strong absorption 
throughout a narrow range of frequencies causes a sharp "peak" or "line" 
in the recorded spectrum. Absorption peaks are not always narrow and sharp 
because each vibrational energy level has superimposed upon it an array of 
rotational energy levels (Figure 4-40); therefore a particular vibrational 
transition is really the superposition of transitions from many vibrational- 
rotational levels.

Different absorbed radiation frequencies correspond to different intra- 
molecular excitations. For example, stretching vibrations for C=O bonds 
occur in the region below 6 μ (1780 cm-1-1850 cm-1) and for C-H bonds in 
the region between 3 μ and 4 μ (2800 cm-1-3000 cm-1). Absorption peaks in 
other regions of the infrared (IR) spectrum correspond to energy changes 
in other bonds or to complex intramolecular vibrations. Table 4-5 lists the 
characteristic IR absorption wave numbers of certain bonds.

Table 4-5. Positions of some characteristic infrared bands of molecular groups

Bond Group Description λ, μ

C-H CH2, CH3 Stretching 3000-2900 3.3-3.4
C-H ≡C-H Stretching 3300 3.0
C-H Aromatic (benzene) Stretching 3030 3.3
C-H -CH2- Bending 1465 6.8
C-H -CH=CH-

(trans)
In-plane 

bending
970-960 10.3-10.4

Stretching 1310-1295 7.6-7.7
C-H -CH=CH-

(cis)
Out-of-plane 

bending
~690 14.5

O-C Stretching 1850-1700 5.4-5.9

O-H -O-Ha
(alcohols)

Stretching 3650-3590 2.7-2.8

O-H Hydrogen bonded
(alcohols)

Stretching? 3400-3200 3.0-3.1

a Refers to an O-H group that is not hydrogen bonded to a neighboring molecule. Hydrogen 
bonding is discussed in Section 6-2.

Infrared spectroscopy is extremely useful in the identification of unknown 
materials because each chemical compound has a unique IR spectrum. Figure 
4-42 shows the IR spectra of tetrachloroethylene and cyclohexene.
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4-42
Infrared spectra of tetrachloroethylene and cycIohexene.

Wavelength, μ

Wavelength, μ

stretch

Tetrachloroethylene,

stretch

Cyclohexene,



4-43
Schematic of a Raman spectrometer.

Hg arc
or laser beam

Nonscattered 
light

Slit

Scattered light

Slit

Prism

Photographic plate
4-44
Raman spectra of tetrachloroethylene and cyclo
hexene. ▼

Sample

stretch

Tetrachloroethylene

stretch

Cyclohexene
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4-45
A typical electronic absorption band with λmax 
near-ultraviolet region.

Not all molecules respond to infrared radiation. In particular, molecules 
with certain elements of symmetry, such as homonuclear diatomic molecules, 
do not absorb infrared radiation. In more complex molecules not all modes 
of vibration respond to infrared radiation. For example, symmetrical molecules 
such as ethylene, H2C=CH2, do not exhibit all their vibrations in infrared 
spectra. To assist in examining the vibrations of these molecules, Raman 
spectroscopy often can be used. The Raman spectrum results from the irradiation 
of molecules with light (usually in the visible region) of a known wavelength. 
A laser beam commonly is used to irradiate the sample in Raman spectrometers 
(Figure 4-43). Radiation absorption is not detected directly. When irradiated 
with light of high energy, the molecules may add to, or extract from, the incident 
light small amounts of energy corresponding to the energy of some particular 
molecular vibration. The incident light is said to be scattered, rather than 
absorbed, and may be observed as light with a wavelength different from the 
incident light. Figure 4-44 shows the Raman spectra of tetrachloroethylene 
and cyclohexene.

As stated previously, electronic transitions correspond to the absorption of 
large amounts of energy, compared to the energy absorbed in vibrational or 
rotational transitions. Electronic excitations usually are associated with 
absorption of visible and ultraviolet light. Just as vibrational absorption 
"bands" are widened by a superposition of many vibrational-rotational 
transitions, absorption spectra recorded in the visible-ultraviolet region 
exhibit broad bands, rather than sharp peaks, because of the superposition of 
many vibrational-electronic transitions (Figure 4-45). Absorption bands are 
characterized by a maximum at a particular wavelength, λmax.

A schematic diagram of a visible and ultraviolet spectrophotometer is 
shown in Figure 4-46. A prism, or diffraction grating, and the width of the 
slit regulate the spread of wavelengths through the sample. The sample in 
solution is compared to a reference blank containing pure solvent. The light 
incident on the sample is denoted I0 and the transmitted light is denoted I. 
The absorption of light can be expressed quantitatively by the relationship 
known as Beer's law, A = εcl, in which A is the absorbance (log I0/I), c is the

A
bs

or
pt

io
n

Ultraviolet Visible
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4-46
Schematic diagram of a visible and ultraviolet spectrophotometer.

concentration of the substance (in moles liter-1), and l is the length (in cm) of the 
light path through the substance. The molar extinction coefficient, ε, is char- 
acteristic of the absorbing sample. Values for the molar extinction coefficient 
vary considerably from compound to compound and from peak to peak in 
the absorption spectrum of the same compound. The extent to which an 
electronic transition is "allowed" or "forbidden" by quantum mechanical 
selection rules is reflected in the value of ε of the absorption peak accompanying 
that transition. Thus the experimentally determined ε value often can be 
extremely useful in assigning a given absorption peak to a particular type of 
electronic transition. If ε is in the range of 103-105, the transition meets all 
the requirements of the quantum mechanical selection rules. The excitation 
of an electron in the π bonding orbital to the π antibonding orbital of C2H4, 
which was discussed in Section 4-7, is an example of such a transition. The 
ε value of the πb → π* band in C2H4 is approximately 104. An important 
example of a forbidden transition is the excitation of a nonbonding 2p oxygen 
electron in molecules containing the carbonyl group (C=O) to the π* orbital. 
This commonly is called a n → π* transition, which is said to be orbitally 
forbidden.

The selection rules are only approximate when they describe a transition 
as forbidden because in actual practice an absorption band generally can be 
observed. Even so, the intensity of the band will be diminished significantly 
if it corresponds to an orbitally forbidden transition; in this situation ε usually 
is in the range 100-103.

Finally, extremely small values of ε (10-5-100) are associated with an 
electronic transition in which the spin of the electron is required to change in 
going from the ground state to the excited state. Thus a "spin-forbidden" 
transition often is difficult to observe as an absorption band because of its 
extraordinarily weak intensity.

SIit

Reference blank
Light source

Diffraction grating

Photoelectric 
detector

Meter

Sample
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QUESTIONS AND PROBLEMS

1. Indicate an appropriate hybridization for the central-atom valence orbitals and 
predict the molecular shape and polarity for each of the following molecules:
a) CS2 b) SO3 c) ICl3 d) BF3
e) CBr4 f) SiH4 g) SF2 h) SeF6
i) PF3 j) ClO2 k) IF5 l) OF2

m) H2Te
2. For the molecules and ions CO2, NO2+, NO2, NO2-, and SO2: (a) Represent their 

electronic structures by drawing localized molecular-orbital structures. (b) Predict 
their molecular shapes and indicate which neutral molecules are polar. (c) Predict the 
number of unpaired electrons for each molecule. (d) Predict the bond angles in NO2+ 
and NO2-. (e) Predict relative N-O bond lengths for NO2+, NO2, and NO2-.

3. Draw a localized molecular-orbital structure for N3. What is its molecular shape? 
Discuss the electronic structure of N3. How many unpaired electrons are there? Is 
the molecule polar? Predict the relative N-N bond lengths in N2 and N3.

4. Use VSEPR theory to predict the molecular shapes of XeF4, XeO4, XeO3, and XeF2.
5. Give the orbital hybridization of the central atom and the VSEPR-theory geometrical 

structure for AsH3, ClF3, and SeCN-. In the case of SeCN- draw a localized 
molecular-orbital representation of its electronic structure, showing the σ bonds, 
π bonds, and lone electron pairs.

6. Use VSEPR theory to formulate the hybridization of the central atom (e.g., sp, sp2, 
sp3d) and the molecular geometry (e.g., bent, linear, pyramidal) of each of the following 
molecules and ions: (a) SO32-; (b) SO3; (c) BrF5; (d) I3-; (e) CH3+; (f) CH3-; (g) 
PCl3F2.

7. Which of the neutral molecules in Problem 6 would you expect to have dipole 
moments?
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8. Borazine has the formula (BHNH)3. The combination of a boron atom and a nitrogen 
atom is isoelectronic with two carbon atoms and has the same sum of atomic weights. 
How would you formulate the electronic structure of borazine?

9. A compound is found to have the empirical formula (NH4)2SbCl6. X-ray diffraction 
studies reveal that the anion consists of discrete units containing one Sb and six Cl's. 
The compound is diamagnetic. The electronic configuration of Sb is (Kr)5s25p3. 
Would you expect the compound to be only (NH4)2SbCl6, or an equal mixture of 
(NH4)3SbCl6 and (NH4)SbCl6? Why?

10. Attempt an explanation of the following dipole moments in terms of a localized- 
orbital model of electronic structure: NH3, μ = 1.47 D; PH3, μ = 0.55 D; NF3, 
μ = 0.23 D.

11. Three geometrical structures commonly are found for three-coordinate molecules of 
the main-group elements. What are these structures? In each case how many lone 
electron pairs does the central atom have, according to VSEPR theory ? Using chlorine 
atoms bonded to a central atom give an example of each structure. Which molecules 
among these examples are polar?

12. Formulate a localized-orbital model for both the σ and π bonds in the ozone molecule, 
O3. What is the hybridization of the central oxygen atom? How many π bonds are 
there between each pair of oxygen atoms?

13. Tellurium (Te) is a rather vile element, so only a few chemists work with it. To inspire 
the handful of tellurium chemists to greater achievement, predict the formulas of the 
tellurium-fluorine molecules (or ions) which would exhibit the following geometrical 
structures: (a) angular; (b) T-shaped; (c) trigonal pyramidal; (d) sawhorse; (e) square 
planar; (f) square pyramidal; (g) trigonal bipyramidal; (h) octahedral.

Predict formulas of tellurium-oxygen molecules and ions that are: (a) angular; 
(b) trigonal pyramidal ; (c) trigonal planar; (d) tetrahedral.

14. Predict the shapes of the following ions, using VSEPR theory: (a) AlF63-; (b) TlI43-; 
(c) GaBr4-; (d) NO3-; (e) NCO-; (f) CNO-; (g) SnCl3-; (h) SnCl62-.

15. Draw localized-orbital representations including π bonds for NO3-, NCO-, and 
CNO-.

16. The allyl cation has the formula C3H5+. What structure does it have? Formulate a 
localized-orbital model of the electronic structure of C3H5+. Repeat the problem 
for the allyl radical, C3H5, and the allyl anion, C3H5-.

17. Formaldehyde (H2CO) exhibits a strong electronic absorption band in the ultraviolet 
region, which may be assigned to a πb → π* transition (see the discussion of ethylene). 
In addition, a weaker, longer-wavelength peak is observed in the spectra of H2CO, 
and all organic compounds containing a carbonyl ∙(C=O) group, in the region 
2700-3000 Å. Formulate the molecular orbitals for H2CO and suggest a possible 
assignment for the long-wavelength peak.

18. Which molecule would you expect to have the higher ionization energy, ethylene or 
ethane? Why? Also predict the relative IE's of ethylene and acetylene.

19. Is XeF5+ a reasonable species? What geometry would you predict it to have?
20. Would you expect benzene to absorb light of lower, or higher, energy than ethylene? 

Why?


