
BONDING IN 
ORGANIC MOLECULES. 
ATOMIC-ORBITAL MODELS 

I n previous chapters, we have shown how you can use ball-and-stick models 
to predict the general arrangements in space of organic molecules. The sticks 
correspond to chemical bonds, which we represent in structural formulas as 
lines, or in Lewis struc'tures as pairs of dots denoting shared pairs of electrons. 
Remembering that electrons and nuclei are charged particles, and that it is 
electrical forces of attraction and repulsion between the electrons and nuclei 
that determine the bonding, perhaps we should be surprised that such simple 
mechanical models provide so much useful information. What we will try to 
do in this chapter is to show you how the modern electronic theory of chemical 
bonding provides strong support for the use of ball-and-stick models for many 
organic molecules, and also where it indicates that the models need to be 
modified or cannot properly represent the structural arrangement. 

There are several qualitative approaches to bonding in polyatomic 
molecules, but we shall discuss here the most widely used and currently popu- 
lar approach. This approach involves setting up appropriate atomic orbitals 
for the atoms and considering that each bond arises from the attractive elec- 
trical forces of two or more nuclei for a pair of electrons in overlapping atomic 
orbitals, with each orbital on a different atom. The geometry of the bonds is 
assumed to be determined by the geometry of the orbitals and by the repul- 
sive forces between the electrons. In the course of showing how this approach 
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can be applied, we shall discuss ways of formulating bonding and geometries 
for several important kinds of organic compounds. Finally, we will show you 
some of the results currently being obtained by sophisticated quantum- 
mechanical calculations, which provide strong support for our qualitative 
formulations. 

6-1 HYDROGENLIKE ATOMIC ORBITALS 

With the modern concept of a hydrogen atom we do not visualize the orbital 
electron traversing a simple planetary orbit. Rather, we speak of an atomic 
orbital, in which there is only a probability of finding the electron in a par- 
ticular volume a given distance and direction from the nucleus. The boundaries 
of such an orbital are not distinct because there always remains a finite, even 
if small, probability of finding the electron relatively far from the nucleus. 

There are several discrete atomic orbitals available to the electron of a 
hydrogen atom. These orbitals differ in energy, size, and shape, and exact 
mathematical descriptions for each are possible. Following is a qualitative 
description of the nature of some of the hydrogen atomic orbitals. 

The most stable or ground state of a hydrogen atom is designated 1s.l 
In the 1s state the electron is, on the average, closest to the nucleus (i.e., it is 
the state with the smallest atomic orbital). The Is orbital is spherically sym- 
metrical. This means that the probability of finding the electron at a given 
distance r from the nucleus is independent of the direction from the nucleus. 
We shall represent the 1s orbital as a sphere centered on the nucleus with a 
radius such that the probability of finding the electron within the boundary 
surface is high (0.80 to 0.95); see Figure 6-1. This may seem arbitrary, but an 
orbital representation that would have a probability of 1 for finding the elec- 
tron within the boundary surface would have an infinite radius. The reason is 
that there is a finite, even if small, probability of finding the electron at any 
given distance from the nucleus. The boundary surfaces we choose turn out 
to have sizes consistent with the distances between the nuclei of bonded atoms. 

The 2s orbital is very much like the 1s orbital except that it is larger 
and therefore more diffuse, and it has a higher energy. For principal quantum 
number 2, there are also three orbitals of equal energies called 2p orbitals, 
which have different geometry than the s orbitals. These are shown in Figure 

'The index number refers to the principal quantum number and corresponds to the 
" K  shell" designation often used for the electron of the normal hydrogen atom. The 
principal quantum number 2 corresponds to the L shell, 3 to the M shell, and so on. 
The notation s (also p, d, f to come later) has been carried over from the early days of 
atomic spectroscopy and was derived from descriptions of spectroscopic lines as 
"sharp," "principal," "diffuse," and "fundamental," which once were used to identify 
transitions from particular atomic states. 
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6-2, in which we see that the respective axes passing through the tangent 
spheres of the three p orbitals lie at right angles to one another. The p orbitals 
are not spherically symmetrical. 

The 3s and 3p  states are similar to the 2s and 2p states but are of higher 
energy. The 3d, 4d, 4f, . - . , orbitals have still higher energies and quite differ- 
ent geometries; they are not important for bonding in most organic substances, 
at least for carbon compounds with hydrogen and elements in the first main 
row (Li--Ne) of the periodic table. The sequence of orbital energies is shown 
in Figure 6-3. 

Figure 6-2 The shapes and orientations of the three 2p orbitals of a 
hydrogen atom. Notice that p orbitals have two lobes, one on each side 
of the nucleus. 
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energy 

Figure 6-3 Schematic diagram of the relative energies of the hydrogen 
like atomic orbitals 

The famous Pauli exclusion principle states that no more than two elec- 
trons can occupy a given orbital and then only if they differ with respect to a 
property of electrons called electron spin. An electron can have only one of 
two possible orientations of electron spin, as may be symbolized by T and 
J, . Two electrons with "paired" spins often are represented as T J . Such a 

pair of electrons can occupy a single orbital. The symbols .T T (or J, J, ) rep- 
resent two unpaired electrons, which may not go into a single orbital. 

If we assume that all atomic nuclei have orbitals like those of the hydro- 
gen atom, we can see how atoms more complex than hydrogen can be built 
up by adding electrons to the orbitals in accord with the Pauli principle. The 
lowest-energy states will be those in which the electrons are added to the 
lowest-energy orbitals. For example, the electronic configuration of the lowest- 
energy state of a carbon atom is shown in Figure 6-4, which also shows the 
relative energies of the Is  through 4p atomic orbitals. The orbitals of lowest 
energy are populated with the proper number of electrons to balance the 
nuclear charge of +6 for carbon and to preserve the Pauli condition of no more 
than two paired electrons per orbital. However, the two highest-energy elec- 
trons are put into different 2p orbitals with unpaired spins in accordance with 
Hund's rule. The rationale of Hund's rule depends on the fact that electrons 
repel each other and the degree of repulsion becomes greater as the electrons 
come closer together. Now, suppose there are two electrons that can go into 
two different orbitals of the same energy (so-called degenerate orbitals). Hund's 
rule tells us that the repulsion energy between these electrons will be less if 
they have unpaired spins ( T ). Why is this so? Because if they have unpaired 
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Figure 6-4 D~agram showing the most stable electron~c conf~gurat~on, 
(Is)2(2s)~2px)'(2p,)', of a carbon atom Add~tion of more electrons In 
accord w~th  Hund's rule glves the electronic conf~gurat~on of the other 
atoms indicated by the atomlc symbols 

spins they cannot be in the same orbital at the same time. Therefore they will 
not be able to approach each other as closely as they would if they could be 
in the same orbital at the same time. For this reason the electronic configuration 

is expected to be more stable than the configuration 

if both orbitals have the same energy. 
States such as the one shown in Figure 6-4 for carbon are built up 

through the following steps. Helium has two paired electrons in the 1s orbital; 
its configuration can be written as (1 s ) ~ ,  the superscript outside the parentheses 
denoting two paired electrons in the Is orbital. For lithium, we expect Li 
( l s ) 2 ( 2 s ) 1  to be the ground state, in which the Is electrons must be paired 
according to the exclusion principle. Continuing in this way, we can derive 
the electronic configurations for the elements in the first three rows of the 
periodic table, as shown in Table 6-1. These configurations conform to the 
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Table 6-1 
Electronrc Configurations of Ground States of Atoms 

H (1 s)' Li (1 ~ ) ~ ( 2 s ) l  

Be (1 S ) ~ ( ~ S ) ~  

B  ( 1 ~ ) ~ ( 2 ~ ) ~ ( 2 p ) '  

C ( 1 ~ ) ~ ( 2 s ) ' ( 2 p ) ~  

N  ( 1 ~ ) ~ ( 2 ~ ) ~ ( 2 p ) ~  

O(1 S ) ~ ( ~ S ) ~ ( ~ P ) ~  

F ( 1 ~ ) ~ ( 2 s ) ~ ( 2 p ) ~  

He (1  s ) ~  Ne (1 ~ ) ~ ( 2 s ) ~ ( 2 p ) ~  

Na ( 1 ~ ) ~ ( 2 ~ ) ~ ( 2 p ) Y 3 s ) '  

Mg [NeI(3s)' 

Al [ N e ] ( 3 ~ ) ~ ( 3 p ) l  

SI [ N e ] ( 3 ~ ) ~ ( 3 p ) ~  

P [ N e l ( 3 ~ ) ~ ( 3 p ) ~  

s [ N e 1 ( 3 ~ ) ' ( 3 ~ ) ~  

CI [ N e ] ( 3 ~ ) ~ ( 3 p ) ~  

Ar [Ne] ( 3 ~ ) ~ ( 3 p ) "  

principle that an s orbital can accommodate a maximum of two paired electrons 
and a set of three p orbitals a maximum of six paired electrons. The first elec- 
tronic configuration should conform to Hund's rule, as shown by the example 
of carbon in Figure 6-4. 

Exercise 6-1 Write the ground-state configuration for a helium atom with two un- 
paired electrons (He T T ) that is in accord with the Pauli principle. Give your rea- 
soning. 

6-2 BOND FORMATION USING ATOMIC ORBITALS 

In writing the conventional Lewis structures for molecules, we assume that a 
covalent chemical bond between two atoms involves sharing of a pair of elec- 
trons, one from each atom. Figure 6-5 shows how atomic orbitals can be con- 
sidered to be used in bond formation. Here, we postulate that a single bond is 
formed by the pulling together of two atomic nuclei by attractive forces exerted 
by the nuclei for the two paired electrons in overlapping atomic orbitals. 

Because two atomic orbitals can hold a maximum of four electrons, it 
is reasonable to ask why it is that two rather than one, three, or four electrons 
normally are involved in a bond. The answer is that two overlapping atomic 
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overlap 

\ 

1 s IS H-H 

Figure 6-5 Representation of the formation of an H-H bond by sharing 
of electrons in overlapping orbitals 

orbitals can be considered to combine to give one low-energy bonding molecu- 
lar orbital and one high-energy antibonding molecular orbital (see the top part 
of Figure 6-6(a).Z Orbitals that overlap as shown in Figure 6-6(a) are said to 
overlap in the sigma manner? and the bonding orbital is called a sigma orbital 
(a); the antibonding orbital is called a a* orbital (read "sigma star"). Two 
paired electrons suffice to fill the a orbital. Any additional electrons must go 
into the high-energy a* orbital and contribute not to bonding but to repulsion 
between the atoms. 

The hydrogen molecule-ion, Hz@, can be regarded as having one elec- 
tron in a a orbital. It  has been studied in the vapor state by spectroscopic 
means and found to have a dissociation energy to H@ and H. of 61 kcal mole-' 
compared to the 104.2 kcal mole-' bond energy for Hz. Several possible com- 
binations of two hydrogen orbitals and from one to four electrons are shown 
in Figure 6-6(b). 

similar to Figure 6-6(b). The ion He," has been detected spectroscopically; suggest 
a reason why this ion is more stable than Hzo. 

Exercise 6-3 Write electronic configurations, as in Figure 6-6, for three different 
excited states of Hz, all of which agree with the Pauli principle. Arrange them in order 
of expected stability. Show your reasoning. 

2More about the difference between bonding and antibonding orbitals is given in Sec- 
tion 21-2. For now we will say that the property of orbitals that leads to bonding or 
antibonding is a property analogous to phase. An in-phase combination of two orbitals 
is bonding, and an out-ofphase combination is antibonding. 
3The designation sigma (cr) denotes that orbital overlap and electron density are greatest 
along the internuclear axis. 
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Figure 6-6 (a) Schematic representation of formation of bonding (a) 
and antibonding (v*) molecular orbitals by overlap of two atomic Is 
orbitals. (b) Some of the various electronic configurations that are pos- 
sible with these orbitals 

6-3 ELECTRON REPULSION AND BOND ANGLES. 
ORBITAL HYBRIDIZATION 

In predicting bond angles in small molecules, we find we can do a great deal 
with the simple idea that unlike charges produce attractive forces while like 
charges produce repulsive forces. We will have electron-nuclear attractions, 
electron-electron repulsions, and nucleus-nucleus repulsions. Let us first 
consider the case of a molecule with just two electron-pair bonds, as might be 
expected to be formed by combination of beryllium and hydrogen to give 
beryllium hydride, H:Be:H. The problem will be how to formulate the bonds 
and how to predict what the H-Be-H angle, 8, will be: 

If we proceed as we did with the H-H bond, we might try to formulate 
bond formation in BeH, by bringing two hydrogen atoms in the (1s ) l  state up 
to beryllium in the ( 1s) ( 2 s )  ground state (Table 6- 1). But there is a problem - 
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in the ground-state configuration of beryllium, the 2s orbital is full and cannot 
accommodate any more electrons. The way around this is to "promote" one 
of the 2s2 electrons of beryllium to a 2p orbital. The resulting beryllium atom, 
( 1 ~ ) ~ ( 2 s )  ( 2 p ) l ,  called the valence state, then could form a a bond with a 
(1s ) l  hydrogen by overlap of the 1s and 2s orbitals as shown in 1 (also see 
Figure 6-5): 

(Is)' (2s)' 
1 

We might formulate a second a bond involving the 2 p  orbital, but a new prob- 
lem arises as to where the hydrogen should be located relative to the beryllium 
orbital. Is it as in 2, 3, or some other way? 

The Be and H nuclei will be farther apart in 2 than they will be in 3 or any 
other similar Brrangement, so there will be less internuclear repulsion with 2. 
We therefore expect the hydrogen to locate along a line going through the 
greatest extension of the 2p orbital. 

According to this simple picture, beryllium hydride should have two 
different types of H-Be bonds - one as in 1 and the other as in 2. This is in- 
tuitively unreasonable for such a simple compound. Furthermore, the H-Be-H 
bond angle is unspecified by this picture because the 2s Be orbital is spheri- 
cally symmetrical and could form bonds equally well in any direction. 

However, if we forget about the orbitals and only consider the possible 
repulsions between the electron pairs, and between the hydrogen nuclei, 
we can see that these repulsions will be minimized when the H-Be-H bond 
angle is 180". Thus arrangement 5 should be more favorable than 4, with a 
H-Be-H angle less than 180": 
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Unfortunately, we cannot check this particular bond angle by experiment 
because BeH, is unstable and reacts with itself to give a high-molecular- 
weight solid. However, a number of other compounds, such as (CH,),Be, 
BeCI,, (CH,),Hg, HgF,, and (CH,),Zn, are known to have cr bonds involv- 
ing (s)'(p)l valence states. Measurements of the bond angles at the metal of 
these substances in the vapor state has shown them to be uniformly 180". 

How are the s and p orbitals deployed in this kind of bonding?*It turns 
out that stronger bonds are ,formed when the degree ofoverlap ofthe orbitals 
is high. The degree of overlap will depend on the sizes of the orbital and, par- 
ticularly, on how far out they extend from the nucleus. Figure 6-7 shows how 
far 2s and 2p orbitals extend relative to one another. Bonding with these orbi- 
tals as in 1 and 2 does not utilize the overlapping power of the orbitals to the 
fullest extent. With 1 we have overlap that uses only part of the 2s orbital, 
and with 2, only a part of the 2p orbital. Molecules such as BeH, can be for- 
mulated with better overlap and equivalent bonds with the aid of the concept 
of orbital hybridization. This concept, published independently by L. Pauling 
and J. C. Slater in 193 1, involves determining which (if any) combinations of 
s and p orbitals may overlap better and make more effective bonds than do the 
individual s and p orbitals. The mathematical procedure for orbital hybridiza- 
tion predicts that an s and a p orbital of one atom can form two stronger co- 
valent bonds if they combine to form two new orbitals called sp-hybrid orbitals 
(Figure 6-8). Each sp-hybrid orbital has an overlapping power of 1.93, com- 
pared to the pure s orbital taken as unity and a pure p orbital as 1.73. Bond 
angles of 180" are expected for bonds to an atom using sp-hybrid orbitals and, 
of course, this also is the angle we expect on the basis of our consideration of 
minimum electron-pair and internuclear repulsions. Henceforth, we will pro- 
ceed on the basis that molecules of the type X:M:X may form sp-hybrid bonds. 

On the basis of repulsion between electron pairs and between nuclei, 
molecules such as BH,, B(CH,),, BF,, and AlCl,, in which the central atom 
forms three covalent bonds using the valence-state electronic configuration 

Figure 6-7 Representation of the relative sizes of 2s and 2p orbitals 



6 Bonding in Organic Molecules. Atomic-Orbital Models 

Figure 6-8 Diagram of two sp hybrid orbitals composed of an s orbital 
and a p orbital. One of the orbitals (solid line) has its greatest extension 
in the plus x direction, while the other orbital (dashed line) has its great- 
est extension in the minus x direction. Bonds utilizing both of these sp 
orbitals would form at an angle of 180". 

(s)l(p,)l(p,)l, are expected to be planar with bond angles of 120". For 
example, 

CH, 

1 2$1? 20. 

kB\J: 
CH,212vp CH, 

Any departure from the planar arrangement will be less stable because it will 
increase internuclear and interelectronic repulsion by bringing nuclei closer 
together and the electron pairs closer together. The (s)l, (p,)l, and (p,)l or- 
bitals used in bonding in these compounds can be hybridized to give three 
equivalent sp2 orbitals (Figure 6-9). These sp2 orbitals have their axes in a 
common plane and are at 120" to one another. The predicted overlapping 
power is 1.99. 

With atoms such as carbon and silicon, the valence-state electronic 
configuration to form four covalent bonds has to be (s) l (p,) l (p,) l (p,) '. Re- 
pulsion between the electron pairs and between the attached nuclei will be 
minimized by formation of a tetrahedral arrangement of the bonds. The same 
geometry is predicted from hybridization of one s and three p orbitals, which 
gives four sp3-hybrid orbitals directed at angles of 109.5" to each other. The 
predicted relative overlapping power of sp3-hybrid orbitals is 2.00 (Figure 
6-10). 
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Figure 6-9 Diagram of three s p Z  hybrid orbitals made from an s orbital, 
a p, orbital, and a p, orbital. Each orbital is shown with a different kind 
of line. 

Figure 6-10 Diagram of the sp3 hybrid orbitals 
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6-4 ATOMIC-ORBITAL MODELS 

6-4A Alkanes 

Saturated compounds such as the alkanes and their derivatives, which have 
normal tetrahedral angles for the bonds to carbon, can be formulated readily 
in terms of atomic orbitals with sp3 cr bonds to carbon. An example is shown in 
Figure 6-1 1, which also shows how an atomic-orbital model can be drawn in 
abbreviated style. The lines in this drawing correspond to bonds and are 
labeled as sp3 with sp3 (the overlapping orbitals of the C-C bond) or as sp3 
with s (the overlapping orbitals of the C-H bonds). 

6-4B Atoms with Unshared Electron Pairs 

Many important molecules such as ammonia, water, and hydrogen fluoride 
have atoms with unshared pairs of electrons: 

ammonia water hydrogen fluor~de 

If we formulate each of these molecules in such a way to minimize repulsions 
between like charges, a basically tetrahedral arrangement will be expected 
because this will place the nuclei (and electron pairs) as widely separated as 
possible. The water molecule could be formulated this way, as in 6, with the 

Figure 6-11 Abbrev~ated atom~c-orb~tal model of ethane show~ng only 
the orb~tals of the outer-shell electrons 
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oxygen at the center of the tetrahedron: 

This simple picture predicts that the H-0-H bond angle should be tetrahedral, 
109.5". But actually it is 104.5". 

There are two schools of thought as to why the angle is 104.5". One idea 
is that the repulsion model is too simple and has to be modified to take into 
account that the repulsion is more severe between pairs of unshared electrons 
than between electrons in bonding orbitals on the same atom. This is because 
when a bond is formed between two nuclei, the attraction of the nuclei for 
the electrons shrinks the orbitals available to the bonding electrons, thereby 
reducing their electrostatic repulsion with other pairs. The degree of repulsion 
between electron pairs diminishes in the sequence: unshared pairs vs. unshared 
pairs > unshared pairs vs. bonding pairs > bonding pairs vs. bonding pairs. 
From this, we expect that in water the H-0-H angle will be less than tetra- 
hedral, because the larger repulsion between the two unshared pairs will tend 
to push the bonding pairs closer together. 

largest repuls~on between unshared pairs 

1 
h :o:} , intermediate repulsion between 

He unshared palrs and bonding pairs 

t 
smallest repulsion 

between bonding palrs 

A similar, but smaller, effect is expected for ammonia because now the 
repulsion is only between the one unshared pair and bonding pairs. The am- 
monia H-N-H angle is 107.3", which is only slightly smaller than the tetra- 
hedral value of 109.5". 

The alternative point of view of why the bond angle of water is 104.5" 
starts with the premise that, in the simplest approximation, the angle should 
be 90"! To see how this comes about let us compare H:Be:H with H:O:H. You 
will recall that to form two bonds to Be, we had to promote an electron and 
change the electronic configuration to the valence configuration, (2s)'(2p)'. 
The situation with H,O is different in that the oxygen ground state and valence 
state are the same, ( 2 ~ ) ~ ( 2 p , ) ~ ( 2 ~ , )  1(2p,)1. This means we could form two 
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Figure 6-12 Overlap of hydrogen 1s orb~tals w~th 2p, and 2p, orbitals 
centered on oxygen The p orbitals are represented here w~th  d~storted 
shapes to make the drawlng clearer 

equivalent bonds to oxygen using the 2p, and 2p, orbitals at an angle of 90" 
(Figure 6- 1 2). 

Now, to explain why the H-0-H bond angles are 104.5" instead of 90", 
we can say that the repulsion between the hydrogen nuclei is expected to 
widen the bond angle. An argument in favor of this formulation is provided 
by the bond angle in H,S, which is 92.2". This is much closer to the 90" ex- 
pected for p-bond orbitals and the hydrogens in H,S would not be expected to 
repel each other as much as in H,O because sulfur is a larger atom than oxygen. 

Both ways of formulating the orbitals used in the bonding of water 
molecules are in current use. Arguments can be advanced in favor of both. 
Highly sophisticated quantum-mechanical calculations, which we will say more 
about later, suggest that oxygen in water molecules uses orbitals that are 18% s 
and 82% p in its bonds to hydrogen ( ~ p ~ . ~ ) ,  and furthermore, that the unshared 
pairs are in equivalent hybrid orbitals [not one pair as ( 2 ~ ) ~  and the other as 
( 2 ~ ) ~ ] .  Each of the unshared electron-pair orbitals of oxygen in water is cal- 
culated to be about 40% s and 60% p ( ~ p l . ~ ) .  

The results are hardly clearcut, but the bonding orbitals are considerably 
closer to sp3 (25% s and 75% p) than they are to 100% p. We recommend that 
the bonding orbitals of nitrogen and oxygen be considered to be sp3 and the 
unshared pairs designated simply as (n)2. An abbreviated atomic orbital model 
of methanol, CH,OH, made on this basis is shown in Figure 6-13. 



6-4C Compounds with Double Bonds 

Figure 6-13 Abbrev~ated atomic-orb~tal model of methanol, CH30H, 
showing the orbitals of the outer-shell electrons only 

6-4C Compounds with Double Bonds 

Recall from Chapter 2 that bond angles in compounds with carbon-carbon 
double bonds such as ethene are closer to 120" than to the normal tetrahedral 
value of 109.5". There are several ways in which a carbon-carbon double bond 
can be formulated in terms of atomic-orbital models. One very popular ap- 
proach is to consider that ethene has two sp2-hybridized carbons that form 
one carbon-carbon CT bond and four carbon-hydrogen CT bonds by overlap of 
the six sp2 orbitals, as shown in Figure 6-14. The remaining carbon-carbon 
bond is formulated as arising from sidewise overlap of the two p orbitals, one 
on each carbon, that are not utilized in making the sp2 hybrids. Sidewise over- 
lap of p orbitals is called .rr overlap to distinguish it from the endwise a overlap 
of the type we have discussed previously (Figure 6-15). The resulting .rr bond 
differs from the a bond in that electron density is concentrated in the regions 
above and below the bond axis rather than along the bond axis. 

Formulation of ethene in this way suggests that it should be a planar 
molecule with H-C-H angles of 120". Ethene is indeed planar, but its 
H-C-H angles are found to be 117", rather than the 120" predicted for 
sp2 bonds. An explanation of this discrepancy using further electron-repulsion 
arguments will be discussed later in the chapter. 

The simple elegance of the cr-n model of ethene should not be taken as proving 
that there actually are two different kinds of bonds between the carbons. The 
cr-n representation of double bonds is not really unique. Given sp2 hybridization 
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Figure 6-14 The U-n. formulation of ethene 

of the carbons so there are sp2-u bonds to the hydrogens, it is possible to take 
the sp2 and p orbitals used for the u and n bonds, rehybridize them, and so 
derive a new set of overlapping orbitals for the double bond. These orbitals are 
called 7 (tau) bonding orbitals and can be represented by two banana-shaped 
orbitals between the carbons (Figure 6-16). The result is two completely equiv- 
alent C-C bonds. The 7 model has the advantage of offering a striking parallel 
to ball-and-stick models, whereas the cr-n model is of particular value as a 
basis for quantitative calculations, as will be discussed in Chapter 2 1. 

IT overlap .ir overlap 

Figure 6-15 Schematic representation of cr overlap and a overiap of 
p orbitals 
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, T bonds 

- sp2  bonds 

Figure 6-16 Formulation of ethene with T bonds. Each T orbital is con- 
sidered to contain an electron pair. 

Using the (T--rr model of double bonds, we conclude that the twisted 
configuration shown in Figure 6-17 should not be very stable. Here the p 
orbitals are not in position to overlap effectively in the -rr manner. The favored 
configuration is expected to have the axes of the p--rr orbitals parallel. Because 
considerable energy would have to be expended to break the p-.ir double bond 
and to permit rotation about the remaining sp2-(T bond, restricted rotation and 
stable cis-trans isomers are expected. Similar conclusions can be reached on 
the basis of the T model of the double bond. 

Figure 6-17 Orientation of p orbitals in twisted configuration of ethene 

6-4D Compounds with Triple Bonds 

Ethyne, C,H,, is an organic compound that usually is formulated with sp 
hybrid bonds. The carbon-hydrogen framework is built up through (T overlap 
of two sp-hybrid orbitals, one from each carbon atom, to form a C-C bond, 
and a overlap of the remaining sp orbitals with the s orbital of two hydrogens 
to form C-H bonds. The remaining two carbon-carbon bonds result through 
sidewise -rr overlap of the pure p orbitals, as shown in Figure 6-18. This model 
fits well with the properties of the ethyne molecule in being linear (bond angles 
of 180"). Also, the C-H bonds in ethyne are different from those in ethene or 
ethane, as judged by their C-H stretching and bending frequencies in the 
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Figure 6-18 The u-n- formulation of ethyne 

infrared (Chapter 9), their bond energies (Table 4-6), and their acidities (Sec- 
tion 11-8). These differences in properties are in keeping with the different 
states of hybridization of the carbon orbitals that we have postulated for 
ethane, ethene, and ethyne. 

6-4E More on Hybrid Bond Orbitals and Molecular Geometry 

A summary of the directional character of the s-p hybrid atomic orbitals dis- 
cussed so far is given in Table 6-2. By referring to this table, it usually is pos- 
sible to deduce the nature of the bonding orbitals for most organic compounds 
from the molecular geometry, if this is known. Thus a tetrahedral molecule AX, 
with four attached ligands uses sp3 hybrid orbitals localized on atom A; a 
planar triangular molecule AX, with three attached ligands at angles of 120" 
is sp2 hybridized at atom A; a linear molecule AX, with two ligands is sp 
hybridized at A. 

Table 6-2 
The s and p Character of the u Bonding Orbitals of Atom A Expected for Molecules 
of the Type AX, With Partrcular Molecular Shapes and Bond Angles 

Valence electronic Bond Bond 
n in AX, Example configuration of A angle Shape orbital 

109.5" tetrahedral sP3 
120" triangular sP2 

< 109.5" pyramidal - sp3 
< 109.5" angular - sp3 

180" linear SP 



6-4E More on Hybrid Bond Orbitals and Molecular Geometry 169 

Applying the converse of these rules, one should be able to predict 
molecular geometry by making reasonable assumptions as to the state of 
hybridization for each atom in the molecule. Obviously in doing this we have 
to take account of unshared electron pairs. Prediction is easy if unshared pairs 
are absent. Thus, four attached ligands, as in CH,, CCl,, or BF,@, imply spS 
hybridization at the central atom and therefore a tetrahedral arrangement of 
ligands. Three ligands, as bonded to carbon in CH,@ or to boron in BF,, imply 
sp2 hybridization for the central atom and a planar triangular arrangement 
of ligands. Two ligands, as in CO,, imply sp hybridization and linear geometry. 

In many of our later discussions of organic reactions, we will be con- 
cerned with cationic, radical, and anionic carbon species that are substitu- 
tion products of CH,@, CH,., and CH,:? Because of the importance of these 
entities, you should know how to formulate them and related substances, such 
as O:NH,, with atomic orbitals. Perhaps the most straightforward way is to 
start from CH, and see what changes in the C-H bonds we would expect as 
the result of the hypothetical processes: CH, --+ CH,:@ + H@, CH, ---+ 
CH,@ + H:? and CH, - CH,. f H.. 

Methane is tetrahedral with sp3 carbon bonding orbitals. Removal of 
H@ gives CH,:@, which corresponds in electronic structure to H3N: and, for 
the same reasons, should have a pyramidal shape with nearly tetrahedral 
H-C-H angles. Removal of H:@ from CH, to give CH3@ with six bonding 
electrons, suggests a change to sp%onding orbitals for the carbon and a planar 
geometry with H-C-H angles of 120". 

the methyl cation, CH,@ the methyl an~on ,  CH,@ 

The radical, CH,., presents a special problem. We can think of it as 
being formed by loss of H. from CH,, by adding an electron to planar CHz0, 
or by removing an electron from pyramidal CH,:? We can formulate CH,. 
with sp2 orbitals for the C-H bonds and the extra electron in a p orbital, or 
with sp3 orbitals for the C-H bonds and the extra electron in an sp3 orbital: 
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The actual structure of CH, has the hydrogens and carbons in a plane (p. 169 
left). Therefore it appears that the repulsions between the bonding electron 
pairs is greater than the repulsions between the extra electron and the bonding 
pairs. The actual structure corresponds to the one in which the bonding pairs 
are as far apart as possible. 

Exercise 6-4 Indicate the probable hybridization of the u-bonding orbitals on the 
atoms labeled with a star for each of the following molecules: 
a. hydrogen cyanide f. nitric acid 

H-$-N 0 
0// 

b. carbon disulfide HO-*N 
S=$=S lo@ 

c. methanimine g. H2G2@ 
H,$=NH 

Exercise 6-5 Examine the following structures and predict the most likely geometry, 
using concepts of orbital hybridization. State whether the molecule should be planar 
or nonplanar, and list the approximate values expected for the bond angles. 

C H 
H C ~  'CH 

f. I /I benzene 

6-4F More on Interelectronic Repulsion and Bond Angles 

We have shown previously how we can predict bond angles on the assumption 
that interelectronic (and internuclear) repulsions tend to separate the electron 
pairs as much as possible. 
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Molecules of the type AX,, which have four identical ligands on the 
central atom and no unshared electrons on A (e.g., CH, and CCI,), are ex- 
pected to be, and are, tetrahedral. By the same reasoning, three electron pairs 
around one atom should seek a planar arrangement with 120" angles to mini- 
mize electron repulsion; accordingly, species of the type AX,, which have no 
unshared electron pairs on A (e.g., BF, and CH,@), have this geometry. With 
only two electron pairs, the preferred arrangement is linear. . 

tetrahedral methane tetrachloromethane 

triangular boron trifluoride methyl cation 

: :  CH,-Hg-CH, Cl-Be-CI 
linear 

The bond angles of compounds with multiple bonds can be explained 
similarly. For example, in ethene the four electrons of the double bond occupy 
the region in space between the two carbon nuclei. The situation at either 
carbon is rather like the AX, case, except that one of the ligands now has a 
double complement of bonding electrons: 

y H . .  
117" C: : planar double-bonded carbon 

Therefore the carbon orbitals are expected to be directed in one plane to give 
bond angles that deviate somewhat from 120" because of the high density of 
electrons in the multiple bond. Thus the H-C-H angle shrinks to 117", 
whereas the H-C=C angles open up to 122O, because repulsion between 
electrons in the H-C=C bonds is greater than between electrons in the 
H-C-H bonds. 

Electron-attracting power (or electronegativity) of the ligands also is 
important in determining bond angles. Thus for compounds of the type CH3X, 
in which X is a more electron-attracting group than carbon, the C-X bond is 

6 0  60 
polarized in the sense H,C- - - X, and the carbon then should have some of the 
character of CH,? Thus the H-C-H angles are expected to be greater than 
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109.5", as in fact they are. In chloromethane, for example, the H-C-H 
angle is 111". 

Also, we can explain on the basis of electron repulsions why the bond 
angle in phosphine, : PH, (93"), is less than that in ammonia, : NH, (107.3"), 

and the bond angle in H : s . . : H (92.2") is less than that in H : 0 . . : H ( 104.5"). The 

important point is that phosphorus and sulfur are larger atoms than nitrogen 
and oxygen. This means that the H-S-H and H-P-H bond angles can be 
about 90" without bringing the hydrogens and the bonding pairs as close to- 
gether as they are in H,O and NH, where the bond angles are near to the tetra- 
hedral value. 

Exercise 6-6 The P-H bond d~stance In PH, IS 1 42 A and the N-H bond d~stance 
In NH, IS 1 01 A Use the bond angle of 93" for PH, and 107 3" for NH, and calculate 
the d~stance between the hydrogens for each molecule Would you expect the repul- 
sion between the hydrogen nucle~ In PH, to be more, or less, than In NH,? 

Exercise 6-7 Wr~te electron-pa~r structures ~nc lud~ng bond~ng and unshared palrs 
for each of the follow~ng compounds. Pred~ct the preferred shape of the molecule 
as Ilnear, angular, planar and tr~angular, tetrahedral, or pyram~dal 
a. @NO, d. H,C=NH g. ClNO 

0 
b. CS, e. HN=NH h. NH, 
c. O=C=C=O f. CH,O i. BH," 

Exercise 6-8* Use electron-repuls~on arguments to explaln the following 
a. The H-N-H bond angle In NH,@ 1s larger than In NH, 
b. The H-N-H bond angle In NH, (107 3") IS larger than the F-N-F bond angles 
In NF, (102 l o )  
c. The CI-C-CI angle In CI,C=O (phosgene, 11 1 3") IS less than the H-C-H angle In 
H,C=O (methanal, 118") 
d. The H-C-H angle In methanal (1 18") IS greater than the H-C-H angle In ethene 
(1 16 7") 

6-5 RESONANCE 

6-5A An Atomic-Orbital Model of Benzene 

Until now, we have discussed bonding only in terms of electron pairs asso- 
ciated with two nuclei. These we may call localized electrons. In fact, bonding 
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electrons can be associated with more than two nuclei, and there is a measure 
of stability to be gained by this because the degree of bonding increases when 
the electrons can distribute themselves over a greater volume. This effect often 
is called electron delocalization or resonance. It is important only if the com- 
ponent atomic orbitals overlap significantly, and this will depend in large part 
on the molecular geometry. 

The classic example of resonance is provided by the TT bonding of ben- 
zene. This compound was shown in Chapter 1 to have the molecular formula 
C6H6, to be planar and hexagonal with bond angles of 120", and to possess 
six equivalent C-C bonds and six equivalent C-H bonds. Benzene usually 
is written with a structural formula proposed by KekulC: 

Kekuie structure for benzene 

This structure is not consistent with the known geometry of benzene in that it 
has alternating double and single carbon-carbon bonds - bonds that are known 
in simpler compounds to be of unequal lengths (cf. Table 2-1). The fact is that, 
of the many bond structures that have been proposed for benzene, either before 
or after KekulC's time, no single one may be accepted as satisfactory. Atomic- 
orbital concepts, however, give a very acceptable description of benzene. Each 
carbon atom in the ring can be taken as sp2-hybridized and considered to form 
three coplanar sp2-hybrid a bonds with bond angles of 120". These cr bonds to 
carbon and hydrogen use three of the four valence electrons of each carbon. 
The remaining six carbon electrons, one on each carbon, will be in parallel 
p orbitals, as shown in Figure 6-19. We could formulate three n- bonds-in- 
volving three sets of adjacent p orbitals occupied by electrons having paired 
spins-each of these bonds being similar to those for ethene (see Figure 6-14). 
This pairing scheme is shown in Figure 6-20 and is equivalent to one KekulC 
structure. But we equally well could have paired the electrons to get a second 
KekulC structure, also shown in Figure 6-20. Because the n- electrons are per- 
fectly paired all around the ring, it is better to consider that the six electrons 
of benzene form a continuous 7-i bond above and below the carbons of the ring. 
As mentioned previously, delocalization of the electrons indistinguishably 
over all six centers (as in benzene) corresponds to a more stable electron dis- 
tribution than any in which the electrons are considered to be localized in 
pairs between adjacent carbons. 

That benzene is more stable than a single KekulC, or 1,3,5-cyclohexa- 
triene, structure can be gauged by comparing the experimental heat of com- 
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I 

Figure 6-19 Atom~c-orb~tal model of benzene show~ng the arrange- 
ments of the p, orbitals on each of the carbons 

bustion of benzene with the calculated value based on the average bond 
energies of Table 4-3: 

C6H6(g) + O2 (g) - 6C02 (g) + 3H20 (g) AH:,, = -789 kcal 
AH:,,, = -827 kcal 

About 38 kcal less energy is released on combustion than calculated. Benzene, 
therefore, is 38 kcal mole-l move stable than the cyclohexatriene structure 
pre'dicts. 

Figure 6-20 Alternative ways of forming T bonds in benzene through 
pairing of electrons in p orbitals on adjacent carbons 
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6-5B Representation of Resonance 

Atomic-orbital models, like that shown for benzene, are useful descriptions 
of bonding from which to evaluate the potential for electron delocalization. 
But they are cumbersome to draw routinely. We need a simpler representation 
of electron delocalization. 

The method that commonly is used is to draw a set of structures, each 
of which represents a reasonable way in which the electrons (usually in p 
orbitals) could be paired. If more than one such structure'can be written, the 
actual molecule, ion, or radical will have properties corresponding to some 
hybrid of these structures. A double-headed arrow +--+ is written between the 
structures that we consider to contribute to the hybrid. For example, the two 
KekulC forms are two possible electron-pairing schemes or valence-bond struc- 
tures that could contribute to the resonance hybrid of benzene: 

It is very important to know what attributes a reasonable set of valence- 
bond structures has to have to contribute to a hybrid structure. It is equally 
important to understand what is and what is not implied in writing a set of 
structures. Therefore we shall emphasize the main points to remember in the 
rest of this section. 

1. The members of a set of structures, as the two KekulC structures for 
benzene, have no individual reality. They are hypothetical structures repre- 
senting different electron-pairing schemes. We are not to think of benzene as a 
50:50 mixture of equilibrating KekulC forms. 

2. To be reasonable, all structures in a set representing a resonance 
hybrid must have exactly the same locations of the atoms in space. For ex- 
ample, formula 7 does not represent a valid member of the set of valence-bond 
structures of benzene, because the atoms of 7 have different positions from 
those of benzene (e.g., 7 is not planar): 

Structure 7 actually represents a known C6H6 isomer that has a very different 
chemistry from that of benzene. 

3.  All members of the set must have the same number of paired or un- 
paired electrons. For the normal state of benzene, the six .ir electrons have 
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three of one spin and three of the other. Structures such as 8, with four elec- 
trons of one spin and two of the other, are not valid contributors to the ground 
state of benzene: 

4. The importance of resonance in any given case will depend on the 
energies of the contributing structures. The lower and more nearly equivalent 
the members of the set are in energy, the more important resonance becomes. 
That is to say, electron stabilization is greatest when there are two or more 
structures of lowest energy (as for the two KekulC structures of benzene). 
As a corollary, the structure of a molecule is least likely to be satisfactorily 
represented by a conventional structural formula when two (or more) ener- 
getically equivalent, low-energy structures may be written. 

5. If there is only one low-energy structure in the set then, to a first 
approximation, the resonance hybrid may be assigned properties like those 
expected for that structure. As an example, we show three possible pairing 
schemes for ethene, 9, 10, and 11 : 

Although 10 and 11 are equivalent, they are much higher in energy than 9 
(see discussion in Section 4-4C). Therefore they do not contribute substan- 
tially to the structure of ethene that is best represented by 9. 

Resonance is by no means restricted to organic molecules. The follow- 
ing sets of valence-bond structures represent the hybrid structures of nitrate 
ion, NO,O, carbonate ion, C0,2Q, and nitrous oxide, N,O. These are only 
representative examples. We suggest that you check these structures carefully 
to verify that each member of a set conforms to the general rules for resonance 
summarized above. 

(NO,@ is planar with bond angles of 120") 
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(C0,20 is planar with bond angles of 120") 

@ Q 0 @ .. 
:NeN---O: - :N=N=O: . . 

(N,O IS linear) 

A shorthand notation of hybrid structures frequently is used in which 
the delocalized T-bonding is shown as a broken line. For benzene, an inscribed 
circle also is used to indicate continuous rr bonding: 

6-5C Resonance and Reactivity 

Electron delocalization is an important factor in the reactivity (or lack of it) 
of organic molecules. As an example, recall from Chapter 4 that the bond ener- 
gies of various types of C-H bonds differ considerably (see Table 4-6). In 
particular, the methyl C-H bond in propene is about 9 kcal weaker than the 
methyl C-H bond of ethane or propane, and this difference can be explained 
by the use of the resonance concept. The following bond dissociations are 
involved: 

CH,-CH2-CH, --+ CH,-CH2-CH, + H .  AH0 = 98 kcal 

Because the bond-dissociation energy AH0, is the diference in energy between 
the starting material and the dissociation products, a decrease in bond energy 
means that either the reactant is less stable (higher energy content) or the 
products are more stable (lower in energy). It is product stability that is the 
determining factor in the present examples. The 2-propenyl radical, but not 
the propyl radical, can be represented by the two equivalent electron-pairing 
schemes shown in Figure 6-21 as atomic-orbital and valence-bond structures. 
Consequently, the 2-propenyl radical is a resonance hybrid of two structures 
and is more stable than either one is expected to be. No such electron de- 
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Figure 6-21 Atomic-orbital model, valence-bond structures, and 
resonance-hybrid formula for the 2-propenyl radical 

localization is possible for the propyl radical, propane, or propene. Accord- 
ingly, the methyl C-H bond strength in propene is less than in propane because 
of stabilization of the 2-propenyl radical. 

The foregoing discussion adds further to our understanding of the selec- 
tivity observed in the halogenation reactions discussed in Chapter 4. When 
propene is chlorinated in sunlight, the product is 3-chloropropene, and we may 
explain this on the basis that the radical-chain reaction involves propagation 
steps in which a chlorine atom attacks the hydrogen corresponding to the 
weakest C-H bond: 

I 

The resonance theory is very useful in accounting for, and in many cases 
predicting, the behavior of substances with n- bonds. However, it is not omni- 
potent. One example where it fails is cyclobutadiene, for which we can write 
two equivalent valence-bond structures corresponding to the KekulC struc- 
tures for benzene: 

Despite this, cyclobutadiene is an extremely unstable substance, reacting 
with itself almost instantly at temperatures above -250". For better under- 
standing of this and some related problems, we provide a more detailed dis- 
cussion of electron delocalization in Chapter 21. 
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Exercise 6-9 Set up atomic-orbital models to represent the hybrid structures of 
N03Q, C032@, and N20. 

Exercise 6-10 Set up an atomic-orbital model of each of the following structures 
with normal values for the bond angles. Evaluate each model for potential resonance 
(electron delocalization). If resonance appears to you to be possible, draw a set of 
reasonable valence-bond structures for each hybrid. 

azabenzene (pyridine) 

Exercise 6 - l l *  Draw valence-bond structures for the phenylmethyl radical, C,H,CH2., 

and the 4-methylphenyl radical, O C H ,  Explain why the methyl C-H bonds 

of methylbenzene (toluene) are weaker than the rlng C-H bonds (see Table 4-6). 

6-6 Advanced Quantum Theory of Organic Molecules 

In recent years, great progress has been made in quantum-mechanical calcu- 
lations of the properties of small organic molecules by so-called ub initio 
methods, which means calculations from basic physical theory using only 
fundamental constants, without calibration from known molecular constants. 
Calculations that are calibrated by one or more known properties and then 
used to compute other properties are called "semiempirical" calculations. 

It should be made clear that there is no single, unique ab initio method. 
Rather, there is a multitude of approaches, all directed toward obtaining useful 
approximations to mathematical problems for which no solution in closed form 
is known or foreseeable. The calculations are formidable, because account 
must be taken of several factors: the attractive forces between the electrons 
and the nuclei, the interelectronic repulsions between the individual electrons, 
the internuclear repulsions, and the electron spins. 

The success of any given ab initio method usually is judged by how well it 
reproduces known molecular properties with considerable premium for use of 
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tolerable amounts of computer time. Unfortunately, many ab initio calculations 
do not start from a readily visualized physical model and hence give num- 
bers that, although agreeing well with experiment, cannot be used to enhance 
one's qualitative understanding of chemical bonding. T o  be sure, this should 
not be regarded as a necessary condition for making calculations. But it also 

HYDROGEN 

i + 

Figure 6-22 Generalized valence-bond orbitals calculated for ethene 
by the ab initio method. The nuclei are located in the x,y plane of the 
coordinate system at the positions indicated by crosses. The long 
dashes correspond to locations of change of phase. The dotted lines are 
contour lines of electron amplitude of opposite phase to the solid lines. 
Top shows both U-bonding carbon orbitals (almost sp2),  middle-left is 
the carbon orbital and middle-right the hydrogen orbital of one of the 
C-H bonds, and bottom represents a side view of the .sr orbitals in per- 
pendicular section to the x,y plane. (Drawings furnished by Dr. W. A. 
Goddard, Ill.) 

-..--/--, 
CARBON 

- . .---_-,/ 

CARBON 
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Figure 6-23 Representation of an onlon w~th  a quarter cut away, The 
edges of the layers on the cut hor~zontal surface correspond to the 
electron-amplitude contours shown In F~gure 6-22 

must be recognized that the whole qualitative orbital and hybridization approach 
to chemical bonding presented in this chapter was evolved from mathematical 
models used as starting points for early ab initio and semiempirical calculations. 

The efforts of many chemical theorists now are being directed to making cal- 
culations that could lead to useful new qualitative concepts of bonding capable 
of increasing our ability to predict the properties of complex molecules. One 
very successful ab initio procedure, called the "generalized valence-bond" 
(GVB) method, avoids specific hybridization assignments for the orbitals and 
calculates an optimum set of orbitals to give the most stable possible electronic 
configuration for the specified positions of the atomic nuclei. Each chemical 
bond in the GVB method involves two electrons with paired spins in two more 
or less localized atomic orbitals, one on each atom. Thus the bonds correspond 
rather closely to the qualitative formulations used previously in this chapter, 
for example Figure 6- 14. 

Electron-amplitude contour diagrams of the GVB orbitals for ethene are 
shown in Figure 6-22. Let us be clear about what these contour lines represent. 
They are lines of equal electron amplitude analogous to topological maps for 
which contour lines are equal-altitude lines. The electron amplitudes shown 
are those calculated in the planes containing the nuclei whose positions are 
shown with crosses. In general, the amplitudes decrease with distance from 
the nucleus. The regions of equal-electron amplitude for s-like orbitals (middle- 
right of Figure 6-22) surround the nuclei as a set of concentric shells corres- 
ponding to the surfaces of the layers of an onion (Figure 6-23). With the sp2-like 
orbitals, the amplitude is zero at the nucleus of the atom to which the orbital 
belongs. 

The physical significance of electron amplitude is that its square corresponds 
to the electron density, a matter that we will discuss further in Chapter 21. 
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The amplitude can be either positive or negative, but its square (the electron 
density) is positive, and this is the physical property that can be measured by 
appropriate experiments. 

Looking down on ethene, we see at the top of Figure 6-22 two identical 
C-C cr-bonding orbitals, one on each carbon, directed toward each other. The 
long dashed lines divide the space around the atom into regions of  opposite 
orbital phase (solid is positive and dotted is negative). The contours for one of  
the C-H bonding orbitals are in the middle of  the figure, and you will see that 
the orbital centered on the hydrogen is  very much like an s orbital, while the 
one on carbon is a hybrid orbital with considerable p character. There are three 
other similar sets of  orbitals for the other ethene C-H bonds. 

When we look at the molecule edgewise, perpendicular to the C-C cr bond, we 
see the contours of  the individual, essentially p-type, orbitals for .n bonding. 
Ethyne shows two sets of  these orbitals, as expected. 

What is the difference between the GVB orbitals and the ordinary hybrid 
orbitals we have discussed previously in this chapter? Consider the sp2-like 
orbitals (upper part of  Figure 6-22) and the sp2 hybrids shown in Figure 6-9. 
The important point is that the sp2 hybrid in Figure 6-9 i s  an atomic orbital cal- 
culated for a single electron on a single atom alone in space. The GVB orbital 
is much more physically realistic, because it is an orbital derived for a mole- 
cule with all o f  the nuclei and other electrons present. Nonetheless, the general 
shape of  the GVB sp2-like orbitals will be seen to correspond rather closely 
to the simple sp2 orbital in Figure 6-9. This should give us confidence in the 
qualitative use of our simple atomic-orbital models. 
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Supplementary Exercises 

6-12 Suggest why the molecule Be, apparently is so unstable that it has not been 
observed. Explain why Be with an outer-shell electronic configuration of (2s)' forms 
BeCI,, whereas He with the configuration (Is)' does not form HeCI,. 
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6-13 Indicate the hybridization expected at each carbon in the following: 
a. CH,CH,CH, c. HCzC-CH=O e. CH,=C=CH, 
b. CH3CH=CH2 d. CH3-CH=O 

6-14 Draw atomic-orbital models for each of the following substances. Each drawing 
should be large and clear with all bonds labeled as either u or n ,  as shown in the 
abbreviated formalism of Figures 6-13 and 6-18. Indicate the values expected for the 
bond angles and whether the molecule or ion should be planar or nonplanar. 
a. BF, e. ,Ct 

I I I I naphthalene 
Ctj C CH 

I( 'c( 

6-15 Write electron-pair structures for each of the following. Include both bonding 
and nonbonding pairs and predict the preferred shape of the molecule or ion as 
linear, triangular (planar), angular, tetrahedral, or pyramidal. 
a. CO, d. CH,@ g. SiF, i. H30@ 
b. N=C-0" e. F,C=CH, h. H-C-OH j. CH,SH 
C. CH,=C=O f. CH,CsN /I 

0 
k.* SO3 

6-16 Draw an atomic-orbital model for each of the compounds listed in Exercise 
6-15 that is consistent with the geometry deduced for each. 

6-17 Draw an atomic-orbital picture of 1,3-dichloropropadiene, CICH=C=CHCI. 
Examine the structure carefully and predict how many stereoisomers are possible for 
this structure. What kind of stereoisomers are these? 

6-18 Draw an atomic-orbital picture of 1,4-d~chlorobutatriene, CICH=C=C=CHCI. 
Examine your diagram carefully and predict the number and kind of stereoisomers 
possible for this structure. 

0 
6-19* If methanal, H,C=O, were protonated to give H,C=OH, would you expect the 
0 

C=O-H angle to be closer to 18O0, 120°, log0, or 90°? Explain. 

6-20* Draw atomic-orbital models for thiophene and imidazole that are consistent 
with their being planar compounds with six n-electron systems associated with five 
atomic nuclei. 

6-21* The boron orbitals in diborane, B,H,, overlap with hydrogen 1s orbitals in such 
a way to produce a structure having four ordinary B-H bonds, each of which is an 
electron-pair bond associating two nuclei. The remaining two hydrogens each are 
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bonded to both boron nucler through an electron-palr bond associated wlth three 
atomic nuclel Thls type of bond IS referred to as a three-center bond. 

a. Would you expect drborane to be planar or nonplanar? Explarn, uslng electron- 
repuls~on arguments 

b. Make an atom~c-orbltal dlagram for dlborane 
c. Explarn why the terrnrnal H-B-H angle IS larger than the Internal H-B-H 
angle 

6-22 Inspect each of the following orbital diagrams. The nuclei are represented as 
filled circles, and all bonding and nonbonding orbitals are labeled. The objective 
of the question is to identify the compound represented by each diagram, based on 
the number and type of bonding and nonbonding electrons, the type of orbitals, and 
the charge (if any) associated with each nucleus. 

This is an anion, with a 
net charge of -1 


