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 11) EXTENDING THEORIES OF COVALENT BONDING 
 

11.1) Although Lewis dot pictures and the Valence Shell Electron Pair Repulsion (VSEPR) 

theory of 3D shapes can explain many properties of covalent compounds, they have 

several shortcomings.  
 
SHORTCOMING #1: Lewis and VSEPR theories conflict with our earlier discussions of electron 
orbitals and configurations.  
 

We went to considerable trouble to describe the distribution of electrons in orbitals in 
atoms such like oxygen as 1s2 2s2 2p4 :  

 

 
 

From this, we see that oxygen's two ½-filled p orbitals 

are at 90o from each other. Hmm, so why isn't the H-

O-H angle 90o, rather than the (actual) tetrahedral 

109o predicted by the VSEPR theory? Hmm? 
 
 
 
SHORTCOMING #2: Our tetrahedral arrangement of 
electrons around the oxygen in water has another problem…. The two non-bonding electron 
pairs are equivalent to each other, as are the two bonding pairs. That is, if you’re one of the 
bonding (or non-bonding) pairs and you look around where you are, you’ll see exactly what 
you’d see if you were where the other bonding (or non-bonding) pair is. But this means that 
there’s no reason for you to be in one place rather than the other – so you must be equally likely 

to be in both. Hmm, we have to let go of our “dot pictures” of “localized electrons” and 
allow them to spread out more than we may like…  
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SHORTCOMING #3: Lewis dot and VSEPR structures fail to explain at least 6 properties of 
compounds containing double or triple bonds. 
 

1) Compounds 1 and 2 are identical (because the ends of the molecule can rotate with 
respect to each other “around the C-C bond”) but compounds 3 and 4 are not identical: 

 
                  Compounds #1 & #2 are           #3=cis-1,2-dichloroethene (mp= -80C, bp=60C) 

       both = 1,2-dichloroethane       #4=trans-1,2-dichloroethene (mp=-50C,bp=47C) 
 

Hmm, for some reason, single bonds can rotate but double 

bonds cannot...       
 
 

2) Why do compounds with long chains of alternating double and single bonds 

absorb some colors of visible light, thereby appearing colored, while molecules 

with long chains of single bonds are not colored? 
 

3) Why are double and triple bonds stronger than single bonds - but also more 

reactive? (For example, it’s the double bonds in butter and vegetable oil that make them 
go rancid, while double-bond-free lard (or Crisco) resists going rancid almost forever.) 

 

4) Why are double bonds in some cyclic compounds with alternating 

single and double bonds (such as benzene C6H6) much less reactive 

than normal double bonds?  
  

5) Why do some compounds (like O=O) behave have unpaired 

electrons (they are magnetic) while their Lewis dot pictures predict 

that all their electrons should be paired up (and so they should not 

be magnetic)?  
 

6) What sort of orbitals contain those delocalized electrons in a metal’s “electron 

sea?  
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11.2) “sp HYBRID ORBITALS” ACCOUNT FOR LINEAR ARRANGEMENTS OF 

ELECTRONS  
 

First, let's tackle how to reconcile the linear, trigonal and tetrahedral shapes predicted by 
the VSEPR theory with the “90o apart p-orbital geometry” that we described in single atoms. 
 

The key here is to realize that the electron configurations we studied earlier (like 

oxygen’s 1s22s22p4) are for ISOLATED atoms - not for atoms surrounded by other atoms 
(like the oxygen surrounded by the 2 H's in water). The wave-functions (Ψ's) represented by the 
1s, 2s, and 2p orbitals are pretty good solutions to the Schrodinger equation - but only when the 
only energies involved are the nucleus-electron attractions and e-/e- repulsions of a single 

oxygen atom. It shouldn't be too surprising that if we bring up additional e- and nuclei of other 
atoms, there will be new forces and energies at work which will change oxygen's wave-
functions. What IS surprising is that it’s possible to fairly accurately describe oxygen's new e- 
waves as “linear combinations” of the isolated oxygen's simple 1s, 2s and 2p waves. (“Linear 
combinations” of things like x, y and z are things like ax + by + cz where a, b, and c are 
numbers - as opposed to “nonlinear combinations” of things like (ax2 + by)/(cln(z)).) 

 
In a nutshell, here’s what happens: When an isolated atom is approached 
by other atoms, its electron waves constructively and destructively interfere 
with each other to produce an equal number of new waves (so-called 
'hybrid' orbitals) that end up pointing in the directions required by the 
VSEPR theory.   
 
For an example, let's start with carbon monoxide. The dot picture 

says that both the C and the O have two groups of electrons around them 
(one with 2e- and one with 6e-). VSEPR theory says that these two groups 
should be on opposite sides of the C and of the O. But how can this 
happen?  
 

Well, first consider which of an isolated C's electron waves (orbitals) will be most affected 
by the approach of an O atom... It should be those which are closest to the approaching atom...  
 

Assuming that the O approaches one of C's 2 filled p 
orbitals, the O's approach will mostly affect that p orbital (drawn 
in black in the picture to the right) and the carbon’s 2s orbital 
(also drawn in black; notice how it has appreciable amplitude in 
all directions – including where the O is coming from.)The 
carbon's 1s orbital is safely tucked away inside the n=2 shell so 
it is not affected very much, and the carbon's two other p 
orbitals (in gray + white) are directed at 90o from the direction of 
the O's approach so they are also not affected very much by the 
approach of the O atom. 
 

(You may wonder why we can assume that the approaching O atom comes in directly in line with 
one of the p orbitals. It doesn’t really matter where it comes in, because the individual p orbitals 
aren’t really there. All that is there is a total distribution of electron density. It’s just convenient to 
break it down into individual orbitals. The best way to think about the three p’s is that they can really 

C O
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point any direction you want – it’s just easiest to have them point in directions where the fewest are 
strongly affected by whatever is happening to them and the other’s are weakly affected.)  

 
Now we need to describe exactly how the C’s “strongly affected” orbitals are “strongly 

affected” by the approaching O atom. What happens is that as the O approaches the C, the C’s 
maximally affected orbitals (its 2s and its one 2p) “mix” with each other (i.e., form a linear 
combination) to produce two new 'hybrid orbitals.’ The way that this happens can be seen if 
you remember that electron waves are + some places and – other places. (Here we’re NOT 
talking about electrical + and -, but + and – in the sense of how water waves are "up" (+) some 
places and "down" (-) other places). If we use shaded and unshaded regions to distinguish 
these "+" and "-" regions of the electron waves, the s and p waves can combine in the two ways 
shown below. (The nucleus is at the center of each orbital.) Wherever parts of orbitals with the 
same sign overlap, they add together and you get a big wave. Where parts of orbitals with 
opposite signs overlap they tend to cancel out each other and the orbital becomes smaller. The 
two resulting waves are called "sp hybrid orbitals" to reflect the fact that they are made from an 
s and a p orbital: 

 
      2s         +           2p          =       one sp hybrid           2s        +         2p    =   another sp hybrid 
 
Notice that the two sp hybrids produced end up pointing 180o from each other.  
 

The end result is that when one atom approaches another atom with an n=2 outer 

shell, the 2s and one of the 2p orbitals hybridize to produce 2 sp hybrids. The energy of 

the hybrids equals the average of the 2s and 2p orbitals which make it. The other two 2p 

orbitals are not affected: 

 
 
 

+ =

 

+ =

 

1s + 3 p's 2 p's + 2 sp hyprids
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Now you might expect that carbon’s four n=2 
electrons would just fill these 2 hybrids - but it turns out 
that (after pairing with O’s electrons) they will have lower 
overall energy if 1 of each of the electrons goes into 
each of the hybrids and 1e- goes into each of the 2 
leftover p's as drawn to the right:  
 
 
 
 

So much for the C atom. What happens to the O as 
it approaches the C? The same thing: its 2s and its 2p 
orbital that points toward the C hybridize to form 2 sp 
hybrids, leaving 2 2p orbitals untouched. The oxygen then 
fills these orbitals with its 6 n=2 electrons as shown to the 
right: 
 
 
 
 

Finally, the O’s filled hybrid can share its 2 e- with the C’s 
empty hybrid, and the two half-filled, leftover p orbitals on the C 
and the O can overlap producing a triply bonded CO molecule: 
The 4 remaining electrons are found in the sp hybrids that point 
away from the other atom. 
   

Notice that in this picture, the 5 lines represent a total of only 3 bonds. The thick solid line indicates 

the overlap of the 2 sp hybrids that point toward each other, the 2 thin solid lines indicate the 1 bond 

formed by the overlap of the 2 leftover vertical p orbitals and the 2 dashed lines represent the 1 
bond formed by the overlap of the 2 leftover p orbitals, each of which is perpendicular to the page.  

 
The two sp hybrids which meet head-on achieve the best overlap, forming the strongest 

bond. This sort of head-on overlap is called a "sigma," σ, bond The p orbitals which overlap 

side by side do not overlap as well, producing a weaker bond. This sort of side by side 

overlap is called a "π" bond. 
 

The end result is that this “sp-hybridization” process creates the right number of 

partially filled orbitals that point in the 180o directions that VSEPR predicts. Such sp 

hybrids (+ 2 leftover p orbitals) are always used to explain the bonding in 

molecules which VSEPR theory predicts electrons are found on opposite sides of 

a nucleus.  
 

For another example, consider hydrogen cyanide (HCN). Its 
dot picture shows that the C and the N each have two groups of e- 
around them - so VSEPR says that they should be on 
opposite sides of the C and the N. But this means that 
the C and the N must both be using sp hybridization – 
because that’s the way you can get orbitals to point 

 

 

C O
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180o away from each other. The C and the N form sp hybrids (one pointing left and one pointing 
right – these are the shaded orbitals in the picture to the right) and leave two p orbitals (the 
unshaded Aup and down@ and Ain and out@ orbitals shown in the picture):  

 
Then (as the picture below shows): 

a) two of the N’s 5e- go into the sp hybrid directed to the right 
b) one of the N’s 5e- goes into the other sp hybrid and into each of its un-hybridized p’s 
c) one of the C’s 4e- goes into each of its 2 hybrids and each of its leftover p orbitals 

d) the half-filled C and N hybrids overlap to form 1 C-N bond (this is a  bond) 

e) the half-filled “up & down” p’s overlap to form a 2nd C-N bond (this is a  bond) 

f) the half-filled “in and out” p’s overlap to form the 3rd C-N bond (this is a  bond) 
g) the C’s remaining ½ filled hybrid overlaps with the H’s ½ filled 1s to form the C-H bond 
Ta Da: HCN! 

 
  
 
 
 

 

Activity 11.1) To see if you understand how + & - waves combine to make new waves  

 
 

ACTIVITY 11.2 

 
Sketch the orbitals responsible for bonding & for holding the outermost non-bonding electrons in 
the following molecules. (That is, make a picture like that of HCN that’s at the top of this page.) 
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11.3) ) “sp2 HYBRID ORBITALS” ACCOUNT FOR TRIGONAL PLANAR ARRANGEMENTS 

OF ELECTRONS  
 

Other hybridizations can account for the trigonal planar and tetrahedral geometries that 
VSEPR theory predicts will be assumed by atoms surrounded by 3 or 4 groups of e- such as:  
 
 
 
FORMALDEHYDE: 3 groups of e- = trigonal planar        WATER: 4 groups of e- = tetrahedral 
      
  
 
 

 
 

 

 

Trigonal planar arrangements (such as the 3 groups of electrons around the C or the O 

in formaldehyde) are explained by hybridizing an s with two p orbitals to form 3 “sp2" 

hybrids, leaving one leftover 2p orbital:   
 

Look first at formaldehyde’s C atom. In 
formaldehyde, it is surrounded by 3 atoms. When 
these 3 atoms approach the carbon, they run into 
the carbon's 2s orbital (which points in every 
direction) and the two of the carbon’s 2p orbitals 
that lie in the plane of their approach. (The 3rd 2p 
orbital is perpendicular to the page - and not 
drawn to the right. It is relatively unaffected by the 
approaching H’s and O.):  

 
If you pick appropriate 
amounts of the s and the 
two most affected p 
orbitals, they can form 
linear combinations 
(hybridize) which turn out 
to be oriented at 120o 
from each other: 
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(The odd #s in front of the orbitals like 2½ are “normalization constants” put there to 

insure that the total probability of an e- being in each orbital = 1.) Because these 

hybrids result from combining an s with 2 p orbitals, they are called "sp2" hybrids. 
 

While the O ends up being surrounded by only one other atom (the C), it undergoes the 
same sort of “sp2 hybridization.” (You can tell this by the fact that its electrons end up 
being trigonal planar.) This leads to the following orbital picture: 

 
Each atom’s non-hybridized (leftover) p orbital is the half-
light/half-dark vertical orbital that’s supposed to be in the 
plane of the paper. The 3 sp2 hybrids on each atom are the 3 
light colored orbitals that lie in a plane perpendicular to the 
non-hybridized p orbital. The ones pointing at each other 
are in the plane of the paper.  One of the other hybrids on 
each atom comes forward and the other on each atom 
goes backward.   

 
The 10 valence electrons (4 from C and 6 from O) can then 
fill these orbitals like so:  

 
The single thick line indicates the sigma (σ) bond formed by the end-to-end overlap of 

two sp2 hybrids, and the two thin lines represent the one pi (π) bond formed by the side-
by-side overlap of the leftover p orbitals.  The remaining two sp2 hybrids are filled with 2 
electrons each on the oxygen, but only half-filled on the carbon, allowing two H's to bond 
to the carbon to form formaldehyde: 
 

Such sp2 hybrids + 1 leftover p are always involved 

whenever Lewis dot structures show one double and 2 

single bonds to an atom or when VSEPR theory 

predicts 120o  bond angles.   
 

11.4) “sp3 HYBRID ORBITALS” ACCOUNT FOR TETRAHEDRAL ARRANGEMENTS OF 

ELECTRONS 

 

Tetrahedral arrangements of electrons (like on the O in water) are always explained by 

hybridizing an s with 3 p orbitals to form 4 “sp3" hybrids, leaving no leftover 2p orbitals:  
 

The tetrahedral arrangement of 4 groups of electrons around an atom predicted by 
VSEPR theory can be explained by an appropriate combination (hybridization) of an s 
orbital with all three p orbitals to produce 4 sp3 hybrids:  
 

C O  
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It’s harder to show the appropriate linear combinations here, but (if you look at the above 
figure in color) you may be able to imagine how the colored hybrid on the right (pointing 
down toward the right) could be made from the three p orbitals on the left. The red parts 
of the p orbitals would combine to make a red part pointing in between them (about 
where the red part of the hybrid is) and the green parts of the p orbitals would combine to 
make a green part pointing up and away – like the green part of the hybrid. If you 
combine this with a “red” s orbital, it makes the red part of the hybrid larger and the green 
part smaller – more or less forming the indicated hybrid. The other 3 hybrids can be 
formed by similar combinations:  
 

Hybrid 1 (the colored one above) ~ s + px + py + pz      
Hybrid 2 ~ s - px - py + pz 
Hybrid 3 ~ s - px + py - pz   
Hybrid 4 ~ s + px - py - pz 

 
The 6 valence e- of water's oxygen, fill two of these hybrids with pairs of e-, and half-fill 
the other two hybrids, leaving room for the electrons of two hydrogen atoms to complete 

the half-filled orbitals to form water. Such sp3 hybrids are always involved in making 4 

tetrahedral bonds. 
 

Activity 11.3 Identify the hybridization used in each of the indicated atoms in genistein (a 
possible anti-cancer compound found in soybeans): 
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11.5) WHAT ELSE CAN HYBRID ORBITALS EXPLAIN?  
 

The formation of sp2 hybrids (and the existence of the leftover p orbital) can also explain 
many of the properties of compounds containing double bonds that were mentioned above.  
 
a) Why are compounds 1 and 2 identical but compounds 3 and 4 are not? 

 

 
 

In compounds 1 and 2` (drawn to the left below) the carbon atoms are joined by a single 
sigma bond (the head-on overlap of 2 sp3 hybrids). Sigma bonds maintain their orbital 
overlap as the atoms on either end twist, allowing relatively easy rotation of the ends of 
the molecule.  
 

 
 
 
In compounds 3 and 4 (drawn to the right above), one of the two bonds joining the 
double bonded carbons in molecules 3 and 4 is a “π” bond formed by the side to side 
overlap of the atoms' leftover p orbitals (the dashed lines above). The ends of these 
molecules cannot twist without losing this overlap - that is, without breaking the π bond. 
This means that the two molecules which differ in having one end twisted do not readily 
inter-convert, and so can be isolated as separate materials. 
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Activity 11.4) Sketch an orbital picture of propadience H2C=C=CH2 to explain why the 4 
H=s are not in the same plane.  

 
 
 
 
 
 
 
 
 
 
 
 

 
b) Why do compounds with long chains of alternating double and single bonds absorb some 
colors of visible light, thereby appearing colored, while molecules with long chains of single 
bonds are not colored? 
 

The formation of sp2 hybrids (and the existence of leftover p orbitals) also explains why 
compound with long chains of alternating double and single bonds are colored. For 
example, consider carotene, the orange pigment in foods like carrots: 

 
In such molecules, the p orbitals which are leftover on adjacent carbons when the atoms 
make their sp2 hybrids (shown above) overlap to account for the double bonds (shown as 
solid lines). But each p orbital could just as easily overlap with its neighbor on the other 
side from how it is drawn above (indicated by dotted lines). (This always happens with 
chains of alternating double and single bonds – so-called “conjugated systems.”) This 
means that electrons in such orbitals are actually free to roam the entire length of such 
molecules. If you remember that the energy difference between allowed energies of e- 
localized in space decreases as the area in which they are confined gets larger, you can 
see why it is quite easy to excite e- that can roam such large areas. In fact, the energy of 
blue light is enough to excite lycopene's delocalized electrons, resulting in the reflected 
R+O+Y+G+V light's appearing orange (the complementary color of blue). Many other 
colored materials incorporate “benzene-like” rings in them as a way of achieving long 
“boxes” for their electrons (e.g., the food colorings we looked at in lab in chem 1).  
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Activity 11.5) Rank the following in order of increasing energy of light which they absorb: 
 
 
  

If one is orange, one green and one violet, which would be which?  
  
 

 
c) Why are double and triple bonds stronger than single bonds - but also more reactive? (For 
example, it’s the double bonds in butter and vegetable oil that make them go rancid, while 
double-bond-free lard (or Crisco) resists going rancid almost forever) 
 

Such "hybridization" pictures also explain why multiple bonds are stronger than single 
bonds: the overlap of the side by side p orbitals contributes additional "electron glue" to 
hold the positive nuclei together (or allows additional e- more room to move and thereby 
decrease their kinetic energy). But notice that the e- in these π bonds are not safely 
tucked away in between the nuclei - instead, they bulge out to the sides of the molecule – 
leaving them very exposed and susceptible to attack by any electron-loving 
("electrophilic") chemicals that it may meet. This is why multiple bonds are often more 
reactive than single bonds.  
 
We can also now explain why it’s easier to rip an H off of a C that’s next to a C=C  
structure than from a C that’s not next to a C=C. When a free radical (like a hydroxyl) rips 
an atom (like an H) off of a molecule with no double bonds, it creates a new free radical 
(like that shown to the left below) where the remaining e- is in a (relatively small) sp3 
orbital. But if an H is ripped off from next to a C=C, the remaining e- can go into a p 
orbital (the C changing to sp2 hypbridization) and then the e- can delocalize into the 2 p 
orbitals that form the adjacent double bond (as shown to the right below): 
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d) Why can some organic materials actually conduct electricity as well as metals?  
 

Another interesting application of 
“conjugated systems” (molecules 
with alternating double and single 
bonds) is the development of 
nonmetallic, organic “wires” such 
as phenylene-acetylene structures: 

 
 

 
 
 
 

 

 

 

 

11.6) EVEN HYBRIDIZATION HAS ITS SHORTCOMINGS:  
 

While the hybridization of the orbitals of isolated atoms explains many more properties of 
covalent compounds than do Lewis dot pictures or the VSEPR theory, even it leaves some 
properties unexplained. For example, hybrids cannot explain the last 3 things on page 2: 
 

4) Why are double bonds in some cyclic compounds with 
alternating single and double bonds (such as benzene C6H6, 
drawn to the right) much less reactive than normal double bonds?  

  
5) Why do some compounds (like O=O) behave have unpaired 
electrons (they are magnetic) while their Lewis dot pictures 
predict that all their electrons should be paired up (and so they 
should not be magnetic)?  

 
6) The expanded theories of bonding that we are about to explore will also shed more 
light on the probably less than pleasing 'sea of electrons' model of bonding in metals. 

 
To answer these questions, we need to further extend our ideas theory of covalent 

bonding - to Amolecular orbital@ theory. 
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11.7) MOLECULAR ORBITAL THEORY 
 

The theory of covalent bonding that we've presented so far is called the "valence bond" 
theory. It says that covalent bonds are due to the overlap of (usually hybridized) orbitals that are 
'localized' on individual atoms. However, just as several orbitals on a single atom can 
constructively and destructively interfere with each other to produce new hybrid orbitals on that 
single atom, so can such hybrid orbitals interfere with orbitals on other bonded atoms to 
produce new "molecular" orbitals.  
 

For example, consider two hydrogen atoms that meet so that their 1s orbitals - their e- 
waves - overlap. Remember that these waves can be either positive or negative (only their 
square has physical meaning). If the 1s orbitals of the hydrogen atoms are both (+) or both (-), 
then where they overlap they combine constructively to produce “bonding” overlap consisting of: 

 
a) a large (+) or (-) wave region (= large e- density) between atoms = lots of e- there 

 = strong attraction for nuclei = a bond 
b) some e- density on the outsides of the atoms = more room for e- = lower kinetic 

 energy = a bond 
This is shown here: 

 

 
If one hydrogen's 1s orbital is (+) and the other's is (-), where they overlap they combine 
destructively, canceling each other in the region between the atoms producing “anti-bonding” 
overlap with: 
 

a) a region of little wave (little e- density) between the atoms so there’s little attraction 
between the nuclei 

 
b) the largest e- density on the outsides of the nuclei - actually pulling the nuclei apart 
and confining the e- to smaller regions of space than on the separated atoms = higher 
kinetic energy. 

 
This is shown here: 
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Compared to the energy of orbitals in the original, 
separate atoms, the energy of the bonding molecular orbital 
is lower and the energy of the anti-bonding molecular orbital 
is higher (giving an average equal to the energy of the 
starting orbitals): 
       
 
 
 
 
 

These two types of overlap produce a “sigma” () type 
"bonding orbital" (with overlap on the line connecting the nuclei and 
with lower energy than the original 1s orbitals) and an “sigma” type 
"anti-bonding orbital" (σ*, with greater energy than the original 1s 

orbital). The total energy is the same as the total energy of the 
original two 1s orbitals. Each of the new orbitals can hold 2e-. Since 
H2 has only 2 e-, both can go into the bonding orbital, producing a 
lower total energy than 2 separated H atoms and the atoms bond:  

 
 
 

In contrast, He2 does not exist, because when its 1s orbitals 
overlap to form the σ and σ* orbitals, it would fill them with 4 e-'s. 
These electrons fill both the bonding and anti-bonding orbitals, 
resulting in no decrease in energy compared to separate He atoms - 
no bond forms.  

 
 

To get a molecular orbital picture of bonds between other atoms, you have to consider 
the constructive and destructive overlap of p orbitals in addition to s orbitals. Any p orbitals that 
overlap head-on can produce sigma-style (head to head) bonding and anti-bonding orbitals:  
 
 
    
constructive overlap = bonding orbital  destructive overlap = anti-bonding orbital 
 
Any p orbitals which overlap side by side can produce bonding and anti-bonding π orbitals: 

 

  
 

     Constructive overlap  bonding  orbital       Destructive overlap  anti-bonding  orbitals 
 

+ =
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Combining overlap of s and p orbitals produce the following set of molecular orbitals:  
  
       _σp*_ 

_πp*_  _πp*_ 
   2p   ___ ___ ___      ___ ___ ___ 

_σp_ 

_πp__  _πp__ 
 

_σs*_ 
2s ___        ___   

_σs_ 
       atom #1   molecular orbitals          atom #2 

 
These MOs are then filled by as many electrons as the molecule has. For example here are MO 
diagrams of C2, N2, O2 and F2: 

 
# of bonding e- 6   8   8   8 
# of anti-bonding e- 2   2   4   6 
net # bonding e-  4   6   4   2 
# bonds  2   3   2   1 
any unpaired e-? no   no   yes   no 
magnetic?   no   no   yes   no 

 
Note: There is something a bit odd about the energy levels drawn above. The destructive interference of the 

p orbitals that overlap head on produces the highest energy orbital drawn above (p*). But if this orbital is so 

unhappy, the constructive (+/+) overlap of the head-on p orbitals (p) should produce a very low energy 

orbital - but it actually end up being higher energy than the constructive p overlap. I believe that this is 

because, were it to be as low energy as you’d expect, it would be close in energy to the occupied *s and 
orbitals that are close to each other in energy “repel” each other - one rising & the other falling (in energy). 

This repulsion raises the energy of the p until it is higher than the energy of the p. 
 

 



 
Chapter 11: Hybrids & Molecular Orbitals: 18 

These molecular orbitals make it clear why oxygen has the 
unusual property of having 2 e- which are NOT paired. This means that 
the “normal” dot picture of O2 is wrong – because in it, all of the electrons 
appear to be paired up:   
 

 Molecules (or atoms) with all electrons paired (for each electron whose spin is 

“up” there is another electron whose spin is “down”) are called “singlets” – because 

there’s only a single way they can exist – one spin up & the other down. Molecules (or 

atoms) with a single unpaired electron are called “doublets” – because the single 

electron’s spin can be either “up” or “down.” Molecules like oxygen with two unpaired 

electrons (in different orbitals) are called “triplets” – because there are three ways they 

can exist: both spins “up,” one spin “up” and the other spin “down” or both spins 

“down.”   
 
It is apparently not too hard to create the lowest energy excited state of oxygen (in which the e-‘s 

are paired in one of the * orbitals: a “singlet” state rather than its normal “triplet” state). This state’s 
energy is above oxygen’s ground state by the energy of red light - red light which can be seen as a 
singlet state relaxes to the ground triplet state. (The excited state has roughly a 12 second lifetime 
and is observable by letting about 10ml of undiluted blue Chlorox 2 liquid saturate a 1cm circle on a 
white towel. Then pipet 5ml of water into the center of the spot - this produces some hydrogen 
peroxide. Finally, pipet undiluted regular Chlorox onto the wet region surrounding the Chlorox 2 
spot. The peroxide reacts with the hypochlorite to produce singlet O2 which then relaxes to triplet O2 
while giving off red light.) 

 
Molecular modeling software like PC SPARTAN can draw pictures and calculate energies (in eV 
= electron volts, 1eV = 1.6x10-19J) for such orbitals. Here is the result for O2:  
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  When using PC Spartan to generate such pictures, you need to know that the Highest 

energy Occupied Molecular Orbital (in this case with an energy of -15.16eV) is called the 

“HOMO,” the one below it in energy is the HOMO-1, the next is HOMO-2, etc. The Lowest 

energy Unoccupied Molecular Orbital is called the LUMO, and the one above that is LUMO+1, 
etc.  

 

11.8) HOW ABOUT MOLECULAR ORBITALS IN MOLECULES WITH MORE THAN 2 

ATOMS? 
 

When more than two atoms are bonded together, orbitals can combine in even more 
ways. For example, consider ozone, O3.  
 

O3’s dot picture indicates it should be a resonance structure of these two forms: 
 
 
 

 

In hybridization language, O3 would be described by each oxygen atom's 
hybridizing to produce 3 sp2 hybrid orbitals and a leftover p orbital.  

 
 

In molecular orbital language, each pair of overlapping sp2 orbitals on adjacent O's 
produces bonding and anti-bonding sigma bonds and, depending on their signs, the 3 leftover p 
orbitals combine to produce 3 π 
molecular orbitals:   
     
  

If you think of these three 
combinations as waves, they have 
increasing energy with shorter and 
shorter wavelength (somewhat like 
light's E = hc/λ, or the increasing 
energies of particles in boxes as the 
box gets smaller). 

 
The four e- not involved in the σ bonding fill these π molecular orbitals: 
 

_____    anti-bonding 
original p's __  __   __   __   nonbonding 

__    bonding 
 
 

O O O

 

OOO
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PC SPARTAN confirms this picture of O3's electrons: 
        Side view  top view 

 

 

 

LUMO ~non-hybridized (leftover) p 

orbitals with destructive interference 

between them (E=-1.46eV) 

 

 

HOMO ~p orbitals on outside O’s 

(E=-12.85eV) 

 

 

 

 

HOMO-1 ~destructively interfering 

sp2 hybrids on all 3 O’s (E=-14.65eV) 

 

 

 

 

HOMO-2 ~sp2 hybrids on outer O’s 

(E=-15.15) 

 

HOMO-3 ~ constructively interfering 

non-hybridized (leftover) p’s on all 

atoms (E=-20.62eV) 

 

 

HOMO-4 ~sp hybrids on outer O’s 

(E=-20.75eV) 
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11.9) Such molecular orbitals also explain the 

unusual stability of so-called "aromatic" 

compounds.  
 

Some cyclic compounds with alternating 
double and single bonds (like benzene, C6H6) are 
much less reactive than other compounds with 
double bonds. Such compounds are called 
Aaromatic@ - originally because they smelled nice - 

but the term now refers to any molecules with 
4n+2 electrons in a ring of p orbitals. Such 
double bonds don=t react as do other double 

bonds.  
 

In benzene, each carbon is sp2 hybridized, 
and the 6 leftover p electrons fill 6 molecular 
orbitals made by the following combinations of the 
6 p orbitals: 
 

The 6 p electrons are enough to just fill the 3 of these orbitals which have the lowest 
energy - and they are all bonding MOs (they have lower energy than the original p orbitals). 
Such cyclic systems of p orbitals are unusually stable if they contain 4n+2 electrons (n = any 
whole #). This is because 4n+2 electrons will yield 4n+2 MO's, of which half (2n+1) will be 
bonding - exactly the number that can be filled by the available electrons.  
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11.10) The singlet state of oxygen (p16) and the extended molecular orbitals of large 

molecules can be combined to explain bioluminescence such as from luciferin in 

fireflies: 
  
First, an ATP is used to “prime” the molecule (the bond that’s formed to the AMP is quite weak): 

 
 
 
Next, a ground state (triplet, double radical) O2 displaces the weakly bonded AMP fom the 
primed molecule to give the molecule shown to the left below. Because spin is conserved and 
the starting luciferin and the leaving AMP are singlets (e- paired) while O2 is a triplet, this 
product must have 2 unpaired e- (be a triplet). As shown below, this next loses a carbon dioxide 
(CO2) - which is also a singlet, so the remaining molecule must still be a triplet: 

 
Finally, the excited (triplet) state product relaxes to its lower energy, e- paired (singlet) state with 
the emission of light: 
 
 
 
 
 
 

 

 



 
Chapter 11: Hybrids & Molecular Orbitals: 23 

11.11) Molecular orbitals also explain metallic bonding.  
 
Up to now we’ve glossed over how atoms of metallic elements bond to other atoms of 

metallic elements to form metals. We’ve said that they all “lose e- to form an e- sea in which the 
resulting (+) ions are embedded” - but that’s probably never been that satisfactory of an answer. 
Now we can see that metallic bonding is just the extension of the idea of combining local orbitals 
from a group of atoms to make molecular orbitals - extended to a VERY VERY large number 
(~1023 ) of atoms.  

 
Let’s take sodium as an example: 

 
A) a single Na atom has 1e in its 3s orbital.  
 
B) When 2 Na atoms meet their 1s orbitals 
can combine constructively to make a lower 
energy bonding orbital or destructively to 
make a higher energy anti-bonding orbital  
 
C) When 3 Na atoms meet, 3 MOs are 
possible 
 
D) When 4 Na atoms meet, 4 MOs are 
possible 
  
E) If 1023 Na atoms meet, they will produce 1023 MO's - 
half with greater than their initial energy and half with 
less. Because 1023 is such a large # of orbitals, the new 
molecular orbitals will be very closely spaced in energy. 
In fat, these MO's are thought of as a roughly continuous 

"band" of a very large # (1023) bonding & anti-bonding 
orbitals: 
 

For n Na atoms, n/2 of the n orbitals in the band can be filled. So there are lots of empty 
orbitals just above the filled ones into which extra electrons (such as those added from an 
outside source) can go. This makes Na a good conductor of electricity (it has 1022 electrons/cm3 
vs H2O's having 10-7  ions/cm3). Sodium is even a better conductor than 1M NaCl (which does 
have ~1021 ions/ml - but these ions are more massive than e- so they move much more slowly).  

 
For n Mg atoms, each atom has 2 outer 

electrons, so you have 2n valence e- which can 
fill the n MO's that form. The "band" is 
completely filled so you might expect Mg to be 
an insulator. However, the filled 2s band 
overlaps the empty 2p band and so it is also a 
conductor.  
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The two requirements for good conductivity by electrons are (1) the presence of a band, 

whose delocalized orbitals provide a kind of electronic highway through the solid; and (2) an 
electronic population of the band that corresponds to its being only partially filled, typically from 
about 10 to 90% of its capacity. (A completely empty band cannot contribute to electrical 
conductivity, because it has no electrons to produce the net flow of charged particles that 
represents an electrical current. A completely filled band is unsuitable for electrical conduction 
because it has no vacant orbitals for the electrons to jump into to achieve a net physical motion 
of charge carriers in a particular direction. When the band is only partially filled, electrons are 
easily promoted into the vacant, energetically accessible orbitals of the band by absorbing 
thermal energy or energy from an electric field. These unpaired electrons are then free to 
move under the influence of an electric field such as that produced by a battery, or to be swept 
along by a magnetic field as in a generator.) 
 

In C, sp3 hybrids overlap to 
make bonding (valence) & anti-bonding 
(conduction) bands with a "band gap" 
reflecting the separation in energy of 
bonding and anti-bonding orbitals. 
  
 

“Insulators” are materials with 
large band gaps; semiconductors (like 
Si) have small band gaps - e- can=t 

flow as easily as in a metal, but more 
easily than in a conductor.  
 

Conductivity may be increased by adding electrons to an empty band or removing 
electrons from a filled band. For example, the conductivity of a graphite sample can be 
substantially enhanced by oxidation with bromine which removes electrons from the filled band. 
The bromide ion that is generated by the reaction intercalates itself: i.e. it moves into the spaces 
between the layers of the solid. Graphite intercalation by electron donors, such as alkali metals, 
is also possible. With donors, electrons are added to the higher energy band, partially filling it 
and also increasing the conductivity relative to pure graphite. 
 

One of the most characteristic features of clean metals is their 
shininess; they are also opaque. This effect is also interpretable in terms of 
the band structures of these solids: this figure illustrates the kind of 
electronic transitions that can be expected for a metal with a partially filled 
band. Absorption can take place over enormous regions of the 
electromagnetic spectrum because of the nearly continuous nature of the 
electronic states within the band. The vertical arrows represent electronic 
transitions ranging from very low energy (short arrows), well below the 
visible spectrum (infrared radiation, microwaves, radio waves, etc.), to well 
above the visible spectrum (long arrows), into the UV region and beyond. 
Materials with filled bands separated from other bands by band gaps will 
only absorb light with enough energy to excite e- from the filled into the 
empty band:   


