Objectives: Hybridization of atomic orbitals, AO-s, Localized electrons (LE) modelPRIVATE 

Hybridization
We have seen, that e.g. in H2 bonding comes about by mixing the two unpaired 1s electrons 

from different hydrogen atoms:

    H           H

    (     +     (        (         ((  overlap or mixing 

    1sA         1sB
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The building up of negatively charged electron density between the positive nuclei reduces 

the repulsion between the two like charged (+) centers: 

overlap of the two 1s orbitals causes the bonding

to form bonds, however, we can use only unpaired electrons from the two atoms that must 

be bonded, because like an atomic orbital a bond orbital can hold only 2 electrons

Because to bond the atoms we have to pair two unpaired electrons, 1 from each atom

So we need half filled orbitals to form bonds (completely filled bonding orbitals)

The AO in atoms are mathematically built such, that when electrons occupy them the energy 

of the atom is as small (more negative) as possible.

Example: we know that Be can form bonds in molecules like BeCl2, but the energetically 

best electron configuration for a Be atom alone is:

 (( 

2s

 (( 

1s

Be:  1s22s2
all AO in Be are filled with paired electrons

Thus, Be in its lowest energy configuration (best for the atom alone) cannot form bonds, 

although we know that it does

To be able to form bonds, we must change the groundstate configuration of Be to a 

hybridized state, by mixing the AO of the same atom together before bond forming:

Formation of hybrid orbitals

So we form half filled hybrid orbitals which are then better for bonding.

First we bring mathematically the atom into a state of higher energy than the groundstate, the

hybridized state, which then can give more energy when forming bonds than the groundstate 

could.

To mix the 2s valence AO of Be with other AO-s, we can use empty (unfilled) orbitals of 

the same principal quantum number as the valence electrons (hybridization with higher n 

orbitals would cost too much energy)

In Be we could mix the filled 2s orbital with one of the empty 2p orbitals which have higher, 

but not too high, energy.

By adding and subtracting 2p and 2s, we can get 2 hybrid orbitals, 2s + 2p and 2s - 2p, that 

have the same energy.

Same energy: Hund's rule: the 2 electrons are not paired in the hybrid orbitals:
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sp hybrid orbitals
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2s

       Be as element

mixing = hybridization
Be in hybrid state for bonding, e.g. in BeH2
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note: in the center of each orbital is always the same Be atom (in the node of the sp hybrids, 

where the sign of the wavefunction changes from + to -)

Now if we consider the 1s orbitals at the H atoms in BeH2 and an sp hybridized Be atom, 

then the half-filled 1s orbitals of the 2 hydrogen atoms, one left, one right of Be, can 

optimally overlap and form bonds with one of the 2 half-filled sp orbitals of Be.

Finally we get a linear structure in the BeH2 molecule as required with 2 Be - H bonds in a 

linear geometry.

A similar situation we have in B as element, with 1s22s22p1 groundstate, which again cannot 

form 3 bonds, because the 2s valence electrons are paired in the element:
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sp2 hybrid orbitals
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2s

       B as element

mixing = hybridization
B in hybrid state for bonding, e.g. in BH3
Here the hybridization involves the 2s and 2 of the 2p orbitals, thus it is called an sp2 hybrid 

that has 3 orbitals in it.

Here the hybrid orbitals are not in a linear geometry like in sp, but in sp2 they have a 

trigonal planar geometry and the lobes point into the corners of a regular triangle around B.

Each sp2 orbital has 1 unpaired electron that can form a bond with an unpaired electron in 

a 1s orbital of H.

The situation is similar in C atoms:
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sp3 hybrid orbitals
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2s

       C as element

mixing = hybridization
C in hybrid state for bonding, e.g. in CH4
Here the hybridization involves the 2s and all 3 of the 2p orbitals, thus it is called an sp3 

hybrid that has 4 orbitals in it.

Here the hybrid orbitals are not in a planar geometry like in sp2, but in sp3 they have a 

tetrahedral geometry and the lobes point into the corners of a tetrahedron around C.

Each sp3 orbital has 1 unpaired electron that can form a bond with an unpaired electron in 

a 1s orbital of H, giving finally the tetrahedral CH4 molecule.

When we look now e.g. to a Cl atom, then that atom has 3s23p5 valence electrons. Thus we 

can form an sp3 hybrid on Cl and fill 3 of the 4 hybrid orbitals with electron pairs, the 3 

lone pairs on Cl and 1 sp3 lobe with an unpaired electron, that can overlap with an sp hybrid 

orbital at Be, forming finally a BeCl2 molecule.  

When we move now to P, the situation is again that we have 2 paired 3s electrons, but the 

3p orbitals are already all half-filled. So to unpair the 3s electrons, we must use other than 

3p orbitals for hybridization.

In n = 3 we still have the 3d orbitals which are all 5 of them empty and not too high in 

energy for hybridization (when they are empty, then 3d is still lower in energy than 4s, only 

filling makes 4s lower in energy than 3d): 
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sp3d hybrid orbitals
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3s

       P as element

mixing = hybridization
P in hybrid state for bonding, e.g. in PCl5
Here the hybridization involves the 3s, all 3 of the 3p orbitals, and 1 of the 3d orbitals thus 

it is called an sp3d hybrid that has 5 orbitals, 1 s + 3 p  + 1 d, in it.

Here the hybrid orbitals are not in a tetrahedral geometry like in sp3, but in sp3d they have 

a trigonal bipyramidal geometry and the lobes point into the corners of a trigonal bipyramid 

around P.

Each sp3d orbital has 1 unpaired electron that can form a bond with an unpaired electron in 

e.g. 1 of the sp3 orbitals in Cl, giving finally the trigonal bipyramidal PCl5 molecule.

In S not only the 3s electrons are paired, but also 2 of the 4 3p electrons:
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sp3d2 hyb-rid orbitals

 (↓ 

3s

       S as element

mixing = hybridization
S in hybrid state for bonding, e.g. in SF6
Here the hybridization involves the 3s, all 3 of the 3p orbitals, and 2 of the 3d orbitals thus 

it is called an sp3d2 hybrid that has 6 orbitals, 1 s + 3 p + 2 d, in it.

Here the hybrid orbitals are not in a trigonal bipyramidal geometry like in sp3d, but in sp3d2 

they have an octahedral geometry and the lobes point into the corners of an octahedron 

around S.

Each sp3d2 orbital has 1 unpaired electron that can form a bond with an unpaired electron in 

e.g. 1 of the sp3 orbitals in F, giving finally the octahedral SF6 molecule.

In molecules like XeF4, we have also an octahedral sp3d2 hybridization, where 4 of the 6 

hybrid orbitals contain bond pairs to F and 2 hybrid orbitals contain the 2 lone pairs.

In molecules like XeF2, we have a trigonal bipyramidal sp3d hybridization, where 2 of the 5 

hybrid orbitals contain bond pairs to F and 3 hybrid orbitals contain the 3 lone pairs.

Summary

no. of electron pairs

geometry


hybridization
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6


octahedral


sp3d2
All hybrid orbitals look the same like the sp ones in Be, with a big lobe into 1 direction from

the atom and a small one into the other direction, one with a +, one with a - sign of the 

wave function.

The use of hybridization is also called the localized electron model (LE) or the Valence Bond (VB) model

See picture in the book

Multiple bonds
In ethylene, C2H4 the two carbon atoms form a double bond and each carbon forms 2 C - H 

single bonds:


H       H


 C = C 


H       H

For a carbon to be able to form a double bond, we need to have 3 unpaired electrons to 

form 2 C - H and 1 C - C single bonds in the single bond skeleton of the molecule.

An sp3 hybrid is not possible because the two bonds in C = C must point into the same 

direction and not into the corners of a tetrahedron.

When the sp2 orbitals form one of the two CC bonds, then we have perpendicular to an sp2 

hybrid at the C-s an unpaired p electron in each of the C-s.

The two p orbitals are parallel to each other and can overlap sideways, to form a π bond 

which has electron density above and below the molecular plane, and no electron density in 

the molecular plane, where the electrons of the single σ bond are.

hybridization at C:
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mixing = hybridization
C in hybrid state for bonding, e.g. in C2H4
Thus we have an sp2 hybrid with trigonal planar geometry plus 1 half filled p orbitals 

perpendicular to the triangle (see picture in the book!)

The sp2 orbitals can overlap with 2 1s orbitals and form bonds with hydrogen and one of the 

sp2 orbitals can overlap with an sp2 orbital of the other carbon and form a bond with the 

other carbon.

Thus in ethylene we have 4 + 1 = 5 σ (single) bonds and one π bond, where the CC σ and 

π bonds are the double bond (see pictures in book for the π skeleton and the π bond)

In acetylen, C2H2, we have a triple bond between the 2 carbon atoms and 1 C - H bond for 

each carbon.

Here the hybridization at each C is sp, to form the C - H and the C - C σ bonds.

At each carbon we have then 2 p orbitals left which can overlap sideways with the 2 p 

orbitals at the other carbon to form 2 perpendicular π bonds, where 1 of the π bonds has 

electron density above and below the H - C - C - H line in the paper plane, while the other 

π bond has electron density above and below the paper plane.

So in acetylene, we have 3 σ (2 C - H and 1 C - C) and 2 π (C - C ) bonds.

In CO2, we have O = C = O, and thus there are 2 C - O σ bonds, 2 C - O π bonds and 4 

lone pairs on the 2 O. At O we have sp2 hybrids, on C an sp hybrid. 

In N2 we have 1 N - N σ bond, 2 N - N π bonds and 2 lone pairs on the 2 N. Each N has 

an sp hybrid.

In CO we have 1 C - O σ bond, 2 C - O π bonds and 2 lone pairs, 1 at C and 1 at O. Both 

C and O have sp hybrids.

In BF4- we have an sp3 hybrid at B and an sp3 hybrid at each F (3 lone pairs at each F), thus 

we have 4 B - F σ bonds and 3 x 4 = 12 lone pairs at the 4 F atoms.

In XeF2 we have an sp3d hybrid on Xe and an sp3 hybrid at each F. The three sp3d hybrid 

orbitals at Xe in the triangular central plane contain the 3 lone pairs at Xe, the other 2 hybrid 

orbitals form the 2 Xe - F σ bonds to the F atoms. Together we have 2 Xe - F σ bonds and 

3 + 2 x 3 = 9 lone pairs. The structure is linear, the arrangement of electron pairs around 

Xe is trigonal bipyramidal.

Objectives: Molecular orbital (MO) theory

According to the localized electron theory (LE), also called valence bond (VB) theory, the 

oxygen, O2, molecule should be diamagnetic:

We have an O = O double bond and 2 lone pairs at each oxygen atom

2sp2 hybrids, 1 at each oxygen for 1 σ bond and 2 lone pairs, and there is 1 2p orbital left 

at each O atom to overlap sideways and to form a π bond.

Thus the VB model tells, that all electrons in O2 are paired.

So O2 should have no magnetic moment (diamagnetic), because all magnetic moments of the 

electrons cancel each other in the electron pairs.

But it is known from experiment that O2 has a magnetic moment, it is paramagnetic
Since the VB model is a simple model for understanding the principles of bonding, it is clear 

that a simple model cannot explain everything.

So to explain the paramagnetism of O2 another theory is needed: the MO theory

Note: it can be mathematically shown, that VB and MO theory, if not kept at a simple level 

of theory, but worked through as much as possible, then VB and MO become identical.

However, at our simple level, used only to explain basic things, the 2 theories are different 

and what one can explain, the other maybe cannot.

So to explain the paramagnetism of O2 we need to look at MO theory.

MO theory
not the combinations of different, localized individual atomic hybrid orbitals is involved, but 

direct combinations of the different atomic orbitals to form molecular orbitals (MO-s) 

delocalized over the whole molecule are involved. 

So, to form bonding orbitals we do not change the ground state AO-s of the atoms before 

bonding, to make them better for overlapping, as in VB, but we overlap the AO-s as they 

are.

After combination these orbitals are just filled according to the Pauli principle and Hund's 

rule with the electrons of the molecule.

Actually it works like in superposition of waves:

Constructive interference of orbitals gives a bonding orbital

Destructive interference of orbitals gives an antibonding orbital, if filled with electrons

A bonding orbital has a lower energy than the AO-s bonded together, an antibonding orbital 

has a higher energy than the AO-s.

In a bonding orbital the electron density between the positive nuclei is increased, reducing 

their repulsion.

In an antibonding orbital the electron density between the positive nuclei is decreased, 

increasing their repulsion.
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The bonding orbital formed from 2 1s orbitals, 1s(A) + 1s(B), is called σ1s, σ because 

the orbital is symmetric around the molecular axis, 1s, because it is made from 1s orbitals, 

no * , because it is bonding

The antibonding orbital formed from 2 1s orbitals, 1s(A) - 1s(B), is called σ1s*, σ because 

the orbital is symmetric around the molecular axis, 1s, because it is made from 1s orbitals, 

* because it is antibonding

The strength of the bond is measured by the bond order BO:

BO = 1/2 (number of electrons in bonding orbitals - number of electrons in antibonding 

orbitals)

The larger BO, the stronger the bond.

BO = 1 corresponds to a single bond, 2 to a double bond and so on.

energy levels in H2:

                      σ1s*        - combination, antibonding

     1sA   (                                 (   1sB
                      σ1s   ((   + combination, bonding

Thus BO(H2) = 1/2 (2 - 0) = 1 corresponding to 1 bond

Note: when both orbitals are filled with electrons, like in He2, then the BO is 

1/2 (2 - 2) = 0 and there is no bond, thus He2 does not exist (it was recently found, but it 

can exist only very near to 0 K because of the extremely weak bond).

In the second period, the same can be done with the 2s orbitals:

                      σ2s*        - combination, antibonding

     2s                                         2s

                      σ2s        + combination, bonding

When we must involve 2p orbitals, then 2 different situations can occur.

When the bond is in the x axis, then combination of the 2 px orbitals, gives again a bonding 

and an antibonding MO which are symmetric around the molecular axis, so again are called 

σ MO, but now σ2p MO because they are made from p orbitals:
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Problem in grafics: lower MO: σ2p bonding, upper MO: σ2p* antibonding

However, perpendicular to the x axis, the bond axis, we have also the py and pz orbitals 

which can overlap again sideways, and form MO-s which are not symmetric around the bond 

axis, and thus are called π2p MO-s:

[image: image5.wmf]
5
Problem in grafics: lower right: π2p not 2p and upper right: π2p* not 2p*
So from 3 p orbitals at each nucleus, we get 6 MO-s, 3 bonding and 3 antibonding, where 

the complete set of MO-s contains 1 bonding σ2p and 2 bonding π2p MO-s and the 

corresponding antibonding ones.
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Problem in grafics:upper line: σ2p not 2p; σ2p* not 2p*; lower line: π2p not 2p; π2p* not 2p*
The 2p level scheme is the following, if no O, F or noble gas (or elements from these groups) is involved:
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Problem in grafics at the MO-s: σ2p not 2p; π2p not 2p; π2p* not 2p*; σ2p* not 2p* at the MO-s  

The reason for this sequence is, that in Li2, Be2, B2, C2, and N2 mixing of s with p orbitals 

occurs, which changes the σ2p, π2p sequence. 

However, if an O, or a F, or a He atom (or other elements from these groups) is involved in a diatomic molecule then σ2p and π2p change their sequence to the expected one, because no s-p mixing occurs in O2, F2, OF or noble gas diatomics
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Problem in grafics: σ2p not 2p; π2p not 2p; π2p* not 2p*; σ2p* not 2p* at the MO-s  

This difference you must remember, because you need it when you are asked numbers of

different bond MO-s in a molecule or bond strengths, equal to BO in a diatomic molecule:

The positions of the atoms in the table and the total charge gives you the number of electrons 

in the molecule, and then you must fill the MO with 2 electrons each from lower to higher 

energy, following Hund's rule for degenerate orbitals.

For that you must know the sequence of the levels.

The complete n=1/n=2 MO scheme without F or O is thus
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Problems in figures system: σ1s not 1s; σ1s* not 1s*; σ2s not 2s; σ2s* not 2s*; 

π2p not 2p; σ2p not 2p; π2p* not 2p*; σ2p* not 2p*; 

The situation changes, if you have e.g. the O2 molecule. Oxygen is in main group VI, thus 

each oxygen atom has 6 valence and 2 core electrons. 

Thus O2 has 12 + 4 = 16 electrons which you must fill into the levels from below (in 

energy) according to Hund's rule: 
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Poblems in figures system: σ1s not 1s; σ1s* not 1s*; σ2s not 2s; σ2s* not 2s*; 

σ2p not 2p; π2p not 2p; π2p* not 2p*; σ2p* not 2p*; 

The magnetic moments of paired electrons cancel each other, but here we have according to 

Hund's rule 2 unpaired electrons, and thus according to MO theory O2 is paramagnetic, as 

experiment tells.

bond order: we have 10 bonding electrons, 2 in σ1s, 2 in σ2s, 2 in σ2p, and 4 in π2p

further we have 6 antibonding electrons, 2 in σ1s*, 2 in σ2s*, and 2 in π2p*
thus all together 16 electrons as needed:

BO = 1/2 ( 10 - 6 ) = 4/2 = 2

A BO of 2 corresponds to an O = O double bond as expected

Objectives: MO theory for homo- and heteronuclear diatomic molecules

For an electron configuration we write just like we did for atoms, only now using the MO 

symbols in place of AO symbols:

(σ2s)1 if there is 1 electron in the orbital

(σ2s)2 if there are 2 electrons in the orbital

In case of the sets of 2 degenerate π orbitals:

(π2p)1 if there is 1 electron in the set of π orbitals

(π2p)2 if there are 2 electrons in the set of π orbitals

(π2p)3 if there are 3 electrons in the set of π orbitals

(π2p)4 if there are 4 electrons in the set of π orbitals

More than 4 electrons 2 orbitals cannot hold and according to Hund's rule:

(π2p)1 there is 1 unpaired electron in the set of π orbitals

(π2p)2 there are 2 unpaired electrons in the set of π orbitals

(π2p)3 there is 1 unpaired electron in the set of π orbitals

(π2p)4 there are no unpaired (0) electrons in the set of π orbitals

example of a diatomic molecule, O2, and the molecular ions:

O2: (σ1s)2(σ1s*)2(σ2s)2(σ2s*)2(σ2p)2(π2p)4(π2p*)2  16 electrons

To determine the BO and the magnetic moment, the 1s core electron system just cancels each 

other and can be left out, however, remember that there is also 1 bonding and 1 antibonding 

MO from 1s, when you are asked for the number of orbitals

in O2: (π2p*)2: 2 electrons in 2 degenerate π MO-s, thus O2 has a magnetic moment 

corresponding to 2 unpaired electrons and is paramagnetic

The bonds are the weaker, the more antibonding orbitals are occupied by electrons.

number of electrons in bonding orbitals (take those in * orbitals out):

(σ1s)2(σ2s)2(σ2p)2(π2p)4  10 electrons 

number of electrons in antibonding orbitals (take those in non-* orbitals out):

(σ1s*)2(σ2s*)2(π2p*)2  6 electrons

thus BO = 1/2 (10-6) = 4/2 = 2 corresponding to a double bond

In the positively charged molecular ions we have to take away as many of the electrons of 

highest energy, as we have positive charges.

Since the 2 electrons highest in energy are in antibonding π* orbitals, O2+ is more stable than 

O2 and O22+ is more stable than O2+, since we remove electrons from an antibonding set of 

orbitals:

O2+: (σ1s)2(σ1s*)2(σ2s)2(σ2s*)2(σ2p)2(π2p)4(π2p*)1  15 electrons

To determine the BO and the magnetic moment, the 1s core electron system just cancels each 

other and can be left out, however, remember that there is also 1 bonding and 1 antibonding 

MO from 1s, when you are asked for the number of orbitals

in O2+: (π2p*)1: 1 electron in 2 degenerate π MO-s, thus O2+ has a magnetic moment 

corresponding to 1 unpaired electron and is paramagnetic

The bonds are the weaker, the more antibonding orbitals are occupied by electrons.

number of electrons in bonding orbitals (take those in * orbitals out):

(σ1s)2(σ2s)2(σ2p)2(π2p)4  10 electrons 

number of electrons in antibonding orbitals (take those in non-* orbitals out):

(σ1s*)2(σ2s*)2(π2p*)1  5 electrons

thus BO = 1/2 (10-5) = 5/2 = 2.5 corresponding to 2 and 1/2 bonds

O22+: (σ1s)2(σ1s*)2(σ2s)2(σ2s*)2(σ2p)2(π2p)4  14 electrons

To determine the BO and the magnetic moment, the 1s core electron system just cancels each 

other and can be left out, however, remember that there is also 1 bonding and 1 antibonding 

MO from 1s, when you are asked for the number of orbitals

in O22+: (π2p)4: 4 electrons in 2 degenerate π MO-s, thus O22+ has no unpaired electrons and 

no magnetic moment and is diamagnetic

The bonds are the weaker, the more antibonding orbitals are occupied by electrons.

number of electrons in bonding orbitals (take those in * orbitals out):

(σ1s)2(σ2s)2(σ2p)2(π2p)4  10 electrons 

number of electrons in antibonding orbitals (take those in non-* orbitals out):

(σ1s*)2(σ2s*)2  4 electrons

thus BO = 1/2 (10-4) = 6/2 = 3 corresponding to 3 bonds

In the negatively charged molecular ions we have to add as many electrons into MO-s 

of equal or higher energy than occupied in O2, if these have space for an electron, as we 

have negative charges.

Since the 2 electrons highest in energy are in antibonding π* orbitals, O2- is less stable than 

O2 and O22- is less stable than O2-, since we add electrons into an antibonding set of 

orbitals (that has space to take 2 more):

O2-: (σ1s)2(σ1s*)2(σ2s)2(σ2s*)2(σ2p)2(π2p)4(π2p*)3  17 electrons

To determine the BO and the magnetic moment, the 1s core electron system just cancels each 

other and can be left out, however, remember that there is also 1 bonding and 1 antibonding 

MO from 1s, when you are asked for the number of orbitals

in O2-: (π2p*)3: 3 electrons in 2 degenerate π MO-s, thus O2- has a magnetic moment 

corresponding to 1 unpaired electron and is paramagnetic

The bonds are the weaker, the more antibonding orbitals are occupied by electrons.

number of electrons in bonding orbitals (take those in * orbitals out):

(σ1s)2(σ2s)2(σ2p)2(π2p)4  10 electrons 

number of electrons in antibonding orbitals (take those in non-* orbitals out):

(σ1s*)2(σ2s*)2(π2p*)3  7 electrons

thus BO = 1/2 (10-7) = 3/2 = 1.5 corresponding to 1 and 1/2 bonds

O22-: (σ1s)2(σ1s*)2(σ2s)2(σ2s*)2(σ2p)2(π2p)4(π2p*)4  18 electrons

To determine the BO and the magnetic moment, the 1s core electron system just cancels each 

other and can be left out, however, remember that there is also 1 bonding and 1 antibonding 

MO from 1s, when you are asked for the number of orbitals

in O22-: (π2p*)4: 4 electrons in 2 degenerate π MO-s, thus O22- has only paired electrons and 

no magnetic moment and is diamagnetic

The bonds are the weaker, the more antibonding orbitals are occupied by electrons.

number of electrons in bonding orbitals (take those in * orbitals out):

(σ1s)2(σ2s)2(σ2p)2(π2p)4  10 electrons 

number of electrons in antibonding orbitals (take those in non-* orbitals out):

(σ1s*)2(σ2s*)2(π2p*)4  8 electrons

thus BO = 1/2 (10-8) = 2/2 = 1 corresponding to 1 single bond

Now we can pass through the first and second periods of the table and construct the 

homonuclear diatomic molecules:

H2: (σ1s)2
BO = 1/2 (2 - 0) = 1 corresponding to 1 single bond

all electrons paired: diamagnetic

going one step further to He2, we must add 2 electrons into an antibonding MO:

He2: (σ1s)2(σ1s*)2
BO = 1/2 (2 - 2) = 0 corresponding to no bond

really a very weak bonding occurs, and He2 was found to exist only near to 0 K.

all electrons paired: diamagnetic

going one step further to Li2, we must add 2 electrons into a bonding σ2s MO:

Li2: (σ1s)2(σ1s*)2(σ2s)2
BO = 1/2 (4 - 2) = 1 corresponding to 1 single bond

Li2 was found to exist in the gas phase only.

all electrons paired: diamagnetic

going one step further to Be2, we must add 2 electrons into an antibonding σ2s* MO:

Be2: (σ1s)2(σ1s*)2(σ2s)2(σ2s*)2
BO = 1/2 (4 - 4) = 0 corresponding to no bond

Indeed Be2 could not be found in experiments.

going one step further to B2, we must add 2 electrons into a bonding π2p MO:

B2: (σ1s)2(σ1s*)2(σ2s)2(σ2s*)2(π2p)2
BO = 1/2 (6 - 4) = 1 corresponding to 1 single bond

Indeed B2 is found in experiments.

It has a bond of single bond length of 159 pm and a bond dissociation energy of 290 kJ/mol.

It has 2 unpaired electrons in the π2p MO and thus a magnetic moment corresponding to 2 

unpaired electrons and is paramagnetic

going one step further to C2, we must add 2 electrons into the bonding π2p MO set:

C2: (σ1s)2(σ1s*)2(σ2s)2(σ2s*)2(π2p)4
BO = 1/2 (8 - 4) = 2 corresponding to a double bond

Indeed C2 is found in experiments.

It has a bond of the smaller double bond length of 131 pm and a larger bond dissociation 

energy of 620 kJ/mol.

It has no unpaired electrons thus no magnetic moment and is diamagnetic

going one step further to N2, we must add 2 electrons into the bonding σ2p MO set:

N2: (σ1s)2(σ1s*)2(σ2s)2(σ2s*)2(π2p)4(σ2p)2
BO = 1/2 (10 - 4) = 3 corresponding to a triple bond

Indeed N2 occurs in the atmosphere and is very stable.

It has a bond of the again smaller triple bond length of 110 pm and a again larger bond 

dissociation energy of 942 kJ/mol.

It has no unpaired electrons and thus no magnetic moment and is diamagnetic

going again one step further to O2, we must add 2 electrons into the antibonding π2p* MO 

set (note that from here the σ - π sequence is changed):

O2: (σ1s)2(σ1s*)2(σ2s)2(σ2s*)2(σ2p)2(π2p)4(π2p*)2
BO = 1/2 (10 - 6) = 2 corresponding to a double bond

Indeed O2 occurs in the atmosphere and is very stable, but less stable than N2.

It has a bond of the longer double bond length of 121 pm and a smaller bond 

dissociation energy of 495 kJ/mol.

It has 2 unpaired electrons in the π2p* MO set and thus a magnetic moment corresponding 

to 2 unpaired electrons and is paramagnetic

going the last step further in the second period to F2, we must add 2 more electrons into the 

antibonding π2p* MO set (note that also here the σ - π sequence is changed):

F2: (σ1s)2(σ1s*)2(σ2s)2(σ2s*)2(σ2p)2(π2p)4(π2p*)4
BO = 1/2 (10 - 8) = 1 corresponding to a single bond

Indeed F2 exists and is stable, but much less stable than O2.

It has a bond of the again longer single bond length of 143 pm and a again smaller bond 

dissociation energy of 154 kJ/mol.

It has no unpaired electrons and thus no magnetic moment and is diamagnetic

See picture in the book:

The BO clearly correlates to bond lengths and bond dissociation energies:

The smaller is the BO, the longer is the bond and the smaller is the bond dissociation 

energy.

It works similar in the third period with the n = 3 valence electrons (the n = 1 and n = 2 

core level sets cancel in the BO and can be left out):

P2: (σ3s)2(σ3s*)2(π3p)4(σ3p)2
all electrons are paired, P2 is diamagnetic, and BO = 1/2 (8 - 2) = 3

However, in n = 3 the triple bond is less stable than in n = 2.

In heteronuclear diatomics, like HF, the principle is that AO-s which are closest in energy 

overlap best and can form the strongest bonds

The 2p AO-s of the more electronegative F are much lower in energy than the AO-s of H

Actually the singly occupied 1s orbital of H is very close to the singly occupied 2p AO of 

F:
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NO: N and O are next to each other in the table

So the level scheme is either that of N2 or that of O2
In this case we must use the scheme of N2:

The core electrons cancel in the BO: (σ1s)2(σ1s*)2 : 2 - 2 = 0 in BO

valence electrons (5 from N + 6 from O = 11):

(σ2s)2(σ2s*)2(π2p)4(σ2p)2(π2p*)1
the molecules has an odd electron number and thus an unpaired electron in (π2p*)1
it is thus paramagnetic

from the valence electrons: BO = 1/2 (8 - 3) = 2.5

NO+: 10 valence electrons, the unpaired electron is removed and it is diamagnetic with a 

stronger bond (triple) than NO.

CN-: 4 (C) + 5 (N) + 1 (negative charge) = 10 valence electrons, 

same scheme as NO+ with the unpaired electron of NO removed and it is also diamagnetic 

with a stronger bond (triple) than NO.

Because NO+ and CN- have the same number of electrons, they are called isoelectronic

Bond order for NO+ and CN-: BO = 1/2 (8 - 2) = 3

Differences from this simple picture of homonuclear level schemes with different numbers 

of electrons occur when the elements are apart from each other in the periodic table, like in 

the case of HF, where as said 2p(F) is closest to 1s(H) in energy and thus they bond best

[image: image12.wmf]
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In H the 1s electron is higher in energy than the 2p electrons in F.

In terms of energy only 1s(H) can be paired with 2p(F)

see Figure from the book

However, since the bonding orbital is closer in energy to 2p(F) than to 1s(H), it has also a 

much larger contribution from F than from H:

In the bond the electrons are closer to F (more electronegative) and thus the bond has a 

dipole moment, it is polar.

[image: image13.wmf]
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bond pairs and lone pairs together form the corners of regular polyhedra.

Molecular structure or shape different from the arrangement of electron pairs.

pairs: lp for lone pairs, bp for bond pairs

Electron pairs



structure

pair arrangement

  2 bp + 1 lp

SO2

bent


trigonal planar

  2 bp + 3 lp

XeF2

linear


trigonal bipyramidal

  4 bp + 1 lp

SF4

see-saw

trigonal bipyramidal

  3 bp + 2 lp

ClF3

T-shape

trigonal bipyramidal

  5 bp + 1 lp

IBr5

capped octahedron
octahedral

a capped octahedron we have in IBr5:

[image: image14.wmf]
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Objectives: Multiple bond systems, resonance, examples

For the formation of π bonds n = 2 (second row) atoms are better than n = 3 or higher 

row atoms (size):

P2 and N2 contain both a triple bond, but N2 is much more stable than P2, which naturally 

occurs e.g. as P4 molecules with single P - P bonds only.

S2 and O2 contain both a double bond, but O2 is much more stable than S2, which naturally 

occurs e.g. as S8 ring - molecules with single S - S bonds only.

C forms double bonds to oxygen to create the CO2 molecule with C = O double bonds, but 

SiO2 molecules do not exist, SiO2 consists of infinite quartz crystals having SiO4 networks 

with Si - O single bonds only

Benzene C6H6:

[image: image15.wmf]
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The C = C double bonds can be shifted around the ring, leading to resonance structures, and 

thus to extra stability: aromatic molecule (ring):

[image: image16.wmf]
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Here we will not use the VB (valence bond) model = LE (localized electrons) model,

but we will use a combination of VB and MO model.

For the carbon atoms, we use the VB model for the C - C and C - H single bonds (σ bonds), 

by forming a trigonal planar sp2 hybrid, occupied by 3 unpaired electrons in each lobe, at 

each carbon +

+ the MO model, to overlap (sideways) the remaining unpaired electron per carbon in the 

left over 2p orbital at each carbon.

So the 6 p orbitals at the 6 C atoms overlap sideways over the complete ring to form a 

system of 3 π orbitals, filled with 2 electrons each, and which are delocalized (smeared out) 

over the complete ring

energy levels at each carbon:

[image: image17.wmf]
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Now one of the 3 sp2 lobes at a carbon can overlap and form a bond with a 1s lobe at a 

hydrogen atom:

[image: image18.wmf]
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The 2 other sp2 lobes can form σ bonds with sp2 lobes at 2 neighboring C atoms:

only 1 such C - C σ bond is shown in the figure:
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Now the remaining 2p orbitals at each carbon overlap sideways over all the ring to create the 

freely mobile π electrons:

[image: image20.wmf]
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These mobile π electrons above and below the ring even can create a ring current flowing 

around the ring, when a magnetic field is applied. It can thus be seen in NMR (Nuclear 

Magnetic Resonance) spectra, because the NMR magnetic field induces the ring current, 

which by itself has a magnetic field.

[image: image21.wmf]
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seen from the side:

[image: image22.wmf]
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There is free electron movement around the ring, below and above the ring plane.

A similar case (no ring and not aromatic) is the nitrate anion, NO3-:

[image: image23.wmf]
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Again the double bond can be at each one of the oxygen atoms and thus we have 3 resonance 

structures, giving extra stability.

More than 1 N = O double bond is not possible, because N (n = 2) must have an octet, so 

we must have a 1- charge on each of the 2 singly bound O, and a 1+ charge on N, making 

the ion to NO3-
The real molecule is an average of the 3 resonance structures:

[image: image24.wmf]
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Note: in the figure the 2 of sp2 has moved to the right of the sp.

Again we use a combination of VB model for the σ and MO model for the π bonds:

At each O and at N we form sp2 hybrids, that make the N - O single bonds and the 2 lone 

pairs at each O.

There is 1 singly occupied 2p orbital left at each of the 3 oxygens and at the nitrogen to 

overlap sideways, creating the π bonding system, with 4 π electrons:

[image: image25.wmf]
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However, in the electron clouds above and below the NO3 plane, delocalized over the 

molecule, no ring current occurs, because there is no ring.

[image: image26.wmf]
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A similar, isolectronic case (again no ring and not aromatic) is the carbonate anion, CO32-:

[image: image27.wmf]
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Again the double bond can be at each one of the oxygen atoms and thus we have 3 resonance 

structures, giving extra stability.

More than 1 C = O double bond is not possible, because C (n = 2) must have an octet, so 

we must have a 1- charge on each of the 2 singly bound O, and a 0 charge on C, making the 

ion to CO32-
The real molecule is an average of the 3 resonance structures:

[image: image28.wmf]
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Note: in the figure the 2 of sp2 has moved to the right of the sp.

Again we use a combination of VB model for the σ and MO model for the π bonds:

At each O and at C we form sp2 hybrids, that make the C - O single bonds and the 2 lone 

pairs at each O.

There is 1 singly occupied 2p orbital left at each of the 3 oxygens and at the carbon to 

overlap sideways, creating the π bonding system, with 4 π electrons:

[image: image29.wmf]
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However, in the electron clouds above and below the CO3 plane, delocalized over the 

molecule, no ring current occurs, because there is no ring.

[image: image30.wmf]
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Examples:

What is the hybridization in allene and are the two CH2 groups coplanar? Why yes or no?

Allene: CH2 = C = CH2; Lewis structure:

[image: image31.wmf]
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At the central C atom there must be an sp hybrid to form the 2 σ bonds to the left and the 

right. Since the bonds are in the y axis, the sp hybrid must be made from the 2s and the 2py 

atomic orbitals. A singly occupied 2px and an also singly occupied 2pz AO is left on the 

central carbon.

So the 2 π overlaps to the left and the right must be done with perpendicular 2p orbitals:

For example for the sideways overlap to the left we can use the 2px AO on the central C and 

thus also the 2px AO on the left C.

Thus the sp2 hybrid (C - C and 2 C - H) on the left C must be made from 2s + 2py + 2pz 

and the CH2 group is in the paper plane.  

Then for the sideways overlap to the right we can only use the remaining 2pz AO on the 

central C and thus also the 2pz AO on the right C.

Thus the sp2 hybrid (C - C and 2 C - H) on the right C must be made from 2s + 2px + 2py 

and the CH2 group is perpendicular to the paper plane:  

[image: image32.wmf]
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Showing the p AO-s, the 2pz set is seen from the side view, the 2px set is seen from the top 

view:

[image: image33.wmf]
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Estimate the barrier for the rotation around the C = C double bond from the trans to the cis 

form of the molecule with bond breaking energies:

[image: image34.wmf]
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Bond breaking energies, Eb are 374 kJ/mol for a C - C single bond, 614 kJ/mol for a 

C = C double bond, and 839 kJ/mol for a CC triple bond.

For such a rotation we must break and form again the CC π bond, because a rotation can 

only occur around a C - C σ bond:

[image: image36.wmf]
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The energy ΔE of the CC π bond is approximately 

ΔE = Eb(C = C) - Eb(C - C) = (614 - 374) kJ/mol = 240 kJ/mol

which is an estimate for the barrier against rotation


Handout on hybridization, double and triple bondsPRIVATE 

1. Formaldehyde, CH2O

The structure of formaldehyde is

[image: image37.wmf]
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The hybridization on C and O is determined by the single (σ-) bond skeleton (part) of the molecule: on C the 2 C-H and the C-C bond pair form a regular triangle. 3 hybrid orbitals on C are needed to take the 3 bond pairs and thus C has an sp2 hybrid. On O the O-C bond pair and the 2 lone pairs also form a triangle and thus O needs also 3 hybrid orbitals to take the 3 electron pairs (1 bond pair, 2 lone pairs) and thus has also an sp2 hybrid.

     According to the coordinate system in the sketch the sp2 hybrids are made from 2s(C) + 2px(C) + 2pz(C) on C and from 2s(O) + 2px(O) + 2pz(O) on O. Thus perpendicular to the paper plane are the 2py(C) and the 2py(O) orbitals, each occupied by 1 electron. These can overlap sideways to form the CO π-bond. In the sideways view below, one H is above the paper plane the other one below the paper plane and on O also one lone pair is above and the other one below the paper plane, while the py orbitals are in the paper plane and fully seen:

[image: image38.wmf]
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2. Carbondioxide (CO2)

In CO2 there are 2 CO σ-bonds, 2 CO π-bonds and 4 lone pairs, 2 on each oxygen. At each oxygen the σ-pair structure is formed by a triangle made up from the CO σ-bond and the 2 lone pairs. For these 3 electron pairs on each oxygen three hybrid orbitals are needed and thus an sp2 hybrid on each oxygen. C has a linear arrangement of 2 CO σ-bond pairs and thus needs an sp hybrid for them. As the coordinate system is sketched, this sp hybrid on C is made from 2s(C) + 2px(C) orbitals.

Thus carbon has still 2 perpendicular, singly occupied 2py(C) and 2pz(C) orbitals. When 2pz(C) is used for sideways overlap with 2pz(O) on the left of C, then the sp2 hybrid on O can only be formed from 2s(O) + 2px(O) + 2py(O) and since the xy part of the coordinates is in the paper plane, the lone pairs on the left oxygen are fully in the paper plane.

In the sketch below the pz orbitals are seen from the top and thus appear only as circles. Since C has used its 2pz orbital for the π-bond to the left O, it has only its 2py orbital left to form the π-bond to the right oxygen. Thus from this oxygen also the 2py(O) is needed for the π-bond to C and thus the sp2 hybrid on the right oxygen must be made from 2s(O) + 2px(O) + 2pz(O). Thus the lone pairs on the right oxygen must be perpendicular to those on the left and also the 2 CO π-bonds must be perpendicular to each other:

[image: image39.wmf]
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The situation is similar to allene (CH2 = C = CH2) which will be covered in class if time allows. There the 2 CC π-bonds are also perpendicular to each other and so are the 2 CH2 groups.

3. Acetylene (C2H2)

In acetylene the H and C atoms form a linear σ-bond skeleton, H - C - C - H and thus each C atom needs 2 hybrid orbitals to take the 2 bond pairs (C - H and C - C) around each C atom, thus the C atoms are both sp hybridized. Thus each C has 2 perpendicular, singly occupied p orbitals left for sideways π overlap. Let us call the sp hybrids to be made from 2s(C) + 2px(C) on each carbon atom. Then 1 π-bond can be formed formed from 2py(C1) + 2py(C2) and a second, perpendicular, π-bond from 2pz(C1) + 2pz(C2). Thus acetylene has 2 π-bonds perpendicular to each other, 1 C - C σ-bond (thus a CC triple bond), and 2 C - H σ-bonds.

4. Nitrogen (N2)

For a complete octet at each N atom, N2 neads a NN triple bond and 1 lone pair at each N atom. Thus in N2 the lone pairs and N atoms form a linear σ skeleton, lone pair - N - N - lone pair and thus each N atom needs 2 hybrid orbitals to take the bond pair and the lone pair (N - N and lone pair - N) around each N atom, thus the N atoms are both sp hybridized. Thus each N has 2 perpendicular, singly occupied p orbitals left for sideways π overlap. Let us call the sp hybrids to be made from 2s(N) + 2px(N) on each N atom. Then 1 π-bond can be formed formed from 2py(N1) + 2py(N2) and a second, perpendicular, π-bond from 2pz(N1) + 2pz(N2). Thus N2 has 2 π-bonds perpendicular to each other, 1 N - N σ-bond (thus a NN triple bond), and 2 lone pairs (σ symmetry). The electron configuration in CO is almost identical to N2, because the two molecules are isoelectronic.

5. Hybridization in a longer molecule

Let us look at the following molecule:

N ( C - CH2 - CHCH - S - S - CHCH - CH2 - N = CH2
To find out the hybridization at each atom, first we must know what - CHCH - indicates. Each of these carbons has 3 other atoms around it and thus there must be a double bond between the 2 carbons: -CH = CH -, otherwise there would not be an octet at the carbons, what has to be.

As next step, we must complete the structure with lone pairs. The N atom at the left end must have 1 lone pair or it would not have an octet. For the same reason each of the 2 S atoms must have 2 lone pairs and the N atom at the right side also must have a lone pair:
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Thus the left N atom must be sp hybridized, the next C also, while a -CH2- group has 4 electron pairs around it and thus the C atom must be sp3 hybridized. The following 2 CH groups are in a double bond and thus their C atoms must be both sp2 hybridized. The S atoms have 2 lone pairs and 2 bond pairs around them and thus must be sp3 hybridized. The following  - CHCH - CH2 - part is the same as before the -S-S- group. The following N atom has a π-bond, 2 σ-bonds and a lone pair on it and thus is sp2 hybridized, as well as the final carbon. Any - NH2 group would have a lone pair on N and thus N would be sp3 hybridized. The final result is

N(sp)(C(sp)C(sp3)H2C(sp2)HC(sp2)HS(sp3)S(sp3)C(sp2)HC(sp2)HC(sp3)H2-N(sp2)=C(sp2)H2
6. Iodine pentabromide, IBr5
In IBr5 we have a capped octahedral or square pyramidal structure. For the Lewis structure we need to know the number of electrons that we must have in it: I + 5 x Br =6 x 7 electrons (6 halogen atoms, 7 valence electrons each) = 42 electrons. As usual, we put the I atom into the center and make a single bond to each of the 5 Br atoms. Then at each Br we complete the octet with 3 lone pairs. Thus each Br has 4 electron pairs around it, 1 from the bond to I, 3 from the lone pairs and therefore there are 8 electrons at each bromine. So with 5 Br atoms we have 5 x 8 = 40 electrons in the Lewis structure. So 2 are still missing which we put as lone pair to the central iodine. Now it is 42 electrons and no formal charges as it is best. With 6 electron pairs at the I, 5 from the 5 I-Br bonds and 1 from the lone pair, we know that we have a octahedral arrangement of electron pairs around iodine, where according to the rules lone pairs must be apical, atoms in the central square, as many as possible: 
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The structure is called capped octahedral and also square pyramidal and the molecule is polar, because the lone pair moment cannot cancel the sum of the bond moments.

To find out the hybridization at I, we know have to count the number of electron pairs at iodine, bond pairs and lone pairs alike. At I there are 5 I-Br bond pairs and 1 lone pair, all together 6 electron pairs. To take 6 electron pairs we need to make 5 bond orbitals, each of them from a hybrid orbital at I and one at Br, and another hybrid we need for the lone pair. Thus I needs 6 hybrid orbitals. Therefore I must have sp3d2 hybridzation, while each Br has sp3 hybridization (1 Br-I bond pair and 3 lone pairs at Br).

If you have to compare stability of diatomics, the general rule is, the larger the bond order (BO) the more stable is the molecule, the larger is its bond dissociation energy and the smaller is its bond length.

If you have to compare the stability of two molecules with the same BO, then the larger is the atomic size, the longer is the bond, the less stable is the molecule, the smaller is the bond dissociation energy. 
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