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Chemical Bonding  

I. Bonding Theory 

A covalent H-H bond is the net result of attractive and repulsive 

electrostatic forces. When bringing together two atoms that are 

initially very far apart. Three types of interaction occur:  

(1) The nucleus-electron attractions (blue arrows) are greater than 

the (2) nucleus-nucleus and (3) electron-electron repulsions (red 

arrows), resulting in a net attractive force that holds the atoms 

together to form an H2 molecule. 



If the hydrogen atoms are too far apart, attractions are weak and no bonding occurs.  

A zero of energy when two H atoms are separated by great distances.  

A drop in potential energy (net attraction) as the two atoms approach each other.   

When the atoms are optimally separated, the energy is at a minimum.  A minimum 

in potential energy at particular internuclear distance (74pm) corresponding to the 

stable H2 molecule and the potential energy corresponds to the negative of the bond 

dissociation energy. 

If the atoms are too close, strong repulsions occur. A increase in potential energy as 

the atoms approach more closely. 

A graph of potential 

energy versus 

internuclear distance for 

the H2 molecule. 



II. Valence-Bond Theory 

 
1) bond formation by overlapping orbitals: A description of 

covalent bond formation in terms of atomic orbital overlap is 

called the valence bond theory.  It gives a localized electron 

model of bonding: core electrons and lone-pair valence 

electrons retain the same orbital locations as in the separated 

atoms, and the charge density of the bonding electrons is 

concentrated in the region of orbital overlap.  

 

2)  hybridization of atomic orbitals: How do a carbon with a s 

orbital and three p orbitals combined with four hydrogen (s 

orbitals) form four bonds and all four bonds are found to be 

109.5?  

 

 



Hybridization 

 In 1931, Linus Pauling proposed that the wave functions for the s 

and p atomic orbitals can be mathematically combined to form a new 

set of equivalent wave functions called hybrid orbitals. 

The mathematical process of replacing pure atomic orbitals with 

reformulated atomic orbitals for bonded atoms is called 

hybridization.   

  

 In a hybridization scheme, the number of hybrid orbitals equals 

to the total number of atomic orbitals that are combined.  The 

symbols identify the numbers and kinds orbitals involved.   

 



E.g. sp3 signifies one s and three p orbitals are combined.  

Mixing one s orbital with three p orbitals yields four equivalent sp3 

hybrid orbitals.  



The formation of four sp3 hybrid orbitals by combination of an atomic 

s orbital with three atomic p orbitals.  Each sp3 hybrid orbital has two 

lobes, one of which is larger than the other. The four large lobes are 

oriented toward the corners of a tetrahedron at angles of 109.5°. 



The bonding in methane. Each of the four C-H bonds results from 

head-on (s) overlap of a singly occupied carbon sp3 hybrid orbital 

with a singly occupied hydrogen 1s orbital. Sigma bonds are formed 

by head-to-head overlap between the hydrogen s orbital and a singly 

occupied sp3 hybrid orbital of carbon. 

 



Bonding in NH3 

E.g Bonding in NH3 could be consider as following 



sp2 hybridization 

E.g. the molecular geometry is trigonal planar with bond angle = 

120°.  To explain its geometry, we can use the following rational.  

sp2 signifies one s and two p orbitals are combined. 



sp hybridization 

Now consider BeCl2 which has linear molecular geometry 

determined experimentally. 

In hybridization scheme that best describes this compound is that 

The combination of one s and one p orbital gives two sp hybrid 

orbitals oriented 180° apart. Two unhybridized p orbitals remain and 

are oriented at 90° angles to the sp hybrids.  



sp3d  hybrid Orbitals  
To described hybridization scheme to correspond to the 5- and 6- 

electron-group geometries of VSEPR theory, we need to go beyond s 

and p orbitals and traditionally this meant including d orbitals.   

We can achieve the five half-filled orbitals and trigonal-bipyramidal 

molecular geometry through the hybridization of one s, three p and 

one d orbitals of valence shell into five sp3d hybrid orbitals. 



 sp3d2 hybrid Orbitals 

In the same way, we can achieve the six half-filled orbitals and 

octahedral geometry through the hybridization of one s, three p and 

two d orbitals of valence shell into six sp3d2 hybrid orbitals. 



Theories of Covalent Bonding 

• Valence-Shell Electron-Pair Repulsion (VSEPR) Theory  

• Hybridization and Localized Electron Model 

• Molecular Orbital Model 

• Bonding in Homonuclear Diatomic Molecules 

• Bonding in heteronuclear Diatomic Molecules 

• Combining the Localized and Molecular Orbital Model 



Valence Shell Electron Pair Repulsion 

(VSEPR) Theory 

• Valence electrons in molecules or polyatomic ions 

exist in pairs; 

• Electron pairs repel each other - they are arranged around 

an atom in orientation that gives minimum electron-

pair repulsions; 

• The relative strength of electron-pair repulsions are 

such that: 

– Repulsions between two nonbonding pairs > repulsions 

between a bonding and nonbonding pairs > repulsions 

between two bonding pairs; 



Determination of Molecular Shapes by the 

VSEPR Model 

• The shape of a molecule or polyatomic ion is 

determined by the number and geometrical 

orientation of electron-pairs around the central atom; 

• The best orientation is one that gives the minimum 

electron-pairs repulsion; 

– Nonbonding pairs are placed farthest apart from 

each other and then from bonding pairs. 

• The polarity of a molecule or polyatomic ion depends 

on molecular shape and on the polarity of the bonds. 



Molecular Shapes by VSEPR Model 



• Summary of Molecular Shapes predicted using the VSEPR Model 

• ——————————————————————————————————————— 

• No. of      E-pair         No of             No. of Molecular  

• e-pairs    Geometry      bond-pairs      Lone-pairs Shapes  Examples 

• ——————————————————————————————————————— 

•   2    Linear            2  0 Linear  BeCl2 

•   3    trigonal             3  0  trigonal   BF3 

•     planar              planar   

•   3       ''            2  1 V-shape  GeCl2 

•   4    tetrahedral          4  0 tetrahedral  CH4 

•   4       ''            3  1 trigonal  

•      pyramidal  NH3 

•   4       ''            2  2 V-shape  H2O 

•   5     trigonal             5  0 trigonal   

•    bipyramidal   bipyramidal PCl5 

•   5       ''            4  1 seesaw  SF4 

•   5       ''            3  2 T-shape  ClF3 

•   5       ''            2  3 Linear  XeF2 

•   6   octahedral            6  0 octahedral  SF6 

•   6       ''            5  1 square-  

•      pyramidal  BrF5  

•   6       ''            4  2 square  

•      planar  XeF4  

• ——————————————————————————————————————
  



Models for Chemical Bonding 

• Molecular orbital model 

– (Valence bond model) 

• Localized electron model 



Localized Electron Model 

• Useful for explaining the structure of molecules 

especially nonmetals bonded to nonmetals 
 

• Electron pair can be shared when half-filled orbital of 

one atom overlaps with half-filled orbital of another. 

• Two types of covalent bonds may be formed: 

   s -bond: orbitals overlap along the internuclear axis 

   p -bond: side-to-side overlap of orbitals perpendicular to the 

internuclear axis 



Orbital Hybridization 

A. Localized Electron Model 

1. Molecules = atoms bound together by sharing 

electron pairs between atomic orbitals 

2. Lewis structures show the arrangement of 

electron pairs 

3. VSEPR Theory predicts the geometry based on 

electron pair-electron pair repulsions 

4. Hybridization describes the mixing of atomic 

orbitals involved in covalent bonding 



Consider bonding in CH4 

• There are two problems with covalent bond formation 
between carbon and hydrogen using overlap concept: 

– Overlaps of carbon’s 2p and 2s orbitals with hydrogen’s 1s 
orbital lead to two different types of C-H bonds.   

– However, methane is known to have four identical C-H bonds. 

– Since the carbon 2p orbitals are mutually perpendicular to one 
another, we might expect three C-H bonds formed with these 
orbitals to be oriented at 90° angles.   

– However, the methane molecule is known experimentally to 
be tetrahedral with bond angles of 109.5°. 

C 

H 

H 
H 

H 



Hybridization of atomic orbitals in Methane 

• The 2s and 2p atomic orbitals in carbon mix to form 
four identical hybrid orbitals for bonding.  The orbital 
mixing is called hybridization. 

 

• The four new hybrid orbitals are called sp3 orbitals 
because they are formed from one 2s and three 2p 
orbitals.   

 

• The four sp3 hybrid orbitals are identical in shape and 
arranged in a tetrahedral arrangement. 



– Overlaps between pure atomic 
orbitals lead to a molecular shape 
that does not agree with that 
predicted by VSEPR method or 
with observed shape. That is, 

a. One C─H bond (from 2s-1s 
overlap) would be shorter; 

b. Three C─H bonds (from 2p-1s 
overlaps) would be longer and 
at right angles to each other. 

c. CH4 is tetrahedral and has 
symmetrical shape  

 

– Elements involved in bonding 
will modify their orbitals to reach 
the minimum energy 
configuration 



6. When C bonds to four other atoms, it hybridized its 2s and 2p 

atomic orbitals to form 4 new sp3 hybrid orbitals 

a. The sp3 orbital shape is between 2s/2p; one large lobe 

dominates 

b. When you hybridize atomic orbitals, you always get an equal 

number of new orbitals 



7. The new sp3 orbitals are degenerate due to the mixing 

 

 

 

 
8. The H atoms of methane can only use their 1s orbitals for bonding.  The 

shared electron pair can be found in the overlap area of H1s—Csp3  



9. NH3 and H2O also use sp3 hybridization, even though lone pairs occupy 

some of the hybrid orbitals.   
 

C. sp2 Hybridization 

1. C2H4, ethylene is our example 

2. Lewis and VSEPR structures tell us what to expect 

3. H atoms still can only use 1s orbitals 

4. C atom hybridizes 2s and two 2p orbitals into 3 sp2 hybrid orbitals 

C C

H

HH

H



5. The new sp2 orbitals are degenerate and in the same plane 

6. One 2p orbital is left unchanged and is perpendicular to that plane 

 

 

 

 
 

5. One C—C bond of ethylene forms by overlap of an sp2 orbital from each 

of the two sp2 hybridized C atoms.  This is a sigma (s) bond because the 

overlap is along the internuclear axis. 
 

5. The second C—C bond forms by overlap of the remaining single 2p 

orbital on each of the carbon atoms.  This is a pi (p) bond because the 

overlap is perpendicular to the internuclear axis. 

CC
H H

HH
s

p



– 9.  Pictorial views of the orbitals in ethylene 



D. sp Hybridization 

1. CO2, carbon dioxide is our example 

2. Lewis and VSEPR predict linear structure 

3. C atom uses 2s and one 2p orbital to make two sp hybrid orbitals 

that are 180 degrees apart 

 

 

 

 

 

4. We get 2 degenerate sp orbitals and two unaltered 2p orbitals 

 

 

 

C OO



5. Oxygen uses sp2 orbitals to overlap and form sigma bonds with C 

6. Free p orbitals on the O and C atoms form pi bonds to complete 

bonding 



E. d-orbitals can also be involved in hybridization 

1. dsp3 hybridization in PCl5  

 

 

 

 

 

 

2. d2sp3 hybridization in SF6  



F.  The Localized Electron Model  

1. Draw the Lewis 

structure(s) 

2. Determine the arrangement 

of electron pairs (VSEPR 

model). 

3. Specify the necessary 

hybrid orbitals. 



Types of Hybridization 

• There are five types of hybridization: 
– sp - required by two effective pairs of electrons around an 

atom. 

– sp2 - required by three effective pairs of electrons around an 
atom. 

– sp3 - required by four effective pairs of electrons around an 
atom. 

– dsp3 - required by five effective pairs of electrons around an 
atom. 

– d2sp3 - required by six effective pairs of electrons around an 
atom. 

• A bond acts as one effective pair of electrons whether it 
is a single, double, or triple bond. 



Hybridization and the Localized 

Electron Model 

# Electron-pairs on 

Central Atom Arrangement Hybridization 

2 linear sp 

3 trigonal planar sp2 

4 tetrahedral sp3 

5 trigonal bipyramid dsp3 or sp3d 

6 octahedral d2sp3 or sp3d2 



Exercise 

 Draw the Lewis structure for PCl5. 

 What is the shape of a phosphorus 

pentachloride molecule? 

    trigonal bipyramidal  

 What are the bond angles? 

    90o and 120o 
P

Cl

Cl
Cl

Cl

Cl



sp3d or dsp3 Hybridization 

• Combination of one d, one s, and three p 

orbitals. 

• Gives a trigonal bipyramidal arrangement 

of five equivalent hybrid orbitals. 



The Orbitals used to form the Bonds in PCl5 



Exercise 

 Draw the Lewis structure for XeF4. 

 What is the shape of a xenon tetrafluoride 

molecule?  

    octahedral  

 What are the bond angles? 

    90o and 180o Xe

F

F F

F



sp3d2 or d2sp3 Hybridization 

• Combination of two d, one s, and three p 

orbitals. 

• Gives an octahedral arrangement of six 

equivalent hybrid orbitals. 



Hybridization of the Xenon Atom in XeF4 



Concept Check 

Draw the Lewis structure for HCN. 

Which hybrid orbitals are used? 

Draw HCN: 

 Showing all bonds between atoms. 

 Labeling each bond as s or p. 



Concept Check 

Determine the bond angle and expected 

hybridization of the central atom for each 

of the following molecules: 

 NH3     SO2 KrF2     CO2  ICl5 

 NH3 – 109.5o, sp3 

 SO2 – 120o, sp2 

 KrF2 – 90o, 120o, dsp3 

 CO2 – 180o, sp 

 ICl5 – 90o, 180o, d2sp3 



Using the Localized Electron Model 

• Draw the Lewis structure(s). 

• Determine the arrangement of electron 

pairs using the VSEPR model. 

• Specify the hybrid orbitals needed to 

accommodate the electron pairs. 



Exercise #1 on Hybridization 

Describe the bonding in the water molecule using the localized 
electron model. 

 

Solution 
 

 

 

 

• Since there are four electron pairs around oxygen atom, the 
oxygen is sp3 hybridized.  The water molecule has a bent 
structure (or V-shape) 

O
 

H H 



Sigma (s) and Pi (p) Bonds 

• Bonds formed by end-to-end overlaps of orbitals 
along the orbital axes are called sigma (σ) bonds. 

• Bonds formed by sidewise overlaps between two 
parallel unhybridized p-orbitals are called pi (π) 
bonds. The overlaps of orbitals occur above and 
below the bond axis 

• All single bonds are σ-bonds. 

• A double bond consists of one σ bond and one π 
bond. 

• A triple bond is made up of one σ and two π bonds. 



Exercise #2 on Sigma and Pi Bonds 

How many σ bonds are there in the commercial insecticide, 

―Sevin,‖ shown below?  How many π bonds? 

 

 

 

 

Solution 

There are 27 σ bonds. 

There are 6 π bonds. 



Practice with Hybrid Orbitals 

Give the hybridization and predict the geometry of the central 
atom in the ion IF2

+. 

 

Lewis structure:  
 

There are 4 effective electron pairs around the central atom 
making it sp3 hybridized.   

 

The VSEPR structure has a tetrahedral basis but since it has two 
bonding pairs, it will take on a bent shape with a bond angle 
smaller than 109.5°. 
 

F F I 



Molecular Shape of SOF4  

1.  SOF4 
 

2. Sulfur in SOF4 has 5 electron pairs.  The VSEPR 

structure is a trigonal bipyramid.  Sulfur is sp3d 

hybridized. 

S F 

O 
F 

F 
F 



Hybridization and Structure of C2H2 

3. HC≡CH 

 Each carbon has 2 effective electron pairs.  

The VSEPR structure is linear.  Each carbon is 

sp hybridized. 

C     C H H 



The Molecular Orbital Model 

• The localized electron model does an excellent 

job of predicting and justifying molecular 

shapes.  But it does not deal with molecules 

with unpaired electrons.  It also neglects bond 

energies. 

• The molecular orbital (MO) model gives a 

view of electrons in a molecule which allows 

us to get a clearer understanding of resonance. 



• Regards a molecule as a collection of nuclei 

and electrons, where the electrons are assumed 

to occupy orbitals much as they do in atoms, 

but having the orbitals extend over the entire 

molecule. 

• The electrons are assumed to be delocalized 

rather than always located between a given 

pair of atoms. 

Molecular Orbital Theory 



• The electron probability of both 

molecular orbitals is centered along the 

line passing through the two nuclei. 

 Sigma (σ) molecular orbitals (MOs) 

• In the molecule only the molecular 

orbitals are available for occupation by 

electrons. 

Electron Probability in MO 



Key Ideas of the MO Model 

1. All valence electrons in a molecule exist in a set of 
molecular orbitals of a given energy.   

2. Valence orbitals of each atom are not acting 
independently, but rather interact as a whole to 
form a set of molecular orbitals. 

3. Each pair of atomic orbitals interacts to form a set 
of bonding and antibonding molecular orbitals.   

4. Energy for bonding molecular orbitals is lower than 
their atomic orbitals.   

5. Antibonding molecular orbitals have higher energy 
that their atomic orbitals. 



Combination of Hydrogen 1s Atomic 

Orbitals to form MOs 



Figure 9.26: (a) MO Energy-Level  

Diagram for H2 Molecule, (b) Shapes of MOs 



• MO1 is lower in energy than the s orbitals 

of free atoms, while MO2 is higher in 

energy than the s orbitals. 

 Bonding molecular orbital – lower in energy 

 Antibonding molecular orbital – higher in 

energy 

Molecular Orbital Energies 



MO Energy-Level Diagram for the H2 

Molecule 



• Molecular electron configurations can be 

written similar to atomic electron 

configurations. 

• Each molecular orbital can hold 2 electrons 

with opposite spins. 

• The number of orbitals are conserved. 

Electron Configurations in MO 



Bond Order 

• Larger bond order means greater bond 

strength. 

# of bonding e   # of antibonding e
Bond order = 

2

 



Bond Order in MO Model 

1. Bond order (BO) is a measure of net bonding 

interactions. 

2. BO must be greater than 0 for a stable molecule to 

form. 

3. The higher the BO, the stronger the bond. 

 BO = 
 # bonding electrons - # antibonding electrons 

          2 



Example: H2 

2  0
Bond order =  = 1

2





MO energy-level diagram for first period 

elements 

• To fill molecular orbitals 
for atoms containing 1s 
valence electrons 
(hydrogen and helium): 

1. Determine the number of 
electrons in the molecule. 

2. Fill the energy level 
diagram from lowest to 
highest energy. 

3. Fill each orbital with a 
pair of electrons and with 
opposite spins. 

σ*
1s 

σ1s 

E 



MO Energy-Level Diagram for He2 Molecule 



Bond Order inH2
- 

2  1 1
Bond order =  = 

2 2





Exercises on Molecular Orbitals  

Use MO theory to describe the bonding and stability of 

a.  H2
2-    b.  H2

+ 

σ*
1s 

σ1s 

σ*
1s 

σ1s 

H2
2- has 4 electrons. 

BO = 
2 b.e. - 2 a.e. 

2 
= 0 

H2
2- ion will not be formed. 

H2
+ may be formed, but it would not be much 

more stable than two separate hydrogens. 

BO = 
1 b.e. - 0 a.e. 

2 = ½  

H2
+ has 1 electron. 



Homonuclear Diatomic Molecules 

• Composed of 2 identical atoms. 

• Only the valence orbitals of the atoms 

contribute significantly to the molecular 

orbitals of a particular molecule. 



Figure 9.33: Three Mutually Perpendicular 

2p Orbitals on Two Adjacent Boron Atoms 



Constructive Interference from 

Combining Parallel p Orbitals 



Set of π MOs  



Figure 9.34: Expected MO Energy-Level Diagram 

from Combination of 2p Orbitals on Boron 



Expected MO Energy-Level Diagram for 

B2 Molecule 



The Correct MO Energy-Level  

Diagram for B2 Molecule 



MO Energy-level Diagram for B2 

• Filling molecular orbitals s2s 
and s2p works the same as 
when filling s1s orbitals. 

 

• Fill degenerate orbitals p2p 
separately, then pairwise with 
electrons having opposite 
spins. 

• Molecular orbital diagram 
shows that B2 molecule is 
paramagnetic. 

• BO in B2 = ½ (4 – 2) = 1 

σ*
2s 

σ2s 

E 

π2p 

σ2p 

π*
2p 

σ*
2p 



MO Energy-level Diagram for C2 

 

• Molecular orbital 

diagram for C2 shows 

that the molecule is 

diamagnetic. 

• Bond order in C2 

 = ½ (6 – 2) = 2 
σ*

2s 

σ2s 

E 

π2p 

σ2p 

π*
2p 

σ*
2p 



MO energy-level diagram for N2 

 

• Molecular orbital 

diagram for N2 shows 

that it is diamagnetic. 

 Bond order in N2 

    = ½ (8 – 2) = 3 

σ*
2s 

σ2s 

E 

π2p 

σ2p 

π*
2p 

σ*
2p 



Molecular Orbital Summary of Second 

Row Diatomic Molecules 



Paramagnetism 

• Paramagnetism – substance is attracted 

into the inducing magnetic field.  

 Unpaired electrons (O2) 

• Diamagnetism – substance is repelled 

from the inducing magnetic field.  

 Paired electrons (N2) 



Apparatus Used to Measure the 

Paramagnetism of a Sample 



Fig 9.39: Liquid Oxygen Poured into Space 

Between Poles of Magnet 

Donald W. Clegg 



Figure 9.40: MO Energy-Level 

 Diagram for NO Molecule 



MO Energy-Level Diagram  

for NO+ and CN- Ions 



Heteronuclear Diatomic Molecule: HF 

• The σ molecular orbital containing the bonding 

electron pair shows greater electron probability close 

to the fluorine. 

• The electron pair is not shared equally. 

• This causes the fluorine atom to have a slight excess 

of negative charge and leaves the hydrogen atom 

partially positive. 

• This is exactly the bond polarity observed for HF. 



The Electron Probability Distribution in the 

Bonding Molecular Orbital of the HF Molecule 



Orbital Energy-Level Diagram for the 

HF Molecule 



Heteronuclear Diatomic Molecule: HF 

• The 2p orbital of fluorine is at a lower energy 

than the 1s orbital of hydrogen because fluorine 

binds its valence electrons more tightly. 

 Electrons prefer to be closer to the fluorine atom. 

• Thus the 2p electron on a free fluorine atom is at 

a lower energy than the 1s electron on a free 

hydrogen atom. 



Bonding in Heteronuclear molecules 

• The HF molecular orbital 

diagram is given at right.  
 

• Because the fluorine 2p 

orbital is lower in energy 

than the hydrogen 1s 

orbital, the electrons 

prefer to be closer to the 

fluorine atom. 



Delocalization 

• Describes molecules that require resonance. 

• In molecules that require resonance, it is the p 

bonding that is most clearly delocalized, the s bonds 

are localized. 

• p orbitals perpendicular to the plane of the molecule 

are used to form p molecular orbitals. 

• The electrons in the p molecular orbitals are 

delocalized above and below the plane of the 

molecule. 

 



Resonance in Benzene 



The Sigma System for Benzene 



The Pi System for Benzene 



Bonding in Homonuclear Diatomic Molecules 

• Bonds are formed when atomic orbitals overlap in space. 

• This is not possible with 1s orbitals in period two elements 
because each of the orbitals is too close to its own nucleus. 

• Only the 2s and 2p orbitals (containing the valence electrons) 
can participate in bond formation. 

• Sigma (σ) bonds are formed along internuclear axis.  Sigma 
type molecular orbitals can be formed using 2s orbitals or 2px 
orbitals (assuming bonding along the x-axis) 

• In addition, pi (π) type molecular orbitals are formed by the 
combination of 2py or 2pz orbitals. 

• The combination of atomic orbitals yields bonding (s and p) 
and antibonding (σ* and π*) molecular orbitals. 



MO Energy-level Diagram for O2 

 

• It shows that O2 

molecules is 

paramagnetic 

• Bond order in O2 : 

   ½ (8 – 4) = 2 

σ*
2s 

σ2s 

E 

π2p 

σ2p 

π*
2p 

σ*
2p 



Paramagnetism vs. Diamagnetism 

• Paramagnetism implies the presence of 
unpaired electrons, whereas diamagnetism 
implies that all electrons are paired. 

• Atoms or molecules that have paramagnetic 
property are attracted to a magnetic field. 

• Atoms or molecules that are diamagnetic 
indicates are repelled by magnetic field. 

• Paramagnetic effect is generally much stronger 
than diamagnetic effect.   



Exercise #2 on Molecular Orbitals 

Determine the electron configuration and bond order for the 
following.  If it exists, discuss its magnetism. 

1.  F2
- 

BO = 
8 b.e. - 7 a.e. 

2 
= ½  

F2
- would be paramagnetic. 

15 valence electrons 

σ*
2s 

σ2s 

E 

π2p 

σ2p 

π*
2p 

σ*
2p 

How many valence electrons 

does F2
- have? 



Exercise #3 on Molecular Orbitals 

Determine the electron configuration and bond order for the 
following.  If it exists, discuss its magnetism. 

2.  S2
2- 

BO = 
8 b.e. - 6 a.e. 

2 
= 1 

S2
2- would be diamagnetic. 

14 valence electrons 

σ*
3s 

σ3s 

E 

π3p 

σ3p 

π*
3p 

σ*
3p 

How many valence electrons 

does S2
2- have? 



Exercise #4 on Molecular Orbitals 

Determine the electron configuration and bond order for the 
following.  If it exists, discuss its magnetism. 

3.  Cl2
2+ 

BO = 
8 b.e. - 4 a.e. 

2 
= 2 

Cl2
2+ would be paramagnetic. 

12 valence electrons 

σ*
3s 

σ3s 

E 

π3p 

σ3p 

π*
3p 

σ*
3p 

How many valence electrons 

does Cl2
2+ have? 



Heteronuclear Molecules 

• Heteronuclear molecules are molecules made up of 

different atoms. 

• Molecules that are made up of atoms close together 

on the periodic table have similar molecular orbital 

diagrams as homonuclear molecules. 

• When two atoms of a diatomic molecule are very 

different, the energy-level diagram is more 

complicated. 



Combining the Localized Electron and 

Molecular Orbital Models 

• The main strengths of the molecular orbital model are 

that it correctly predicts relative bond strength and 

magnetism of simple diatomic molecules.  
 

• It can account for bond polarity and correctly portrays 

electrons as being localized or delocalized in 

polyatomic molecules. 
 

• The main disadvantage is that it is too complex for 

polyatomic molecules. Thus, an approximation is 

used. 



Combining the Localized Electron and 

Molecular Orbital Models 

• The localized electron model assumes that electrons are 
confined between a given pair of atoms in a molecule. 

• Combining the localized electron and molecular orbital models 
gives us a more accurate description, such that:  

   σ-bonds can be regarded as localized, while  

   π-bonding is best described as delocalized. 

• Since a double bond consists of one σ-bond and one π-bond,  

    there are always σ-bonds between all bound atoms in a given 
resonance structure.   

 the π-bonds may appear in different locations in various 
resonance structures. Electrons involved in p-bonds are said to 
be delocalized. 



Delocalized pi bonding in benzene molecule 


