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Lecture 1  
 
Inorganic Chemistry – An Overview 
Basic Concepts 

If organic chemistry is…. the chemistry of hydrocarbon compounds …. 
Inorganic chemistry can be described broadly as the chemistry of 
‘everything else’..    Miessler, et al. Inorganic Chem., 4th Ed 

PROBLEM SET No. 1 

1.5-6, 1.8-9, 1.13, 1.15-16, 1.18-22, 1.24-32, 1.34, 1.36 

Housecroft, 2nd Ed. 
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Inorganic Chemistry 

Originally meant “non-living chemistry”. 

 

Now includes other subjects: 

 Structure and reactivity, Catalysis, Stability, symmetry, experimental 
techniques, gas phase, solution and solid-state chemistry, superconductors, 
clusters, coordination compounds, bioorganic molecules, etc. 

The chemistry of all compounds that are not entirely made up from C, H, N 
and O ? 

•  includes the description of chemical and physical properties 

•  includes theories and principles that can be used to predict or at least 
rationalize the formation and properties of compounds 

 

Inorganic chemistry is very diverse 

•  use concepts from bonding theory, kinetics and thermodymanics to make 
sense of it all 
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Inorganic Chemistry is not a fragmented discipline 

• Acid/base chemistry, organometallics (with organic chemistry) 

• Redox, Spectroscopy, Solubility (with analytical Chemistry) 

• Structure spectra and theory (with physical chemistry) 

• Organometallic catalysis (with polymer chemistry) 

• Coordination compounds (with biochemistry) 

 

Organic vs. Inorganic Compounds 

ORGANIC INORGANIC  

Bonding between adjacent atoms ,  , ,  

Bonding with Hydrogen Terminal C-H Terminal M-H,  
bridging M-H-M 

Alkyl Groups terminal Terminal and bridging 

Coordination Numbers 4 max 1, 2, ….4, 5,6… 
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Bonding interactions 

Organic and 
Inorganic Molecules 
(single and multiple 
bonds) 
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Examples with Terminal and Bridging groups 

Examples of Geometries of Inorganic compounds 
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Inorganic compounds with -bonded aromatic rings 

 

Fullerenes, Carbon Nanotubes,  graphenes, Carbon peapod 
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Carbon centered metal clusters 

 

Representation of inorganic Compounds - Visual 
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Crystal Field Theory 

MO Diagrams of ML6 (sigma only) 

Metal AO’s 

Molecular 
Orbitals  

Ligand 
group 
orbitals 
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Inorganic Reactions - Classes 

• Acid-base – most fundamental 
• Addition – sometimes with increase in oxidation number 
• Elimination –  
• Oxidation-reduction 
• Insertion 
• Substitution 
• Rearrangement 
• Metathesis 
• Chelation 
• Cyclization and condensation 
• Nuclear reactions 

Chemical Equilibrium 

for any chemical reaction 

 

aA + bB  +  cC +...  =  kK  +  lL  + mM 

 

 

 

 
cba

mlk

CBA

MLK
K

][][][

][][][
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The Reaction Free Energy 

G = H - TS 

ΔG = ΔH – TΔS (at constant temperature) 

ΔrG  = ΣΔfG(products) - ΣΔfG(reactants)  

ΔrG = -RT ln K 

Spontaneous Process:  ΔrG < 0 

 

Kinetics 

• Provides insight into the mechanism of a reaction. 

• A kinetic study begins with the determination of the empirical rate law. 

• The rate of a reaction may be modified by the use of a catalyst. 
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A “Spontaneous” Process... 

• ΔrG < 0 (sufficiently negative reaction free energy) 

• The rate of the reaction is appreciable. 

Structure of the Atom 

There are two regions 

The nucleus  

• With protons and neutrons 

• Positive charge 

• Almost all the mass 

 

 Electron cloud 

• Most of the volume of an atom 

• The region where the electron can be found 
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Subatomic particles 

Electron 

Proton 

Neutron 

Name Symbol Charge 
Relative 
  mass 

 Actual  
mass (g) 

e- 

p+ 

no 

-1 

+1 

0 

1/1837 

1 

1 

9.11 x 10-28 

1.67 x 10-24 

1.67 x 10-24 

 

• Schrödinger proposed an equation that contains both wave and particle 
terms. 

 

• Solving the equation leads to wave functions.  

• The wave function gives the shape of  the electronic orbital.  [“Shape” really 
refers to density of  electronic charges.] 

• The square of  the wave function,  gives the probability of  finding the 
electron ( electron density ). 

Quantum Mechanics and Atomic Orbitals 

This image cannot currently be displayed.
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Quantum Mechanics and Atomic Orbitals 

Solving Schrodinger’s 
Equation gives rise to 
‘Orbitals.’   

These orbitals provide the 
electron density distributed 
about the nucleus. 

Orbitals are described by 
quantum numbers. 

Orbitals and Quantum Numbers 
Schrödinger’s equation requires 3 quantum numbers: 

1. Principal Quantum Number, n.  This is the same as Bohr’s n.  As n becomes 
larger, the atom becomes larger and the electron is further from the nucleus. ( n = 1 , 
2 , 3 , 4 , …. ) 

2. Angular Momentum Quantum Number, l.  This quantum number depends on 
the value of  n.  The values of   l  begin at 0 and increase to (n - 1).  We usually use 
letters for l  (s, p, d and f for l  = 0, 1, 2, and 3).  Usually we refer to the s, p, d and f-
orbitals.  

3. Magnetic Quantum Number, ml.  This quantum number depends on l .  The 
magnetic quantum number has integral values between - l  and + l .  Magnetic 
quantum numbers give the 3D orientation of  each orbital. 
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Quantum Numbers of Wavefuntions 

Quantum # Symbol Values Description 

Principal  n 1,2,3,4,… Size & Energy of orbital 

Angular 
Momentum 

l 0,1,2,…(n-1)  

 for each n  

Shape of orbital 

Magnetic m -l…,0,…+ l 

 for each l 

Relative orientation of orbitals within same l 

Spin ms +1/2 or –1/2 Spin up or Spin down 

       Angular Momentum Quantum # (l)           Name of Orbital 

                      0               s (sharp) 

                      1               p (principal) 

                      2               d (diffuse) 

                      3               f (fundamental) 

                      4               g  

Orbitals and Quantum Numbers 
 

Quantum Mechanics and Atomic Orbitals 
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The s-Orbitals 

Representations of  Orbitals 

The p-Orbitals 

 

Representations of  Orbitals 
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d-orbitals 

Many-Electron Atoms  

Orbitals and Their Energies 
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  Electron Spin and the Pauli Exclusion Principle 

Many-Electron Atoms  

Electron Spin and the Pauli Exclusion Principle 

• Since electron spin is quantized, we define ms = spin quantum number =  
½. 

• Pauli’s Exclusions Principle: no two electrons can have the same set of  4 
quantum numbers. 
• Therefore, two electrons in the same orbital must have opposite spins. 

Many-Electron Atoms  
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Figure 6.27 

Figure 6.27 Orbitals CD 

Figure 6.28 Orbitals CD 
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Many-Electron Atoms  

Orbitals and Their Energies 

 

CLOSER LOOK AT   

• Contains Information about the Probability 

of finding the Quantum Mechanical Entity in a Certain State 

 

– For atom, know energy so ψ is related to probability of finding electron at a 
certain point in space 

 

• The Probability is not ψ, rather ψ2 

– Actually this is ψ*ψ 
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MORE ON ORBITALS 

 

• Wavefunctions for Atomic Orbitals can be divided into Two Parts 

 – Radial (depends on distance from nucleus) 

 – Angular (depends on angles φ and θ) 

• For Chemistry Angular Part is (most) Important 

 –Molecular shape 

 – Bonding 

NODES 

• Places where the Probability of finding the Electron is Zero (ψ = 0 so ψ2 = 0 ) 

• When ψ radial is zero, called a radial (orspherical) node 

 – There are n - l - 1 radial nodes 

• When ψangular is zero, called an angular node (or a nodal plane) 

   – There are l angular nodes 
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PROBABILITY OF FINDING AN ELECTRON 
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ANGULAR PART OF WAVEFUNCTION 

 

• Every Time ψ goes through a node sign of wavefunction changes 

 – s orbital has same angular sign throughout 

 – p orbital lobes have different signs 

 – Lobes alternate signs in a d orbital 

• Difference in Phase 

 

 

 

 

p Orbitals 
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p Orbitals 
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29 

DEGENERATE 2p ORBITALS 

• All 3 orbitals have the same energy (n and l), but differ in orientation (ml) 
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d Orbitals 

When n = 3, what are the values of l? 
  l = 0, 1, 2 
so there are 3 subshells in the shell. 
• For l = 0, ml = 0 
 ---> s subshell with single orbital 
• For l = 1, ml = -1, 0, +1 
 ---> p subshell with 3 orbitals 
• For l = 2, ml = -2, -1, 0, +1, +2 
 ---> d subshell with 5 orbitals 
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d Orbitals 

• s orbitals have no planar nodes (l = 0) and are spherical. 

• p orbitals have l = 1, have 1 planar node, and are “dumbbell” shaped. 

• This means d orbitals (l = 2) have 2 planar nodes 

 

 

 

 

 

3d radial wave functions 
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3d orbitals 

 

 



34 

 

Ground State Electronic Configuration 

• Aufbau principle: Lowest energy orbitals are filled first. 

• Hund’s Rule: in degenerate orbitals e- may not be spin paired until all 
orbitals contain an electron. 

• Pauli’s Exclusion: no two electrons in the same atom can have the same set 
of quantum numbers. 
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BUILDING UP THE PERIODIC TABLE – THE BASIS 

• The quantum numbers 

• Hund’s Rule - When more than one orbital has the 
same energy (e.g. px, py, pz), electron occupy 
separate orbitals and do so with parallel spins. 

• Pauli’s Exclusion Principle – no two electrons can 
have the same set of quantum numbers 

• The order of orbitals for a given quantum number 
depends on 

 Shielding Effects (Z*) 

 Penetration of orbitals 

SHIELDING 

• Energy of an electron in an atom is a function of Z2/n2 

• Nuclear charge (Z) increases more rapidly than principal quantum number, 
n. 

• Therefore continuous increase expected in IE with increase in atomic 
number 

On the other hand 

• IE  H  1312 KJ mol-1 

 Li  520 KJ mol-1   Why? 
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HOW TO DETERMINE Z* (Effective Nuclear Charge) 

Effective Nuclear charge 
Z* = Z – σ (σ = Screening Constant) 
SLATER’S RULE 
If the electron resides in s or p orbital 
 1. Electrons in principal shell higher than the e- in question contribute 
  0 to σ 
 2. Each electron in the same principal shell contribute 0.35 to σ 
 3. Electrons in (n-1) shell each contribute 0.85 to σ 
 4. Electrons in deeper shell each contribute 1.00 to σ 

Example 

Example:  
Calculate the Z* for the 2p electron of Fluorine (Z = 9) 1s2 2s2 2p5 

Screening constant for one of the outer electron (2p): 
6 (six) (two 2s e- and four 2p e-) = 6 X 0.35 = 2.10 
2 (two)1s e- = 2 X 0.85 = 1.70 
σ = 1.70+2.10 = 3.80 
Z* = 9 - 3.80 = 5.20 
 
What is Z* for 1s electron? 



37 

SLATER’S RULE 

If the e- resides in a d or f orbital 

 1. All e-s in higher principal shell contribute 0 

 2. Each e- in same shell contribute 0.35 

 3. All inner shells in (n-1) and lower contribute 1.00 

EFFECTIVE NUCLEAR CHARGE 

• Effective nuclear charge Z* increases very slowly down a group for the 
“valence” i.e. outermost orbital e.g. 

 H  1.0 
 Li  1.3 
 Na  2.2 
 K  2.2 
 Rb  2.2 
 Cs  2.2 
…..but increases rapidly along a period 
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PENETRATION OF ATOMIC ORBITALS 

Energy levels for hydrogen show no distinction between energies of different 
types of orbitals (s, p, d, f) in a given quantum level. 

• Li nucleus : 3 protons; it has +3 nuclear charge 

• If Li has only one electron (Li2+), this electron would reside 1s orbital; 
strong attraction to nucleus. Therefore, size of this 1s orbital is smaller than 
it is for hydrogen (+1 nuclear charge) 

 

• Li with 2e-; Some repulsion between electrons, but size of 1s still smaller 
than it has for hydrogen 
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PENETRATION OF ATOMIC ORBITALS 

• Uncharged Li has 3 electrons. Two electrons in 1s; 3rd electron in 2nd 
quantum shell which is larger than the 1s shell. 

 

• Therefore, expect 3rd e- to be attracted by +3 nuclear charge and repelled 
by two 1s electrons and hence ‘see’ an effective nuclear charge of 1.3. 

 

• If 3rd electron could penetrate close to nucleus, effective nuclear charge 
would be > 1.3 

 

The penetration potential of  an orbital varies as: 
ns > np > nd > nf 

The energy of  the orbitals for a given n varies as: 
ns < np < nd < nf 
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HOW DO WE FILL THE ELECTRONS? 

• Considerations of principles such as penetration and shielding have 
enabled atomic orbitals to be arranged in rough order of increasing energy 
(order of filling of orbitals) 

 

 

 

 

 

 

HOW DO WE FILL ELECTRONS? 
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• For most of the d-block, both spectroscopic determination of the ground 
states and computation show that it is advantageous to occupy higher 
energy 4s orbitals, even if 3d is lower 

• Two electrons present in the same d-orbital repel each other more strongly 
than do two electron in a s-orbital . Therefore, occupation of orbitals of 
higher energy can result in a reduction in the repulsion between electrons 
that would occur if the lower-energy 3d orbitals were occupied. 

• It is essential to consider all contributions to the energy of a configuration, 
and just not one-electron orbital energies 

• Spectroscopic data show that GS configurations of d-block elements are of 
the form 3dn4s2, with 4s orbitals full occupied. 

FILLING OF ORBITALS  

• Two atomic configurations do not follow the nuclear sequence of filling of 
orbitals 

Z = 24 Cr [Ar] 3d54s1; not [Ar] 3d44s2 

Z = 29 Cu [Ar] 3d104s1; not [Ar] 3d94s2 
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FILLING OF ORBITALS  (AUFBAU) 

• Transition series: filling order: 4s, 3d 
• removal order (cation formation): 4s, 3d (not 3d, 4s) 
e.g. Ti [Ar] 4s2 3d2 
• Ti2+ [Ar] 3d2 (not [Ar] 4s2) Why? 
 
• When 2 electrons are removed, regardless of where they come from, all 
atomic orbitals contract (Z* increases because of net ionic charge and 
reduced shielding) 
• Contraction has a small effect on 4s orbital which owes its low energy to its 
deep penetration 
• Contraction in d orbital causes a considerable decrease in energy – this 
decrease is evidently enough to lower the energy of 3d well below 4s 
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PERIODIC TRENDS 

• Atomic size (radius), 

• Ionic size (radius), 

• Atomic volume 

• Ionization energy, 

• Electron affinity 

• Electronegativity. 
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ATOMIC RADIUS 

In a period, left to right 

 1. n (number of shells) remain constant. 

 2. Z increases (by one unit) 

 3. Z* increases (by 0.65 unit) 

 4. Electrons are pulled close to the nucleus by the increased Z* 

 

So atomic radius decreases with increase 

in atomic number (in a period left to right) 

In a group, top to bottom 

 1. n increases 

 2. Z increases 

 3. No dramatic increase in Z* - almost remains constant 

So atomic radius increases moving down the group 
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ATOMIC RADIUS 

In a group, top to bottom 

 1. n increases 

 2. Z increases 

 3. No dramatic increase in Z* - almost remains constant 

…..So atomic radius increases moving down the group 
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All anions are larger than their 
parent atoms; 

 

The cations are smaller 
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IONIZATION ENERGY 

The minimum energy needed to remove an electron from a gas phase atom 
DEPENDS ON: 
 (a) Size of the atom - IE decreases as the size of the atom increases 
 (b) Nuclear Charge - IE increases with increase in nuclear charge 
 (c) The type of electron - Shielding effect 
 1st IE  H 1312 KJ/mol 
  Li 520 KJ/mol 
REASONS 
 1. Average distance of 2s electron is greater than that of 1s 
 2. Penetration effect 
 3. Electronic configuration 

IONIZATION ENERGY 

On moving down a group 

 1. nuclear charge increases 

 2. Z* due to screening is almost constant 

 3. number of shells increases, hence atomic size increases. 

 4. there is a increase in the number of inner electrons which 

  shield the valence electrons from the nucleus 

 

 

Thus IE decreases down the group 
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IONIZATION ENERGY 

On moving across a period 

 1. the atomic size decreases 

 2. nuclear charge increases 

 

Thus IE increases along a period 
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Account for the decrease in 1st IE between P and S 
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ELECTRON AFFINITY 

- the amount of energy associated with the gain of electrons 

 

The greater the energy released in the process of taking up the extra electron, 
greater is the EA 

 

The EA of an atom measures the tightness with which it binds an additional 
electron to itself. 

EA 

On moving across a period, 

• --- the atomic size decreases and hence the force of attraction exerted by 
the nucleus on the electrons increases. Consequently, the atom has a 
greater tendency to attract additional electron i.e., its electron affinity 
increases 

• --- EA values of metals are low while those of non-metals are high 

• --- Halogens have high electron affinities. This is due to their strong 
tendency to gain an additional electron to change into the stable ns2np6 
configuration 
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EA 

On moving down a group, 

     --- the atomic size increases and therefore, the effective nuclear attraction 
decreases and thus electron affinity decreases 
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BONDING MODELS - FOUNDATIONS 

• Electron transfer formed ionic species 

• Sharing of electron in covalent bonds 

• Where one atom provides the e pair to share – coordinate bond 

• Modern approach uses quantum mechanics 

• Solves the Schrodinger equations for electrons in molecules 

• Only approximate solutions 

• Valence Bond Approach (Heitlerand Pauling) and 

• Molecular Orbital Approach (Hundand Mulliken) 

 

SIMPLE BONDING MODELS 

• Valence Bond (VB) Approach 

 Atoms interact to form molecules retaining their original 
 characters 

 Electrons assigned to atomic orbitals 

 

• Molecular Orbital (MO) Theory 

 Electrons allocated to molecular orbitals which are formed by the 
 overlap of atomic orbitals 
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LEWIS STRUCTURES / OCTET RULE 

Octet Rule:  

COVALENT BOND RADIUS / Van Der Waals Radius 

Measured using microwave spectroscopy and diffraction methods (X-ray, 
neutron and electron) 

Covalent radii 

 

 rcov of atom X = ½ covbond length of single X-X 

 

Van der Waals radii 

• •rvdw= ½ distance of closest approach of two non-bonded atoms 
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THE VALENCE BOND THEORY 

A set of overlapping orbitals has a maximum of two electrons that must have 
opposite spins. 

The greater the orbital overlap, the stronger (more stable) the bond. 

The valence atomic orbitals in a molecule are different from those in isolated 
atoms. 

There is a hybridization of atomic orbitals to form molecular 
orbitals. 

Figure 11.1 Orbital overlap and spin pairing in three diatomic 
molecules. 



55 

The MOLECULAR ORBITAL Theory 

A molecule is viewed on a quantum mechanical level as a collection of nuclei 
surrounded by delocalized molecular orbitals. 

Atomic wave functions are summed to obtain molecular wave functions. 

If wave functions reinforce each other, a bonding MO is formed (region of high electron 
density exists between the nuclei). 

If wave functions cancel each other, an antibonding MO is formed (a node of zero 
electron density occurs between the nuclei). 

MOLECULAR ORBITAL APPROACH 

•   Atomic orbitals interactions 
•   Allowed if  symmetries of  atomic orbitals are compatible 
•   Efficient if  overlap region between atomic orbitals is significant 
•   Efficient if  energies of  atomic orbitals close to one another 
•   Number of  MOs = number of  atomic orbitals interacting 
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Figure 11.13 An analogy between light waves and atomic wave functions. 

Figure 11.14 Contours and energies of the bonding and antibonding molecular 
orbitals (MOs) in H2. 

The bonding MO is lower in energy and the antibonding MO is higher in energy than the AOs 
that combined to form them. 
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Figure 11.15 The MO diagram for H2. 

Filling molecular orbitals with electrons follows the same concept 
as filling atomic orbitals.  
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Figure 11.16 MO diagram for He2
+ and He2. 

Figure 11.17 Bonding in s-block homonuclear diatomic molecules. 
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Figure 11.18 Contours and energies of σ and π MOs through combinations of 2p 
atomic orbitals. 
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Suggested procedure for writing molecular orbitals. 
1. Using valence potential energies, indicate the relative energies of  the atomic orbitals 

– shown of  the far left and far right of  the diagram.  It is sufficient to write the 
valence orbitals only. 

2. Show the bonding and anti-bonding molecular orbitals that result from the 
interaction. Placed at the middle of  the diagram. 

3. Identify molecular orbitals with appropriate labels 
4. Anti bonding MO are designated by an asterisk superscript. 
5. Place the appropriate number of  electrons in the molecular energy levels 
6. Check:  the total number of  molecular orbitals = total number of  atomic orbitals. 

Also the number of  valence electrons used in the MO is correct. 

Molecular Orbital Theory 
Diatomic molecules: The bonding in He2 

He also has only 1s AO, so the MO diagram for the molecule He2 can be formed in an identical way, except that 
there are two electrons in the 1s AO on He. 

He 

E
ne

rg
y 

He He2 

1s 1s 

g 

u* 

Molecular Orbital theory is powerful because it allows us to predict whether molecules should exist or not 
and it gives us a clear picture of  the of  the electronic structure of  any hypothetical molecule that we can 
imagine. 

The bond order in He2 is (2-2)/2 = 0, so the 
molecule will not exist. 
 
However the cation [He2]+, in which one of  the 
electrons in the u* MO is removed, would have  a 
bond order of  (2-1)/2 = ½, so such a cation might 
be predicted to exist.  The electron configuration for 
this cation can be written in the same way as we write 
those for atoms except with the MO labels replacing 
the AO labels: 

[He2]+ = g
2u

1 
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Molecular Orbital Theory 
Diatomic molecules: Homonuclear Molecules of  the Second Period 

Li has both 1s and 2s AO’s, so the MO diagram for the molecule Li2 can be formed in a similar way to the ones 
for H2 and He2.  The 2s AO’s are not close enough in energy to interact with the 1s orbitals, so each set can be 
considered independently. 

Li 

E
ne

rg
y 

Li Li2 

1s 1s 

1g 

1u* 

The bond order in Li2 is (4-2)/2 = 1, so the molecule 
could exists.  In fact, a bond energy of  105 kJ/mol 
has been measured for this molecule. 
 
Notice that now the labels for the MO’s have 
numbers in front of  them - this is to differentiate 
between the molecular orbitals that have the same 
symmetry. 

2s 2s 

2g 

2u* 

Molecular Orbital Theory 
Diatomic molecules: Homonuclear Molecules of  the Second Period 

Be 

E
ne

rg
y 

Be Be2 

1s 1s 

1g 

1u* 

2s 2s 

2g 

2u* 

Be also has both 1s and 2s AO’s, so the MO’s for the MO diagram of  Be2 are identical to those of  Li2.  As in 
the case of  He2, the electrons from Be fill all of  the bonding and antibonding MO’s so the molecule will not 
exist. 

The bond order in Be2 is (4-4)/2 = 0, so the 
molecule can not exist. 
 
Note: 
The shells below the valence shell will always contain 
an equal number of  bonding and antibonding MO’s 
so you only have to consider the MO’s formed by the 
valence orbitals when you want to determine the 
bond order in a molecule! 
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This produces an MO over the 
molecule with a node between the F 
atoms.  This is thus an antibonding 
MO of  u symmetry. 

Molecular Orbital Theory 
Diatomic molecules: The bonding in F2 

Each F atom has 2s and 2p valence orbitals, so to obtain MO’s for the F2 molecule, we must make linear 
combinations of  each appropriate set of  orbitals.  In addition to the combinations of  ns AO’s that we’ve 
already seen, there are now combinations of  np AO’s that must be considered.  The allowed combinations can 
result in the formation of  either  or  type bonds. 

2pzA 

+ 

This produces an MO around both F 
atoms and has the same phase 
everywhere and is symmetrical about 
the F-F axis.  This is thus a bonding 
MO of  g symmetry. 

u* =  0.5 (2pzA + 2pzB) 
2pzB 

2pzA 

- 

g =  0.5 (2pzA - 2pzB) 
2pzB 

The combinations of   symmetry: 

This produces an MO over the 
molecule with a node on the bond 
between the F atoms.  This is thus a 
bonding MO of  u symmetry. 

Molecular Orbital Theory 
Diatomic molecules: The bonding in F2 

2pyA 

+ 

This produces an MO around both F 
atoms that has two nodes: one on the 
bond axis and one perpendicular to the 
bond.  This is thus an antibonding MO 
of  g symmetry. 

u =  0.5 (2pyA + 2pyB) 
2pyB 

- 

g* =  0.5 (2pyA - 2pyB) 

The first set of  combinations of   symmetry: 

2pyA 2pyB 
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The second set of  combinations with  symmetry (orthogonal to the first set): 

This produces an MO over the 
molecule with a node on the bond 
between the F atoms.  This is thus a 
bonding MO of  u symmetry. 

Molecular Orbital Theory 
Diatomic molecules: The bonding in F2 

2pxA 

+ 

This produces an MO around both F 
atoms that has two nodes: one on the 
bond axis and one perpendicular to the 
bond.  This is thus an antibonding MO 
of  g symmetry. 

u =  0.5 (2pxA + 2pxB) 

2pxB 

- 

g* =  0.5 (2pxA - 2pxB) 

2pxA 2pxB 

 
 

F 

E
ne

rg
y 

F F2 

2s 2s 

2g 

2u* 

2p 

2p 

3g 

3u* 

1u 

1g* 

Molecular Orbital Theory 
MO diagram for F2 

(px,py) 
pz 

You will typically see the diagrams drawn in this 
way.  The diagram is only showing the MO’s 
derived from the valence electrons because the 
pair of  MO’s from the 1s orbitals are much 
lower in energy and can be ignored. 

Although the atomic 2p orbitals are drawn like 
this:                they are actually all the same 
energy and could be drawn like this: 

at least for two non-interacting F atoms. 

Notice that there is no mixing of  AO’s of  the 
same symmetry from a single F atom because 
there is a sufficient difference in energy between 
the 2s and 2p orbitals in F. 

Also notice that the more nodes an orbital of  a 
given symmetry has, the higher the energy. 

Note: The the sake of  simplicity, electrons are not shown in 
the atomic orbitals. 
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F 

E
ne

rg
y 

F F2 

2s 2s 

2g 

2u* 

2p 

2p 

3g 

3u* 

1u 

1g* 

Molecular Orbital Theory 
MO diagram for F2 

(px,py) 
pz 

Another key feature of  such diagrams is 
that the -type MO’s formed by the 
combinations of  the px and py orbitals 
make degenerate sets (i.e. they are identical 
in energy). 

 

The highest occupied molecular orbitals 
(HOMOs) are the 1g* pair - these 
correspond to some of  the “lone pair” 
orbitals in the molecule and this is where 
F2 will react as an electron donor.  

 

The lowest unoccupied molecular orbital 
(LUMO) is the 3u* orbital - this is where 
F2 will react as an electron acceptor. 

HOMO 

LUMO 

B 

E
ne

rg
y 

B B2 

2s 2s 

2g 

2u* 

2p 

2p 

3g 

3u* 

1u 

1g* 

Molecular Orbital Theory 
MO diagram for B2 

(px,py) 
pz 

In the MO diagram for B2, there several 
differences from that of  F2.  Most importantly, 
the ordering of  the orbitals is changed because 
of  mixing between the 2s and 2pz orbitals.  
From Quantum mechanics: the closer in energy 
a given set of  orbitals of  the same symmetry, 
the larger the amount of  mixing that will 
happen between them.  This mixing changes the 
energies of  the MO’s that are produced. 

 The highest occupied molecular orbitals 
(HOMOs) are the 1u pair. Because the pair of  
orbitals is degenerate and there are only two 
electrons to fill, them, each MO is filled by only 
one electron - remember Hund’s rule.  
Sometimes orbitals that are only half-filled are 
called “singly-occupied molecular orbtials” 
(SOMOs).  Since there are two unpaired 
electrons, B2 is a paramagnetic (triplet) molecule. 

HOMO 

LUMO 
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     Remember that the separation between the ns and np 
orbitals increases with increasing atomic number.  This means 
that as we go across the 2nd row of  the periodic table, the 
amount of  mixing decreases until there is no longer enough 
mixing to affect the ordering; this happens at O2.  At O2 the 
ordering of  the 3g and the 1u MO’s changes. 
     As we go to increasing atomic number, the effective nuclear 
charge (and electronegativity) of  the atoms increases.  This is 
why the energies of  the analogous orbitals decrease from Li2 to 
F2. 
     The trends in bond lengths and energies can be understood 
from the size of  each atom, the bond order and by examining 
the orbitals that are filled. 

Diatomic molecules: MO diagrams for Li2 to F2 

Molecular Orbital Theory 

2s-2pz mixing 
Molecule Li2 Be2 B2 C2 N2 O2 F2 Ne2 

Bond Order 1 0 1 2 3 2 1 0 

Bond Length (Å) 2.67 n/a 1.59 1.24 1.01 1.21 1.42 n/a 

Bond Energy (kJ/mol) 105 n/a 289 609 941 494 155 n/a 

Diamagnetic (d)/ Paramagnetic (p) d n/a p d d p d n/a 

In this diagram, the 
labels are for the valence 
shell only - they ignore 
the 1s shell.  They 
should really start at 2g 
and 2u*. 

MO Energy 
Diagram for X2 
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Figure 11.19 Relative MO energy levels for Period 2 homonuclear diatomic 
molecules. 

Dioxygen 

What are the advantages and disadvantages 
of  this description of  dioxygen? 

O O • • 

• • • 
• 

• • • • 
• • 
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6/18/2012 

Compare the physical properties predicted for Dioxygen by the Lewis Dot 
Diagram and MO Theory 

Bond Order Magnetic Properties 

Lewis Dot 
Structure 

Molecular 
Orbital 
Theory 

2 ? (diamagnetic) 

2 
paramagnetic 

2 unpaired electrons 

O O • • 

• • • 
• 

• • • • 
• • 

Liquid dioxygen will cling to the pole of  a magnet. 

6/18/2012 

Compare the physical properties for the Dioxygenyl(I) Ion, 
Dioxygen, Superoxide Ion and Peroxide Ion 

Bond 

Length 

Bond 

Order 

O2
+ 

O2 

O2
– 

O2
2– 

1.123 Å 

1.207 

1.26 

1.49 

2.5 

2 

1.5 

1 

Magnetic 

Properties 

paramagnetic (1) 

paramagnetic (2) 

paramagnetic (1) 

diamagnetic 
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Oxygen-Oxygen Bonds 

Which oxygen-oxygen bond is easier to break? 

O O 

• • • 
• 

• • 

• • H O H O 

• • • • 

• • • • 

Figure 11.20 

MO occupancy and 
molecular properties 
for B2 through Ne2. 
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SAMPLE 

PROBLEM: 

As the following data show, removing an electron from N2 forms an ion with a 
weaker, longer bond than in the parent molecule, whereas the ion formed from O2 
has a stronger, shorter bond: 

Explain these facts with diagrams that show the sequence and occupancy of  MOs. 

Bond energy (kJ/mol) 

Bond length (pm) 

N2 N2
+ O2 O2

+ 

945 

110 

498 841 623 

112 121 112 

Bonding of Multi-Electron Atoms 

Let us look at a simple heteronuclear diatomic molecule, HF. 
 
Here the atomic energy levels are different, so this will give us an idea about what constitutes 
a bond between unlike atoms. 
 
However, HF is in some ways simpler to deal with as it has fewer electrons -  both valence 
electrons and total electrons. 
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Valence MOs 



1s 

F H HF 





  





 

2s 

2p 

Energy Levels in HF 
This diagram shows the allowed 
energy levels of  isolated H (1s1)  and 
F (1s22s22p5) atoms and, between 
them, the HF molecule. 
 
Note: 
1.  F 1s is at much lower energy than H 1s 
(because of the higher nuclear charge) 
 
2.  F 1s2 electrons are core electrons.  Their 
energy does not change when HF is formed. 
 
3.  H 1s and F 2p valence electrons go into 
molecular orbitals with new energies. 



Bonding in HF 

This diagram shows the outer, 
valence energy levels of H, F and HF. 
 
The electronic configuration of the 8 
valence electrons of HF is shown in 
blue. 
 
There are four orbitals, each 
containing a pair of electrons. 
 
How do we represent these? 

Valence MOs 

1s 

F H HF 





  



 

2s 

2p 
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1s 

F H HF 





  





 

2s 

2p 



Molecular Orbitals in HF 

This core orbital is almost 
unchanged from the F 1s 
orbital.  The electrons are 
bound tightly to the F 
nucleus. 

This non-bonding molecular orbital 
(n) has an almost spherical lobe 
showing only slight delocalisation 
between the two nuclei. 
Non-bonding orbitals look only 
slightly different to atomic orbitals, 
and have almost the same energy. 

H     F       

n 

n 

Molecular Orbitals in HF 

These two degenerate (filled) HOMO’s are 
centred on the F atom, like 2px and 2py orbitals. 

This MO, which is is  like a 2pz 
orbital, is lower in energy  in the 

molecule (a bonding orbital), 
and one lobe is delocalised 

around the H atom. 

This (empty) LUMO is an 
antibonding orbital with a 
node on the interatomic 
axis between H and F. 

Electrons in these two orbitals are not shared (much) by 
the fluorine nucleus.  They behave like the 2p orbitals and 
are also non-bonding (n). 



1s 

F H HF 





 





 

2p 





n 

n 




n n 
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What do we take from all this? 
Three simple kinds of molecular orbitals 
 
1. Sigma (bonding) orbitals (). 
 
 
 
2. Non-bonding orbitals (n) 
 
 
 
3.  Sigma star (anti-bonding) orbitals (*) 

Electrons delocalised along the axis between two 
nuclei.  These may be represented as shared 
electrons, e.g. H:H or H:F; H-H or H-F 

Orbitals that are essentially unchanged from atomic orbitals, and 
remain localised on a single atom (unshared). These may be 
represented as a pair of electrons on one atom. 

Orbitals with a node or nodes along the axis between 
two nuclei.  These do not contribute to bonding, they 
“undo” bonding. 

HETERONUCLEAR DIATOMICS 

OVERLAP NOT 
ALLOWED BY 
SYMMETRY 
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RELATIVE SIZES AND ENERGY 
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SAMPLE 

PROBLEM: 

Classify the interactions between orbitals on two adjacent atoms as , ,  or 
nonbonding. 

 a)   s and pz 

 b)  px and py 

 c) dxz and dxz 

 d) pz and dz2 

 

 

HF 
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CONSTRUCT A CO MO DIAGRAM 

Orbital potential energies (eV) 

C:      2s = -19.4          2p = - 10.7 

O:      2s = - 32.4         2p = -15.9 

CO 
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6/18/2012 

Skeleton Diagram Failures 
Carbon Monoxide 

C O C O or 

How would the hybridization of  the 
atoms in carbon monoxide be described? 

6/18/2012 

en
er

gy
 

CO C 
O 
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6/18/2012 

Carbon Monoxide 
Sigma orbital overlaps of  CO. 

+ 
- + - + 

+ 

+ + + + 

+ 
- + - + 

- 

+ + - - 

- 
- + + - 

- 

- + + - 

- 
- + + - 

+ 

- + - + 

Is the HOMO of  carbon monoxide 
bonding, nonbonding or antibonding?  

CO 1.1282 Å 

CO+ 1.1151 Å 
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gy
 

CO C 
O 

Where on 
carbon monoxide 
is the 
HOMO located?  

6/18/2012 

Skeleton Diagram Failures 
Carbon Monoxide 

C O C O or 

How would the hybridization of  the 
atoms in carbon monoxide be described? 
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CO C 
O 

6/18/2012 

Carbon Monoxide 
Sigma orbital overlaps of  CO. 

+ 
- + - + 

+ 

+ + + + 

+ 
- + - + 

- 

+ + - - 

- 
- + + - 

- 

- + + - 

- 
- + + - 

+ 

- + - + 



82 

Is the HOMO of  carbon monoxide 
bonding, nonbonding or antibonding?  

CO 1.1282 Å 

CO+ 1.1151 Å 

6/18/2012 

Skeleton Diagram Failures 
Carbon Monoxide 

C O C O or 

How would the hybridization of  the 
atoms in carbon monoxide be described? 
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CO C 
O 

6/18/2012 

Carbon Monoxide 
Sigma orbital overlaps of  CO. 

+ 
- + - + 

+ 

+ + + + 

+ 
- + - + 

- 

+ + - - 

- 
- + + - 

- 

- + + - 

- 
- + + - 

+ 

- + - + 
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Is the HOMO of  carbon monoxide 
bonding, nonbonding or antibonding?  

CO 1.1282 Å 

CO+ 1.1151 Å 

6/18/2012 

en
er

gy
 

CO C 
O 

Where on 
carbon monoxide 
is the 
HOMO located?  
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6/18/2012 

en
er

gy
 

CO C 
O 

Where on 
carbon monoxide 
is the 
HOMO located?  

Copyright 1999, PRENTICE HALL Chapter 9 

VSEPR THEORY 
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Molecular Shapes 
Lewis structures give atomic connectivity: they tell us which atoms are 
physically connected to which. 
 
The shape of  a molecule is determined by its bond angles. 
Consider CCl4: experimentally we find all Cl-C-Cl bond angles are 
109.5. 
 

Therefore, the molecule cannot be planar. 
All Cl atoms are located at the vertices of  a tetrahedron with the C at 
its center. 

 

Copyright 1999, PRENTICE HALL Chapter 9 
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Molecular Shapes 
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Molecular Shapes 

In order to predict molecular shape, we assume the valence electrons 
repel each other.    Therefore, the molecule adopts whichever 3D 
geometry minimized this repulsion. 
 
We call this process Valence Shell Electron Pair Repulsion (VSEPR) 
theory. 

Copyright 1999, PRENTICE HALL Chapter 9 
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The VSEPR Model 
The valence electrons in a molecule are the bonding pairs of  electrons 
as well as the lone pairs. 
Here are some of  the  shapes that are important to us: 

linear (3 atoms, AB2); bent (3 atoms, AB2); 
trigonal planar (4 atoms, AB3); trigonal pyramidal (4 atoms, AB3); T-shaped (4 
atoms, AB3); 
tetrahedral (5 atoms, AB4); square planar (5 atoms, AB4); see-saw (5 atoms, AB4); 
trigonal bipyramidal (6 atoms, AB5); square pyramidal (6 atoms, AB5); and 
octahedral (7 atoms, AB6). 
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The VSEPR Model 

Copyright 1999, PRENTICE HALL Chapter 9 
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The VSEPR Model 
Predicting Molecular Geometries 
To determine the shape of  a molecule, we distinguish between lone 
pairs (or non-bonding pairs, those not in a bond) of  electrons and 
bonding pairs (those found between two atoms). 
 
We define the electron pair geometry by the positions in 3D space of  
ALL electron pairs (bonding or non-bonding). 
The electrons adopt an arrangement in space to minimize e-e 
repulsion. 
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The VSEPR Model 
Predicting Molecular Geometries 

Copyright 1999, PRENTICE HALL Chapter 9 
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The VSEPR Model 
Predicting Molecular Geometries 
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The VSEPR Model 
Predicting Molecular Geometries 
To determine the electron pair geometry: 

draw the Lewis structure; 
count the total number of  electron pairs around the central atom. 
arrange the electron pairs in one of  the above geometries to minimize e-e repulsion. 
multiple bounds count as one bonding pair. 

Copyright 1999, PRENTICE HALL Chapter 9 
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The VSEPR Model 
Predicting Molecular Geometries 
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Copyright 1999, PRENTICE HALL Chapter 9 
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The VSEPR Model 
Predicting Molecular Geometries 

Copyright 1999, PRENTICE HALL Chapter 9 
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The VSEPR Model 
The Effect of  Nonbonding Electrons and Multiple Bonds on 
Bond Angles 
We determine the electron pair geometry only looking at electrons. 
We name the molecular geometry by the positions of  atoms. 
We ignore lone pairs in the molecular geometry.  
All the atoms that obey the octet rule have tetrahedral electron pair 
geometries. 
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The VSEPR Model 
The Effect of  Nonbonding Electrons and Multiple Bonds on 
Bond Angles 
By experiment, the H-X-H bond angle decreases on moving from C to 
N to O: 
 
 
 
 

Since electrons in a bond are attracted by two nuclei, they do not repel as much 
as lone pairs. 
Therefore, the bond angle decreases as the number of  lone pairs increase. 

O
HH

1 0 4 .5 O1 0 7 O

N
HH

H
C

H

HH
H

1 0 9 .5 O

Copyright 1999, PRENTICE HALL Chapter 9 
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The VSEPR Model 
The Effect of  Nonbonding Electrons and Multiple Bonds on 
Bond Angles 
Similarly, electrons in multiple bonds repel more than electrons in single 
bonds. 

C O
C l

C l
1 1 1 .4 o

1 2 4 .3 o
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The VSEPR Model 
Molecules with Expanded Valence Shells 
Atoms that have expanded octets have AB5 (trigonal bipyramidal) or AB6 
(octahedral) electron pair geometries 
 
For trigonal bipyramidal structures there is a plane containing three 
electrons pairs.  The fourth and fifth electron pairs are located above and 
below this plane. 
 
For octahedral structures, there is a plane containing four electron pairs.  
Similarly, the fifth and sixth electron pairs are located above and below 
this plane. 

Copyright 1999, PRENTICE HALL Chapter 9 
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The VSEPR Model 
Molecules with Expanded Valence Shells 
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The VSEPR Model 

Molecules with Expanded Valence 
Shells 
To minimize ee repulsion, lone pairs 
are always placed in equatorial 
positions. 

Copyright 1999, PRENTICE HALL Chapter 9 
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The VSEPR Model 
Molecules with Expanded Valence Shells 
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The VSEPR Model 
Molecules with More than One Central Atom 
In acetic acid, CH3COOH, there are three central atoms. 
We assign the geometry about each central atom separately. 

Copyright 1999, PRENTICE HALL Chapter 9 

Polarity of  Molecules 
Polar molecules interact with electric fields. 
If  the centers of  negative and positive charge do not coincide, then the 
molecule is polar. 
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Polarity of  Molecules 
If  two charges, equal in magnitude and opposite in sign, are separated 
by a distance r, then a dipole is established. 
The dipole moment, , is given by 

 = Qr 
 where Q is the magnitude of  charge. 
 
Dipole Moments of  Polyatomic Molecules 
In a polyatomic molecule, each bond can be a dipole. 
The orientation of  these individual dipole moments determines whether 
the molecule has an overall dipole moment. 

Copyright 1999, PRENTICE HALL Chapter 9 

Polarity of  Molecules 
Dipole Moments of  Polyatomic Molecules 
Example: in CO2, each C-O dipole is canceled because the molecule is 
linear.  In H2O, the H-O dipoles do not cancel because the molecule is 
bent. 
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Give the Lewis dot structure and sketch the shape of the following: 

I3
-,   ClOF4

-    XeOF5
-    S2O4

2- (with S-S bond) 

ELECTRONEGATIVITY 

measure of the tendency of an element to attract electrons to itself 

 

On moving down the group, 

--- Z increases but Z* almost remains constant 

--- number of shells (n) increases 

--- atomic radius increases 

--- force of attraction between added electron and nucleus decreases 

 

Therefore EN decreases moving down the group 
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EN 

On moving across a period left to right 

--- Z and Z* increases 

--- number of shells remains constant 

--- atomic radius decreases 

--- force of attraction between added electron and nucleus decreases 

 

Hence EN increases along a period 
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Electronegativity, X 

The ability of  an atom in a molecule to attract electrons in a bond to itself. 

 

Linus Pauling 

X increases 
X

 d
ec

re
as

es
 

Traditional scale goes from 0 to 4 with X of  F 
set to 4. 

First Year rule 

X > 2 : ionic 

2 > X > 0.5 : polar 

X < 0.5 : covalent  

Electronegativity, X 

Pauling’s definition: 

Pauling reasoned that the dissociation energy of  a purely covalent bond A-B should be the mean of  the 
dissociation energies for the homonuclear bonds A-A  and B-B.  Any additional energy must be caused by 
electrostatic attraction between A and B (attributed to ionic character in a bond).  The ionic character must be 
related to the difference in the electronegativities of  A and B.  He calculated this difference as follows: 

(note: Hd (A-B) = D(A-B)) 

D(A-B),theory = ½ (D(A-A) + D(B-B)) 

 

’(A-B) = D(A-B),experimental - D(A-B),theory 

 

XA – XB = 0.102 (’(A-B))½   

’(A-B) is the ionic resonance energy in kJ/mol ((A-B) is in 
eV) 

 
A-B            A+  B- 

0.102 is a conversion from kJ/mol to eV 
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Electronegativity, X 

Mulliken’s definition: 

Mulliken figured that the electronegativity of  an element must be related to the energies of  gaining and losing 
electrons.  Specifically an atom that binds it’s electrons stongly (large H°ie) and gains other electrons readily (very 
positive EA or very negative H°ea) should do the same in molecules.  Thus Mulliken calculated the 
electronegativity of  an atom as the mean of  the ionization potential and the electron affinity. 

This method makes a lot of  sense, but is not used because values of  H°ea have not been accurately 
determined for many elements. 

For A-B, the electronegativity difference between A+B- and A-B+ is given by:  
 
XA – XB = ½ ([IPA + EAA] – [IPB + EAB]) 
 

 
XA = ½ ([IPA + EAA])  (these are then scaled to fit the  0-4 scale) 

Robert 
Mulliken 

(note: Hie A = IPA) 

Electronegativity, X 

The Allred-Rochow definition: 

The assumption is that the force that will draw an electron toward an atom is proportional to the effective nuclear 
charge of  that atom and related to the distance of  the electron from the nucleus. 

Force 
Z

r

* e2

0
24

Z* = effective nuclear charge 
e = charge of  electron 
0 = permittivity of  a vacuum 
r = atomic radius 

The equation: 
  X = 0.359 (Z*/r2) + 0.744    
puts the calculated values on the Pauling scale.  This 
definition is useful because it can be applied to many 
more atoms and is one of  the most used scales. 
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Electronegativity, X 

There are several other definitions based on different assumptions and methods, such as quantum mechanical 
calculations (Boyd) or spectroscopic measurements (Allen), but the values for elements usually end up around the 
same.  

Trends in electronegativities are similar to those found for 
ionization enthalpies. 

The trends in electronegativities and ionization 
enthalpies explain many features of  chemistry such as 
the “diagonal relationship” (X) and the position of  the 
metallic and non-metallic elements (H°ie).  
Electronegativity also lets us predict the polarity of  
bonds and chemical reactivity. 

S i C l H O
+ +   

S i O H C l
++    


