
Quantum numbers

Schrödinger equation:

When the equation is solved for a hydrogen atom, three characteristic quantum 
numbers are found (n, l, ml)

Wave function

Spherical coordinate system

R(r) is determined by n and l

Note: radial probability function is
4πr2R2, which describes the probability of finding 
the electron at a given distance (r) from the nucleus

The wave function can be split into three components:
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Quantum numbers and their properties

l: the angular dependence determines the shape of the electron cloud
ml: these are the equivalent ways to orient orbitals in space

(in the absence of an electric or magnetic field these are degenerate (i.e., same energy)) 

Unsöld theorem: The sum of electron densities of the 3 p, 5 d and 7 f orbitals are 
spherically symmetrical (i.e., inert gases have a perfectly spherical e- distribution)
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Hybrid orbitals
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Note: for the s orbital (l = 0), the 
probability of finding the electron is 
highest at the nucleus

s orbitals: no node at the nucleus
p,d,f orbitals: node at the nucleus

Redefinition of n:
n = # of nodes + 1
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Note: Maximum at Bohr radius (for 
the H atom; 0.53 Å)

atoms ‘composed of layers’ 
(just like an onion)
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Symmetry of orbitals

Symmetry of orbitals is important for their overlap in bonding!

Gerade (even): g → inversion through the centre (nucleus) does NOT change 
the sign of the wave function

Ungerade (odd): u → inversion through the centre DOES change the sign of the 
wave function

Orbitals: s = g
p = u
d = g
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Pauli exclusion principle: each electron in an atom has a unique set of quantum 
numbers

This includes a fourth q.n. , the spin q.n. (ms) denoting two orientations for the 
magnetic moment of an electron

Hund’s rule of maximum multiplicity: electrons must be placed in orbitals to 
give maximal spin (i.e., a maximum number of unpaired electrons)

Atoms with only paired electrons: diamagnetic

Atoms with at least one unpaired electron: paramagnetic (i.e., they are 
attracted by a magnetic field)



Valence Bond (VB) Theory
Introduced by Heitler & London (1927), and extended by Slater & Pauling (ca. 1930)

Bonded atoms share an electron pair! 
In complexes, the electron pair comes from the Lewis-basic ligand interacting with 
the Lewis-acidic metal (dative or coordinative covalent bond M ← L)

Pauling suggested hybridization to account for the structure and magnetic properties 
of complexes

Example: octahedral [Fe(CN)6]3- d 5 ion

five d electrons of Fe3+ 6 electron pairs provided
by the 6 cyano ligands

‘inner orbital complex’
Today: ‘low-spin’ 

Paramagnetic complex!

Note: the two d orbitals involved in hybridization are the z2 and x2-y2 orbitals.
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Previous example: octahedral [Fe(CN)6]3- d 5 ion

five d electrons of Fe3+ 6 Electron pairs provided by the 6 cyano ligands

‘inner orbital complex’
Today: ‘low-spin’ 

Paramagnetic complex!

Example: octahedral [FeF6]3- d 5 ion

‘outer orbital complex’
Today: ‘high-spin’ 

Paramagnetic complex!
five d electrons of Fe3+

6 Electron pairs provided by the 6 fluoro ligands
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Practice Slide



11

Practice Slide 2



12

Electroneutrality principle and back bonding

Problem with the VB model: Build-up of formal negative charge on the metal

e.g., Co(II) + 6 L → [CoL6]2+

But for a dative bond (Co ← L), Co gains 6 e- → Co is formally Co4-!

Pauling suggested that electrons are not equally shared between M and L, but reside 
on the more electronegative ligand

Pauling’s Electroneutrality Principle: Complexes are most stable when M has an 
approximate zero net electrical charge (achieved by the electronegativity of ligands)

Back bonding: Ni(CO)4 Ni0, CO has a low electronegativity
This situation would make Ni clearly negatively 
charged (4- charge)! Here, stability of the complex is 
explained by ‘back-donation’ or ‘back-bonding’:


