
Transition Metals

The transition metals are d-block metals. Sometimes the term is used to refer to all d-block 
elements (all of which are metals), though more strictly it includes those that are in the 
transition of filling their d-orbitals, and excludes the Zn group which have a full d10 electron 
subshell. The behaviour of the zinc group is indeed quite different and will be treated
separately.

Going down a transition group, the atomic radius increases markedly from the first to the 
second series (period) as an additional electron shell is added, however, the atoms of the 
second and third elements tend to be very similar in size. This is due to the lanthanide 
contraction which occurs across the f-block: f-block elements contract as an additional f-
electron is added as one moves right across a period. This contraction offsets the addition of 
an extra electron shell between series 2 and 3. This effect is most marked to the left of the d-
block, just following the lanthanide contraction after lanthanum (La of the scandium (Sc) 
group) and the atomic radii of zirconium (Zr) and hafnium (Hf) are almost identical and these 
elements are very hard to distinguish. The effect has largely disappeared by the time we reach 
the copper (Cu) group, and although silver (Ag) and gold (Au) have almost identical atomic 
radii, their chemistries are quite different. Cadmium (Cd) and mercury (Hg) have very different 
atomic radii and quite different behaviours.

The first period of transition metals behaves quite differently from the second and third period. 
The second and third elements in each transition group tend to behave very similarly to one-
another, since their atoms are of similar size, whereas the first period have distinct behaviour.

To understand the chemistry of the transition metals, one needs to understand the effects that 
the d-electrons have. Consider first the very different shapes of the d-orbitals (recall the s-
orbitals are spherical, and p-orbitals ‘dumbbell’ shaped).

d-block



z

y

x

pz orbital

Py and Px are the same shape but 
oriented along their respective axes

p and d Orbitals

dz2

dx2-y2

dxy

dyz

dzx



As with the p-orbitals there is a technical complication for the curious to note here.
The pz-orbital (hydrogen atom wave function y210) is one of the elementary 
stationary state solutions (eigenfunctions) to Schrödinger’s equation for the 
hydrogen atom, but the px and py orbitals are linear combinations of two of the 
eigenfunctions. This is allowed since the solutions to any wave equation are 
waves and when we combine two or more waves (e.g. water waves) in definite 
proportions we end up with another wave which is still a solution to the wave 
equation. The resultant px, py and pz-orbitals are of the same shape but simply 
oriented at 90-degrees to one-another in space. The original eigenfunctions of 
hydrogen for a given n (principle quantum number, or shell number) and l (orbital 
angular momentum quantum number) are not all spherically symmetric and yet 
the Coulomb potential is. Atoms in the absence of directional forces should have 
no preferred direction, but should be spherically symmetric. The combined orbitals
for a given shell (adding up the orbitals of different values of l for the same n) are 
indeed spherically symmetric. As the different orbitals of same l and same n (e.g. 
all the 2p orbitals) have the same energy (they are degenerate) they can not be 
distinguished for a free, isolated atom, instead the degenerate orbitals always 
combine and average out to form a spherically symmetric set (such as 2px, 2py
and 2pz).

This gives us a set of linearly-independent basis wave-functions from which others 
can be constructed. For example, an electron in an atom can be in a state which 
is a combination of both an s and a p-orbital, however, upon measurement it must 
collapse into a stationary state eigenfunction (either the s or p-orbital). The 
combination of atomic orbitals (both pure and mixed/averaged eigenfunctions) 
must be linearly independent (such that any one can not be constructed from 
proportions of two or more others). 

Additionally, it is not actually possible to truly measure the state of an electron in 
an isolated atom. By performing a measurement we have made the atom interact 
with our measuring apparatus and the result of measurement is always the state 
of the atom after the measurement. Additionally, the electron orbital is always 
perturbed, either by internal electromagnetic fields (due to the nucleus or electron 
spin, or to another electron in a multi-electron atom) or due to an external field. If 
an external field is applied in a given direction, then the atom does indeed acquire 
a direction as the electrons respond to the field. This lifts the degeneracy of the 
orbitals (e.g. of the 2p orbitals with one direction having lower energy, another 
higher energy) and spherical symmetry is then removed. Atoms are very sensitive 
annd the electrons respond to their environment.

Similarly, in the d-orbitals, the dz2 (y320 orbital – see atomic orbitals) is one of the 
‘pure’ wave function solutions of Schrodinger’s equation, but the other four d-
orbitals are linear combinations/averages of the pure solutions and these form 
geometrically-equivalent ‘four-leaf clover shapes’. This gives us a linearly-
independent set of d-orbitals which combine so as to preserve spherical symmetry 
in the absence of perturbing forces.



When atomic orbitals merge into molecular orbitals to form a bond, the atomic orbitals have 
to overlap one-another. Only wavefunction lobes of the same sign can overlap in this way 
(otherwise, if lobes of opposite sign overlap then an antibonding molecular orbital forms). 
(The wavefunction sign has no other real significance since the actual electron density is 
determined by the square of the wavefunction). If we consider the long axis parallel to and 
containing the bond axis, then different classes of bonds become apparent. If two orbitals
overlap end-to-end, e.g. two s-orbitals, such that the overlap sits directly between the two 
nuclei then we have a sigma bond (s-bond). These are the strongest as the overlap is large 
and the electron density, which concentrates at the region of overlap, is directly in line with 
the nuclei which are attracted to it (the nuclei do not see each-other to be repelled by one-
another). If the bond axis contains one nodal plane (a plane in which the wavefunction and 
electron densities are zero) as happens when two lobes overlap we have a pi-bond (p-bond) 
with two regions of low overlap which are not inline with the nuclei and so the force of 
attraction and the bond are weaker than for a sigma-bond. in a delta bond (d-bond) as occurs 
between two d-orbitals with all four lobes overlapping, there are two nodal planes cutting 
across the bond-axis. As d-orbitals are diffuse and the overlap is small, the d-bond is very 
weak and only has a minor, but significant effect, in very few compounds. Some of these 
bonds are illustrated below.

In reality, bond formation is more complex. The scheme of sigma, pi and delta-bonds is a 
simplification which nevertheless provides a very useful tool. For example the C=C double 
bond in ethene, CH2CH2, can be pictured as a combination of two s-orbitals to form a sigma-
bond and two p-orbitals to form a second, and weaker, pi-bond. This correlates with the fact 
that the double bond enthalpy for C=C is 612 kJ/mol on average and 348 kJ/mol for the C-C 
single bond: the double-bond is not quite twice as strong as the single-bond, but (612/348 =) 
1.76 times as strong. Molecular orbital calculations suggest an additional complication, 
however, that single bonds can be of mixed character. The single sigma-bond, H-H, in the H2
molecule appears to be made up of atomic orbitals consisting mostly of an s-ortbital but also 
partly of a p-orbital. This links to the idea that different atomic orbitals combine or hybridise
when they combine to form a bond. Hybridisation can often be estimated qualitatively, using 
another useful approximation tool (see the pdf on bonding in carbon for an example). 
Ultimately, however, only quantum mechanical calculations can predict molecular orbitals
precisely. However, the calculations are too difficult to perform exactly, but computational 
methods now exist that are highly accurate, even for large molecules.

The figure below illustrates some of the bonds formed by d-orbitals.



Bonding with d-orbitals
A d-orbitals can combine end-to-end (overlap) with one other s, p or d-orbital to form a 
sigma-bond:
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Transition Metal Complexes
Metal ions have a high positive charge density (not only are they positively charged but they also 
tend to be small as positively charged ions are reduced in size due to the lose of an outer 
electron shell and the increase in proton : electron ratio increasing the nuclear pull on each 
electron and pulling the electrons closer to the nucleus). 

This makes metal ions attractive to electron-rich molecules. certain molecules have both a 
negative charge and one or more pairs of non-bonding electron (lone electron pairs) and such 
densities of negative charge (lone pairs of electrons are compact) are strongly attracted to the 
positive charges of metal ions and the lone-pair may move towards the metal ion and became 
shared between the donor atom and metal ion to form a covalent bond. This type of bond, in 
which one participant in the bond donates both electrons is called a dative or coordinate bond. 
It has been shown that these bonds can be highly polarised and are often more ionic than 
covalent.

The molecules attracted to the central metal ion are called ligands and the resulting molecule is 
called a metal complex ion, or simply metal complex. the number of ligands that can fit around 
and bind to the central metal ion depends upon the size of the metal ion, larger ions being able to 
accommodate more ligands, the size of the ligands, and also the number of shared electrons the 
metal ion can readily accept. Transition metals often have high charges, giving them high charge-
densities and can also accommodate additional bonding electrons in any vacant d-orbitals they 
have, since little energy is needed to add new electrons to a shell that is already starting to be 
filled (in the neutral atom at least) and the d-subshell can hold 10 electrons. thus, transition 
metals form a vast range of complexes and, being ions, these dominate the behaviour of 
transition metal ions in solution.

Other metals also form complexes. For example, some s-block metals form complexes (such as 
the EDTA complex with Ca2+) but lacking easily accessible d-orbitals, the s-metals form few 
complexes.

Complex ions can take a variety of shapes. The metal ion is central and the number of ligands 
bonding to the central ion is the coordination number (strictly this is the number of dative bonds 
formed, since some ligands form two dative bonds each and are bidentate ligands, others more 
than two).

Of relevance to understanding the shapes of complex ions, are the more general concepts of the 
shapes of molecules with central atoms, as estimated by electron-pair repulsion theory. 
Basically, this theory states that pairs of electrons (whether bonding electrons or lone-pairs) 
position themselves as far apart from one-another as possible, since they are negatively charged 
and repel one-another.

Another important concept, illustrated below, is the ligand/crystal field theory. this theory starts off 
by considering atomic orbitals in isolated atoms. In such atoms orbitals belonging to the same 
subshell are degenerate, meaning they have equal energies. For example, s-orbitals are 
degenerate, p-orbitals (in the same subshell) have equal energy and are degenerate, and d-
orbitals are degenerate. Thus, the outer-shell of a transition metal atom has 2 degenerate s-
orbitals, 3 degenerate p-orbitals (all higher in energy than the s-orbitals) and up to 5 degenerate 
d-orbitals (all higher in energy than the p-orbitals). This applies to atoms in spherically symmetric 
electric fields. However, when approaching close to another atom or molecule, those orbitals 
nearest the electrons on the other atom, will experience greater repulsion (like charges repel) and 
their energy increases, whilst those furthest away have a lower energy – the degeneracy is lifted.
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In an isolated atom, or an atom in spherically symmetrical (even on all sides) electromagnetic 
fields there is no preferred direction. When the field is not symmetric, however, the atom 
acquires a definite direction which we can arbitrarily assign to any coordinate axis, by 
convention this is usually the z-axis. Consider first a metal ion with two ligands binding to it by 
single dative bonds (coordination number = 2). Electron-pair repulsion theory tells us that the 
ligands will repel one-another and so position themselves at opposite ends/poles of the
central atom – the resulting molecule is linear.

In this case the ligand fields repel those electrons nearest to them. If we assign the long-axis 
of the molecule to the z-axis then by looking at the shapes of the d-orbitals we can see that 
those with strong components along the z-axis, namely dz2 and to a less extent dxz and dyz will 
be most strongly repelled. electrons will tend to avoid these orbitals and the energy of these 
orbitals is increased. The dxy and dx2-y2 orbitals, however, are the least concentrated along 
the z-axis and so these have lower energy than the dz2, dxz and dyz orbitals. Since the total 
energy of the system is assumed unchanged, these lower-energy orbitals decrease in energy 
by an equivalent amount to the increase in energy of the higher-energy orbitals, so that the 
total orbital energy remains unchanged.

spherically symmetric 
field (free atom)

ligand field

dz2

dxz, dyz

dxy, dx2-y2



Coordination 6 (octahedral) Co
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End result:

{ dxy, dxz, dyz } all have the same energy and are stabilised

{ dz2, dx2-y2 } have the same energy and are destabilised

e.g. [CoF6]3-



We now have a doubly-degenerate state (containing two orbitals of the same energy) 
designated by eg, and a triply-degenerate state (containing three orbitals of the same energy) 
designated t2g. (Think of e for double-states and t for triple states). The difference in energy 
between these two states is called the crystal or ligand field splitting energy, symbol DE, 
and the gain in energy by the eg state is called the ligand field stabilisation energy or the 
crystal field stabilisation energy (CFSE) since it was first observed in crystals. 

Note: The g subscript indicates that the orbitals have even parity (as s and d orbitals do) and 
literally means ‘gerade’. Even parity means that inverting the orbitals in the original does not 
change the sign of the describing wavefunction. In contrast, atomic p and f-orbitals have odd 
parity and are designated u for ‘ungerade’. Odd parity means that inversion through the origin 
(or equivalently as the wavefunction passes through the origin) the sign changes.  the sign 
has no effect on orbital shape, since the electron probability distribution is given by the 
square of the wavefunction (and a negative squared is positive) but signs of wavefunctions
are important in deriving bonding or molecular orbitals.

For the octahedral complexes the energy splitting of the d-orbitals is:

d
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3/5DE

2/5DE

Note that the CFSE of 2/5DE follows from the fact that the total energy changes of all 5 
orbitals must be zero and: (2 * 3/5) – (3 * 2/5) = 0.

For example, the Ti3+ ion in water, Ti3+(aq), forms an octahedral complex with 6 water 
molecules: [Ti(H2O)6]

3+ (sometimes these complexes are written without the square 
brackets which simply show that the net charge is attributed to the complex as a whole). 

The electron configuration of Ti is: [Ar] 3d2 4s2 and of Ti3+: [Ar] 3d1,

so that the single d-electron in the ion moves to the lowest available d-orbital, a t2g orbital 
and the CFSE is about 90 kJ/mol (or -90 kJ/mol).



Empirical Evidence – Colourful complexes

One of the clearest pieces of experimental evidence which confirms the existence of eg and 
t2g levels is provided y spectroscopy. Electrons can jump up and down between the eg and t2g
levels, emitting visible or UV light as they drop down, with the frequency of the light 
corresponding to the energy difference (DE). these transitions account for the vivid colours of 
many transition metal complexes.

Colourful complexes sums up well the bulk of transition metal chemistry that we are familiar 
with from test-tube reactions.

Above: three solutions of transition metals salts, each containing a different complex. left: 
CuSO4(aq) containing blue [Cu(H2O)6]

2+, the copper(II) hexahydrate complex. Centre: 
CoSO4(aq) containing rose-coloured [Co(H2O)6]

2+. Right: NiCl2(aq) containing . Note that 
these solutions are translucent – they are true solutions and nothing to do with precipitates 
or colloids, which also carry the colours of the complex ions (though the solid salts are also 
similarly coloured as they contain the same hydrated metal ion complexes).

The colour given by transition complexes depends upon on the charge on the metal ion, 
the coordination number, and the ligand. For example, Co3+ in solution gives blue 
[Co(H2O)6]

3+.



As a further example, tetrahedral complexes (coordination 4) of Co2+ tend to be blue. Adding 
excess KCl(s) to a solution of CoSO4(aq) will produce no obvious colour change at room 
temperature, the solution remaining translucent rosy-pink, but heating to say about 90oC, 
causing more of the KCl to dissolve will turn the solution purple and then navy blue as blue 
[CoCl4]

2+ forms and then the solution turns pink again as [Co(H2O)6]
2+ reforms on cooling (it 

takes a very high concentration of Cl– ions to displace the waters from the Co2+ ion complex).

Molecular orbitals

So far, our description of the electron orbitals in complexes, using ligand or crystal field 
theory, has proven useful, but it is incomplete. When the ligands bind with the central ion, they 
contribute electrons to vacant d-orbitals on the central ion, but the atomic orbitals on the 
ligand where the electrons come from has to be taken into consideration. In molecules, the 
electrons occupy molecular orbitals (MOs) and these are formed by combining the atomic 
orbitals of both bonding atoms (or indeed of all atoms in the molecule).

Solving the quantum mechanical wave equations for these molecules is very difficult (and 
requires considerable computer power)! However, an approximation can be made using a 
linear combination of atomic orbitals (LCAO). In the LCAO approach, a MO is 
approximated by adding together the atomic orbitals that go to make-up the MO. the 
combination is a linear one, meaning that we add a simple numerical ratio of the orbitals. 

The ligand field theory in its entirety includes both a covalent MO approach and an ionic 
electrostatic approach to bonding in d elements. The electrostatic theory takes into account all 
the charges, ionic and induce dipoles as well as the splitting of the d-orbitals that we have 
described so far. Although very useful, this approach does not explain complexes in which the 
central atom has approximately zero charge, in which case the predicted bonding would be 
much weaker than it actually is. There can be no doubt that in at least some complexes, 
covalent bonding becomes significant.    

The molecular orbital (MO) theory constructs molecular orbitals over all the atoms/ions in the 
complex (7 centres for an octahedral complex). For an octahedral complex we need to 
combine the 6 orbitals holding the ligand lone-pairs and the 6 receptive orbitals on the central 
ion. These orbitals combine by overlapping end-to-end (forming sigma-bonds). In a transition 
metal of the first series, these six orbitals are the 3dx2-y2, 3dz2, 4s and three 4p orbitals (in the 
ion the 4s and 4p orbitals will generally be empty and the 3d orbitals part-filled). These orbitals 
are directed towards the ligands and have the right energy (only atomic orbitals of similar 
energy can be combined to form MOs). The 3dx2-y2 and 3dz2 orbitals are the two orbitals which 
were raised in energy by the presence of the ligands, because they are closest to the ligand 
bond-forming electrons, and hence these are the d-orbitals involved in MO formation and they 
form the eg molecular orbitals. The t2g orbitals are non-bonding and do not form molecular 
orbitals. The s-orbital forms the a1g MO and the three 4p orbitals form t1u MOs. When MOs 
form, the total number of MOs must be the same as the number of atomic orbitals that go to 
make up those MOs, since one orbital, atomic or molecular, can hold a maximum of only two 
electrons. This condition is satisfied because for every bonding MO there is an anti-bonding 
MO. In bonding MOs the electron density is concentrated in-between the bonding nuclei and 
the electrostatic attraction holds the nuclei together. In anti-bonding MOs the electron-density 
is reduced between the nuclei and so no bond is formed by electrons in these orbitals. Non-
bonding electrons remain in non-bonding orbitals (such as the t2g). An energy-level diagram 
will clarify these points (see p.10).



ya1g (s, 6L ) yt1u (pz, 2L )

yeg (dx2-y2, 4L ) yt1u (px, 2L )

yeg (dz2, 6L ) yt1u (py, 2L )

Bonding MOs in an Octahedral Complex
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Above: the energy levels (orbitals) in an octahedral complex in which six ligands forms 
sigma(s)-bonds to the central ion. (recall that s, p and d-orbitals can sigma-bond). The high 
energy antibonding MOs are indicated by an asterisk (*). The bonding orbitals are closest in 
energy to the ligand atomic orbitals and so are more ‘ligand-like’ than ‘metal-like’.

Each level can hold a maximum of two electrons with opposite spins. There are 12 bonding 
electrons from the ligands to accommodate in these orbitals and in the ground state of the 
molecule they will occupy the lowest energy orbitals, initially spreading apart with one 
electron per orbital (of the same spin – Hund’s rule) and then, if the bonding orbitals are all 
singly occupied, the electrons will begin to pair, until there are 2 electrons in each bonding 
orbital and then any additional non-bonding outer-shell electrons will enter the next available 
orbitals of lowest energy. Thus, the 12 bonding electrons add to the a1g (s-s), the three t1u (p-
s) and the two eg (d-s) orbitals, with two electrons in each. The ion’s d-electrons will then 
populate the non-bonding t2g orbitals and, if needed, the e*g antibonding molecular orbitals.

It is because there are molecular orbitals of lower energy than the original atomic orbitals that 
bonding occurs. The strength of this bonding is a function of the number of electrons below 
the original average energy (in bonding orbitals) minus those above the original energy (in 
antibonding orbitals) and also of the energy splitting magnitude DE – a larger magnitude 
meaning that bonding results in a greater energy drop and greater stability.



Coordination 4 (Tetrahedral)
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e.g.  [MoO4]
2–

No d-orbital points directly at a ligand, but dxy lies closer to the ligand than dx2-y2 and dz2. 
The splitting is thus not as great as for octahedral complexes, and is 2/3 of the 
octahedral case. Considering that there are now 2/3 as many ligands (4 instead of 60 
the total splitting is (2/3 x 2/3 = ) 4/9 that of the octahedral case. since particles 
generally prefer to be in a lower energy state, this suggests that tetrahedral complexes 
are not as stable as octahedral ones.

The d-orbitals are split into a lower set of two e-orbitals and a higher energy set of three 
t2 orbitals. we would then expect the t2 to form bonding and anti-bonding molecular 
orbitals (and the e-orbitals to be non-bonding).
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DE(tetrahedral) ≈ 4/9 DE(octahedral)

The octahedral and tetragonal shapes account for many transition metal complexes, but a 
variety of other coordination numbers and shapes are possible, as there are for other 
molecules with a central atom (see Shapes of Molecules). Configurations can also be 
distorted, for example not all ligands may be identical and this can lower or raise the 
energies of certain orbitals. E.g. in a tetragonal complex (coordination 6) the two z-axis 
ligands are different from the four ligands that bond in the square plane, and this alters the 
energies of those orbitals with more alignment along the z-axis and can split the eg and t2g
orbitals into smaller sets (lifting some of the degeneracy).



The three most common complex shapes are: 1) octahedral (coordination 6), the most 
common; 2) tetrahedral (coordination 4), which we have considered, and 3) square planar 
(coordination 4), probably more common than tetrahedral.

If you are familiar with how the shapes of molecules with central p-block atoms (such as 
halogens or xenon) are estimated by electron-pair repulsion, you might be wandering why the 
non-bonding lone-pairs of electrons in the d-orbitals on the metal are not considered when 
determining the shape. Non-bonding d-electrons do not affect shape in the way that non-
bonding s or p-electrons do. this is presumably because electrons in d-orbitals are quite 
diffuse and spread around the atom and do not form compact regions of local charge that 
partake in electron-pair repulsion. that is, the rules for determining the shapes of d-block 
compounds are similar but different.

The orbital splitting in square-planar compounds can be obtained qualitatively from that for 
octahedral complexes by removing the two ligands along the z-axis.
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Square planar (coordination 4)

e.g. [Au(Br)4]
–

The square-planar geometry is essentially the octahedral geometry minus the two z-axis 
ligands. Beginning with the octahedral complex, MA6 in which all 6 ligands, A, are identical, if 
we replace the z-axis ligands with a second ligand type bound to the central atom by longer 
bonds, giving MA4B2, then we have a distorted octahedron (a tetragonal complex) 
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What effect does this change have on the octahedral energy levels? We would expect those 
orbitals lying largely along the z-axis to relax a little – the repulsion they experience from the 
ligands is reduced and so they should drop in energy. This causes the dz2, dxz and dyz orbitals
to drop in energy. The remaining two orbitals, dx2-y2 and dxy will then increase in energy slightly 
as they experience less repulsion from the z-ligands. Taking this a step further and pulling the 
z-ligands away to infinity, producing a square planar complex, the dz2 orbital drops so much as 
the dxy increases that the two swap over, with the dz2 having the higher energy. This is 
illustrated below:
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Energy levels in a tetrahedral, tetragonal and square-planar complex compared.



Isomerism in Complexes
Isomers are compounds/molecules with the same molecular formula but different structural 
formulae. (See pdf on isomers).

1. Structural isomers

Isomers in which the atoms and functional groups are joined together in different 
arrangements. In complexes, we have so far considered only the first co-ordination sphere, 
the co-ordination of nearby ligands to the central ion/atom. however, other ions can bind to the 
complex ion, such as by ionic bonding to form a salt, e.g. a sulphate salt: [Co(NH3)5Br]2+SO4

2–, 
which is a structural isomer of the bromide: [Co(NH3)5SO4]

+Br– which contains a very different 
complex.
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b. Optical isomerism. Enantiomers are pairs of stereoisomers that are non-superimposable
mirror images of each other (one cannot be rotated onto the other without a mismatch, like 
your left and right hands!). E.g. [Co(en)3]

3+
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≡ ≡ ethylenediamine (en)
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1. trans 1. cis

2. Stereoisomers

Molecules that have the same molecular formula and their atoms and are joined together in 
the same sequence, but their atoms are arranged differently in 3D space.

a. Geometric isomerism: similar ligands may be opposite (trans) or adjacent (cis) to one-
another (coordination number ≥ 4):

Cl

3HN

NH3

Cl

Pt

Cl

3HN

Cl

NH3

Pt

2. trans 2. cis


