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INTRODUCTION

In this part the general features of atomic and molecular
structure which were developed in Part | are extended to
show how they are related to the absorption of elec-
tromagnetic radiation, firstly by organic and then by inor-
ganhic compounds.

ORGANIC SYSTEMS

When the molecular orbitals arise from atomic orbitals
within one main quantum group (n value) then the usual
order of energies is o<m<w*<o* where the asterisk refers
to the excited state. For saturated hydrocarbons the C-H
and C-C orbitals are localised o orbitals in the ground state

Figure 6 — o localised orbitals
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with high-energy o* excited states (Figure 6). sp* hybrid
orbitalis (tetrahedral) overlap to produce o and o* molecu-
lar orbitals {electron density confined between nuclei). The
possible o—g *transitions (for C-C) by absorption of radia-
tion will be of high energy {ca 130 nm). On the other hand
for ethylene {Figure 7), with sp? hybrid carbon orbitals {pla-
nar at 120°) for the single-bond skeleton and with the sec-
ond C-C bond formed by p-atomic overlap (= molecular
orbital) there will be two electrons in the C—C o-bonding
orbitat and also two in the C-C n-bonding orbital, apart
from the o C-H orbitals. Thus, transitions are now possible
from w—* of lower energy (ca 180 nm) than from a—o™.

Figure 7 — w delocalised orbitals

For a conjugated carbon system of double bonds then,
apart from the o single-bonded skeleton, there will be as
many = orbitals as carbon p orbitals available for combina-
tion (i.e. four for a four-carbon system (butadiene), six for a
six-carbon system (hexatriene), etc.), and half of these will
be occupied in the ground state (electron pairs=} (number
of carbons)) see Figure 8.



atomic p, orbitals

molecular 7 orbitals

Figure 8 — 1 orbitals in butadiene

The energy difference between successive w orbitals
decreases up the series and, therefore, the longer the con-
jugated chain the lower the energy gap between the top
filled orbital and the next empty one. This means that the
longer the conjugated chain the longer the wavelength
(lower energy) of radiation absorbed and, with eleven dou-
ble bonds, absorption occurs at the blue end of the visible
spectrum and the substance appears yellow {carotenoid
pigments). From the point of view of 7 orbitals the argu-
ments for the carbonyl group alone and in conjugation with
a carbon system are similar to those for ethylene. However,
in these C=0 systems the lone-pair electrons of the oxygen
atom (n orbitals) are of higher energy than the =-bonding
orbitals consequently n— * transitions are of lower energy
than the possible 7 * transitions. Some of these features
are shown diagramatically in Figure 9. For saturated com-
pounds (i.e. with no = orbitals) containing atoms with
lone-pair eiectrons (O, N, etc.) the longest waveband is due
to an n—o* transition, e.g. trimethylamine A, =227.3 nm.
When ione-pair orbitals are present on adjacent atoms, e.g.
halogens, then combination produces = and =* filled
(lone-pair) orbitals and low-energy transitions arise with
w*—>o* e.g. Br, 400 nm, I, 520 nm.
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Figure 9 — Carbonyl n—7* transitions

In aromatic systems containing 2g C atoms 2q atomic p
orbitals (i.e. six in benzene) combine to form 2¢ = orbitals,
in addition to the single-bond o skeleton. The 2q electrons,
one from each C-atom, pair up to occupy the first ¢ =
orbitals. For benzene, these are the well-known ‘aromatic
sextet’, they are ‘delocalised’ electrons (not specific to any
bond) and will interact with p eiectrons of substituent
groups. In this way electrons are injected or withdrawn
according to the nature of the group so determining the
chemical properties of the molecules.

Aromatic systems are rather complicated but in general
the easier the removal of electrons from the substituent the
longer the wavelength of absorption, e.g. for benzene:

Armax 203.5 206.5

210.5 230

Substituent none Me OH NH,

For the higher members of the arcmatic series, e.g.
acenes {linear condensed aromatic rings) there are more
@ orbitals filted and, as with the polyene series, the energy
gaps between the top-filled and the next-empty orbitals

become smaller and absorption occurs at longer
wavelengths (Table 3).
TABLE 3

Number of rings Amax (nM)
Naphthacene 4 471
Pentacene 5 575
Hexacene 6 693

Usually, dyestuffs are high molecular weight, aromatic
molecules with substituents providing solubility (e.g. 'salt’
groups; SO, NH?Y), affinity for fibres (e.g. OH for cellulose)
and variability of shade (change in light absorption).
Methylene Blue, for exampie {Figure 10), absorbs with
Amax=657 nm and, like most planar molecules with aroma-
tic m-electron ‘clouds’, one molecule will interact plane-to-
plane with another {m-electron interaction) to form loose
complexes {aggregates). This interference with the elec-
tron system aiso produces changes in light absorption;
usually A, shifts to shorter wavelengths.

(CH'J)QN\G[ S ﬁﬁ(cm)z
N

Figure 10 — Methylene Blue

The effects of changes in pH on the colour of indicators is
also related to the influence of substituents on the aromatic
system, e.g. phenolsulphophthalein (Figure 11).

The symmetrical system is the most highly coloured.

INORGANIC SYSTEMS
There are many very beautiful and varied colours exhibited
by the compounds of certain elements of the periodic table.
The deep red of ruby {chromium), yellow of cadmium sul-
phide and the green of chromic oxide are but a few of a
range that are of interest to student, teacher and industry.
The colours of some divalent compounds are shown in
Table 4.
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Figure 11 — Acid/base systems

TABLE 4

Compound Amax (nm) Colour
CuSO, 1000 Colourless
CuSQ, 5H,0 800 Pale blue
CuCl, 2H,0 730 Green
Culacetate}, pyridine 712 Emerald
Cu{acetate), H,0 660 Blue green
Cu?* (NH,}, (OH7), 600 Blue viclet

Obviously the colour of the compound is not an intrinsic
property of the Cu?* ion. Metal cations are highly elec-
tronegative (they ‘attract’ electrons) and also have vacant
orbitals suitable for bonding. Thus, metal cations
(electron-pair acceptors} may form coordinate covalent
bonds by sharing pairs of otherwise non-bonding electrons
in other molecules and ions (electron-pair donors). The
donors are called ligands and the molecule formed by
union of donor and one or more acceptors a coordination
complex. The number of electron pairs which a cation
accepts in the formation of a complex is called the coordi-
nation number of that cation. The absorption of radiation
by a complex causes a quantum jump {(from one energy
level to another) as in other systems. In complexes the
attached ligand (H,0O, pyridine or NH, in Table 3) obviously
has a great influence on the size of the quantum jump.
When the jump is large, one refers to strong ligands and for
a small influence, weak ligands. The ammonia ligand is
obviously stronger than water and a series (spectrochemi-
cal series) can be set up where the so-called ligand field
strength increases from left to right:

Im<Br~<Ci~<F~<C,H,OH<H,0<<NH,<NQ,<CN

Low strength High strength

e.g. progressive replacement of H,O in Cu?t{H,0), by NH,
shifts the absorption from the red to shorter wavelengths
{colour pale-blue to blue-violet).

Electronic Structure of lons

The non-transitional elements form ions that have the
same electronic structure (isoelectronic) as rare gases or
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otherwise have a closed shell (Zn?*) and are colourless, e.g.

Lit H- He (2

Mgz 0 Ne (2; 8)
Tit+ S2- Ar (2; 8; 8)
Cut Zn?+ {2; 8; 18)

Coloured ions on the other hand have only partially filled d
orbitals (e.g. 3d) containing one to nine electrons, e.g.

Ti** (2; 8; 9}; Cre* (2; 8; 11); Cu2*(2; 8; 17)

Thus for divalent ions, the distribution of electrons in ¢
orbitals is as shown in Table 5.

TABLE 5
3d orbitals
lon dyy dy, dy, dyeye dp
Ca®* Colourless
Sc*t *
Tiz+ * 1
Vet 1 1 1
Crz* 1 1 1 t
Mn2* 1 1 1 1 1 Coloured
Fe2t 1l * 1 1 1
Co?*+ 11 Tl i t t
Niz*+ ti Tl Tl 1 t
Cust i i tl tl 1 !
Zn#* IR Tl ti Tl ti Colourless

In the absence of any interference, the five d orbitals all
have the same energy. However, suppose six ligand
species are placed onthex, y, z axes to the metal ion {Figure
12). The ligands will have lone pairs of electrons providing
electrostatic fields oriented towards the positive centre.
The d,. . and d,. electrons of the metal will suffer strong
repulsive forces, since they are in direct line of approach,
and will risein energy; the otherthree d orbitals lie between
the axes and will not experience similar forces. In fact, since
the forces are electrostatic in nature it is necessary for the
gain in energy by the first pair to be offset by a loss in
energy of the other three. Thus, on complex formation, an
energy splitting of the d levels provides two sets as shown
in Figure 13.

The pair of levels are called d,, and the triad d,. The order
of energy of these sub-sets is changed for the tetrahedral

Figure 12 — Octahedral approach to ligands



Y
tetrahedral approach ‘:l:i:l d,

octahedral approach

Figure 13 - Ligand field splitting

approach of four ligands since these face betweenthex, y, 2
axes and interact more strongly with the d,,, d,._,., d,. orbi-
tals of the acceptor. The greater the ligand field strength the
greater will AE become. Now this fact has some bearing on
the number of electrons occupying a particular orbital,
because the electrons will tend to provide a system of
lowest total energy when the maximum number are
unpaired. However, if AE is large (strong ligand field) then
the increase in energy by pairing will be less than by piacing
unpaired electrons into the higher energy orbitals (Figure
14). A given ligand may exert a strong field on one cation
but a weak field on another {(H,0 on Co®* is strong but on
Fe** is weak). Therefore, one usually refers to high-spin
complexes {low field) and low-spin complexes (high field).

The blue colour of the Cu?* ion in aqueous solution is due
to the single absorption band (A,,,, 800 nm} of Cu (H,0)2*.
As H,0 molecules are replaced by NH, molecules {stronger
ligand field) then AE increases (A, becomes less) and the
colour deepens towards blue violet. The pink colour of
aqueous solutions of Co?* is due to light absorption corres-
ponding with AE (520 nm) in the octahedral Co(H,0)2* sys-
tem. When concentrated hydrochioric acid is added to the
solution the tetrahedral species (CoCl,)*~ is produced
where AF is smaller {\,,,,~66C nm) and the colour appear-
ance is blue. With the tetrahedral approach of ligands the
value of AE for a given system is only approximately half
the value for the octahedral approach since the tetra-
hedrally disposed ligands do not point directly at the ¢
orbitals. Thus, the colour of compiexes will be dependent
on the stereochemistry of the absorbing species.

tial symmetry of the free ion (or atom) in its lowest-energy
state is characteristic of the symmetry of this particular
electron, see Table 6. For the elements of particular interest
here, then Sc?* and Cu®*, both with a single unpaired d
electron, will have D ground-state symmetry. The effect of
an octahedral ligand field on this type of symmetry has
been explained as providing a higher-energy degenerate
(same energy) pair of levels (¢)) and a lower triad (d,).

TABLE 6
Electron lon symmetry {ground)

=0 s S L =0 Capital letters
for the ion

1=1 P P L=1 as a whole,
rather than

1=2 d D L=2 the lower case
letters for

1=3 f F L=3 individual
electrons

=4 g G L=4

When the free ion contains more than one unpaired elec-
tron then the situation becomes a little more complicated
because there will be several ways in which the electrons
can be distributed amongst the available orbitals to provide
different energy states, the one of lowest energy not being
immediately apparent. Let us consider the case where two
d electrons are involved, i.e. |,=2 and |,=2. These two will
have the same principal quantum number n (say 3} and
there will be various possibilities for m values (+2, +1, 0,
—1,-2) differentiating the ¢ orbitais, and two possible spin
values (+1). If we bear in mind the Pauli Exclusion Principle
then only certain comhbinations are possible (Figure 15).

Crer E Cr2* } Mn#*
R R i A R LA [
0 [0 | @I 0000 | G0 T
strong weak | strong weak | strong weak {field)
I i
1 |

Figure 14 — High- and low-spin effects

Ground States of Free lons and Energy Level Splitting

In order to appreciate more fully the energy states of
metal-ligand complexes between which transitions arise
on absorption of radiant energy then some detail is neces-
sary of the free metal-ion energy states and the effect on
these of ligand fields.

For any given atom or ion we need only consider the
partially filled atomic orbitals and can ignore the com-
pletely filled (electron paired) groups. If only one unpaired
electron is involved the situation is simple in that the essen-

2 41 0 -1 =2 Iy

+% b +% unpaired £ =3 F-symmetry
+h | +% unpaired L =1 P-symmetry
+% paired L =4 G-symmetry

Figure 15 — L values for a two-electron system

Taking into account Hund's Rule of Maximum Multi-
plicity and also a second Rule {Hund) that of the states
possible with maximum spin the lowest energy state is the
one with maximumU/Z value, then the ground state {free ion)
for the above case will be of F symmetry {this has maximum
L consistent with two unpaired electrons). This situation
applies to Ti** and Ni?*. Similar consideration for three
d electrons (Figure 16}, leads to a ground-state presenta-
tion of F symmetry for say Cr*.

+2 +1 0 -1 =2 Im

+hl+%|+% unpaired L =3 F-symmetry

Figure 16 — Ground state for Cr®*
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Now irrespective of what electron configurations have
produced them, states of the same symmetry splitinto the
sametypes of groups of levels under the influence of say an
octahedral ligand field. The type of splitting can simply be
iltustrated in terms of the atomic orbitals say of s, p, ¢ and f
symmetry (Figure 17).

Interaction Orbital Symmetry
with field Free In field
R Alsinglet)
strong singlet level {s) -~ tsing
— —— T{triplet)

strong three equivalent (p) o frrip

two groups
strong (a) Doy () 2 o T E{doublet)

{d)

weak (b) d,,: d,,; dy _— T

three groups
strong (a} £, L / e
weaker (b} £, oy Fyyi Fp () > ———— T,
weakest {c) fxyz —_— A

Figure 17 — Ligand-field splitting according to symmetry

Although the ground state for the free ion and the general
form of energy splitting under the influence of a ligand fieid
{4) can be decided as above, the higher energy states and
the extent of splitting can anly be decided from spectros-
copic data and ligand field calculations. A simplified diag-
ram for Cr**is shown below in Figure 18.

r
(G)L=4; S=%
(PYL=1; §=%

T?
(F)L=3; 5=% 3 7,

Figure 18 — Simplified energy-level diagram (Cr®*)

The absorption of radiation will not normally cause the
pairing or unpairing of electrons, hence the lowest energy
transitions will be 4 to T, or T, or T (Figure 18} and these
correspond with the bands at 570 nm, 400 nm and 260 nm
respectively for Cr** (H,0},; the violet colour arising from
the absorption in the yellow-red region of the spectrum.
Solutions made up from hydrated chromic chloride provide
(Cr**(H,0).Cl) ions and the weaker ligand field of CI- vs H,0
has the effect of lowering A and shifting the absorption
band slightly towards the red, producing a green colour.
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These processes of charge excitation produce excited
ions and for absorption of light there will be excess ener-
gies in the range 20-70 kcal/mol, which are equivalent to
many bond energies and are likely to cause chemical dam-
age with loss of colour or fading. In the case of Cr** in the
solid or liquid phase the excited species lose their energy
thermally and can end up in the doublet state (£) with two
electrons paired and to, or from, which transition by
absorption of radiation is improbable. These Cr** ions are
metastable and have vacant d, orbitals (receptors for elec-
tron pairs) which allow attack by chemical reagents. Any of
the normal absorption processes will produce these met-
astable ions and, therefore, all wavelengths throughout the
visible region are equally effective in causing chemical
reaction. Usually in photochemical reactions the shorter
wavelength radiation is more damaging. The doublet state
of Cr** is also of importance in the operation of the ruby
laser. Ruby is e-alumina in which some Al** cations (radius
0.45 A) are replaced by Cr*+ cations (0.55 A). Because of the
smaller AP* radius the replacing Cr** jons are forced closer
to the O*" ions than they would be in pure Cr** compounds
and, therefore, the ligand field effect (of 0% on Cr**) is
greater than normal. This effect increases the energy gap
between the ground state and the first excited (7,) state
corresponding with absorption in the yellow-green produc-
ing the ruby colour. In a typical laser a xenon flash lamp
delivers some 200 J of white light to a ruby crystal produc-
ing, initially, excited T states and then by loss of thermal
energy, the metastable £ states are formed. Due to distor-
tion of the Cr** ion in the APP* lattice the transition from the
doublet (£) level to the ground state becomes probable and
emits 6943 A radiation of 0.5 J intensity. This is relatively
high intensity monochromatic radiation which could not be
produced by dispersion techniques and which is of great
value in photochemical and other fields.

Usually the d—d transitions are of low probability and the
absorption bands are of low intensity {e~10). However,
there is often a high intensity, (e~10% band on the low
wavelength side of the charge-excitation bands, due to
charge transfer. The process responsible for this type of
absorption is the transfer of an electron from one atom to
another. In many cases the intense colour of an inorganic
compound is due to charge transfer, e.g. the red colour of
the complex formed between Fe** and SCN-, Fe(SCN)>~
where Fe®t ¢ (SCN™) — Fe?**{SCN). In general, charge-
transfer absorption causes an electron to be transferred
from a donor atom D to an acceptor atom A,

hv
DA— Dt A

and very often, particularly for related compounds, the
energy (hv) absorbed is controlled by (/;—£,), where:

/p = energy absorbed to remove an electron from D {ion-
isation potential for D)

E ,=energy evolved when an electron is accepted by A
(electron affinity of A).

Charge transfer causes the oxidation of the donor and
reduction of the acceptor, for example in Fe** (halide) solu-
tions:

e

Fa3t ¥ ™ X——Fe2+ X
and, for a given acceptor, the energy of transfer will be less

the easier electrons are removed from the donor (i.e. the
lower the ionisation potential I"<Br=<Cl~}. In fact for the



Fe**l- system so little energy is required that oxida-
tion—reduction can occur at thermal energies, with decom-
position of the solution and production of iodine. Also the
colour of the Fe*tSCN~ system will slowly disappear by
thermal oxidation—reduction, or rapidly when exposed to
bright light, to produce initially Fe*"{SCN).

Charge-transfer bands are shown in the near ultra-violet
spectra of transition-metal cations.

e hy
Mzt 7Y {aq) — M2+ (H,07)

involving oxidation of M2* to M** and the energy required is
directly related to the standard redox potential £° for the
Mzt/M?3**+ couple. The lower the potential, the easier is the
oxidation and the lower is the energy of the charge transfer
transition.

Non-transition metals like lead have no unfilled d orbi-
tals, but the colours of some compounds, e.g. Pbl can be
attributed to strong charge-transfer bands in the near
ultra-violet just tailing off into the blue region providing a
yellow appearance, e.g.

hv
P2tX~ —— Pb*+X (atom)

which is of lowest energy for iodine.

With most charge-transfer processes, unstable atoms or
radicals are produced which will give rise to permanent
photochemical change (fading) unless the electron can get
back to the donor species again. Some compounds can
easily undergo such reversion, e.g. ferric ferrocyanides.
These compounds have a super-lattice arrangement.

fet N = C—tF—C = N Fesr

where, in cubic array, six Fe** ions sit about one Fe(CN)i~
and vice versa, with alkali-metal ions in alternate cubes.
Charge transfer is not confined to a particular iron atom
since the super-lattice provides a conjugated system in
which electrons are not localised on particular atoms and
the absorbed energy is spread out over the whole structure,
thus providing a more stable system.

The very intense colours of inorganic pigments are gen-
erally derived from charge-transfer processes and an indi-
cation of the type of behaviour 1o be expected for various
metal ions with various anions is shown in Tabie 7.

The more strongly oxidising or polarising the metal ion
(electron accepting), the longer the wavelengths of absorp-

TABLE 7

Mabs.) 600 mn 500 nm 400 mn
Ag* (o5 1" Br CI
Cu+ 0* 1" Br' CI
Pb2+ o I Br' C¥

tion for a given cation; white for a given metal ion, the more
easily oxidised or polarisable (electron donating) the anion
the longerthe wavelength of absorption. Specific examples
of simple coloured compounds in this range are orange red
lead (oxide), yellow lead iodide, red cuprous oxide and the
yellow silver iodide and bromide (pale).

Coloured glasses, e.g. ferrous and ferric ions in silicate
lattices, owe their colour to charge transfer. The silicate
lattice itself provides an electrically non-conducting
{insulator) medium but ‘impurities’ such as iron, replacing
some silicon atoms in the iattice provide fewer valence
electrons and therefore unfilled electron levels and semi-
conductor properties. In these compounds electron-
migration is possible and excitation by light absorption is
offset by ‘leak back’ of the electrons ta the original site with
a low probability of photochemical damage and conse-
quent stability.

CONCLUSION

The main features of atomic and molecular structure, in the
broadest sense, have been presented in a relatively simple
and often pictorial fashion. It will be appreciated that exact
treatments are, more often than not, dependent entirely on
mathematical concepts and seldom allow the full and cor-
rect conclusions to be presented in a pictorial form. That
which might be true is often not understandable and that
which appears to be understandable is freguently not
entirely true. It has been stated that many a beautiful
hypothesis has been destroyed by an ugly fact. The Bohr
theory of atomic structure, with clear cut orbits for electron
motion around a nucleus, is not conistent with the experi-
mental uncertainties inherent in the measurements made
on atomic systems. Nevertheless, modern mathematical
treatments, although more consistent with the facts than
the earlier theories, defy simple description. Bearing these
limitations in mind, itis the hope that what has been written
here will, at least present a general, if not exact, picture of
the nature of the structure of atoms and other species
particutarly in relation to energy changes in organic and
inorganic systems of interest in the study of dyes and pig-
ments.
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