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King Solomon said concerning Wisdom 

and Knowledge ...... 

"A wise man will hear and will increase 

learning; and a man of understanding shall 

attain unto wise counsels: he will seek 

to understand a proverb, and the interpre-

tation; the words of the wise, and their 

dark sayings. The fear of the Lord is 

the principal part of knowledge." 

(Proverbs Gh.I, v.5-7, Margin) 
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CHAPTER ONE 

Gbarge Transfer Spectra 

The term "ch.arge transfer" in spectroscopy is 

generally used to describe an electronic transition, 

resulting in optical absorption, where there is partial 

gain or loss of a dipole as a result of transference of 

an electron from one energy level to another in either 

a molecule or some form of complex. The subject is 

1 ? 

reviewed by Rabinowitch and Or gel . 

Certain systems thought to absorb by a charge-

transfer process will be summarised since they are of 

importance to the general discussion given later. 

(a) Gaseous Alkali Metal Halides 

On examining the absorption spectra of alkali halides 

in the gas phase Er-nck and co-workers^ found that iodides 

and bromides have twin bands in the near ultraviolet and 

that chlorides give rise to a singlet band. They 

examined the spectral region from 200 to 4-00 nyi and 

established that the peak separations for iodides and 

bromides were almost equal to the energetic differences 

2 2 

between the Gind P2./2 states of the free halogen 

atoms as obtained from atomic spectra. The theoretical 

splitting for chlorine from atomic spectra is only 880 cm' 

and hence it is not surprising that the chloride band is 

not resolved as a doublet. Eranck^ therefore interpreted 

- 1 



the spectra as arising from a charge-transfer process 

and identified the first absorption band as 

MX (where X is in state) 

The energy of this process can be calculated. 

l Y + 2" 

-Jm Ex 

MX M X 

Hh z2 Ex - Jm + '-îs - A a 

= Ex - Jm + /2\ 

is thus the difference between the energy of 

formation of the normal ion-pair and that of excited 

alkali metal halide from normal atoms. 

The energetic positions of the band maxima show 

that the ease of transference of an electron increases 

in the order CI < Br <' I. Surprisingly, changing the 

nature of the metal atom has no observable effect on 

the spectra of iodides. E.g. the iodides of sodium, 

rubidium and caesium all exhibit absorption bands with 

the maximum absorption of the first band occuring at 

$24 mil. This has been interpreted in terms of two 

cancelling effects. Exchange of a light alkali metal 

M in MX for a heavier one causes a decrease in JIvI which 

would shift the band to higher energies but the 

simultaneous increase in radius of the cation would 

shift it to lower energies since the decrease in energy 

of formation of would decrease /I . 



Fig.1,1. Absorption spectra of the sodium halides in the gas 
phase, {l),(2),(3), NaI,NaBr,NaCl, respectively. 



(b) Crystalline Alkali Metal Halides. 

The absorption spectra of many alkali halide 

4 5 

crystals have been measured 'and are found to consist of 

a series of bands with broad peaks and no resolvable 

fine structure. The extinction coefficients are greater 

than 10^ and, as is in the case of the vapour, the low 

energy bands of bromides and iodides are doublets, the 
2 2 

separation of which are again close to the • ^1/2 

separation for the corresponding halogen atoms. The 

positions of the absorption maxima again demonstrate 

that iodide will release an electron more readily thon 

bromide or chloride. 

Mott° considers that bonds found on the low 

wavelength edge of these spectra are caused by the 

movement of an electron into a conduction band and this 

is supported by the observation of photoconductance in 

this region^. The term "exciton band" is now used to 

describe all the absorption bands obtained in alkali 

halide crystals which are not attributable to the 

transference of cm electron into a conduction band. 

When the temperature is lowered the initial peak(s, 

sharpen and shift towards shorter wavelengths. V,arious 

workers have shown that there is a linera? relationship 

between the energy of the peak maximum and temperature 

for Nal^, gbl^, and Osl^^ (except close to 0°A). 



4-

(c) Gaseous Group 11(b) Metal Halides. 

11 12 % 

Butkov •' and also Wielojid have examined the 

spectra of the halides of many transition metals in the 

vapour phase. Bromides and iodides often give rise to 

doublets but frequently these doublets have peak 

separations which are not even approximately equal to 

2 2 

that of the separation for the bromine and 

iodine atoms respectively. Eatzin^^ has suggested, as a 

result of a survey of the literature, that the absorption 

spectra resulting from the movement of an electron to an 

excited orbital for rJLl halides, whether in the gas phase 

or in solution, results in the formation of a halogen 

atom. She great scatter of his compilation does not, 

however, seem to bear out this contention. In the c^se 

of the dihalides of the transition metals zinc, cadmium, 

and mercury, it has long been established that in the 

vapour they are liner and also that in these molecules 

there is a considerable amount of covalent bonding^^'^^'^^ 

It is just as feasible that the optical absorption bands 

are due to movement of charge from the halogen atoms 

towards the central metal atom, there thus being no 

change in the net dipole moment of the molecule. 

The ease of the electronic transition for these 

molecules in the gas ph ise is of the order CI < Br- l I 

and, in the case of the iodides, there is a small trend 

of the order Zn < Cd < Hg. 
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Absorption Spectra of Anions in Solution 

(a) Halide Ions, 

(i) In water 

The absorption spectra exhibit..d by lialidc iona in 

%civOU8 solution all have the properties related above 

for crystals : the possibility of conduction bands, 

however, cannot be investigated since water, or indeed 

any other solvent, is not transparent to ultraviolet 

light in the 180 mu region. The peak separation for the 

iodide maxima is again close to that for the ,nnd 

2 ^ 

^1/2 states of the iodine atom. The observed separation 

for bromide is only half that expected. This may well 

be due to the solution bands being somewhat broader than 

the crystal exciton bands and hence the two maxima are 

"pulled in" towards each other. This possibility will 

be considered in the Discussion. The absorption spectrum 

of chloride is again a singlet band. Theoretically it 

is possible to examine the chloride spectrum to see if 

it consists of two bonds : practically, it would be very 
difficult. 

The overlap of gromid and excited states must be 

quite considerable since the bands again have molar 

extinction coefficients greater than lO'̂ . 

The observed lack of effect upon the spectra of 

halide ions in solution on changing the nature of the 

positive ion is due to the ions being in a highly polar 



Fig.1.2, Absorption spectra of the haliae ions in vrater. 
(1),(2),(3), I ,Br~,Cl~, respectively. 
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medium and thus, being solvated, they csji be considered 

as distinct entities at low concentrations. 

(ii) Charge-Transfer to Solvent (C.T.T.S.) 

13 

Franck and Scheibe ' interpreted these intense 

absorption bands as charge-transfer spectra and suggested 

that the act of light absorption by the hydrated anion 

ejected an electron from the anion to water and that the 

electron became a free "solution electron". They equated 

the energy of the maximum of the first absorption band 

of iodide to the following energy terms, 
bXmax = E + Gioa + P - 8 - 8^ 

where E is the ionisation potential of iodide, H. is 
' ion 

its heat of hydration, P is the residual polarisation 

of the water dipoles, and S and s', are the heat of 

solution of the atom and the electron respectively. 

The very low quantum yields of this reaction later 

led Franck ojid Haber^'^ to suggest that the electron is 

transferred from the anion to a water molecule in the 

hydration sphere. This water molecule was assumed to 

dissociate immediately into OH" and H thus 

(X", H^o) + h^--»Z + H + OH" 

and 

h)) = E - Eqjj + + A 

vhere Dg ^ is the energy of dissociation of water, Eqjj 

is the electron affinity of the OH radical and is 

the change in potential energy of the system caused by 
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the electron transfer with unchanged positions of the 

atomic nuclei. 

20 

Parkas and Parkas have pointed out that the 

dependence of the quantum yield of the decomposition 
op 

of HI upon concentration, observed by Warburg and Rump , 
22 

as well as that of pH observed by themselves , cannot be 

explained by this primary process and suggested that it 

consists of an electron tr.ansfer from the anion to a 

specific water molecule, 

(Z", HgO) + h*;±±(Z, H20"). 

If this transition is reversible it would .account for 

the low quantum yields. However, a secondary reaction 

could take place, the electron further migrating as, 

(X, HGO") + H+--* Z + HGO + H 
thus accounting for the dependence upon [h"*"! . 

20 

Parkas derived the equation 

hV = E 

E'jj Q was described as the electron affinity of .water. 

Calculations using this formula and the value of h at 

log = 0 gave roughly constant values of E'tj , about 
2 

0.8 e.v. for 01 , Br , I , and OH . More recent data led 
25 

Parkas and Klein to revise this figure to 1.0 e.v. This 

treatment may be questioned on two grounds. 

(i) The position of log ̂  = 0 is arbitrary and has no 

particular significance, especially since there is no 

explanation of the origin of the broadening of the 



absorption band in solution compared with the narrow band 

in LC.1G crjst -.1. 

(ii) E'jj ̂  mi^t well be expected to vary from one ion 

to another since it is not the true electron affinity of 

a water molecule but the resultant energy gained on 

conveying o. free electron from infinity into liquid water; 

associating it with a water molecule, and creating around 

it the unstable system of orientated water dipoles 

identical to the system in existence prior to the removal 

of Z". 

A more recent approach has been made by Platzman 

24 

and Pranck who postulated that the electron is not 

specifically attached to any one water molecule but that 

it moves in a 2s type orbital out in the bulk solvent. 

where the bulk dielectric constant c m apply. The mean 

radius of this orbital is estimated as about 5.8A 

An alternative approach has been made by Smith and 
25 

Symons , The electron is considered to be confined 

within the solvent shell with its excited orbital described 

mainly by the hydrogen atoms of the surrounding orientated 

water dipoles. This type of approach, known as the 

"square vrell" technique, had been used previously to 

describe the P - centre binds found in alkali halide 

crystals. An P - centre is due to a crystal defect. If 

an anion is removed from its lattice site and an electron 

placed in the vacancy, then this will give rise to an 
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F - centre. The crude "square wall"model is assumed to 

have walls of infinite height such that the electron 

will never be energetic enough to penetrate this energy-

barrier. The radius of the "square well", in solution, 

P{̂  

has been calculated by Smith and Symons from the 

following equation. 
= I- 2 

o 

where is energy of peak position of the first 

iodide absorption band, I.P. is the ionisction potential 

and r is the radius of the square well. For potassium 
o 

iodide in water r — 4-A. 

The orbital described here is a ls_ type orbital in 

contrast with the 2s type orbital of Platzman and Franck. 

The "square well" model and the •'continuum"model of 

Platzman and Pranck will be discussed in detail later, 

(iii) Effect of change in environment. 

It was recognised in the early 193o's by such 

workers as Scbeibe^^'^^ Lederlep^ Fromherz^0,$l,32 

that the position of the halide bands was dependent upon 

solvent DJid temperature. Jolly^^ measured the absorption 

band of iodide in liquid ammoni% -̂ nd obt ained a peak at 

254- ivji. Latimer end co-workers attempted to explain 

this result in terms of a photoionisatia model similar 

to that given by Pauling^^ for the iodide ion in water. 

The transition is supposed to lead to the formation of 

a solvated electron and an iodine atom surrounded by the 
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25 

solvent shell of the ion. Smith and Symons have 

criticised Latimer's model on the grounds that, on the 

basis of the Pranck-Condon principle, at the moment of 

light absorption the electron cannot move away from the 

iodide ion and also orientate ammonia molecules around 

itself at the same time. 

The "square well" model also gives an explanation 

of the observed temperature and solvent effects. Since 

their r^ is linked with the orientated solvent molecules 

around the iodide cavity, an increase in temperature 

would increase the size of this cavity hence increasing 
r_ and, from their eauation, decreasing This o " - . 7 u majc 

27 

latter is found by experiment to occur . is found 

to vary linearly with temperature and hence a value for 

dEj^g^ydT is obtained. Since the various high dielectric 

solvents they used give, at a given temperature, differen"-
values for E, this has to be explained on their theory 

nicix 

by a difference in cavity size, i.e. r varies from solvent 

to solvent. Further, since it was found that dJE^^^^dT 

increased as decreased, this suggests that the 

fundamental difference between various solvents is not 

one of size but of the way in which the cavity expands 

with increase in temperature. Thus, at 0°K., the 

variation in E for different solvents would vanish 
max 

since the effective radius of the cavity would be 

approximately equal to that of the ion plus the "radius'' 



J.30 S ® 
Me^H\ 

\ 1—lb 

\ ° 

\ . •—'e 

\ 
J.Z2 V 

o \ 

Cx'K-=als.) \ 1 — H f 

118 \ 

Me ON 1 — \ 

114 " ' ' " H 

110 

(cal./deg.) 

• • - «• • • - • 

10 oqO 30 50 70 
Fig,1.3, against dS^gx/dT for iodide in various 
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of the solvent. 

Giving this a value ^g^-CO) and letting 

dT = K, then 

^ ^meac(O) 

for a given cavity. 

For two solvents, A and B, 

Hence a plot of against dE^^^dl for a given 

temperature should give a straight line of slope T. 

Fig. 1.5. shows the correlation Smith and Symons 

obtained. 

More recently, however, Stein and Treinin^^ have 

modified the approach of Platzman and Franck and claim 

that the "continuum" model treatment is superior to that 

of Smith and Symons and can explain all the observed 

temperature and solvent effects. So far only their 

analysis of temperature effects has been published. The 

electron is still considered to move out into the bulk 

solvent but the effect of temperature on the band is 

attributed to changes in the ground state energy of the 

solvated ion. 

ULey obtain the following equation from a 

th ermodynami c cycl o, 

where is the ionisation potential of the anion Z , 

is the heat of solvation of the atom, S^^^ and S^ 
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are the electronic polarisation caused, by the ion and 

electron respectively and E and E are the persistent 
P ® 

(atomic and dipole) polarisation of the medium due to the 

ion and electron respectively. Introd.ucing the.numerical 

values for water at 25°G. they obtained, in eV, 

msDC = & - & + - 1-58-
" o 

They designated r as the "spectroscopically significant 

radius" of the ion in solution. (In future this term will 

always be written as r to avoid confusion with the r^ of 

Smith and Symons) Laidler^^ has calculated the partial 

molar ionic volumes of various ions in solution at 

infinite dilution, and has found, for ions of liko 

charge, the following equation to hold, 

\ = I (ar^)' - BZ, 

where r is the crystallographic radius, the factor a -

1.25, Z is the charge on the ion and B is a factor 

accounting for electrostriction, r is thus the apparent 

radius of the ion in solution. Improving the electro-

striction term gave Hepler^^ a value of 1,2$ for anions. 

Stein and Treinin evalulate r^ for several anions and 

hence calculate values of c(. Ihe average of all their 

values is 1.27. Hence they claim that hv may be 
luSJXI 

calculated using only experimentally determinable 

quantities and. that their treatment is valid. However, 

see Discussion. 
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(b) Simple Polyatomic Anions. 

A 1 large number of simple anions exhibit electronic 

bands of high intensity in the same region as the halide 

ions. Well known examples are OH and SH, _ halogen 

,03cyani0nsp^' aitrogen oxyanions^^, and sulphur 

'oxyanions^®' Some of these are illustrated in 

figs. 1.4. and 1.5. Many of these absorption bands have 

been interpreted as occurring via a charge-transfer 

mechanism as for the halide ions. I'or example, the 
_2$,39 

spectra of OE , ZO^ and fJO (X = 01, Br, 1°), 

NO^, and SgO^ have been interpreted in this 

way. However, unequivocal proof of this assignment on 

25 

experimental grounds is often lacking. Smith and Sytiions 

have tentatively suggested that observation of the 

effects of the constraints of temperature and change of 

solvent on these spectra may give the required evidence. 

Stein and Treinin^^ have examined the effect of temperature 

on the long wavelength edge of the bands of 010^ , BrCy ' 

I0^~ and OH" at £ = 5 snd claim that their results shc7 

that these bands are due to a C.T.T.S. mechanism. This 

may be challenged on two accounts, 

(i) Hhey do not allow for the broadening of the bands 

with increase in temperature, a factor that will be 

effectively zero at but will increase as £ decreases. 

(ii) We have shown^^ from examination of the spectrum 

of an iodate powder, that the solution band must contain 
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a hidden band, due to a forbidden transition, in the 

long wavelength edge of the spectrum, and, by analogy, 

chlorates and bromutes probably also contain this 

hidden band. 'Bias they ?xe observing, in the first 

three cases cited, the calminative effect of two bands. 

Hence, for anions containing nore than one atom, 

until the bc-mds c-n be definitely assigned to C.T.T.S. 

spectra as against some form of intra-molecular charge 

transfer spectra, further investigation is needed. 

Table 1.1. 

of zinc, cadmium, ond mercury halides from 

the literature 

Salt 

CdBr. Solution Znl 

Water 

2 

226.2,195 

228.5^7 

conc.soln 

2 

ca200 

Me OH 

Eton 

n-PrOH 

Me ON 

Gas 

Water 

Me OH 

Eton 

217;189;27 211;27 

216 29 213,192 29 

Odig 

226.2,19$ 

250^7 

conc.soln 

259 

238,192;27 

243,192" 

240-2^7 

)29 

240-2 27 

238,224.5^^ 

HgOlg HgBr 

200^^ 

2 

226;^2ca^232 29 

261,220 
Hglg 

:32 

11 

48 

234 32 

.27 

263' 
267 
272?2 270, 

2137' 274, 213 .29 
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t-BuOH 218^^ 275^^ 

CaOlj . 275^^ 

CC14 275^^ 

Gas 227,210ll 266,224;15 

268,224^1 

(c) Complex Anions of Transition Metals. 

(i) In general 

Complex ions of the transition metals usually 

have at least one intense absorption band in the 

ultraviolet which has been interpreted as arising from 

an intramolecular transference of c h a r g e d T h i s study 

will be concerned only with those metals which have 

their inner d levels completely filled, in particular, 

the halides of zinc, cadmium and mercury. This avoids 

ambiguity which might come from the possibility of 

d - d transitions. Also, ions such as PbCl^~ and 

Snl^ have not been investigated since there is a lone 

pair of electrons on the central metal atom which 

affects the stereochemistry of the ions and the spectra 

in a complicated manner. 

(ii) Halide Complexes of Cations with d 

configuration 

Various workers^^'^^*^^*^^'^^*^^ in the 1950's 

examined the spectra of the halides of zinc, cadmium, 

and mercury in solution. Table 1.1. summarises the 

results found. It may be seen that in many solvents 

the following dissociation does not oJ-ways occur. 



xo 

^ M ' + 2Z 

The absorbing species is then usually considered to be 

4-9 

the undissociated dihalide. Delwaulle has studied 

these halides in mejny solvents by Raman spectroscop--

and her results are in accord with those of Woodward^^. 

That such halides might have solvent molecules 

attached W:̂.s suggested by Lederle^'^, v/ho postulated the 

following equilibria for cadmium iodide 'in alcoholic 

solution, 
I OR 
X / 
Cd. 2H" Cdig solv^ ^^aolv ^^solv 

I 

ROH being an alcohol. This suggestion does not appear 

to have received consideration : Del^aulle interprets 

her results in terms of linemolecules, in concentrateo. 

solutions. This problem will be further discussed later. 

A fairly extensive spectral study of ion-ion 

interactions has been carried out by the early workers 

in this subject. The results obtwined on addition of 

excess alkali halide to the dihalide solutions are 

summarised in Tsble 1.2, and fig. 1.6. These workers 

assumed that the spectral bands developed were due to 

the ion and that MX" could not be detected. 

Delwaullehas stated that MjC should exist; that it 

may have a solvent molecule co-ordinated and that she 

has not yet been able to obtain well resolved Raman 
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spectra corresponding only to this complex. 

Table 1.2. 

of zinc, cacbiiimu and mercury halides in 

aqueous solution with excess common lialide ion from the 

literature. 

Ziinc 

in aq. KI 

in aq. KBr 

in aq. KI 

in aq. KGl 

in aq. KjNaBr 

in EtoH + NaBr 

in aq.KI 

in EtoH + Nal 

;4-7 238.5 

Cadmium 

217^1 215.5^7 

256.6, 216;47 240^1 

Mercury 

228.5 32 

249 

251 

52 

32 

323-4,267 32 

329,273 
32 



Fig.1.6. Representative spectra of Zn,Gd, and Hg iodide 
coRTOlexes in water. 
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GHAPCHIR 570 

Complex halides of cations with configuration 

(a) Zinc iialide complexes. 

52 

Oonnick and Paul claim to have obta ined t h e 

complex ZnE"*" unambiguously in aqueous solution by a 

potentiometric method, Russian vrorkers^^ have obtained 

t h e tta.e m o dynamic quantities aj?, ̂ .S, and/sH for t h e 

step-wise formation of ZnCl^ . ZnBr^ ' and Znl̂ , 

in aqueous solution and find thr.t, in going from the 

iodides to t h e chlorides,aH becomes more endothermiCg 

but that the stability of the complexes increases, 

"In the solid stite a large number of double 

salts of t h e zinc halides have been reported, and 

structural evidence i n d i c a t e s the considerable 

stability of the tectrahedral ion ZnCl^ ' and e. general 

preference for ^ - c o o r d i n a t e d s t r u c t u r e s B e t h e l et 

al 5 after making the above statement, go on to 

suggest that their examination of the system 

ZnOlg^HOl-OH^COgH is i n t e r p r e t a b l f by the follov/ing 

three equations. 

ZnClg + 2 AcQE Hg^aOlg (OAc/g (1) 

2H01 + H2ZnOl2(OAc)2 HgZnOl^ + 2AcQH (2) 

+ H2Zn.Cl2(0Ac)2 2H2ZnCl2 (OAc) (3) 

Kolthoff and Coetzee^^ have found, by a polarographic 

study, that zinc ions form very stable complexes with 

halide ions in methyl cyanide and postulate a reversible 



reaction, similar to that in water, namely, 

ZnOlg + oHgO ^ ZnCHgO)^'"' + ZClCH^O)^ 

and. ZnOlg + d]l([eCN;=̂ Z]i(MeON)j''' + 201(MeCN)^ 

Some doubt may be cast apon this latter equation since 

only 1:1 electrolytes apperj? to be ionised in me-thyl 

cyanide. 

(b ) Cadmium halide comple xes. 
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Leden has summojrised the work on the chloride, 

bromide, and iodide complexes of cadiTiium up to 1940. 

The techniques used include cryoscopy, ebullioscopy, 

refractivity, conductivity, potentiometric titrations 

and iil.M.F. measurements. The species which .are claimed 

to be identified are GdX^. GdZ^, GdZ^", CdX^ and 
CdZ^, where Z = 01, Br or I, The various association 

constants reported vary by factors of up to 10^\ The 

species CdZn̂  is only obtained from refractivity 

57 

studies. Recently loffe ' has challenged this method 

and has shown that the variation in refractive index 

obtained is within the experimental error of the 

method. Haldar^ has claimed to have obtained Cdl^ 

by a thermometrie titration of Cdl^ and KI but Stromberg 

59 

and BykoV; by a polargraphic study ?nd detailed 

calculations, have proved the non-existence of this 

complex. 

Since 19^0, other techniques which have been used 

to study the formation of GdZ"'", CdZg, CdZ^" and GdZ;̂ ""' 
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1 J -r , n. 50 T 1 59|61,62,65 include X-ray studies; polarogr-.phy; ' 
gZL 

anion-excihange resins? examination of thermodynamic 

data;^^ the moving boundary technique^^ solubility 

products5E.M.F. measurements;^® and an examination 

of molten salt systems. Within the last comprise such 
69 70 

methods as examination of fusion diagrams; * voltaic 
71 

cells in fused salts; electrical conductivity, 
72 73 74-transport number, cryoscopy;' solubility; and 

7 5 

absorption spectroscopy. Other evidence, of a more 

indirect nature, is that cert:\in organic bases, in the 

presence of iodide ions form crystalline precipitates 

with cadmium iodide. For amino-alcohols and their 

e s t e r s t h e general formula is quoted as Odig. 2(HI.B) 

where B is the organic base; for nitrogenous heterocyclic 
77 

bases, mainly alkaloids, two complexes are found, 

ML Cdlj .and Odl^ where A is the alkaloid. 

'There are a few papers in the literature in v&iich 

the complex ion OdClg is stated to e x i s t , o r that 
72 

it might possibly exist. Since the techniques used 

in these cases, e.g. conductivity and cryoscopy, cannot 

always categorically demonstrate which species is being 

examined, the OdOlg ion must at the moment be viewed 

with care, 

The overall picture that emerges is that in 

solution the complex ions GdZ"̂ , CdXg, OdX^ and GdZ~ 

are well established. In the cases where some workers 



cannot detect all these ions or, especially, wiiere they 

c:innot differentiate between, or identify, CdZ^" and 

CdZ^ , it may well be that the techniques used are not 

sensitive or specific enou^ rather then, :-s some would 

have it, that not all of the above four ions exist, 

(c) Mercuric holide complexes« 

A survey of the literature up to 1952 has been 

79 

made by Ellendt "nd Cruse ^ in their paper on the 

formation constants of mercuric halide complexes. They 

show that there is a general acceptance of the complex 

anions and HgX^ (where X = CI,Br or I) for the 

alkali metal, aimnonium, and tectra-alkylammonimn cations. 

The techniques summarised are similar to those reported 

by Laden in his review of cadmium complexes. Ellendt 

and Cruse, by conductivity measurements in methyl 

cyanide and water, analyse their results in terms of 

three complex-forming reactions occuring according to 

the total reaction equation 

where is the tectra-methyl or tectra-ethylamjiionium 

ion and Z is halogen. The considerable differences 

between the values for the equilibrium constants found 

in aqueous solution ond in methyl cyanide as solvent 

are ascribed to the effect of solvation of the mercuric 

salts. 

30 
Sillen and co-workers have undertaken an 
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electrometric investigation of the equilibria between 

mercury and halogen ions ond have tabulated equilibrium 

constants for reactions involving Hg'"^, Hgl*, Hgl2, 

Hgl^~, Hgl^"~, Hgg**, Hggig ond Hg, 

Novel techniques, such as the use of radio-active 

tracers to determine the distribution of HgZg between 

water/benzene mixtures and the formation constants of 

Hglj" and Hgl^ in the presence of iodide ions, have 

81 82 
been used by Marcus and also Moser and Yoigt : 

Scaife and lyrrel have determined the formation 

constants of Hggr_" and Hgpr^ ~ at different temperatures 

by a new method in -vAiich bromine and mercuric bromide 

compete for bromide ions, 'They claim that at low 

concentrations the absorption spectra of the solutions 

confirm their results. 

The complex ion HgZg does not appear to have 

been found; Scaife and Tyrrel have evidence for 

HgBrg and suggest that it is a weak donor-acceptor 

complex formed from HgBr^ ond bromine. 

The picture is thus very much the same as for 

cadmium halide complexes, the main differences being 

twofold, (1) that mercury forms halide complexes more 

readily than cadmium and (2) that the tectrahedral ion 

HgZ_̂  is more stable than GdZŷ " and appears to form 

in most cases almost to the exclusion of HgZ^ (see 

Discussion). It is impossible to shov? the above two 



points anequivocalljT" by a table containing formation 

constants as they vary so greatly : only an average of 

results from reliable methods and, say, the analysis 

of salts which can be easily isolated,^^ can demonstrate 

the validity of these statements. 
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GiAPTER GHEBE 

Ionic Solvation 

It lias "been shown in daapter One that the 

nature of the excited state produced by a G.T.T.Sr 

process is dependent primarily upon the nature of the 

solvent surrounding the ion : in the case of an intra-

molecular charge transfer process the role.of the 

solvent was shown to be somewhat secondary, 

•jlie problem of ion-solvent interaction is as yet 

far from solved, despite the numerous experimental 

studies made. However, certain guiding principles 

have arisen from these studies rnd IvesJ^^ and more 

recently Bell,^^ have summarised many of these. 'This 

section will therefore deal in detail only with those 

results pertinent to the qualitative discussion given 

later. 

(a) The properties and structures of solvents. 

Water is the only solvent whose properties and 

structure have been extensively investigated* However, 

there is a fairly wide opinion as to how the results 

obtained should be interpreted. Major contributions 

only to this subject will be mentioned here. 

The high boiling point and freezing point suggest 

the presence of strong intermolecular forces in the 

liquid state. Density and X-r:y measurements show that 

these forces produce an open structure in #iich the 
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molecules are held apart, rather than packed together. 

37 

Bernal and Fowler ' have suggested that in liquid 

water, as in ice, there is a quasi-crystalline structure 

built up in a tectrahedrally co-ordinated manner. Later 
g o 

Z-ray scattering experiments showed the "second shell 

peak" to be so diffuse as to suggest a very restricted 

89 

continuity of order, Evidence from Ecjian spectra 

suggests that any degree of crystallinity must be small 

since a given water molecule, at a given distance, 

appeojrs to be bonded only to tv/o or three nei.^bours. 

Pople's^^ re-examination of Bernal and Fowler's theory 

seems to have removed these discrepancies. The structure 

assumed for the water molecule has been developed from 

molecular orbital theory, 'The outer electrons in the 

water molecule are thought to occupy four tectrahedrally 

directed orbitals, two of which are associated with 0-H 

bonds and the other two with lone pairs of electrons. 

Each molecule then tends to form four hydrogen bonds in 
91 

tectrahetoal directions, very much as proposed earlier. 

For solvents other th:n. water very few unambiguous 

studies have been made concerning their structure 

especially since many of the mathematical expressions 

developed for water do not always appecj? to hold in 

non-polar solvents. 

As the nmnber of solvent molecules in the immediate 

vicinity of an. ion must be governed by such factors as 
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ion size, solvent size and packing, conpressroility, 

r-nd so on, it is to be expected that the problem of 

ion-solvent interaction will not be entirely or even 

primarily dependent upon properties of the balk solvent, 

(b) Studies of ion-solvent interaction. 

The vrj?ious nethods which have been used to study 

the n\ture of ion-solvent interactions are summarised 

in Table $.1. 

Very few studies have been made with solvents 

other than water, hence, although it would possibly be 

better to treat the nature of ion-solvent interactions 

separately for each solvent, results that have been 

found will be mentioned under the appropriate subject 

headings. 

Table $.1. Methods to Study Ion-Solvent Interactions. 

Thermodynamic Dynamic Physical 

(i) Heats and Free (i) Ionic Mobilities (i) Dielectric 

Energies of Constant 

Solution 

(ii) Entropy of (ii) Salting out of (ii) Nuclear 

Solution non-electrolytes Magnetic 

Resonance 

(iii) Partial Molal(iii) Stokes' Law (iii) Infra-Red 

Volumes 

(iv) X-Ray 
scattering 

(v) Ultraviolet 
spectroscopy 
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( c) Tlie rriiodynaTiii c Inve s ti gat ions 

(i) Heats and Free Energies of Solvation. 

According to electrostatic theory, when an 

electrically charged sphere of radius r is introduced 

into a continuous dielectric of value D, energy equal 

to ^ ( 1 - is evolved, where e. is the total charge 

on the s p h e r e . M a n y attempts have been made to 

apply this formula, to the case of on ion dissolved in 

a solvent, despite our ignorance as to the value of r 

or of D. 

Latimer^^ used this model in an attempt to obtain 

the individual heats of hydration of ions and 

found empirically that correlation could be obtained, 

taking D as g for water, if the effective radius of 
® o 

the solvated ion was taken as ^ 4- O.IA for anions 
o 

and + 0.85A for c .tions (where r^^^ is the 
94 

crysta.llogra.phic ionic radius of Pauling). Verwegr, 

by a different empirical method, obtained almost 

identical values. 
87 95 

Bernal and Fowler, ' EIG;/ and Evans, and 

Bockris,^^ on the other hand, assumed th -1 if the B.orn 

equation holds, then ions of the same radius will have 

the s-jme heat of hydration and obtained their 

individual values by an equal division of the heat of 

solution of KF, 

These two approaches lead to very different 
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vnlues of the individual heats ^), e.g., for I, 

Latiiuer finds 72 K. cals . , but Eley and Evans find 

45 K. cals. Each group of workers sought to obtain 

these values theoretically. 

Eley and Evans, atid Verwey, each made 

calculations of the ion-quadrupole interaction energies 

involved in the first layer of orientated water nolecules 

and assumed that the Born equation holds at greater 

distances than the first hydration layer, Eley ,and 

Evans assumed four water molecules to be in this 

hydration layer, and Verwey six. 

Verwey found (a) that 2/3 of the contribution 

to comes from the first layer, (b) that anions 

have larger values for because of "liie orientation 

in the first layer being anion....H - 0 - H, •which 

allows these water molecules to participate in the 

water structure. However, both models are somewhat 

limited since there are alternative suggestions for 

the structure of the water molecules.further, the 

consider:.tione of entropy, to be discussed later, 

suggest that .any treatment in which it is assumed 

that the second and third layers of water molecules 

around an ion possess the same ordered structure as 

the bulk of the water must be a gross oversimplification, 

Debye ' and Webb - rejected this combination of 

continuum ond ion-dipole ap-oroach and attempted to 



obtain values of by considering the dielectric 

saturation effects produced by the h i ^ field strengths 

of the ions. These treatments, however, took no 

account of the interactions between neighbouring water 

molecules and lead to values greater thnn are observed 

experimentally. 

Passoth,^^ and recently laidler,^^^ have made 

fresh attempts to evaluate by this approach. 

According to Laidler, for ions of large radius and 

small charge, the Born equation values not 

significantly fra? from the truth. 

Eley^^^ has made calculations of in 

methanol, employing an approach identical to that for 

the water model, i.e., by assuming (1) that the Born 

equation holds outside the first solvent layer and 

(2) that four methanol molecules are firmly oriented 

towards the ion in this la^Ter, 

(ii) Entropy of Solution. 

Frank^^^ and Fr aik and E v a n s h a v e interpreted 

solute-solvent interactions in terms of the free 

volume treatment of entropy. 

The great loss in entropy to be expected when a 

gas molecule enters the confined state of solution in 

a liquid is normally offset by the loosening effect 

on the solvent due to intermolecular restraints. Thus, 

for simple non-polar gases in non-polar solvents, this 
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entropy loss is in the range 10 - 15 cals. degree 

mole""^. (Standard states one atnosphere for the gas 

ond mole fraction unity in solution). For solution of 

such gases in water the entropy loss is much greater, 

- 1 - 1 

being in the r oige 25 - 4-0 cal. degree mole 

Further, while the entropy lost on solution in non-

polar solvents is independent of tenperature, the 

entropy lost in aqueous solutions decreases rapidly 

with increase in tenperature. 

To explain this, Frank and Svons suggested that 

each nolecule on dissolution has an order producing 

effect upon the solvent: "the water builds a microscopic 

iceberg around the non-polar molecule". 

In view of this, it might be expected th -.t on 

dissolution of an ion in water, this order producing 

effect would be consider^bly enhanced, since besides 

the dispersion forces we are novî  imposing on electro-

static field from each ion of ca. 10 volts.cmT upon 

the solvent. In f%ct, the entropy loss upon solution 

of an ion is roughly the same as a non-polar solute of 

equal size; 

e.g.; KGl entropy loss per mole = 51*9 cal.degree.^ 

2 gm. atom of argon loss per mole = 60.4 " 

This effect appears despite the firmly bound 

layer of water molecules which must be present due to 

the electrostatic charge, Ihe large increase in the 



Fig.3.1. Simple model for the structure modifications 
produced by a small ion 

(1) Region of immobilisation of water molecules 
(2) Region of. structure breaking 
(3) Structurally "normal" water" 

Taken from Frank and Wen, Discuss. Faraday Soc., 1957, 
No. 24,134. 
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heat of solution shows that firm binding is present. 

"Ehe net effect of the ionic charge imist, therefore, be 

to promote disorder in the v/ater. 

We must think accordingly of an ion in solution 

as having a firmly bound layer of water molecules, the 

number of these molecules being small because of steric 

interaction, followed by a region in #iich the water 

molecules are more disordered than in the bulk solvent, 

Hiis area of disorder is roughly larger the larger the 

ion. (See fig.3.1.) 

Only Li"̂  and among the univalent ions have a 

net order producing effect. 

Hiis behaviour- is found only with water, 'Ihe 

large entropy loss upon transferring an ion from water 

to methanol is due to the change from a net structure 

breaking influence to a completely order producing 

influence. 

(iii) Partial Molal Volumes. 

Laidler's treatment of ionic volumes^ has been 

considered earlier (p.12.), The contraction of the 

solvent caused by the dissolution of ions is greater 

in methanol than in water, but this is probably due 

mainly to the greater compressibility of methanol. 

(d) Dynamic Meth ods. 

'The results of these methods have been recently 

r e v i e w e d . T h e y have mainly been used to evaluate 
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the number of water molecules wliidi actually move with 

the ion, the so-called hydration number, 

(i) Ionic Mobilities 

It was pointed out as long ago as 1915^^^ that 

the mobilities of the alkali cations (Li* = $8.7,Ea"^ = 

50.1, K""" = Kb" = 77.8) increase as the ionic 

radius increases, which is the opposite of #iat one 

would expect. This can be qualitatively accounted for 

by assuming that the hydration of the cation decreases 

along the series, but it is difficult to interpret 

this quantitatively in terms of a definite .hydration 

number. 'Biis is because in order to obtain such a 

value the hydration number for one ion must be assumed. 

(ii) Salting out of non-electrolytesr 

GDhe method of salting-out of non-electrolytes by 

added electrolytes always leads to an unequivocal order 

of hydration numbers for the monovalent cations but 

there is considerable disagreement over the actual 

values. This is again due to the fact that the 

hydration number for one ion must be assumed and that 

the basic assumption of the method, that the added non-

electrolyte is inert, is invalid.Consequently, the 

values obtained depend upon the particular non-

electrolyte used. 

(iii) Application of Stokes' Law. 

Another method is based on the principle that if 



the size of the solvated ion could he determined, it 

should be possible to calculate the number of water 

molecules contained in it. By assuming that Stokes 

Law is valid for the motion of ions, the radius of the 

hydrated ion can be obtained directly from values of 

the limiting equivalent conductivities. 

?or ions intrinsically large and of lew. .surf ace 

charge (e.g., I'ffit̂ ) this assumption has been confirmed, 

as the product (where is the ionic mobility 

and the viscosity of water) is reasonably constant 

both over a range of temperatures and in a variety of 
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solvents. Amis et al ' have attempted to use this 

constancy of ° to obtain information upon the 

solvation of halide ions in mixed solvents* By using 

a salt such as tectra-ethylammonium bromide any 

variation in the constancy of ° can be ascribed to 

changes in the solvation of the halide ions, Hhey 

concluded that bromide ions were highly solvated but 

appeared to lose some of their exterior solvent sheaths 
1 OR 

on raising the temperature. Strehlow and Koepp have 

attempted to obtain a meas'ore of preferential solvation 

of silver nitrate in water/methyl cyanide mixture by a 

method based on that of Hittorf, 

Table $.2. is a brief summary of the vgr-ious 

hydration numbers that have been estimated by different 

methods. 
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Table $.2, Estimated Hydration Numbers 

Method 

Ion 

Mobilities Diffusion Activities Compressibilities 

Li"̂  5 3 3 4 

4- 1 2 5 

E+ 4 1 1 5 

Mg++ 12 — 5 12 

Oa*+ 10 - 4 10 

•15 
8 18^ 

— - 2 4 

01" 4 0 1 2 

Br" 2 1 1 1 

I" 1 1 1 1 

^ Value for Pr*** 

C e) Pbys i cal Me th ods. 

These methods consist of comparing iiie properties 

of a given electrolytic solution with those of pure 

water under the same conditions. It might be expected 

that the presence of ions would cause a partial 

breakdown of the structure of water similar to the 

breakdown found on raising the temperature. 

is the case has been shown by X-ray scattering,' 

That this 

109 

dielectric absorption,infra-red absorption^^^ and 

s elf-diffusi on 
112 studies. 
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(i) Dielectric constant measnz-ements. 

'The static dielectric constant £s falls on the 

115 

addition of electrolytes. OSiis decrease is linear 

up to a concentration of ahoat 2N, above which ..the 

effect is less rmrked. A corresponding fall in the 

relaxation wavelength As is observed. The depressions 

a£^s and aAs.ojto both influenced by temper iture. e.g. 

2 . 0 N NaGl solution 

increased by caj_ 10% for 40°C rise 
decreased " " '' '' '' " 

Since what is happening to the dipoles in these 

solutions is by no me.ms clear-cut there can be no 

auttiorative explanation of these results. Hasted.et 
113 

al. have put forward a qualitative interpretation in 

which it is assumed that the fall in dielectric 

constant is caused by a. removal of water dipoles from 

the bulk of the solvent by the ion. These water dipoles 

surrounding the ion are supposed to be incapable of 

contributing to the mej.sureda.^ due to their firm 

orientation .around the ion. It was assumed that this 

orientation was of the form: 

H 
/ 

cation 0 or anion H — 0 — H 

the configuration being based on the work of Everett 

114 
and Coulson. The orientation around the anion still 
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allows a certain degree of freedom so on this model 

should be greater for cations than anions. 

Despite this assumption, and its use to obtain, a 

division of the measured A6^ of each salt, the value 

of A Eg for the iodide ion is large. It was therefore 

tentatively proposed that the orientation around this 

onion might be: 

H 

I" "^0 

h / 

Hhey explained the increase with rise in 

temperature in terms of the increase of short ronge 

order around an ion ojs the water structure breaks down. 

A similar explanation is put forward for the decrease 

in relaxation wavelength with concentration and 

temperature. 

These authors have calculated the dielectric 

constant of water as a function of distance from a 

point charge, using two different models, one proposed 

by Onsager and the other proposed by Kirkwood, and they 

find that for a cation the dielectric constant retains 
o 

its bulk value up to 4-A from the ion and then falls 
o 

sharply to a value of £a. 4 at 2A. ?or on anion they 

find no such dielectric saturation and contend that the 
< 

first shell of molecules around an anion have greater 

rotational freedom than the shell around a cation. 
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Robinson and Stokes^^^ suggest that it seems equally 

likely that the difference in dielectric saturation 

round anions ond cations is merely a matter of ionic 

size. 

Similar experiments have been made using methanol 

116 

as solvent, an even more pronounced lowering of the 

dielectric constant being obtained, but no explanation 

has been made for this. 

(ii) Nuclear Magnetic Resonance Studies 

Nuclear magnetic resonance frequencies depend 

upon the electonic environment of..-th-e. nucleus.-ilae,-to 

the magnetic shielding by the electron cloud. The 

electronic distribution around a given nucleus can be 

changed by external forces. The molecule is thus 

perturbed with the result that the resonance frequency 

is shifted, Electrolytic solutions c:m be studies by 

observing the shift of the resonance frequency of a 

certain cation or rnion, e.g., ^^^Cs or or of 

the water protons," ° with dim gin g conditions. 

The way ions shift the resonance frequencies of 

protons in water has been interpreted as the resultant 

of two effects, (a) breakdown of the H-bonded network 

of the water molecules c \using increased shielding of 

the proton nucleus and (b) polarisations of the medium, 

such as orientation around an ion, causing a decrease 

in shielding. In terms of this very simple analysis 
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experimental results show that: 

(i) For uni-univalent salts (a) is predominent. 

(ii) Concentration dependence of shift for these s' lt:j 

is linenj? u.p to about 4-M, i.e., the influence of 

the ions cannot extend very f b e y o n d the first 

solvent shell. 

(iii) Negative ions always have ,the largest effect 

upon the proton resonance. 

More recent observations upon the chemical shifts 

of the fluorine nuclear resonance for fluoride ion in a 

variety of environments have shown that the shift 

varies linearly with Jo of mole fraction of added 

organic solvent and is dependent upon the nature ond 

concentration of added c tions and •anions. However, 

the caesium nude rj? resonance frequency was found to 

be insensitive to solvent variations, and it was 

concluded that the large linear chemical shifts 

observed on addition of other electrolytes were almost 

completely due to the anions. 

However, until the theory of nude-•t magnetic 

resonance is more thoroughly understood, speculation 

must play a fair part in interpreting the observed 

results, 

(iii) Infra-Red Spectra 

Waldron^^^ has recently studied the influence of 

metal h-alide salts upon the infra-red spectrum of water 
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Both the 0-H stretching -aid bending frequencies are 

shifted strongly by -nions but are unaffected by 

cations. The magnitudes of these shifts have been 

correlated with the heats of hydration of the ions. 

These results are interpreted in terms of the water 

molecule being orientated with its hydrogen atoms 

pointing towards the anion. 

(iv) X-ray Studies 

120 

Brady and Krause.. have recently me asur^d..the 

diffraction patterns of concentrated potassium 

hydroxide and potassium chloride solutions. They 

suggest that in potassium hydroxide solutions K"*", 

being approximately the size of a water molecule, 

enters substitutionally into the pseudostructure of 

water without app-r-ently modifying it: they also 

estimate that it has a hydation number of 4. The 

chloride ion is interpreted as disrupting the water 
121 

structure; a later paper by Brady quotes a hydration 

number of 8 - 9 for it. The hydroxide ion is given a 

hydration number of 5. 

(v) Ultraviolet Spectroscopy. 

A Isjrge number of ions nnd reactions between ions 

and/or molecules have been investigated by ultraviolet 

spectroscopy. A fair proportion of the papers 

published include a tentative explanation of the sort 

of solvation that is thought to occur in the systems 



studied. Amongst the publications which appeej,' to 

make a definite contribution to ionic solvation are 

24-
those of Platzman and Frcjick (and the extension of 

- X'C 

their "contina'jm" model by Stein and I'reinin -̂ ) and 

those of Smith acid Symons?^'^^ These papers have been 

discussed in Gliapter One from the viewpoint of the 

migration of the electron in C.T.T.S. spectra. QIhe 

implic vbions of the "continuum" and "square well" 

models to ionic solvation C?JI now be mentioned. 

Both models assume thit when an anion, the iodide 

ion being the one discussed in particular, absorbs a 

photon of energy h such that one of the six outer 

electrons moves to an excited orbital, that orbit\1 

is centro-symmetric rxound the iodine atom which, it 

is postulated, is then formed, I'heir basic difference 

is that whereas the "continuum" model requires the 

solvent to have the value of the bulk dielectric 

constant right up to the anion (even thou^ the anion 

is supposed to have an order producing effect upon the 

surrounding solvent molecules), the "square well" model 

requires the adjacent water molecules to be orientated 

with their protons pointing towards the ĵiion and the 

dielectric constojit of the medium does not come into 

the calculations made. 

In view of the earlier discussion, it would seem 

that the "square well" model has more to recommend it 
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in til the maximum penetration of the excited electron 
o 

is assumed to be ^ 4A which thus indicates that it 

would spend much of its time on the orientated water 

protons, which would have a considerable charge. In 

t&ie "continuum" model, the excited electron is assumed 

to be bonded solely by an. effective positive GhDJ?ge at 

the centre of the cavity, and no account is taken of 

the presence of orientated solvent molecules. The mean 
_ o 

radius E of this orbital is calculated to be $.8A. 

'This implies that the electron spends a not 

inconsiderable proportion of its life-time on the lone 

pair electrons of the orientated water molecules, a 

position of relatively high electron density. 'This is 

not a very acceptable physical concept. Although Stein 

and Treinin's modification of Pl-itzman .and Jj'ronck's model 

gives them a "spectrescopically significant radius" r^^, 

only about 1.27 the radius of the anion (which is then 

related to partial ionic molar volumes), the problem is 

still not overcome. 

'Bie extension of the "square well" model to other 

solvents leads Smith and Symons^^ to suggest that ttie 

orientation of alcohols around the anion would be such 

that the proton attached to the oxygen atom of the 

alcohol would be in the periphery of the cavity around 

the anion, and th-t the three protons in ammonia and 

methyl cyanide would all point towards the anion. They 
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anticipate this on the grounds that they would expect 

lone pair orbitals, non-polar groups, and GN groups to 

orientate themselves away from the anion. They 

suggested that the slight deviations found with ethyl 

cyanide might arise because of steric interactions-

between bulky methyl groups. Thus as the number of 

"points of attachment" between the anion and solvent 

molecule increases, the radius of the cavity would be 

expected to increase. Their results, as interpreted 

on the simple "square well" model, are in accord with 

this view. (see Fig. 1.30 
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CHAPTER FOUR 

Ionic Association. 

When ions of opposite sign are close together, 

as undoubtedly will be the case in certain situations, 

there will be some association between the ions, OJhe 

energy of their mutual electrical attraction may be 

considerably greater than their thermal energy and any 

ion-solvent interactions, so that they form a virtually 

new entity in the solution, of sufficient stability to 

persist through a number of Collisions with solvent 

molecules. In the case of a symmetrical electrolyte, 

such ion-pairs will have no net chsT.ge, though they 

should have a large dipole moment. Ihey will therefore 

make no contribution to the electrical conductivity, 

while their thermodynamic effects will be those of 

removing a certain number of ions from the solution 

and replacing them by half the number of dipolar 

"molecules". With unsymmetrical electrolytes the 

position will be more complicated, since the simplest 

and most probable type of ionic association, that of 

involving only two particles, will result in the 

appearance of a new ionic species of a charge type not 

previously present; this would contribute to the 

conductivity, though less thrzi would its constituent 

ions in a free state. In such cases further association 

to form neutral species may also be reasonably expected. 
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(a) Definitions. 

We are immediately confronted with the question: 

#ien can two nei^bcuring ions be termed an ion-pair? 

We shall proceed by describing briefly the various 

concepts of ionic association. 

(i) As given by Bjerrum. 

122 

Bjerrum evolved the idea that the average 

effects of ion-pair formation msy be calculated on the 

basis that all oppositely charged ions within a 

certain distance of one another are ''associated" into 

ion-pairs, though in reality a inomentaxily fast-moving 

ion "Illicit come within ttiis distance of another and pass 

by without forming a pair. He proposed that this 

critical distance, usually denoted by , should be 

chosen as: 

2&kT 

'Ihis is seen to be the distance at which the mutual 

electrical potential energy of the two ions: 

is equal to 2kT. It is possible to show the reason for 

this particular choice from a consideration of the 

Poisson-Boltzmann equation. If a graph is plotted 
o 

for the number of ions in a shell O.IA thick at a 

distance r from a central ion (the calculation, being 

made for the ions in the shell being of opposite charge 

to the ionic charge of the central ion) against the 
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number of ions present in an aqueous solution of a 

1 ; 1 electrolyte %t 25°, a curve is obtained, with a 
0 

minimijim 3.57A from the central ion. Ihus for ions of 

opposite charge, if the clistimce of closest approach 
o 
A or more, it is assumed, that there will 

'̂ 1 is 5.57 

"be no ion-pairs. If the ions c \n approach closer than 

this, Bjerrum would, regard those within the sphere of 
o 
A as "undissociated" ion-pairs. It 

^ ^ 2 
radius 3.57 

is to the ions outside that the Debye-Huckel theory is 

to be applied. 

Since Bjerrum's first publication on this subject 

innumer-ible papers have appeared, many of them showing 

rem.arkable agreement with the theory, others criticising 

or seeking to extend or modify it. The basic theory 

is still in current use -nd the subject of much 

discussion. (For example, Guggenheim. ^). 

(ii) As given by Puoss. 

Recently Fuoss has claimed to have shown that 

the theory of the conductance of symmetrical electrolytes 

is no?/ substaatially complete. In the past he has 

mathematically analysed various models and has now 

reached the conclusion that the following precepts 

should be observed: 

(1) That the ions should b)e treated as hard spheres 

occupying space. 

(2) Only when two ions of opposite charge ere in 
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contact are they to be treated as ion-pairs. 

(3) The length of tine that the two ions remain in 

contact is entirely dependent upon their 

electrostatic and kinetic properties. 

(4) During the time of contact neither ion can 

contribute to transport of charge, and neither ion 

is to be counted as a member of the atmosphere of 

other ions because the pair present only a dipole 

field to distant ions. 

(5) All ions not in contact are counted as free ions. 

(6) A continuum represents the solvent, 

•The recent book published on this theory by 
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Puoss and Accascina has been criticised by 

Buckingham 7/ho feels, in pccrticular, that the 

authors have insufficiently emphasized the complexity 

of interacting ions ond solvent molecules, in their 

approach. 

(iii) As given by Winstein. 
127 

Winstein /ind co-workers have recently studied 

solvolytic reactions of alkyl halides in the presence 

of added salts and have explained their results in 

terms of the following scheme. 
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6+ %-

EX R X ^ R+X" ^ R+ X" ^ R+ + z" 

Alkyl transibion "Intimite solvent dissociated 

Halide st^te ion-pair" separated ions 

ion-pair 

-From their results they c a l c u l a t e d T - values which 

are a measure of the " i o n - s o l v a t i n g power of solvents." 
128 

Eos owe r , "by an entirely different approach, has 

also obtained a measure of ion-solvating power, v/hich 

he calls Z-values. He has shown that there is a linear 

relationship between Einstein's Y - values and his 

Z - values. The Z - values are obtained by measuring 

the optical absorption band that appe-̂ rs in concentrated 

solutions of 1-ethyl-4—caj?bomethoxypyridinium iodide in 

mrious solvents, the energy of the transition being 

the numerical Z - value. 'Bie transition must arise 

from the transference .:f charge from an iodide ion tr 

a pyridinium ring va.th which it is in contact, thus 

forming a neutral molecule. By the Fremck-Condon 

Principle this molecule c m have no effect upon the 

surrounding orientated solvent molecules and hence the 

energy of the transition is a measure of the ability 

of the solvent to solvate the ion-pair, 

(b) Spectrophotometrie Investigations. 

In principle, it should be possible, by a 

spectrophotometrie study, to decide when .m ion 
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receives or donates electronic charge to one specific 

adjacent ion of opposite p o l a r i t y by the appearance of 

a new band. 'Biere are, however, differences of 

opinion as to the worth of spectrophotometric methods 

in the study of ion-pair formation. These differences 

arise beceuse, at times, insufficient attention is 

given to the nature of the electronic transitions 

involved. It has often been concluded that the spectra 

of ion-pairs 3J?e identical to those of the free ionsf^*^^^ 

Hhis may well be true for certain intra-molecular 
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transitions of either cations or anions,^ but as a 

generalisation it is quite false. . . 

On the other extreme, a change in optical density 

at an arbitrary wavelength with change in the ionic 

strength of a solution is sometimes attributed to ion-

pair formation, even thou^ no attempt has been made 

to decide whether this change is caused by the growth 

and decay of bands, or simply the shift or broadening 

152 153 

of a band. ' Since the location of absorption 

bands may be very sensitive to environmental changes^ 

there can be little justification in such an arbitrary 

assignment. A further objection to this approach is 

that the electrolytes used are often known to form 

cowalent complexes quite readily, and therefore the 

changes studied could equally well be due to complex 

formation. 
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CHAPTER FIVE 

Scope of Present Work. 

'The scope of the present work has been, in the 

main, threefold: 

(1) To test the crude "square well model" approach of 

Smith and Symons under as many extreme conditions 

as possible. 

(2) To attempt to find conditions such that solvated 

ions and ion-pairs could be identified together, 

spectroscopically, in solution by having one band rise 

as another band falls as the concentration of free ions 

and ion-psirs varies. 

(5 ) To examine solutions of zinc, cadmium, and mercury 

halides alone, and in the presence of added electrolytes 

with a common ion, in an attempt to see whether or not 

all the complexes postulated in the literature can be 

identified by spectroscopy and possibly to investigate 

any ion-solvent interaction. An initial survey of the 

literature revealed that a considerable amount of the 

data required had a l ready been obtained. However, 

their significance to the present problem appears to 

have been overlooked. These results will therefore be 

presented together with the experimental results 

o b t a i n e d during this study. 
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GHAEDER SIX 

Experimental Procedure. 

(a) Spectrophotometrie Measurements. 

All measurements were ma.de on a Unicam S.P.^OO 

spectrophotometer, which had been specially selected 

by the makers because of its outstanding response in 

the 190-200 niji region. The normal photocell, however, 

was replaced by a photomultiolier, 7/hich was the 

S.Z.G.5OO Model manufactured by Frazisimsmessgerate 

ESV, of Icking, Oberbayern, Germany, which incorporated 

a 1. P. 28 photomultiplier tube. 'Ihis resulted in a much 

greater sensitivity of the instrument than would 

normally be expected in the 200 region. Also, 

slit-widths of around 0.1.mm. could be used and all 

results obtained in this region were reproducible to 

a high degree of accuracy. 

Che normal procedures for accuracy were observed; 

(i) Care was taken to ensure that the hydrogen arc 

lamps were always in the optimum position and that 

they were replaced when their intensity in the 200 mji 

region began to diminish, 

(ii) Calibration of the wavelength drum was periodically 

checked by 

(a) Using the visible lines of the lamp and (b) 

comparing the instrumental results for the peak position 

of potassium iodide, periodate and permanganate with 

the authentic values. 



(iii) 'The transmission calibration was accepted as 

being correct in the region of optical density between 

0.1 and 1.0 since Beer's law was obeyed in this range 

by solutions of potassium chromate in water. 

1.0 cm., 0.5 cm. and 0.1 cm. fused silica cells 

were defined by washing thoroughly with water, rinsing 

in HJ?/teepol/HNO^ mixture, rewashing with water, 

rinsing in pure ethanol and then steaming with 

purified water. For anhydrous solvents the cells were 

dried by rinsing in pure methanol and then warmed with 

a stream of hot air from a hair drier while passing a 

cijirrent of dry nitrogen through the cell, \ttien a cell 

path length of 0.01 cm. was required 0.09 cm. quartz 

spacers were inserted into the 0.1 cm. cells. 

'Bie optical density of the solutions was kept in 

the range 0.2 to 0.6 and, if the blank had an 

appreciable absorption, the concentration of the 

species in solution and the cell path length were 

chosen so that the combined optical density of solvent 

and species was less then unity. However, the 

photomultiplier still appeared to be quite sensitive 

up to regions of total optical density 1,5 but any 

peaks observed in this region were not relied upon, 

and only the trend of the spectral curve was noted, 

The following procedures were used: 

(i) Solvent was placed in cells I and II (I and II 
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being matched cells) and the optical density measured. 

If the optical density was greater than -0.01 the cells 

were recleaned until this was not the case, She 

solution was then placed in cell II and the spectrum 

measured. Solution was then placed in cell I and the 

blank in cell II and the spectrum again measured. The 

mean of the measured optical densities was taken as the 

true optical density. 

(ii) Solvent was placed in the cell and the spectrum of 

solvent and cell measured against air; the solvent was 

then replaced by solution and the spectrum again 

measured. The difference between the two values (at the 

same wavelength) was taken as the true optical density. 

Readings were always made at sufficiently close 

intervals such that an accurate spectral curve could be 

drawn. The readings obtained were plotted against either 

wavelength or frequency (cm,"^) and the position of 

maximum, absorption was found from the graph by the 

method of rectilinear diameters. (see Fig. 7.1.) 

(b) Temperature Control. 

The Unicam 3.P.570 Constant Temperature cell Housing 

was used for temperature studies. For low temperature 

work a new cell compartment was constructed, from the 

lid of which was suspended the cell thermostat^^^ This 
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thermostat, which consisted of a perspex hoz into 

which the cells were clamped, was only for 1,0 cm, 

cells. 'The cells were thus actually immersed in the 

circulating fluid, which e n a b l e d rapid and stable 

thermal equilibrium to be attained. 

Water was circulated through the thermostated 

cell housing by means of a small pump from either a 

thermostat maintained at the required termperature 

within "0.1^0, or a large Dewrj? flask containing water 

and ice. ?or temperatures below 0°C. a Towns on and 

Mercer Low Temperature Thermostat was utilised and 

pet. ether was circulated by the small pump via lagged 

tubing. 

(c) Technique for Low Temperature Meuremeaits. 

The cell compartment was flushed out for at least 

one ho'jr prior to measurement with th/ roughly dry 

nitrogen (5 conc. Eg80^ traps and one liq. Og trap). 

If the solvent to be investigated was liquid at room 

temperatures, normal procedures were then followed, the 

filled cells being placed into position and the coolant 

passed through the cell housing. However, in the special 

case of liquid ammonia the following technique had to be 

adopted. 

(i) After dry nitrogen had been passed through the cell 

compartment for one hour, a plastic bag with an 

elasticated top, which had previously been dried in a 
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dessic3.tor, was placed around, the cell thermostat such 

that the stoppers of the cells were accessible. After 

replacing in the cell housing, dry nitrogen was again 

passed for half an hour. 

(ii) Coolant was then passed, throu^ the cell housing 

until a temperature in the housing of -40°C. was reached-. 

(iii) •'The cell thermostat was then removed and rapidly 

filled with solvent and. solution from pre-cooled 

pipettes. 

(iv) The plastic bag was then rapidly removed and the 

cell t h e r m o s t i t quickly returned to the housing in 

order to prevent misting up of the cell windows. 

(v) Temperature equilibrium was assumed to have been 

reached when the optical density remained steady at a 

cert: :.in wave 1 en gth . 

(vi) The mean of the temperatures of the coolant before 

and. after passing throuf̂ h the cell thermostat was taken 

as that of the thermostat : the difference was never 

more tĥ ji 5°c. 

(d) Purification of Solutes. 

Inorganic salts used were of A.R. quality, when 

ob t ai nab 1 e , and we re us ual ly r e crys t -.1 lised from 

purified water end dried at 110°C for 2 hours or under 

vacuum in a thermos tatted drying-pistol. Lithium, iodide 

was dissolved in A.E. acetone on a vacuum-line; 

anhydrous calcium sulphate was added and it was left 
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to stand overnight. After filtration, the acetone was 

pumped off and the lithium iodide was then further 

dried in a drying pistol at 150°C, and stored over 

PgO^. Zinc perchlorate was prepared by addition of 

A.E, zinc oxide to A.R. 72% perchloric acid until there 

was a slight excess of the oxide. After filtration 

and heating until white fumes were evolved, white 

anhydrous zinc perchlor ite was obt.ained. Cadmium 

perchlorate was obtained in a similar manner as 

colourless crystals which were not completely dehydrated 

since they decomposed on strong heating. 

Tectra-nj-butylaimaonium iodide was purified by 

recrystallising several times from acetone and drying 

under vacuum. Found m.p. 146.5° (lit.1^5°) Tectra-n-

propyl and tectra-ethylaimnonium iodides were purified 

in a similar manner. Found m.p.271° and 180° 

respectively. (lit. — . and 181° ). 'lectra-n-

butylammonium perchlorate was prepared by mixing 

solutions in acetone of a slight excess of an equivalent 

of tectra-n-butylammonium iodide with an equivalent of 

silver perchlorate. 2he mixture was refluxed, filtered 

hot three times and the acetone removed under vacuum. 

The resulting salt was recrystallised four times from 

pure n-butanol and dried under h i ^ vacuum. Found 

m.p. 207-8° (lit. 203-4°). 
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(e) Purification of Solvents. 

All w a t e r used w:is purified by double distillation 

from alkaline permanganate under oxygen-free nitrogen. 

Care was taken with all other solvents to ensure that 

they were .anhydrous. However, if solvents were 

available in spectrograde quality, the results 

obtained on using them before and after drying with 

calcium sulphate or calcium h y d r i d e were compared and, 

if found to be identical, the solvent was assumed to 

be anhydrous and used ns such. ®ie following solvents 

were treated in this manner. 

Methanol B.D.H, Special for Spectroscopy) 

isp - Propanol ) 

Ethyl acetate C n ?? ) 

Carbon Tectrachloride f tf ?? u 
/ 

Chloroform C iv u u ) 

Diethyl ether f V u u ) 

n - Hexene C u n ) 

cyclo - Hesane ( n n ) 

n-Butanol c Specially purified for th 

de termination of 17~ketoste 

Methyl cyanide (Eastman Kodak G o . Spectrograde 

Methyl formate ( u H 

iso - Octane ( Si U 

Dichlorometn;me ( " Si 1? 

IT-iT-dime thy If '::ma'"ii;̂.o ( " n 

cyclo-Hex'i: one ( H . & W, Purified,, l.ovr in cyclo-
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Other solvents were purified "by the following 

techniques; 

Benzene (B.D.H. quality) was distilled from 

phosphorus pentoxide after standing for several weeks. 

Dioxan (B.D.H. 'A.R,' quality) was refluxed with fused 

stannous chloride, fractionated, and then refluxed over 

sodium prior to final fractionation, a 50 cm. Vigreaux 

column being used. However, .?n equally effective 

method for removing peroxides was found to "be that of 

refluxing for several hours over calcium hydride followed 

by direct distillation into a stoppered flask. 

Aniiydrous l:5-dioxolane (kindly donated by Brother ton 

Ltd.) was freed from peroxides by fractionation alone^^^ 

Acetone (B.D.H. 'A.R.' quality) was refluxed over and 
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distilled from calcium sulphate or distilled from 

and over phosphorus pentoxide, both methods always 

giving identical spectral results. 

1:2-dimethoxyethane (Eastmrn Eod?.k Co.), dimethyl 

sulphoxide (B.D.H.) and tectrahydrofuran (B.D.H.) were 

dried with calcium sulphate or sodium wire and 

fractionated, when necessary, up a 50 cm. Vigreaux 

colijmn, 

0.880 ammonia solution (M & .B quality:.) .w.as„ujâ (i 

as suda. 

Anhydrous ammonia was prepared from 'a.E.' squoouc 

ammonia by condensation under vacuum on to sodium 
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hydroxide pellets, followed by condensation on to 

purified metallic sodium. Ammonia was distilled from 

the resulting blue solution as required. 

The ultraviolet cut-off was determined for these 

solvents and is shown in Table 6.1. 

Table 6.1. 

Limits of transparency of solvents in 

Solvent Cell length when optical density 

against air is 1.0. 

1 cm. 0.1cm. 0.01 cm. 

Methanol 210 

iso-propanol 210 190 

Ethyl acetate 254 24-9 

Carbon tectrachloride 265 24-8 24-5 

Obloroform 245 2$5 22? 

Diethyl ether 200 

n-Hexane 210 

cyclo-Iiexane 210 

n-Butanol 212 

Methyl cyanide 220 . 

Methyl formate 258 

iso- Oct,one 215 

Dichloromethojie 2^1 212 

cy el o-H c xv? i one 310 and 

24-1-265 

Benzene 282 280 278 

Diox-Ji 24-0 215 210 
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UsN-dimetliylformamide 268 

li5-dioxolane 200 

Acetone 330 300 and 

205-265 

Is 2-dime til oxy ethane 215 205 

Dimethyl salphoxide 24-2 

Te ctra-hydr of ur on 208 

0.880 ammonia 222 

Liquid ammonia ca. 24-0 

(f) Prepar ition of Solutions 

(i) Aqueous Solutions. 

Aqueous solutions were prepared by dilution of 

a stock solution obtained from a linoim wei^t of the 

salt (micro- or semi-micro balance) made up to a known 

volume5 occasionally solutions were made up such that 

dilution was not necessary, 

(ii) Non-aqueous solutions. 

The latter procedure mentioned above was generally 

used since most salts were sparingly soluble. In some 

instances, e. g. , tectra-n-butylamm.onium iodide in 

carbon tectrachloride, the mixture had to be allowed to 

stind in the dark for several doys with occasional 

shaking and the solution obtained by pipetting carefully 

from the surface of the liquid. At times, solute and 

solvent were refluxed together in the dark for 24- hours 

<ond pipetted hot into cells already heated to 4-0°C. in 

the cell housing in order to prevent loss of solute by 
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re crystallisation, (E.g., t e c t r a-n-b u tyl anm oni im 

iodide in benzene.) In some solutions containing 

iodide, was occasionally formed (detectable by its 

characteristic absorption spectrum). It was removed 

by adding small amounts of anhydrous .ammonium Hiio-

sulphate and leaving for times varying from a few hours 

to a week until the spectrum of I^ was completely lost. 

Addition of calcium hydride was l^ter found to be a 

somewhat quicker method for removing I^. 

(iii) Mixed Solutions. 

Identical concentrations of iodide in. solvents 

A and B were prepared by weighing. A kncwn volume of 

A was added from a burette to a weighed graduated flask. 

After reweighing, solution B was run in from another 

burette up to the calibrati j.g_..mark..£Che solution .v/as 

weighed again end the mole-fraction of solvent 

calculated from the recorded wei^ats. Exactly the same 

volumes of pure solvents A and B were placed in another 

flask and the mixture used in the reference cell. By 

this method identical concentr itions of iodide were 

obtained in ill the various mixtures studied. In the 

case when iodide was insoluble in one of the solvents, 

a stock solution of the other solvent was diluted, 

prior to the addition of that solvent, such that, in 

the final solutions, the concentration of iodide was 

always approximately the s aae. Care w?^ always taken 
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to ensure that the solvent composition was the same in 

both cells, since sligtit differences c m lead to an 

apparent shift of the peak if the solvent has a rising 

absorption in the wavelength region concerned, 

(g) Diffuse Reflectance Spectra of Fowdered Salts^^ 

(i) Theory. 

The absorption spectra arise because multiple 

reflections of the incident light are accompanied by-

limited transmittance, They are measured by collecting 

monochromated light diffusely reflected from the 

powdered solid vfith a toroidal mirror which focuses 

the light on to the detector. 'This is compared with 

light reflected from a reference surface. The use of a 

photonultiplier as a detector is essential in the 

ultraviolet region in order to obtnin good 

reproducibility coupled with h i ^ sensitivity, 

(ii) Method, 

Magnesium carbonate is generally used as a 

comparison surface. However, lithium fluoride was 

found to reflect between 10 and 20% more of the incident 

li^t, nnd this figure increased rapidly on going below 

240 n^. Experiments have been made with other 

reference surf ices, e.g., various filter-papers, but it. 

has always been found th:t lithium fluoride is superior. 

Using lithi'jjn fluoride, readings have been obtained 

which appear to be reliable down to 210 
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Specimens, together with litiiium fluoride 

dilaent, were ground with gn agate pestle and mortar 

to a homogeneous fine powder. 'Bie relative amounts of 

lithium fluoride required depended upon the need to 

keep the final optical density below 0.6. When these 

precautions were not token, spurious peaks and spurious 

broadening sometimes occured. After grinding, the 

powder was immediately spread on the metal dish of 

the attachment to give a flat compact surface comparable 

with that of the reference surface, (Small differences 

in optical density in regions where no bends occur were 

uue to differences in spreading, which are unavoidable.) 

For hygroscopic salts it was some times necessary 

to carry out the above operations in a dry-box. To 

avoid subsequent contact with water vapour the bottom 

of the specimen try was sometimes covered with silica 

gel. 

When spectra of compounds with high extinction 

coefficients were measured in the ultraviolet region, 

even undiluted specimens did not appear to be optically 

black and it was sometimes possible to describe peaks 

which subsequently were found to be spurious. Such . 

peaks had an optical density greater than 0,8 and did 

not decrease on initial dilution, 'Hie procedure, 

therefore, was to dilute until further dilution 

resulted in the expected decrease in optical densitjy. 



Peaks th?.t could be reproduced v/itli differing dilutions 

of the compound with lithiura fluoride (normally b@tj;oe=. 

1:5 and 1:1$ by volume) were regarded as real and all 

others as spurious. However, when compounds with 

forbidden transitions were being studied, dilution was 

found to be undesirable, 

A constant slit-width was used when each spectrur. 

was being measured, the actual choice was made such 

that the instrument w.\s as sensitive as possible in 

the wavelength region to be investigated. In the near 

ultraviolet and visible regions slit-widths as small as 

0.1 mm. could be used and in the 220 ny. region slits of 

greater than 0=.6 mm. were not necessary. Ihe spectra 

were reproducible wh-en -plotted- at-dif-f erent sllt-^widtr c 

(h) Mathematical Analysis of Spectra. 

Since all the spectra observed had no fine 

structure it is reasonable to assume that the optical 

absorption in the ultraviolet region is due entirely 

to the movement of aji electron from a ground into an 

excited state orbit3.1 which has no discrete vibrational 

quantum levels, 

•Ihe spectra are thus a Gaussian distribution of 

energies and should approximate to a Gaussian Error 

curve of the general formula 

y = Ae-*(%"b)2 

where A is the peak height, (X is dependent on the 
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width of the carve and b is the peat position. 

Accordingly, a Pegasus Digital Oonputor was very kindly 

programmed by Mr, R. Leonard of . the Department of Civil 

Engineering to investigate this. Initial investigations 

showed that results of a h i ^ order of accuracy were 

required by the computer, especially in the case of 

spectra where it was impossible to observe peak 

positions, e.g., aqueous bromide solutions. 'The 

following procedure was thus adopted for bromide solu-

tions % 

(i) An approximately 0.1 M solution of KBr was 

prepared and its spectrum taken, at various temperatures 

in the wavelength range such that the optical density 

readings were between 0.5 and 0.2 and at wavelength 

intervals of 0.2 mji. 

(ii) This solution was then diluted 1 : 1 and the 

above procedure repeated. 

(iii) 'The diluted solution was further diluted 1 : 1, 

the above procedure repeated, and so on until readings 

were being obtained at around 205 

(iv) Over one hundred accurate readings were thus 

obtained .and were then scaled according to their 

dilution, 

(v) These were then submitted to the computor, with 

their corresponding frequency, in the order of highest 

optical densities first. The computor then obtained. 



the best Gaussian curve through the subnitted points. 

It then automatically proceeded to leave out the last 

(lowest) point submitted and to fit a Gaussian curve 

to the remainder and so on until there were aloout 

thirty points left, (In future, this procedure will 

be referred to as "tailing".) 

(vi) Ihe e]cperimente.l points were then submitted in 

the reverse order (highest optical density last) and 

procedure (v) repeated, (Known as "topping",) 

(vii) Finally the points were submitted in the order: 

highest optical density obtained; lowest obtained; 

next highest^ next lowest ond so on. (Known as 

"alternate topping and tailing.") 

(viii) 2he result^ obtained from the computor were the 

three constants of the curve, A, cX , and b and, when 

required; points on the computed curve at selected 

intervals in order to plot it on the experimental curve. 

(ix) The peak position of the band (b) was then 

calculated from an average of c i l l the reasonable results 

obtained. A "reasonable" result was obtained by 

inspections it was possible to eliminate certain 

results because, at times, the values for A, c<, and b 

were far from the average and expected values. This 

is because either the last or first of the series of 

points being examined by the computor at any one time 

is inaccurate and consequently, in order to 
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accommodate this point, the Gaussian cirve found by 

the Oomputor has different constants to those found 

previously, Y/hen this inaccurate point is not at or 

near the end of the submitted experimental points but 

near the middle, its effect upon the computed curve 

is negligible. 'Bio above comment only applies when 

the long wavelength edge of a band is being investigated 

and the experimenta.1 points are some way from the peak 

position. 

(s) Procedure (ix) can only be followed when the 

spectrum does not contain a hidden band* When it does, 

and the band is suspected to be the short wavelength 

side of the observed spectrum, the experimental points 

are submitted and only the procedure of"topping" is 

performed. 'The curve constants obtained begin by 

varying greatly and then settle down to a steady value. 

The spectrum can thus be split into two or more bands 

and the position at which the hidden band ceases to 

contribute to the observed spectrum ascertained. 



67 

CHAPTER SEVEN 

Experimental Results. 

(a) Iodide Ion. 

Hie examination of the literature in Chapter One 

has shown that the spectra of solvated iodide ions are 

markedly dependent upon medium and temperature, Eig. 

7.1. shows iodide in water at two different temperatures. 

To examine this dependence more fully four main 

constraints have been placed, when possible, on the 

environment of iodide ions in solution end their effect 

upon the iodide spectrum noted. The constraints are: 

(1) using a variety of pure solvents 

(2) changing the temperature of these solutions 

(3) using mixed solvents 

(4-) adding salts which do not absorb strongly 

in the 220 rap. region, 

(i) Aqueous Solutions. 

Much of the information that might be required 

concerning the effect of the above constraints that 

can be used on aqueous iodide solutions has already 

X5 

been documented. Recently Stein and Treinin^ have 

repeated the work of Smith and Symons^^*^^ end report 

a value for the shift with temperature of the first 

absorption band of aqueous iodide as 53°7 cals/deg., the 

previously recorded figure being 32 cals./deg. As yet 

the second iodide band has not been examined for 



Fig.7.1. opectra of aqueous KI at 4°{1) and 70°(2), 
md showing net hod or*rectilinear diar/.otirs* 
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temperature dependence since its peak position 

(ca. 194- iiyi) cannot be accurately located unless special 

precautions are observed. 

Smith and Symons have reported that the effect 

of adding the electrolytes NaOl, KCl and KF appears to 

produce equal shifts of the iodide spectrum at equal 

concentrations. Private communication with Stein and 

Treinin has led to a re-ezamination of this work since 

they had found a small but definite dependence upon 

the nature of the cation for equal concentrations. 2he 

results found are listed in Table 7.1. and compared 

graphically with those of Smith and Symons in Fig. 7.2. 

It may be seen that the shift of the iodide spectrum 

to the ultraviolet increases approximately with 

increasing cationic size. Although Diamond and 

FroirJiertz have reported that the iodide spectrum is 

independent of the corresponding cation (Li, Na, K, Ga, 

Sr, 3a, Cs) and concentration up to 6.0M, Doucet^^^ on 

the other hand observed that the spectrum was dependent 

upon concentration, the whole band being shifted towards 

the ultraviolet with increase in concentration, but that 

the effect was comparatively small and may be considered 

negligible it concentrations below O.OIM. Since these 

workers had to use extremely thin films at these hi^i 

concentrations their results maybe subject to some 

error. The spectrum of an iodide solution containing 
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a large positive ion, at a concentration of 

7.33 X 10"%^ and between two quartz plates giving an. 

effective cell length of 0.001 cm., has been measured 

and the peak was shifted down to 225.6 a shift of 

0.6 i^.; which is outside the limits of experimental 

error. 

Table 7.1. 

1 20^ 

Comparison of (mji) for iodide in aqueous salt 

solutions of electrolytes with crystallographic cation 

radius (r"̂ ) 

Concentration 

Salt 

m^ci 

NaOl 

KCl 

CsOl 

Et^HGl 

Ba^SO^ 

ZD80 

m 

225.6 

225.4 

225.2 

224.9 

225.8 

m 

225.2 

224.7 

224.5 

225.9-

222.8 

a 

r+(A) 

1.05 

0,98 

1.55 

1 .65 

2 . 2 8 -

4 

BaClg 

a 1.8M 

224,0 

225.8 

b_ Estimated from a model. 

Tn all cases, only negligible changes in band height 

and shape are produced by the addition of salts, 

(ii) Non-aqueous Solutions 

'Zhe results of this study have shown that certain 

solvents were comparable with water on changing 
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environment and temperature, and fitted the empiral 

correlation of Saiitli and These solvents 

are reported in Section (ii) I: the remaining solvents 

investigated, which generally had low dielectric 

constants, are reported in Section (ii) II. 

(l) Good Solvating Solvents 

The position of maximum absorption of iodide in 

these solvents is listed in Table 7.2. 'The results of 

other workers are given in Table 7«3« 

Table 7.2. 

Position of maximum absorption for iodide in various 

solvents. 

Solvent Salt Temp 

MeOH KI,(n--Bu) 20 219. 8 

iso-PrOH EI,(n--Bu) 20 219, 0 

n-BuOH El/n--Bu) ̂NI 20 218, 0 

MeON EI,(n. -Bu) 20 24.5. 8 

Acetone KI,(n--Bu) ̂NI 4- 254. 0 

cvclo-Hexanone (n--Bu) ̂NI 15 259. 5 

Dimethyl sulphoxide KI,(n--Bu) 4NI 26 24-2. 5-

l:5-dioxolane (n--Bu) ̂NI 26 256, 5 

0.880 ammonia %I,(n--Bu) 4NI 20 2$2, 5 

Liquid •ammonia KI -46 254-. 5 

^ e e text. 
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Table 7.$. 

Results of other workers for the position of maximum 

absorption of iodide in vrj?ious solvents. 

Solvent Salt A ^^(mu) Reference 

AleiCMa ]& ,IfsL',]L]L,]%E[̂, Ziic). 1 jPC) 

KEt^ Iodide 

MeOH EI 221.0 140 

n-BuOH KI 218.0 140 

AK€)C)N E;]ya,j%EIq̂  2 4 ^ 4 - . : 2 C ) 

Iodide 

Me (Sir KI 246.1 140 

Acetone EI 248.0 128 

Dimethyl sulphoxide KI 241.7 128 

Liquid ammonia E,Ka,M^ 254.0 55 

Iodide 

It may be observed that the results obtained 

compare well with those in the literature. One reason 

for pjny slight discrepances is that much of the 

published work wr.s performed before the temperature 

dependence of the spectra was realised nnd hence the 

temperature at which these spectra were measured is 

not always reported. 'Two more points require mention; 

(i) Eosowers' value of 2^1.7 for iodide in acetone^^^ 

is lower thon our value. Shis may well be due to traces 

of water in his acetone (cf. ^ig.y.g.) He olso reports 

a value = 9,500; we find&^^x = 14,500. 
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(ii) Tne ultraviolet cut-off for dimethyl sulplioxide 

is 241-5 nyi, depending upon temper -.ture, ?jad hence any 

pe?.k reported in this region miy well be spurious, if 

this limit is ignored, and due to stray light effects. 

It is felt th.at the value obtained here of 242,5 mu is 

128 

spurious, especially since = 10,500 (Kosower 

obtained = 11,000), the usual value obtained for 

iodide ion in solution being 14,000? the peak was also 

not symmetrical. 

(1) Effect of Temper ture. 

It is well established that when a graph of the 

peak position of iodide in energy units is plotted 

against t e m p e r a t u r e ® a straight line 

relationship is found. It was therefore considered 

that for the solvents investigated, five points were 

sufficient to obtain accur ately the slope of the line, 

^maz^^"^' 7«5« shows the results obtained. Fig. 

7.4. ^ ows how th ese ond other so 1 vents compare with 

the correlation of Smith & Symons. w?.s not 

obtained for iodide in cyclo-hezanone because of the 

difficulty of locating the band maximum accurately (cf 

Table 6.1.), nor for dimethyl sulphoxide since the true 

absorption maximum could not be measured. 

(2) Effect of added salts. 

'The low solubility of salts in several of these 

solvents made measurement of spectra in the presence 



- n O -40 + 40 -20 O +^0 
(ies. Centigrade) 

Fig*7.5. Variation of "3 _^K.cal,) for the first band of 
iodide with temperature. 
(l) Ammonia (.:•:) Acetor^ (U ) 1 :£~c'imethoxyethane 

(4) n-BuOa (5) 1:3-dio:-colane (6) Jioxan 
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Fig,7.5. {K.cal.,20®) for the first band of iodide in 

MeOH/HgO solutions against $ mole fraction MeOH. 

G results of Fig. 3 in ref.2§. (Part I) 

_-J~~ solutions containing IM KF. 
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of o,dded electrolyte difficult. (n-Ba)^NI in 

1:5-dioxolane was investigated in the presence of a 

IcjTge excess of (n-Bu)^NOlO^ -n.d the band was shifted 

the expected oniount down to 2$4- ny. 

A study was undertaken of the variation of X-,-̂  

of iodide in methanol/water mixtures containing IM 

potassium fluoride. Pig.7.5. shows a plot of 

against mole fraction methanol. QZhe results of Smith 

nnd Symons^^ are included for methanol/water mixtures. 

It may be seen that the addition of potassium fluoride 

straightens the curve previously obtained. 

(II) Poor Solvating Solvents. 

(1) Pure solvents. 

Values of for (n-Bu)^NI in various solvents 

^ e included in Table 7.4-. Identical values were 

obtained using (n-Pr)^NI and Et^NI in chloroform. 

However, in carbon tectrachloride.,. (n-Pr)^NI gave, a 

band at 258 mji and Et^ITI, after refluxing in the dcj?k 

for a week, gave evidence of a band below 267 nijju (of 

(Sable 6.1.) in general alkali metal iodides were 

insoluble in these solventss however, after prolonged 

shaking in the dirk with dioxen, caesium iodide gave 

a band at 235 lyi : so also did rubidium iodide after 

refluxing in the dark for a week. 2hese bands were 

identical with ttiose obtained from (nr-Bu)^NI and 

(n-Pr)^NI in this solvent. 



74-

Utie solubility of (n-Ba)^NI in hezane, cyclo-hesazie 

and iso-octane, even after prolonged, refluxing, was 

found to be vanishingly small. 2h.e spectra of hot 

solvents all showed a very weak band in the 290 

region together with a rising absorption at lower 

wavelengths comparable with that found for mono-

ethers. (cf Fig.7.6.) However, opticcJL densities 

were less than 0.1 in 1.0 cm. cells. 

The diffuse reflectance spectra of (n-Bu)^NI 

and Et^M"! are given in Fig,7.7* 

Table 7.4-. 

Band maxima of, and effect of temperature on, the 

spectrum of tectra-n-butylammonium iodide in various 

solvents. 

"theoretical" 

Solvent 

(cal./deg.) (cal*/deg.) 

OCl^ 293 0 124 

OgHg 290 ~ - 124 

EtgiO 290 -

Tetra-hydrofuran 290 — - 124 

Dioxan 257 14-5 45 

1; 2-dime thozye th ane 24 5 6 2-5 59 

CHOl^ 240-245 - - 50-60 

OE2OI2 246 - 60 

a Shoulder; hence dB..^^^dT unobtainable but probably zero, 

^ A positive shift occurs, but owing to the breadth of 

this band dJB^^^^dT was not accurately obtainable. 



Fig,7.6. Spectra of (n-Bu)^NI in some poor solvating 

solvents. (1) Benzene (2) Diethyl ether 

(3) Tetrahydrofuran 



Fig.7,7. Diffuse Refleotance Speatra 

(1) (n-Bu)^NI (S) Et^NI 
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(2) Effects of Temperatiore. 

The results foand for the dependence apon 

temperature for the spectra of iodide in these solutions 

are smmarised in Table 7.4-, and the values for dE^^^dT 

are compared with those that would be predicted from the 

correlation of Smith and Syinons. ( c f j'ig.l.J.) 

(5) Mixed Solvents, 

Detailed spectroscopic studies have been made on 

(n-Bu)^NI in the following mixed solvents; carbon 

tectrachloride/chloroform? carbon tectrachloride/ 

methanol? cyclo-hexaiie/igo-propanal^ acetone/dioxan; 

and acetone/water. Of these mixtures only carbon 

tectrachloride/chloroform and carbon tectrachloride/ 

methanol gave any evidence for the rise of one band 

with the diminution of another with change in solvent 

composition (Fig.7.8.) For other mixed solvents, a 

progressive shift of the iodide band was observed 

(Pig.7.9.) quite comparable with the shifts for water/ 

solvent mixtures?^ 'The results of variation of 

with /i mole fraction composition are shown in Pig.7.10. 

Constructed curves have been drawn for mixtures 

containing dioxan, e.g., the spectrum resulting from 

the addition of the iodide bonds in pure dioxan and 

pure acetone in no way resembles any of the spectra 

obtained from any of the dioxan/acetone mixtures. 

(Fig.7.11.) It was established that the bands for all 
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3 

Fig.7,8* Spectra of (n-Bu)^NI in oarbon tetrachloride, 
ohlbroform, and carbon tetrachloride/ehloroform 
mixture. 
(l) Carbon tetrachloride (2) Chloroform 
(3) Carbon tetrachloride/chloroform containing 

90% by volume chloroform. 
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Fig.7,9, Spectra of (n-Bu)^NI in dioxan, aoetone, 

and dioxan/acetone mixture, 
(1) Dioxan (2) oa, 50!̂  Dioxan/aoetone 
(3) Acetone 
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Fig.7,11, Constructed Curves 
(1) Iodide in dioxan 
(2) Iodide in acetone 
(3) Curve resulting fron addition of 

50% (1) to 50^ (2) 
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mixtures except those containing carbon tectracliloride 

and cyclo-hexane could not be reproduced by the 

addition, in various proportions, of the bands 

obtained from iodide in the two components. 

Preliminary investigations into dioxan/iso-'propanol 

and dioxan/methyl cyanide mixtures also agreed with 

these conclusi ons, 

.With dioxan/?/ater mixtures results were obtained 

somewhat different to the above in that the band in 

pure dioxan is very broad relative to that in water, 

and there is a steady increase in the band width in 

the 90% mole fraction dioxan region. (cyclo-hexane/ 

iso-propanol mixtures also showed somewhat similar 

broadening in the 95-99% mole fraction cyclo-hexane 

region.) Pronounced differences were also observed 

in this region for the shifts for (n-Bu)^NI and 

(n-Pr)^ni on the one hand and certain alkali metal 

iodides on the other (Pig.7.10.) Sparing solubility 

made these observations somewhat unreliable except in 

the case of lithium iodide where the trend was 

ultimately reversed, the band diifting to shorter wave-

lengths in pure dioxan. 

(4) Addition of tectra-n^butylammonium perchlorate. 

Iflien (n-Bu)^NClO^ was added to dioxan the 237 mp 

band was shifted to the ultraviolet in the normal way 

(cf Table 7.1.) and a shoulder appeared in the 230 nip 



cv a. 

Fig,7,12, Spectra of {n-Bu)^NI in dioxan 
with excess (n-BuT^ClO^ 

(l) 0,1 cm, cells (2) 1.0 em. cells 
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Fig.7.13, Spectra of (n-Bu)^NI in 1:2-dimethoxyetliane 

(1) in pure solvent 
(2) with some (n-BulaNClO, 
(3) with excess (n-Ba).NCrOA 
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region (Fig.7.12). With 1:2-dimethoxyethane the 245 np. 

band "broadens and then sharpens to a band at 255 as 

progressive aiaounts of the perchlorate are added. An 

examination of the band width at half-height, and the 

shape and relative heights of the bands at comparable 

concentrations, suggests very strongly that the 245 

band falls as the 235 ^ band rises (Pig.7.13). A large 

shift to high energy, together with a marked broadening, 

was also found when the perchlor ite was added to a 

solution of iodide in chloroform. However the 

resolution of the bands was poor and precise measurements 

impossible. 

Addition of the perchlorate to benzene or diethyl 

ether produced no effect upon the shoulder at 290 i^. 

(fig.7.6.). 

(b) Bromide Ion 

So far only preliminary investigations have been 

made on the effect of temperature and environment upon 

the bromide ion. Typical spectra obtained for 

potassium bromide in water and in methyl cyanide are 

shown in Fig.7.14. It may be seen, in the case of 

methyl cyanide, where the absorption band is shifted 

somewhat to the visible compered with the water band, 

that the spe ctruin appears to result from the strong 

overlap of two bands, thus inhibiting direct observation 

of A . These bands are thought to be those of the 
max ° 
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Fig.7.14. Spectra of KBr in (1) water (2) methyl cyanide 
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p 2 1 2 
P^/g. states of the bromine atom, * the 

theoretical splitting being 5,500 cm. 'Biis study has 

therefore been mainly concentrated on attempts to analyse 

the spectral results obtDined in order to locate the 

peak position of the first absorption band of bromide. 

(i) Gaussian Analysis 

G3he procedure for submitting the experimental 

points ^stained to Gaussian analysis by a Digital 

Computer has been described in Chapter Six. 'Three sets 

of over one hundred points obtained from a careful study 

of the bromide ion in water, at 5°, 25°, and 55°, were 

submitted. It was found that the computed results from 

bromide at 5° were so varied after "topping", "tailing", 

and "alternate topping and tailing," that they were 

untrustworthy. It was concluded that the points 

submitted probably contained several that were 

sufficiently inaccurate to invalidate the majority of 

the computed constants of the Gaussian curves: slight 

variations in temperature during spectral measurements 

may well have been the cause. 

The average of sll the results for bromide at 25° 

and 55° that were obviously allowable values gave the 

positions for the first absorption band as 196,5 and 

198.1 mp respectively. Assuming that the band shifted 

lineaxly with temperature dE^^^^dT was calculated as $6 

cals/deg., a value which compares most favourably with 
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that for iodide in water, 35 cals/deg. 

Analysis of the spectra of potassium bromide in 

methyl cyanide by compator showed that the number of 

points submitted (arotind 15) was insufficient for 

accurate results. 

(ii) Analysis of effect of temperature. 

She long wavelength edge of the spectrum obtained 

from potassium bromide in methyl cyanide was plotted, 

in the 240 tjx region, at five different temperatures. 

Graphs of transition energy (k.cals) agiinst temperature 

were then plotted for eleven different optical densities 

and values for dE/d'T calculated. 'Pnese were then 
20° 

plotted against E, obt-dned from the graphs, and a 

straight line drawn through them. Hi us, if it is 

assumed that on raising the temperature the band 

shifts and broadens- that the broadening increment is 

linearly proportional to the transition energy* and that 

^max/^"^ is the same as for iodide (55 cals./deg,), 

then the straight line can be extrapolated to this value 
20^ 20*̂  

and hence a measure of E obtained. ^ was found to 
i.lcLX 

be 219-3 11̂ 1., depending upon the slope of the line 

chosen, 'Eius the spectra have to be measured with an 

accuracy greater than which is experimentally possible 

at the moment before more thsn a qualitative result is 

obtained. 
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(iii) Construction to obtain A . 

Pig.7.15. shows an analysis of bromide in metbyl 

cyanide. This type of analysis c:n only "be performed 

on spectra in vAiich it is estimated that the effect of 

more than 50% of the second bromide band is being 

observed. The procedure is: 

(1) Find the mid-point of the spectrum by the method 

of rectilinear diameters, as far as possible, and by 

observation of the mid-point of the shallow trough 

between the tv/o peaks, the latter procedure probably 

being the more reliable. 

(2) It is assumed that the two hidden bands are of 

equal height and shape, thus the mid-point of the 

observed spectrum results from a 30'/o contribution of 

each band. The half-height of this mid-point is then 

plotted. 

(5) 'Die lower half off the long wavelength edge of the 

observed spectrum is then plotted commencing from this 

point in the directions of higher and lower energies. 

(4-) These curves are then subtracted from the 

experimental one thus completing the analysis. 

( 5 ) The method of rectilinear diameters on the first 

(analysed) bromide band shows the accuracy of the 

original assignment of the mid-point of the spectrum. 

Per bromide in methyl cyanide at for the first 

absorption band was obtained as 217.6 lji. Subtracting 
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Fig,7.15. Analysed spectra of KBr in methyl cyanide 
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from this the value for the theoretical splitting of 

2 2 - 1 
of the 1̂ 1/2 states of bromine (3,500 cm. ), 

a v.̂ .lue of 201 mu was obtained, for Dv. ^ of the second 

band. This is feasible from the spectral results. 

However, it may be observed that the general shape of 

the spectrum of bromide in methyl cyanide is very similar 

to that of bromide in water, as reported by Sdieibe 

(Fig.1.2.). Cjhe reason for the pronounced broadening 

of the second band is not known: it may be due to 

experimental error or the appearance of another band. 

V.Tien this aa.alysis was applied to a similar 

spectrum at 40° it was then possible to calculate a 

value of = 55 crls./deg. Although this is 

numerically the same as iodide in methyl cyanide, it 

must be subject to somewhat greater limits or 

experimental error. 

The energy difference for the calculated values 

20° 

of ^max water and methyl cyanide for bromide 

compares well with the corresponding energy difference 

for iodide in these solvents. 
(c) Zinc .and Cadmium Iodide Complexes. 

(1) Pure Solvents. 

The iodides of zinc and c:.dmium have been examined 

by ultraviolet spectroscopy in the following solvents: 

iso-prop-miol5 n-but-nol, and methyl c.y^nide. No 

systematic solvent dependence was observed. Values for 
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X axe recorded in T'able 7.$., the results of other 

workers have been given in Tr.ble 1,1. Values for X 

were found to agree with the accepted literature values 

of 9,000. 
LlH 

Doehlericjin and Froziherz ' have shown that in 

concentr.'-ted aqueous solutions of zinc .and cadjjiiuni 

iodides they found b-mds .rb 258,5 'md 250 respectively 

Using the thinnest cells avrilable, and the 

corresponding inaxiziuni concentration allowable, we were 

unoble to obtain these bands. However, the cells used 

bj Doehleoann and 5'roiahers were f-'j? thinner, 

(2) Effect of Temperature. 

[Che bands were found to be slightly affected by 

change in temDerature. The values of A found at 
" • max 

5°, 25°, and 4-0° are recorded in Tables 7.6. and 7.?., 

together with the calculated values of 

(5) Effect of added 8alts. 

l#en anhydrous zinc perchlorate w?>s added to zinc 

iodide in the above three solvents (equal amounts being 

added to the blank) a new band, of lower molar 

extinction coefficient, appeared at higher energies. 

As progressive amo'ants of the perchlorate were added 

the observed effect was that the original band appeared 

to broaden and shift end then narrow when it reached a 

steady value (Pig.7-16 and Table 7.8.). 



Fig•7,16, Spectra of Znig in iso-PrOH 

(1) in pure solvent 
(2) with some ZnlClO^)^ 
(3) with excess ZaXClO^)g 
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Fig.7.17. Spectra of Cdig in igo-?rOH 

(1) in pure solvent 

(2) with some CdlClO^jg 

(3) with excess GdfClO^Jg 



Table 7*5. 
?n^ 

Values of E f o r Znl^ .ancL Cdlo i n various s o l v e n t s 
ID.c?JX! c~ 

Solvent; Znig O&lg, 

iso-EcQK 1 5 1 , 0 8 118.25-

n-BuOH 1 5 1 , 7 1 117 ,75 

MeCN 151.85 117.69 

I'able 7 . 6 . 

Values of 7l., „ at v a r i o u s temperatures and. dB /dT 
111 CL&. -in cwL 

f o r Znl^ 

Temperat'jre dE^^^dT 

S o l v e n t 5° . 26° 4-0° ( c a l s . / d e g . ) 

iso-PrOH 217.5520.05 218.25*0.25 218.95*0.05 22.6 

a-BuOH 216,9*0.1 217.1*0.015 217.8*0.05 16-»22 

MeON 216.55*0.05 217.05^0.05 217.6*0.01 15 

•Toble 7 .7* 

Values of A_ _ a t v a r i o u s temperatures and dE /dT f o r 
liiQ̂  ^ cXa. 

Odlg 

Temperature dE^,.^dT 

S o l v e n t 5° 26° 4-0° ( c a l s . / d e g . ) 

iso-PrOH 24-1.9*0.1 24-1.9*0.05 2 4 1 . 9 * 0 . 0 5 - 5 —» + 5 

n-BuOH . 2 4 2 . 5 - 0 , 2 24-5.1*0.025 245.4-5*0.01 14-

KeCN ,242.9*0.1 245.05*0.05 245.55*0.05 7 
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Gorrespondirig results were obtained on addition of 

cadmium perchlorate to cadmium, iodide solutions. 

Although the cadmium perchlorate was not completely 

anhydrous (See Chapter Six) this fact did not appear 

to affect the results (Fig,7.17« and Table 7.8.). 

Since iodide ions absorb strongly in this region 

the effect of the addition of excess potassium iodide 

could only be observed in the case of cadmium iodide 

in alcohols. Evidence was obtained for a band at 

lower energies, at ca. 24-3 iiu. The molar extinction 

coefficient of this band could not be accurately 

determined. (Fig.7.18.) 

Table 7.8. 

Values for for solutions of Znlo and Cdig 
Hi SUA. ^ cL 

containing excess Zn(010^)2 and 0d(010^)2 respectively. 

Solvent Znl2 Odlg 

iao-PrOE 209.2 ± 0.5 227.9 ± 0.1 

n-BuOE 210.2 ± 0.3 225.55* 0.25 

MeCN 211.8 ± 0.5 225.1 ± 0.1 

(4-) Diffuse Reflectance Spectra. 

Diffuse reflectance spectra were measured for 

diluted zinc and cadmium iodide powders and are shown 

in ij'ig.7.19. 'The procedure for hygroscopic salts had 

to be used in the case of zinc iodide and it was not 

found possible to resolve any bands in zinc iodide 

•powders. 
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Fig.7.18. Spectra of Gdig + excess KI in n~BuOH 

(l) using n-3uOH blank 
(S) with same concentration KI in n-BuOH blank 
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Fig.7.19. 
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Diffuse Reflectance Spectra 

(1) Cdio (diluted) (2) Znl^ (diluted) 
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(d) Mercury Iodide Gonplexes. 

Preliminary inveoti^ations have been made on the 

effect of solvent; temperature, and added salt on the 

ultraviolet spectrum of mercuric iodide. 

(1) Pure Solvents 

Spectra have been measured for mercuric iodide in 

a variety of solvents? Taole 7»9. lists these solvents 

3pd the valu-cs found f o r ( m u ) (See also Pig.7.20.). 

iiiH A. / 

Mercuric iodide was found to be readily soluble in all 

- - 32 

solvents except water and iso-octane. jTomherz and Juih-'̂  

state that the solubility of mercuric iodide in water 

does not exceed 0.00015 M. It was found to be even less 

soluble in iso-octane; however a band at 275 mu-. could 

be established. In methyl cyanide mercuric iodide 

appeared to dissociate to some extent since in this 

solvent a shoulder appeared in the 290 mp. region; 

Beer's Law was also not accurately obeyed. Ihe molar 

extinction coefficient appeared to be around 5,000, the 

value quoted in the literature. In N—E-dime thyIf ormamide 

mercuric iodide appeared to dissociate even further, a 

distinct band appearing at $01 as well as the 273 ^ 

>; and. 

(2) Effect of Temperature. 

In water, methyl cyanide and methylene chloride the 

band position of mercuric iodide appeared to be 

completely insensitive to temperature over a 40° range: 
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Fig.7o20. Spectra of Hgig in methylene chloride 



all that was observed was a slight decrease in band-

width with a corresponding increase in band height on 

decreasing temper .tore. 

(5) Addition of tectra-n-batylaiiiiiioniiiiri iodide. 

QZhe effect of added iodides on the spectra of 

mercuric halides in water and ethanol have been 

investigated by Fromherz and Liĥ " and are samms,rised in 

Sable 1.2. The effects of the addition (n--Bu)̂ iTI to 

mercuric iodide spectra have been investigated and are 

suam-rised in Table ?.9» Ih all cases the spectra were 

found to be different to those found for mercuric 
1 p 

iodide with excess iodide in water and ethanol^"" A 

typical example is shown in Fig.7.21. and this may be 

compared with Fig.1.6. It can be seen that whereas in 

water two bands are reported at 3524 and 265 ly., this 

study shows th \t on addition of iodide the original band 

shifts slightly to higher energies and a new band 

developes in the 305 region, a shoulder also 

appearing in its long wavelength edge in the $4-0 tjx. 

region. On increasing the amount of iodide added the 

shoulder was not resolved? indeed the ratio of the 

relative heights of the 505 band and the shoulder 

appeared to remain constant at around 2:1. 

However, the above results were not found in the 

case of the higjh dielectric solvent N-N-dimethylformamide. 

Addition of increasing amounts of (n-Bu)^iTI caused the 
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Fig.7,21. Spectra of in methyl cyanide 

(1) in pure solvent 
(2) with some (n-Buj^NI 
(3) (l) subtracted from (2) 

350 
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$01 bana to s h i f t t c $05 A s b o u i a e r t h e n began 

to appear in the 530 yji region and on further addition 

of (n-Bu)^NI the $05 jp band began to d e c r e a s e i n . 

h e i g h t as another band was located at around 335 

{phis band was finally resolved at 335*5 cy. on addition 

of more iodide, the 305 band then being completely 

lost. Although the addition of (n-Ba)^NI caused, the 

273 band to shift to higher e n e r g i e s where it could 

not be resolved due to the intense absorption of 

N-N-dimethylformamide be low 263 ly. (Table 6 . 1 , ) , a 

rising absorption into the ultraviolet was always 

observed at all concentrations of (n-Bu)^ITI. Pertinent 

spectra are shown in fig.7.22 and 7.2$. 

Table 7. 9 . 

A -OQO 
Values of for Hgig in various pure solvents, and 

in the presence of added (n-Bu),,NI 

I'/ith (n-Bu)^NI 

Solvent 
,20° 

Water 

Methyl cyanide 

Methyl formate 

Methylene chloride 

Ethyl acetate 

iso-octane 

N-E-dimethylformamide 

— Compare Table 5,1. 

265 

265 260.5 ca. 301 

264 259 ca.303 

272 259.5 ca. $07 

269 261 ca.$06 

275 - -

273 
a ca.305 
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Fig.7.28• Spectra of Hgig in N-N-dimethylformamide 

(1) in pure solvent 
(2)-^(4) effect as increasing amounts of 

(n-Du)^NI are added 
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Fig.7.23. Spectra of Hgig in N-N-dimethylformamide 

Continued from Fig.7.22, showing effect 

of still further addition of (n-Bu)^NI 
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EIGHT 

Discission 

(a) G.T.T.S. Spectra and Ionic Solvation. 

In order to interpret the spectral results in 

terms of ion-solvent interactions it is necessary to 

have a reasonable idea concerning the nature of the 

orbital of the excited electron. It h?a been shown in 

Chapter One th:.t the suggestions that the electron is 

ejected to bulk solvent as a solvated electron or that 

it is associated with a specific solvent molecule are 

not consistent with experimental results. 

The present day concept of G.T.'T.S. spectra is 

that of an electron moving in a discrete, centrcsymmetric 

orbital which is largely described by the potential 

field of the polarised solvent molecules and electronic 

repulsion effects. We have seen in Chapter Three that 

it is impossible to obtain, at present, more than a 

qualitative picture of the structures of solvents and 

the arrangements of their molecules around ions. Thus 

any mathematical treatment of C.T.T.S. spectra is at 

once hampered by this limitation, and it is therefore 

necessary to make certain postulates concerning the 

structures of solutions: the suitability of the 

postulates being upheld, or otherwise, by the final 

results of the treatment. 

There are two extreme views which require 
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consideration; the electron may move in a diffuse 

orbital embracing a considerable proportion of the 

surrounding solvent^^'^^ or it nay be closely confined 

to the first layer of solvent m o l e c u l e s . I t would 

therefore be well to examine comparable systems which 

have been thoroughly investigated mathematically, 

(i) F-centres and Ionic Crystils. 

Comparison of the excited state for aqueous iodide 

with bands originating in a cryst.l lattice will only 

prove fruitful if the "confined" approach is correct. 

'This is because the first shell of orientated solvent 

molecules around iodide will closely resemble the 

crystalline environment, but beyond this region no 

comparison is possible. 

'The most recent studies upon F-centre electrons 

indicate that they are closely confined within the anion 

vacancy. These electron spin resonance^^^ and electron 
ILL 2. 

nuclear double resonance studies show conclusively 

that on the six cations defining the vacancy the 

unpaired electron density is quite high, and on the 

next shell of cations, extremely la?;. In a recent 

review by Gourary and Adrian v.:.rious theoretical 

treatments are considered, 'These authors have -concluded 

that to postulate that the crystal may be considered a 

polarisable continuum is to be internally inconsistent 

since the resulting wave functions ;?re faj? too compact 
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for the continuuHL model to be even approximately true, 

Tiiey have been able to accommodate the electron spin 

resonance and electron nuclear double resonance 

results in their theoretical analysis. 

It would seem reasonable to suppose that the 

orbital for the first exciton band for iodide in an 

ionic lattice may be subdivided into two component 

orbitals, one close to the central iodine atom and the 

other on the periphery of the vacancy, 'Bie former will 

be an orbital very similar to the 6s atomic orbital of 

iodine.; and the latter, being close to the first shell 

of cations, will be similar to the outermost part of 

the ground state orbital of an F-centre, Thus it 

follows that since the "confined" model is most 

suitable for the F-centre, it will also be most 

suitable for the first excited state of iodide in an 

ionic crystal. 

(ii) Molten Salts 

Although the arrangements of cations and anions 

around each other in molten salts will not be quite so 

specific as in a crystal lattice it is still reasonable 

to assume that it is much the same as in a crystal. 

Recently Rhodes and Ubbelohde have studied crystal 

structure by ultraviolet absorption spectra before and 

after meltingf^ These authors use the "confined" model 

26 
approach as describing the situation and show that 



there is a proportionality between dE,^^ydT and the 

coefficient of linear expansion of the crystal. 

However their measured peak positions must be viewed 

with some suspicion since they are not in the expected 

region of the spectrum. 'Their extinction coefficients 

are only a quarter of the usual vaJue obtained. Further 

in many cases, in the far ultraviolet region, extinction 

coefficients of zero -ire recorded. Such results are not 

recorded for the compounds investigated in other systems 

in this region: indeed, the very sharp decrease in 

extinction coefficient is very indicative of stray 

light effects, 
l/\_ C 

Greenberg and Sundheim have measured the 

ultraviolet absorption spectra of potassium bromide and 

iodide in molten KGl/LiCl and KBr/LlBr eutectics. 

Unfortunately, tbeir results must be disregarded on 

similar grounds to those of Rhodes and Ubbelohde since 

they measure peaks in the optical density regions 

2 - 3 ° Boston and Smith (private communication) have 

calculated that Greenberg and Sundheim's bands can all 

be accounted for in terms of stray light effects and 

are therefore spurious. 

(iii) The "expanded" model. 

She foregoing results show that the "expanded" 

model must be rejected in favour of the "confined" 

model. However, other aspects of the "expanded" model 
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will now "be considered. In attempting to describe 

— 24-

tiie iodide ion in solution i-̂ latzman and j'ranck treit 

the solvent as a continuuiii and ignore the molecular 

nature of the primoj?y solvation layer. Hie wave 

function that results from their calculations is that 

for a hydrojen atom with on effective chca?ge of 0.55. 

They reject the Is level in favour of a 2s level which 

then turns out to be quite diffuse, and since they do 

not consider the central iodine atom this surely 

implies that the lowest energy state should be a ls_ 

state. 'Biis state is found to be closely confined and 

thus it would appear that their model is not self 

consistent, further, as has been discussed previously, 

if the electron were in a 2s type orbital this would 

place it close to the lone pair electrons of the first 

layer of water molecules which would exert a repelling 

force upon the electron, and the evidence obtained from 

other solvation studies sug^iests that there is no 
102,105 

orientation of water molecules outside the first layer. 
Since the treatment of Stein and Treinin^^ still 

pZL 

uses the basic assumptions of Platzman and jranck, not 

much weight c?n be placed upon their "spectroscopically 

significant radius", r^+. Further, their method of 

calculating 3^ for aqueous iodide depends largely 

upon the value of , a value which is by no means 

known to the degree of accuracy required by their equationr 
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(iv) She "confined" model 

When the ultraviolet absorption spectra of iodide 

in ionic crystals and tt. ct elation are compared a marked 

similarity may be noticed, Ihe energetic separation 

between the first ojid second bonds in both cases is 

close to the theoretical value for the ^1/2 

states of an iodine atom. Shey also fit a Gaussian 

error curve remarkcbly well. Lowering the temperature 

canses the bonds to shift to higher energies and 

sharpen. Graphs of against temperature show a 

linear relationship except close to 0°K. 'Bie literature 

results for v. rious alkali iodide crystals are included 

on Fig.7.4. and can be seen to fit quite closely to the 

correlation of Smith and Symons. 

The spectra of iodide in a foreign lattice has not 

been thoroughly investigated. However, it has been found 

that the spectrum of iodide in potassium bromide crystal 
146 

as host is shifted markedly towards the fir ultravioleto 

This result may be comprred with the similrj? shift 

obtained for iodide in aqueous salt solutions?^'Since 

the lattice vacancy available to iodide in potassium 

bromide must be smaller than that occupied by iodide in 

potassium iodide, the ground state of iodide will be 

someWi it compressed. Consequently in order to accommodate 

the observed siiift it is necessary to postulate that the 

excited state is de-stabilised to a f%r greater extent 
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than the groujid state. Since the "expanded" model^^'^^ 

requires all environmental changes to be related to 

the groiind state, the excited orbital being so diffuse 

as to be essentially unaffected, this shift is not in 

accord with this model: on the other hand, it is 

entirely consistent with the "confined" raodel?^'^° 

(v) Oscillator Strengthso 

'The oscillator strength (f) of a band is a measure 

of the probability of tiie transition causing optical 

obsorption .and, since the band of iodide is a Gaussian 

distribution of energies, it is obtained by finding 

the area under the spectral curve. This may be carried 

out by one of three main methods: 

(1) By direct measurement of the area under the 

ab sorption curve. 

(2) By applying the formula for a transition from a 

ground to an excited state, 

f = 4.21 % io"9^^^ay 

This can be written approximately as 

f =: 4.51 z 10 ^ ̂ max" ̂  ^ 

where is the molar extinction coefficient of the 

band and A)/' the band width at half-height in cm.~^ 

(5) From the constants of the Gaussian equation that 

fits the curve. These constants can be obtained by 

submitting the experimental points outlining the curve 

to a Computer as described in Chapter Six. From the 
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Gaussian equation 

y , 

the oscillator strength is calculated by 

f = 4.31 s 

Since there are six p electrons on the iodide ion 

anyone of which can move into the excited orbital, the 

maximum value of oscillator strength for iodide is six. 

The oscillator strength for iodide in solution as 

estimated by methods (2) and (5) is shout 0,25 for the 

first absorption bands the same value was also found 

for the second band of iodide in water. 

Values for pure crystalline iodides are not very 

precise since the effective thickness of the crystals 

is difficult to me as 'ur e but approximate values that have 

been calculated from the literature are listed in Table 

8,1, It may be seen th't the results approximate to 

those for iodide in various solvents. Comparison with 

iodide in molten alkali chlorides is more satisfactory, 

Boston and Smith (private communication) have measured 

the long wavelength ed]e of iodide in molten chlorides 

and, after fitting the band to a Gaussian curve, 

obtained an oscillator strength of 0,24, a result which 

is remarkably close to that for solvated iodide. 

Thus comparison of oscillator strengths is a 

further means whereby the ''confined" model is supported: 

since it is found to be the best procedure for describing 
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the situation in ionic crystals, comparable oscillator 

strengths are not to be ezpected if the "expanded" 

model is the best analysis of C.l.l.S. spectra, 

(vi) The ''square v;ell" approximation.. 

A very simple model has been used in an attempt 

to interpret environmental constraints on the spectrum 

of solvated iodide ions. Smith and Symons^^'^^ have 

suggested that if polarisation changes were ignored 

it is possible to evaluate the kinetic energy of the 

electron in it:: excited state from the equation for an 

electron in a square-well of radius r^ and with 

infinitely steep walls. Other factors that have been 

ignored are (1) the presence of the iodine atom in the 

centre of the well, (2) the electron affinity of the 

surrounding solvent molecules, (3) the possible 

existence of other excited states, (4-) that in the 

ground state of the well, and almost certainly in the 

case of other excited states, the electron nay be able 

to "see" the top of the well, and (5) no estimation is 

made of the situation outside the well and the possible 

influence of exterior forces upon the well. Despite 

all this, they obtained reasonable qualitative agreement 

with experiment. 

Because, at the moment, it is not possible to make 

allowances for oil the ignored facets of the "squ-re-

well" , oscillator strengths cannot be calculated on 
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this model. Further, since the transition probability 

depends upon overlap between the level of the iodide 

ion and the orbital of the excited electron, this will 

only be important near the iodide ion. The simple 

approach of an electron in a Is orbital in the "square-

well" is completely inadequate in this region. 

Tab le 8.1, 

Oscillator strengths for the first band of iodide ions 

in various media 

Medium Water molten alkali chlorides Gsl~ KI— 

Oscillator 0.25 0.24 0.25 0 . 2 8 

strength 

a Philipp and Taft, J. Phys. diem. Solids, 1956, 1, 159-

b Pick, Landolt-Bornstein, Vol.6, Part 4, p.872. 

However, appreciation of #iy the experimentcZ 

oscillator strength for the first transition (0.5) is 

much less than the theoretical majcimum of 5, may be 

helped since both the 5p and 6s functions of iodide 

change sign often, and at different regions in space, 

thus greatly reducing the overr'.ll transition probab ili' y. 

The results of this study have shown that for 

solvents which are good ionic solvators the "square-

well" model is still compatible with the experimentaJL 

observations. However, two points raised by Smith and 

Symons require further consideration. 
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(1) '31 e "points of r.tt-.chHent" postulate 
pg 

Their suggestion" that the size of tlie cavity 

aroimd. iodide ions in solution :;iay be dependent on the 

number of hydrogen \toms orientated towards iodide and 

the stereochemistry of the solvent has been mentioned 

on p.4-1, She present studies appear to uphold this 

postulate. For ex ̂ mple, aimionia and acetone can have 

three "points of attachment" and have values of dE /d? 
max 

greater thin that for methyl cyanide (see Fig.7.4.). 

Ccyclo-hexcjione has a structure very similar to that 

of acetone -̂ nd if it could be investigated might thus 

be close to the acetone value.) It might be reasonable 

to expect that the hydrogen atoms orientated towards 

iodide in the case of l:$-dioxolane would be the two 

which are situated between the two oxygen atoms and not 

the other four. Electronic repulsion effects between 

neighbouring oncygen atoms, for stereochemical reasons, 
may well explain why the cavity, ond hence dE /dT.. is -V „ u u 1 max 

bigger for this solvent than for water, but still less 

than the value for methyl cyanide, (The reason v.hy the 

volue for n-butanol is somewh-t to the right of the 

theoretical line may mean that increasing temperature 

affects the long hydrocarbon chain in a manner that 

causes the rate of expansion of the cavity to be somewhat 

greater than that which ould be expected, A systematic 

study of alcohols with increasing length and size of the 
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liydi^ocarbon diain might prove interesting, 

(2) Mixed Solvents 

(a) Preferential solvation 

In their work on iodide in nixed solvents Smith 

and Symons found thc.t a plot of E against % mole 

fraction of added solvent was not linear (see Fig.7,5.) 

and that values obt?lned for were greater than 

they would predict (of. ?ig. 1.$.) They attributed this 

to preferential solvation by the more polar component, 

usually waterr 2hey found that for mixtures of water 

and. the lower alcohols, however, the curve obtained 

tended towards linearity with increase in temperature. 

A linear relationship has been observed for plots of 

mole % alcohol agalnst the shift of the fluoride 

nuclear resonance band in concentrated potassium 

fluoride solutions and this linearity has been 

interpreted in terms of the composition of the first 

layer of solvent molecules around the anions being 

effectively that of the bulk s o l v e n t . T h e 

concentration of potassium fluoride in the solutions 

studied was greater t h n that of the iodide solutions 

investigated by a factor of 10^ and we felt that 

competition for the available solvent molecules in 

concentrated solutions might over-ride any preferential, 

solvation effects. The spectrum of iodide in various 

water/methanol solutions containing 1,0 M potassium 
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fluoride was therefore measured and it may 

be seen that deriations from linearity have been 

greatly reduced, just as was found at elevated tem-

peratures, 

(b) Specific completing with solvent 
•I 23 

has suggested that the C.T.TcS. band 

for solvated iodide sliould correlate linearly wi.th the 

Z-value of the solvent (cfn Chapter Four), and he found 

a correlation for aqueous ethanolic solutions (Fig.8.1.) 

Since he found that the solvents :nethyl cyaaide, 

acetone, .?Jid dimethyl sulphoxide did not fall on this 

line he stated that iodide would form specific 1:1 com-

plexes in these solvents, the bands observed being 

similrz' to o, charge-transfer of the type postulated 

for pyridinium-iodide complexes. However, in these 

pyridinium complexes there must be a loss of a dipole on 

the formation of the neutral species. If the postulat'; 

that the excited orbital in G.T.I.8, spectra is 

centrosymmetric around the anion is correct, then 

there can be no loss or gain of a dipole during the 

movement of en electron into the excited state, I'he 

fact that methyl cyanide and acetone have high molar 

extinction coefficients and fit the correlation of 

Smith and Symons (Eig.7.4.) seems further evidence of 

no specific complexing in these solvents. 

We think it unlikely that iodide and ammonia should 
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form a 1:1 Goray)lez ojid h w e evaluated, the Z_—•value of 

0.880 ru:r.:ionia from the intense absorption hand in the 

260 rnji region of pyridine N-oxide. Using our value 

of iodide in• this solvent (Table 7.2.) we have 

included this result on Pig.8.1., together with values 

for iodide in aqueous dioxoji, chloroform, methylene 

chloride, and is_o-propanol. It may be seen that there 

is now no correlation, only a great scatter. 

One further test was applied. If it is possible 

that iodide rnd acetone form.a 1:1 complex, then in 

aqueous acetone one might expect to be able to measure 

two bands, one being due to purely solvated iodide ions 

(C.T.T.S.) nnd the other characteristic of the 1:1 

complex. In all the mixtures studied o. steady shift of 

the bond was o.ll th \t was observed (Fig.7.10.) and the 

appearance of a new band was never detected. Further, 

the spectrum of iodide in aqueous solution containing 

4$% mole fraction acetone (Fig.8.2c) was subjected to 

Gaussian analysis by a computer^. snd the computed curve 

was found to fit extremely closely to the experimental 

curve and showed no evidence of a hidden band, VThen 

the computed curve vris subtracted from the experimental 

curve the long wavelength edge of a band was revealed. 

'The peak position calculated for this band by the 

computor was close to that expected for a doublet of 

-1 2 2 
separation 7,600 cm., the separation of the F-, 
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Fig,8,1. Z-values for various solvents against the values of 
®ma3c(K,cal.20 ) for iodide in these solvents. 

The line is taken from Fig.l, of ref. 140. (Part II), 
The unlabelled points refer to various water/ethanol mixtures. 
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Fig,8,2, Sxainple of the analysis of spectra of iodide 
in mixed solvents. 
(l) Iodide in acetone (2) Iodide in water 
(3) Iodide in 46̂ 6 mole fraction acetone 
(4) Gaussian Error Curve (5) Second iodide band 

obtained by subtraction of (4) from 
experimental band {3) 

(6) Curve resulting fror.i addition of 50̂ j(l) 
to 50^^^) 
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states of the iodine atom. 'She broken curve in this 

figure was constructed from the addition of the two 

outer curves (iodide in water (a) and iodide in acetone 

(b) ) to show the spectrum that would be expected if 

two distinct species were both present in equilibrium 

in equal concentration in the mixed solvent. 

Thus it may be concluded th it specific complex 

formation between iodide ?zid solvent molecules in these 

solutions cojinot be detected by spectroscopy. 

(c) Concentrated aqueous electrolytes 

The effect of added electrolytes on the spectra 

of aqueous solutions of iodide has now been found not 

to be completely independent of cition with constant 

anion. The iodide absorption bands appear to be 

steadily moved towards higher energies on addition of 

electrolytes, there being no evidence of the appearance 

of a new band even in almost saturated solutions. If 

for iodide is measured in, say, 1.0 M solutions 

of various alkali metal chlorides (Table 7.1.) it may 

be seen that the greater the cationic size, the greater 

the shift from the position of aqueous iodide. However, 

one must not argue that the effect of c \tions increases 

with ionic radius. One could equally well suppose a 

hypothetical ''ideal" solution containing electrolyte 

which does not interact with iodide in ojiy specific 

manner and assume th^t this reference band lies on the 
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lower wavelength side of all the bands measured in re.oJ. 

solations. In this case increasing divergence from 

ideality would be attributed to decreasing size of the 

cation. 'Thus no definite conclusions are possible. 

The actual behaviour of the iodide band in 

concentrated aqueous electrolytes is thought to be due 

to a combination of various- effects including 

dehydration, fortuitous contacts :?nd general 

polarisation. Very marked shifts h ve been found for 

the ^^Cs nuclear resonance line of aqueous caesium 

ions ?nd the line of aqueous fluoride ions on the 

addition of other e l e c t r o l y t e s . I t was found that 

the ^^^Cs line shift was dependent only upon the added 

anion but that the line shift was dependent upon 

both added anions rnd cations. 

Spectroscopic investigations on solutions of 

hex:a:X-:-no cdbaltic iodide and related compounds 

containing added iodide have revealed a new band in the 

270 mu r e g i o n , p r o b a b l y due to a ch.̂ rge transfer 

between and l" when in contact. Tlie small 

values estimated for the extinction coefficients of 

these bands suggest that the overlap between ground ^nd 

excited states is not very gre it, the acceptor orbiteJL 

being,somewhat localised on the central metal atom 

thereby reducing the transition probability; however, 

it is rlso possible that the extinction coefficients 
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reported are troo s m a l l . I t was established, that the 

new band, was not due to an intramolecular transition of 

the ion Co(FH^) 

(b) Ionic Interactions 

Various spectrophotometric studies (in the visible 

and ultraviolet r e g i o n ) ' ^ ' ^ ^ ^ h a v e been 

made recently by different workers on ionic 

interactions in solutions of electrolytes, A certain 

amount of ambiguity has arisen, however, since the 

concept of ion-pair formation is ill-defined ,snd 

environmental changes can sometimes affect different 

types of electronic transitions in a variety of 

( i ) I on-pair f or ma ti on 

151 

An ion-pair, as visualised by Fuoss,^ is a po.ir 

of ions in physical contact, all other ions not in this 
condition being designated free ions. She thermodynamic 
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1S2 
calculations of Lenison end Ramsey " are the basis of 

this simple model which has, however, been criticised.' 

15^ 
For example Prue and Otter hold to the original theory 

12^ 

of Bjerrum as extended by Guggenheim, in which is 

introduced a distance of closest approach of free ions (d), 

in addition to the contact distance (a). Ion-pairs are 

then defined as ions which are closer th ?ji d and they 

are treated as neutral molecules: for ions with 

separations greater than d, Debye-Kiickel theory is 

applied since they ire considered free, Eigen's results 
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of relaxation spectrophotometry appear to have been 

ignored by these aathors. He has obtained well 

resolved results interpretable in terms of specific 

interations at close distances in which one or more 

solvent molecules separate the ions, and g. general 

interaction at larger distances, 

(ii) Definitions 

?or clarity-, we define the following terms 

relating to interactions between cations and anions:-

(1) Complexes -

Two or more ions,,in contact, held together 

by covalent bonds. 

(2) Contact ion-pairs -

Ions, in contact, but with no covalent 

bonding between them. 

(5) Solvent shared ion-pairs -

Pairs of ions, linked electiostatically by a 

single (orientated) solvent molecule, 

(4-) Solvent separated ion-pairs -

Pairs of ions, linked electrostatically but 

separated by more than one solvent molecule. 

(5) Ion-pairs -

Shis term includes classes (2), (5), and (4) 

and will be used #ien distinction between 

them cannot be made. 
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Classes (l) and (2) are extremes, and in certain 

cases classification ::ay be arbitrary, For example, 

the substituted pyridiniura iodide examined in various 
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concentrated solutions by Kosower ' to evaluate his 

Z-values is a case in point. The iodide ion and the 

pyridinium ring are assumed to be in contact but since 

various partially covalent structures can then be 

visualised, it is impossible to be certain that the 

absorpting entity is a contact ion-pair and not a 

complex. When transference of charge between ions in 

contact occurs some weak "covalent" forces must be 

present. Although we have endeavoured to eliminate the 

occurence of complex formation by studying tetra-

alkylammonium salts there must be a small amount of 

covalent bonding in the contact ion-pairs discussed 

below. (7or alkali halide ion-pairs in the gas phase 

this must still be true.) In the ground state, 

however, this contribution to bonding must be small, 

and it is ignored in the ensuing sections. 

Glasses (5) and (4) must be distinguished from the 

symmetrical interactions vhich occur in any solution. 

Solvent separated ?nd solvent shared ion-pairs have 

axial symmetry and should,be well separated from like 

units in dilute solutions. 

(iii) Contact ion-pairs 

•The main feature of the results obtained in 
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solvents of low ion-solvaoiiig power, sacli as 

carbon tetrachloride, is that a band is found in the 

290 iT̂  region having the following characteristics. 

(1) 'Ihe band is not strongly solvent-dependent (as 

opposed to the spectrum of solvated iodide ions^^'^^). 

In fact, the spectrum in certain nixed solvents (Pig,7.8.) 

is composed of two superimposed bands suggesting that 

two distinct species are present. As reported in 

Chapter Seven this behavious is not found in solvent 

mixtuxes containing only solvated iodide ions (Fig,7,10.) 

(2) The peak position of the band is independent of 

temperature, a. feature not found with iodide in good 

solvating rolvents. If the electronic transition 

giving rise to optical absorption was of the type 

depicted for an electron in a "square-well" defined by 

orientated solvent molecules^^'then from the 

correlation in J'ig.l.3. a shift of 20 ly. would be 

predicted for a 50° change in temperature. 

(3) A band in this region can be developed on addition 

of an excess of tetra-n-butylamiionium perchlor ate to a 

solution of tetra-n-butylammonium iodide in dioxan 

(Pig.7.12,). 

(4) Ihe band mazim'jm is found at progressively shorter 

wavelengths as the alliyl group (H) in is reduced 

in size. Such dependence upon the nat'ire of the cation 

is not detected in dilute solutions of iodides in good 
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solvating solvents (of. Tables 7.2. aiid ?,$.). 

We therefore conclude that the new band in the 

290 :â  region is diagnostic of the contact ion-pair 

(n-Ba)^NI (and the 268 b:and of the contact ion-pair 

(nj-Pr)^Nl). -The implic ations of this conclusion, if 

it be correct, is tbit the predominance of contact ion-

pairs in solutions of electrolytes in solvents of low 

dielectric constant is much less than is cornnonly 

supposed. Since it is generally agreed that there is 

extensive ionic association in manv of the solvents in 

which contact ion-pairs are not detected by this 

spectroscopic method it would seem that, as against 

recent c o n c l u s i o n s , s o l v e n t shared and solvent 

separated ion-pairs are distinct entities in these 

solutions. 

Further, the solvents in which tetra-alkylammonium 

iodides exist, in small concentrations, as contact 

ion-pairs (CGl^ end CgHg) have small or zero permanent 

dipole-moments, and one would expect them to be very 

poor ionic solvators. However, being fairly polarisable, 

they are then likely to retain contact ion-pairs in 

solution. 

(iv) Solvent shsj?ed ion-pairs 

Two interesting phenomena were observed on 

addition of excess tetra-n-butylatamonium perchlorate to 

iodide in diethers. In 1:2-dimethoxyethane the usual 
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salt shift is not observed but, instead, the formation 

of a new band at 253 ijx. (gig. 7.1$.): in dioxan there 

is a small shift of the main band tn higher energies, 

together with the development of a new band in the 

280 m|i region, diaro.cteristic of contact ion-pairs, 

Vv'e tentatively conclude that the new band in 

1:2-dimetho3C7eth:me is due to solvent shared ion-pairs, 

since cur previous discussion rules out contact ion-

pairs and since by far the most probable alternative 

ijnit with sufficient specificity to ni've rise to a 

distinct band, is the solvent shared ion-pair. 

There is further evidence that ion-pairs, other 

than contact ion-pairs, c~n give rise to 'unique 

absorption spectra. Since dioxan solutions give 

contact ion-pairs in the presence of excess tetra-n-

butylammonium ions, it mjay be supposed that the iodide 

band at 237 is, at least in part, due to solvent 

shared ion-pairs. This band is far less sensitive to 

changes in temper at w e than would be expected for 

freely solvated i o d i d e , i n contrast with the 

band for iodide in 1: 2- dime th oxy e tii ane (see Table 7.4-, 

and Pig. 7''4-. ) . 

We are thus able to distinguish four classes of 

solvents 

(1) Solvents in iwhich ion-pairs predominate. 

(2) Solvents in which solvent shared ion-pairs 
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predominate but in which cont?.ct ion-pairs c-:m form. 

(5) Solvents in which solvent separated ion-pairs 

predominate bat in which solvent shared ion-pairs can 

form. 

( 4 ) Solvents in which neither contact nor solvent 

shared ion-pairs en. be detected under our conditions. 

(v) Solvent separated ion-pairs 

Various techniques, in particular conductimetrie 

experiments, suggest that some unspecified form of ion-

pairing occurs in some solvents of class (4). Our 

results would suggest that these ion-pairs are separated 

by more,than one solvent molecule and, indeed, that 

ionic association of this type is p r o b l y more common 

th-an any other. It is probably worth recording that 

although the solvents of class (4) in which ionic 

association is thought to be important have low bulk 

dielectric constants, they have relatively 1 a?ge dipole 

moments. 

(vi) nature of the electronic transition in ion-pairs 

(1) Contact ion-pairs 

The essential feature of 0.T.T.S. , crystalline 

alkali halides, and F-centre bands has been discussed 

in terms of the accepted centrosymmetric orbital for 

the excited electron, For alkali halide contact ion-

pairs in the gase phase such symmetry cannot be the case 

and the transition, which almost certainly involves 
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electron-transfer from the lialide to the alkali metal 

ion, is found in quite a different region of the 

2 _ 

spectrum, ^or such an ion-pair to exist in solution 

one could predict a shift of this hand to shorter 

wavelengths since solvation should stabilise the ground. 

state more then the excited state. It is most unlikely 

that this effect would be large enough to shift the band 

into the 215-245 lyi region where most bands attributable 

to solvate! iodide ions occur. 

V'l/e therefore propose that in the case of tetra-

alkylammonium iodide contact ion-pairs the transition is 

not C.T.I.80 but electron-transfer from iodide to the 

cation, the electron being held in an expanded orbital 
155 

possibly similar to that described by Becker et al. 

for the electron in metal-ammonia solutions. Since 

the molar extinction coefficients of these transitions 

were greater than lO'̂ , there must be considerable 

overlap between the postulated orbital of the cation 

and the iodide ion. QlLius it.follows that the cation 

orbital must be veiy diffuse, 

III this way we con have some qualitative 

understanding of the dependence upon the nature of the 

cation? we are unable at the moment to offer a 

quaitative explanation. 

(2) Solvent shared ion-pairs The appearance of this band is less readily 
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understood. We suggest that the transition is C.T.T.S. 

for the following reasons (a) the raovement of an electron 

on to the cation is unlikely since the overlap of ground 

acid excited states would surely be small and \ is 

found to be greater tlian 10^, (b) on the "square-well" 

model of G.f.T.S. spectra the electron does not penetrate 

the first layer of solvent molecules, (c). this, band has 

a slight dependence u-oon temperature (Fig.'7.4.), which 

m i ^ t be expected for i o n i n a cavity d.--' st--;ci7dd, 

and probably reduced in size from the value expected for 

purely solvated iodide in this solvent, bj the close 

proximity of the positive ion. Distortions such as 

these, from spherical to axial symmetry, are known to 

shift the first exciton band of crystalline alkali 

iodides^^° 

If this transition is considered in terms of the 

"expanded" model it would be necessary to postulate 

that the excited electron spent a fair proportion of 

its time on the adjacent positive ion. One would then 

expect (a) this band to be cation. dependent, which it 

is not, and (b) that it would appear in the same region 

as, and have the same properties as, the band ascribed 

to contact ion-pairs. Further , it is difficult to see 

how the addition of excess tetra-n-butylamaonium ions 

can be explained on this model, s i n c e they con be 

considered pictorially as competing for solvent 
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molecules and, when in large excess, removing some of 

the orientated solvent molecules in the solvent shared 

ion-pairs thereby creating contact ion-pairs. 

(3) Solvent separated ion-pi.irs 

The transition in this case is considered to be 

G.T.T.S. since the iodide bands in solvents of classes 

(3) aid (4) have values of that would be 

predicted from the correlation of Smith and Symons, and 

the cations are sufficiently far removed to have 

negligible influence. 

The points made above for an explanation on the 

"expanded" model treatment still, in general, hold, 

?he addition of excess tetra-n-butylai-imonium ions to 

form solvent shared ion-pairs can again be considered 

in terms of competition for the available solvent 

molecules. It was not found possible to observe a band 

in the 290 region after the solvent shared ion-pair 

band was obtained, for the solution became saturated 

soon afterwards, 

(vii) Relation to other work 

157 

Ingold and co-workers" ' have, extensively. . 

investigated ion-pair formation from studies of organic 

reaction mechanisms, in particular kinetic studies of 

the reactions of triarylmethyl compounds in benzene. 

An essential aspect of this work is that electrolytes 

are present as contact ion-pairs. Our work confirms 
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this postulate, in the particular case of tetra-

alkylo:"i:iiOrLiuiTi halides. Contact ion-pairs are likely 

to be still more favoured when trica?yljiethyl carbonium 

ions are one constituent, since the high acceptor power 

of these cations should.make charge-transfer forces of 

considerable importance. These forces probably 

contribute to the stability of the carboniuia ion ion-

pairs shown to occur in solutions of low dielectric 

constant by Evans and co-workers^^® 

In these studies only contact ion-pairs are 

considered as specific entities. However, as has been 

- 127 mentioned in Chapter j'our, Winstein and co-workers ' 

have found evidence for both contact and solvent 

separated ion-pairs as a result of studying salt effects 

upon the rates of solvolysis and racemisation of various 

orr;anic compounds. 

159 

Sadek and Fuoss nave recently re-ezrmined 

earlier conductance data on tetra-n-butylammonium 

bromide in various binary mixtures, including carbon 

tectrachloride/methanol. They nov; obtain a linear 

relationship when the logarithum of the association 

constant of the ion-pair is plotted against the 

reciprocal of the bulk dielectric constant, for a 

constant value of a in the three systems studies. Their 

results are shown in Fig.8.$. Since, at a given 
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dielectric constant, different values of are 

obtained they interpret them in terms of an additional 

effect which is specific for a given ion-solvent system, 

and suggest that it nay be interaction between ions and 

solvent dipoles. However, examination of their figure 

suggests that they may not be justified in drawing the 

three lines a.ll with the same slopes if one point is 

omitted in their results for CCl^/MeOH and CCl^/EtOH 

mixtures, better straight lines could be drawn not 

parallel to the line for CGl^/PhNOg mixtures, 

nevertheless, it was considered that if tetra-n-

butylammonium iodide was used in place of the bromide 

no significant difference would be made to the results 

of Sadek and ?uoss. By monitoring the reaction 

spectroscopically the concentration of contact ion-

pairs in var-ious mixtures could be accurately 

calculated and hence a value of the association 

constant derived. Although these authors did not carry 

out investigations close to pure carbon tetrachloride, 

preliminary studies by us in this region have shown 

that tne association constant, as calculated from 

spectroscopy, in no way follows the bulk dielectric 

constant of the medium as r e q u i r e d by Sadek and ?uoss. 

It was found that, for equal concentrations of iodide, 

the concentration of contact ion-pairs was reduced by a 

f a c t o r of 2 in a so lu t ion of carbon te trachlor ide 
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Fig.0.3. Dependence of association constant 
upon dielectric constant 
{ taken from Fig,4. of ref. 159,) 
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Fig.8.4*. Plot of mole fraction methanol Ln carbon 
tetrachloride/methanol mixtures containing 
the same concentration of {n-3u)^NI against 
the measured optical density at 293 mu. 
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containing 0.25% mole fraction methanol, compared with, 

the pure solution. 2he results are summarised in Pig, 

8,4. It was concluded that in the solutions studied 

by Sadek and Fuoss there sire no spectroscopically 

detectable contact ion-pairs. It was hoped that solvent 

shared ion-pairs would be detectable in these mixtijres 

by, perhaps, a hesitation in the curve of Fig.3.4., 

but no definite evidence w;\s obtained in this respect 

and it was not possible to examine the spectra of these 

solutions much below 260 due to the ab s orb an ce of 

cI'.rbon tetrachloride. However, the effect of addition 

of cyclo-hexane on the spectra of tetra.-n-butylammoni'jm 

iodide in iso-propanol was investigated throughout the 

whole range up to 99.3,mole fraction cyclo-hexane 

(Fig. 7.10.). Above 95% mole fraction cyclo-hexane 

A _ shifted rapidly with change in solvent composition 

and the band becTne broader. These results may be 

interpreted as meaning that one or more specific units 

are at least partially formed under these conditions, 

but that they are sufficiently varied or affected by 

change in environment to render the method of curve-

analysis outlined e rlier unsuitable. 

(c) Com;^lex Iodides of Cations with d"̂ *̂  Configuration 

(i) Detection of iodide in a complex 

It has been suggested ab ove that the characteristic 

and large changes in the band maximum of iodide when 
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under various constraints can be used to distinguish 

between pijrely solvated iodide ions and iodike either 

in contact with, or under the electrostatic attraction 

of, cations. From the results reported in Chapter 

Seven a clear distinction between solvated iodide and 

iodide associated with zinc, cadiniu-iu, or mercury cations 

can be made. For exai^ple, zinc iodide in iso-propanol 

has a band at 218 mu which is ven; close to that for rji 

potassium iodide. However, potassium iodide in methyl 

cyanide absorbs at 24-6 r̂ u vitoereas the band for zinc 

iodide in methyl cyanide remains in the 218 region. 

Simple electrostatic contact ion-pairs such as those 

described earlier are not important constituents in 

the solvents used and hence we conclude that the new 

species formed best described is complexes with 

some covalent bonding between iodide end the cation. 

we ^lall proceed by considering the number of 

iodide ions bonded to each cation in the solutions 

studied as a prelude to a discussion of the structure 

of the complexes and the nature of the electronic 

transitions. 

(ii) xJiion-cation ratios 

\ hen zinc and c .\dmiiJ!m iodides are dissolved in 

water at concentrations lees than 0.01 M, only the 

band for aqueous iodide is observed, with the accepted 

value for Y.'e therefore conclude that the 
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following dissociation is essentially complete, 

I'llg—̂  M'""''' + 21" (where U is Zn, or Cd.) 

However, for similar concentr.-tions of the salts in 

methyl cyanide, iso-'pro'panol and n-outanol, bands are 

found which are relatively independent of the nature of 

the solvent being at around 213 and 24-$ riji for zinc and 

cadmium iodides respectively. Thus if disproportionation 

was now occuring it would have to be of the forms 

etc. 

Considering for the moment the case of cadmium iodide 

(zinc iodide following by analogy), addition of excess 

Od*^ ions results in the loss of the 245 band and 

the appearance of a new band at 225 The possibility 

that the 24-3 band is due to Cdl"'" is therefore 

eliminated and we can safely allocate the bands at 

24-3 and 225 to iodine attached to cadmi'jm in the 

ratios 2:1 and 1:1 respectively. 

P'lrther, addition of excess iodide ions gives new 

bands either at 24-8 or 258 depending upon the 

solvent. These bands are reasonably assigned to Cdl^ 

pnd Cdl™respectively. Raman spectroscopic studies^^ 

clearly establish the presence of Gdl^^in concentrated 

aqueous solutions containing excess iodide in exictly 

the same condations required for the development of the 

258 nyi band. However, in concentrated aqueous 

solutions there are found Roman lines which corresoond 
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to the Gomplex; MI^ as well as to a tri-atomic molecule 

51 

and an unidentified species. This is not inconsistent 

with spectral results since Doehlemann and Fromherz^^ 

have examined concentrated solutions of zinc and cadmium 

iodides in water and they have found bands at 258 and 
e 256.5 respectively, band positions which are clos 

to those attributed to the complexes. Further, in 

the case of cadmium iodide, before the 256.5 band 

was resolved a band was obtained at 250 m)j., , the • 

position of the Odl^ complex. Shis latter band was 

found to be more predominant in solvents known not to 

be good solvators for doubly charged ions. 

Raman spectra of these di-iodides in ethanol and 

methanol ?ive rise to lines corresponding to tri-atomic 

molecules and the unidentified species-?^ Spectral 

studies have found that in these solvents the spectra 

are dependent upon concentration and that the tetrahedra] 

complex is not formed. 

The assignment of the bands arising from the 

dissolution of mercuric iodide in various solvents is 

somewhat simplified. The first absorption band for 

mercuric iodide in the ^as phase has been found to be 

at 268 mn: the band positions for this compound in 

solution, including aqueous solution, h ve been found, 
pQ xp 

by other workers '• and in this study, to be in this 

region. It is therefore reasonable to assume that the 
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species giving rise to these bands sxe mercuric iodide 

molecules, the anion-cation ratio thus being 2. 

It has been found, however, that in certain 

solvents mercuric iodide begins to dissociate, E.g., 

Hgig in methyl cyanide gives rise to a shoulder in the 

290 11̂  region in addition to the Hgig band, and in 

dimethylformamide the shoulder is now resolved at 

301 rryi. Addition of iodide to these has shown that, 

in the former case, and indeed in most of the other 

solvents investigated, a band appears at around 505 

' Dgether T/ith a shoulder in the $4-0 mji region which is 

not resolved: in the latter case, progressive addition 

of iodide results in the diminution of the 301 mji band 

as another is resolved at 335 nip-« We may therefore 

assume that we are observing the step-wise formation 

of Hgl^ from Hglg, Hgl^ predominanting in the less polar 

s Givents. 

%2 

Promherz and Dih^ were of the opinion that only 

the highly co-ordinated ions I.n^~and the simple ions 

MZg were present in the aqueous solutions they studied, 

solutions which contained high concentrations of halide 

ion. We do not dispute this conclusion for aqueous 

solutions but suggest that our results essentially 
2 

substantiate the proposal of Or gel that "it might be 

expected to find all the intermediate species", under 

the correct conditions. 
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Further, Figs.7.22 and 7.23 show that as 

progressive amoimts of iodide are added to mercuric 

iodide in N-N-dimeiiiylforraamide, after a certain 

concentration of iodide is reached two isobestic points 

are obtained, thus provid ing extra evidence that there 

is an equilibrium between two complexes in this 

solution, 'Ihese figures also show that until Hgl^ is 

the predominant species in solution Hgl~ is not formed. 

It may be noted th t addition of small amounts of 

iodide to mercuric iodide in other solvents resulted 

in a S iift of the band to higher energies (Table 7 , 9 . ) . 

\7e suggest that the magnitude of t h i s shift is not 

entirely due to the rise of the 300 ly band and thus 

if the di-iodide bands of zinc and cadiaium are similarly 

dependent upon the concentration of added electrolyte, 

this would explain the observed lack of good isobestic 

points (F igs. 7.16 and 7 . 1 7 ' ) . 

We thus feel that, in principle, it is possible to 

obtain in solution the four major complexes postulated 

as a result of other experimental work, namely LI I"'", 

MIg, and where K is zinc, cadmium, or 

mercury. However, the s o l v e n t seems to p l a y a l a r g e 

p a r t i n determining the appropriate c o n d i t i o n s f o r 

t h e i r appearance and w i l l t h e r e f o r e a f f e c t a s s o c i a t i o n 

c o n s t a n t s . I t i s hoped t o undertake a f u r t h e r s tudy 

of this aspect. Table 3 . 2 . summarises the average 
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v a l u e s of A f o r t h e v a r i o u s c o m p l e x e s . 
iHcOC 

These are oar main conclusions, but other facets 

require mention. 

Table 8.2. 

Average vsO. ues of for the various iodide complexes 
iJlcLX. 

MI"̂  MIg MI" M C ~ 

Zinc 210 218 258 

Cadmium 225 24? 248 258 

Mercury 268 505 355 

(iii) The structure of the complexes and solvent co-

ordination. 

We have seen that mercuric iodide dissolves, for 

the most part, undissociated and since in the gas phase 

mercuric iodide is linear, it is a reasonable assumption 

that the molecules are linear in solution with no solvent 

co-ordination, any solvent effects being secondary. 

Since the molecule is linear there is no gain or loss 

of dipole during the transition: however there is a 

redistribution of charge which should be at least 

weakly influenced by solvent. Although the total 

variation in is only about 10 , there does 

appear to be a very rou^h correlation with Eosower's 

123 

Z-values for solutions in solvents whose Z-value 

is recorded, Raman spectroscopic studies have shown 

that mercuric halides, including mixed halides, are 
51 

1 ine ar in solati on. 
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However, the observed spectral "bands for solutions 

of zinc and cadmium iodides cannot be so simply-

explained. Uie major difficulty is that the bands are 

considerably shifted towards higher energies compared 

with the gas phase bands, from 238 to 218 mji. and from 

260 to 24-5 for z i n c .and cadmium iodiies respectively 

in non-aqueous solvents, Raman studies have shown that 

in these solvents we are still dealing with a linear 

51 

tri-atomic species. 

To explain these observations we can make two 

postulates, 

(1) that the molecule is bent with two solvent molecules 

attached to give an approximately tetrahedral 

structure, or 

(2) that it is linear with four solvent molecules 

fairly loosely co-ordinated to form an approximately 

oct,ahedral un.it. 

Suggestion ( 1 ) appears to be already negated by 

Raman spectroscopic evidences ( 2 ) will be discussed 

in detail in the following section. 

'There is no evidence relating to the co-ordination 

of solvent in the complex MI"̂  but it seems likely that 

an iodide ion is displaced by one solvent molecule in 

the solutions studied rather than by perdilorate i o n . 

which has very weak co-ordination properties. 

She complex may be either planar with no 
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solvent molecules attached, or tetraiiedral with one 

attached. In principle it is possible to elucidate 

the structure by Earn an spectroscopic investigations^ 

in practise, the lines observed so far are too weak 

for positive identification^.^ 

Kie complex I.LĈ  cen have no solvent molecules 

attached since the Raman spectroscopic evidence 

obtained can only be interpreted in terms of the 

molecule being a pure tetrahedron.^^ 

(iv) 'The nature of the electronic transition 

G3he gas phase spectrum of mercuric iodide, with 

two bands at 210 and 265 iiyi. , has been interpreted by 

Walsh^^O 3̂̂  terms of the transition (IT TT u, 

i.e., largely an n — t r a n s i t i o n , non-bonding iodide 

electrons moving into a largely non—bonding level 

on mercuryo In effect, this is a charge—transfer from 

iodide inwards. However, he ignores tho possible use 

of mercury d-levels and the possibility of the formatioi 

of iodine atoms. This latter, viiich would be favoured 

by Katzin ^, would appear to be unlikely since, 

(1) mercuric chloride also gives rise to two bands, 

(2) the first band is very much weaker than the second 

band, 

(5) the band separations are not compatible with the 

2 2 

^5/2, ^1/2 states of the iodine atom, and 

(4) the transition must involve both iodine atoms. 
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•j?b.e more intense 210 continuum is interpreted 

in terms of an allowed transition, th.e excited state 

being s fairly linear excited state mtli 

stretching frequencies very much less than those of 

the ground state. The 256 mjj. continuum is represented 

as transitions to strongly bent upper states, 

correlating with ' , a forbidden transition. 

Thus since the spectra of mercuric iodide in the 

g3.s phase and in solution are essentially identical, 

the electronic transitions can be considered to be 

the same. 

By analogy, the same type of transition should be 

occuring in the iodides of zinc and cadmium but 

experiment has shown that the band maxima are shifted 

to higher energies in solution. It is well known that 

the chemical properties of these elements are not very 

similar. For example, if we consider cgueous solutions 

of zinc and mercuric iodides, we find that Zn"'""̂  "b ads'' 

to water preferentially and a large excess of iodide 

47 

ions, or a concentrated solution, ' is required to 

alter this, whereas mercuric iodide dissolves unchanged 

and is veiy sparingly soluble. In a recent review 
1 m 

^ihrland, Chatt, and ^ ivies " have divided tae Periodic 

Table into two main classes, (a) and (b). Their 

division is b :sed, in general, on the stability of 

complexes formed with the halogens. In class (a) arc 
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those elements which form more stable complexes with 

fluorine than with the other halogens, and class ("b) 

contains those elements which form less stable complexer 

with fluorine than with the other halogens. On their 

classification zinc falls into class (a), mercury into 

class (b) end cadmium is a border-line case between the 

80 

twoo The results of Sillen - aid his associates' indicate 

that cadmium is more in class (b) than in (a) since 

their investigations into the equilibrium constants for 

cation-halide ion interactions suggest that for mercury 

and cadmium, the iodide complexes are the most st::ble 

end the chlorides the least stable: for zinc the revers 

is the case. They also found that the mercuric 

complexes are much more stable than those of sine and 

cadmium: this is compatible with the spectral resu^.ts 

of ?rom_hers and Lih . They found that, in water, a 

band attributable to formed on addition of 

stoichiometric amounts of iodide, whereas a large 
ZJ.7 

excess was required in the case of zinc and cadmium; 

Thus if we now consider the earlier suggestion of 

an octahedral mi it with four co-ordinated solvent 

molecules for zinc and cadmium iodides in the media 

studied, we would e:rpe ct a shift to higher energies 

relative to the gas phase transition since the co-

ordinated solvent molecules would decrease the ease of 

the transition. That is, if the co-ordinated solvent 
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molecules are orientated with the negative ends of 

their dipoles towards the central metal atom (and the 

molecules of the bulk solvent th-t are in the proximity 

of the iodine atoms being probably orientated with their 

positive dipolar ends towards iodine) then we would 

expect the ground stite to be stabilised and the 

excited state destabilised with respect to the vapour 

phase band. Hence this is an explanation of the 

observed shift to higher energies. V/e would expect the 

peak position to be dependent upon the co-ordinating 

power of the solvent. However, the solvents we have 

used all have somewhat similar co-ordinating powers and 

in any case, there is the competing effect of the 

solvating powers of the solvents in the vicinity of 

the iodine atoms. 

Orgel^^^ has shown that the tendency for Hg**, in 

contrast with Zn** and Cd^^, to form linear ZY'2 

complexes r?ther than symmetrical octahedral complexes, 

can be rationalised in terms of suitable promotion of 

d^^ electrons. 

The observed temperature effects on the di-iodide 

complexes can be interpreted in terms of the preceding 

postulates. The lack of the dependence of the position 

of for mercuric iodide in solution is indicative 

of no complexing with solvent molecules while the small 

shift to the visible in the case of zinc and cadmium 
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iodides may "be explained on the gro'inds of the increased 

kinetic and vibrational energies of the co-ordinated 

solvent molecules increasing the ease of the transitions 

however, it is possible that slight disproportionation 

occurs in these solutions end that the equilibrium 

<±.enges with temperature. Under somQ circumstances thi'̂  

could give rise to an apparent shift* 
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smmAET 

Previous Investigations have shovm tbat many 

simple anions, in aqueous solution, exhibit one, or 

occasionally two, intense absorption bands in the 

200 nyi region, 'Hiese spectra have been interpreted 

as Charge-Transfer To Solvent bands and in the 

particular case of iodide, environmental changes, such 

as temperature, solvent, and ionic strength, have been 

interpreted in terms of the postulate that the excited 

electron is held in a potential well defined by the 

orientated solvent molecules. The energy required to 

excite the electron has been evaluated by a "square-

well" approximation and, on this basis, the position 

of maximum absorption was found to be governed primarily 

by the radius of the cavity formed by the orientated 

solvent molecules. The present work has shown that, 

despite adverse criticism, this model still accomodates 

the observed results on iodide ion in a wide range of 

solvents: preliminary studies, including Gaussian 

analysis with the Pegasus Digital Computer, on the 

bromide ion show that it, too,appears to obey the 

correlation for iodide. 

Anomalous results were obtained for iodide in 

certain solvents of low dielectric constant which 

have been interpreted in terms of the formation of 

contact ion-pairs and pairs of ions separated by one 
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or more solvent molecules. 

It has been found that although iodide ions do 

not appear to complex specifically with solvent 

molecules, they will form the range of complexes 

MI^, MI~, and MI™, where M is zinc, cadmium, or 

mercury, under the appropriate conditions. 
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