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King Solomon said concerning Wisdam

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 fhe interpre-
tation; the words of the wise, and their
dark sayings. The fear of the Lord is

the principal part of knowledge."

(Proverbs Ch.I, v.5-7. Margin)
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CHAPTER ONE
Charge Tronsfer Spectra

The term "charge 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
reviewed by Ra‘binowitch1 and Orgelg.

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 #lkali Metal Halides

| On examining the absorption spectra of alkali halides
in the gas phase Fronck and co-—workers5 Tound 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 400 mp and
established that the penk separations for iodides and
bromides were 2lmost equal to the energetic differences
between the 2P5/2 and 2Pl/2 states of the free halogen
atoms as obtained from atomic spectra. The theoretical
splitting for chlorine from atomic spectra is only 880 cm—l

and hence it is not surprising th-t the chloride band is

not resolved as a doublet. Franck5 therefore interpreted



the spectra as arising from a charge-transfer process

and identified the first absorption band as

i GO 1 (where X is in 2P5/2 state)
The energy of this process can be calculated.
A GENC NG | i + X"
lNh)) T—Jm | Bx
Wy _oAg u 4
M = Ex~-Jdn + 28 - Aa

= Ix - Jdm + o>
2\ is thus the difference between the energy of
formation of the normal ion-pair and that of excited
alkali metal halide froem normal atoms.

The energetic positions of the band maxima show
that the ease of transference of an electron increaces
in the order Cl < Br <« I. Surprisingly, changing the
nature of the metal atom has no observable effect on
the spectra of iodides. T.g. the iodides of sodiun.
rupidium and caesium all exhibit absorption bands with
the maximum absorption of the first band occuring =t
524 mp . This has been interpreted in terms of two
cancelling effects. IExchange of a light alkali metal
M in MX for a heavier one causes o decrease in JM 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 M¥X™ would decrease /\ .
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(b) Crystalline Alkali Metal Halides.

The absorpbtion spectra of many alkali halide
crystals have been measureéfﬁ%d are found to consist of
a series of bands with broz=d peaks and no resolvzble
fine structure. The extinction coefficients are grecter

L

than 10" and, 28 is in the case of the vapour, the low

energy bands of bromides and iodides are doublets, the

separation of which are again close to the 2P5/2 . 2Pl/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.

Mott6 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 region7. The term "exciton band" is now used to
describe all the absorption bands obtained in alkali
halide crystals which are not attributable to the
tronsference of an electron into a conduction band.

When the temperature is lowered the initial peak(s,
sharpen and shift towards shorter wavelengths. Various
workers have shown that there is a linear relationship
between the energy of the peak maximum and temperature

8 8

for NaI-, K18’9, RbI~, and CsIlO (except close to 0%4).



(¢) Gaseous Group II(b) Metal Halides.

11,12 and also Wielnndla, have examined the

Butkov
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

that of the 2P5/2, 2P1/2 separation for the bromine ond

14 has suggested, as a

iodine ntoms respectively. Kaobtzin
result of a survey of the literature, that the absorption
spectra resulting from the movement of an electron to an
excited orbital for nll halides, whether in the gas phose
or in solution, results in the formation of a hologen
atom. The gre~t scatter of his compilntion does not,
however, seem to benr out this contention. In the cnse
of the dihnlides of the transition metals zinc, cadmium,
and mercury, it has long been estblished that in the
vapour they are liner and also that in these molecules
there 1s 2 consideracble amount of covalent bonding}5’16’l7
It is Jjust as feosible that the opticil absorption bands
are due to movement of charge from the halogen atoms
towards the central met~1l atom, there thus being no
change in the net dipole moment of the molecule,

The ease of the electronic tronsition for these
molecules in the gns phse is of the order ClK Br <. I

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

of the order Zn « Cd < Hg.



Absorption Spectra of Anions in Solution
(2) Halide Ions.

(1) In waber

The absorption spectra exhibit.d by halide iosnn in
ng wous solution all have the properties related above
for crystals : the possibility of conduction bands,
however, connot be investigated since water, or indeed
any other solvent, is not transparent to ultraviolet
light in the 180 mp region. The peak separation for the

’
. . . . - 2
lodide maxima is again close to that for the

2

P5/2 and
Pl/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 somewh 2t 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 agnin a singlet band. Theoretically it

is possible to cxamine the chloride spectrum to see if

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

The overlap of ground and excited states must be
quite considerable since the bands again have molar
extinction coefficients greater than 104.

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
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medium and thus, being solvated, they c=n be considered
as distinct entities at low concentrations.

(ii) Charge-Tr~nsfer to Solvent (C.T.T.S.)

Franck and Schei’oel8 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 maximun of the first absorption band
of iodide to the following energy bterms,

/
hy = BE+H,_ +P-8-8,

where E is the ilonisation potential of iodide, Hion is

161

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 and Haberl9 to suggest thot the electron is
transferred ffom the anion to a water molecule in the
hydration sphere. This water molecule was assumed to
dissociate immediately into OH and H thus

(X7y Hy0) + by =X + H + G
and '

hy = E - B + D

o8 * “Hyo TO

where DH o 1s the encrgy of dissociation of water, EOH
2

is the electron affinity of the OH radic-l and A is

the change in potential energy of the system caused by



the electron transfer with unchanged positions of the
atomic nuclel.

Farkas and Farkas<O

have pointed out that the

dependence of the quantum yield of the decomposition

of HI upon concentration, observed by Warburg and Rumpgg,

as well as that of pH observed by\ﬁhemselvesza, cannot be
explained by this primary process and suggested that it
consists of an electron transfer from the snion to a
specific water molecule,

(x, Hy0) + hy &=(X, H2o_).
If this transition is reversible it would account for
the low quantun yields. However, a secondary reaction
could tnke place, the electron further migrating as,

(X, H,07) + H' — X + Hyo + H

ﬂ .

thus accounting for the dependence upon [H

20

Farkas derived the equation

hy =8+ Hy o - E’Hzo

E'H o Was describved as the electron affinity of.water.
2
Calculations using this formula and the value of h at

log = 0 gave roughly constont values of E* , about

H,o
_ - _ 2
0.8 e.ve for CL , Br , T , and OH . More recent data led

zZ
Farkas and Kleing)

to revise this figure to 1.0 e.v. This
treatment may be questioned on two grounds.

(1) The position of log § = O is arbitrary and has no
particular significance, esvecially since there is no

explanation of the origin of the broadening of the



absorption band in solution compared with the narrow band
in Yae crystl. .
(ii) E'Héo might well be expected to vary from one ion
%o another since it 1s not the true electron affinity of
é water molecule but the resultaont energy gained on
conveying a free electron from infinity into liquid watber;
associating it with a water molecule, and crenting around
it the unstable system of orisntated wabter dipoles
identical to the system in existence prior to the removal
of X .

A more recent approach has been ninde by Platzman

and Franck<"

who postulated tht the electron is not
specifically attoched to cny one water molecule but that
it moves in a 28 type orbital out in the bulk solvent.
where the bulk dielectric constwnt chn apply. The meon
radius of this orbit-l is estimated as sbout 5.88

An alternative approach has been made by Smith and
Symons25. The electron is considered to be confined
within the solvent shell with its excited orbitsl described
mainly by the hydrogen atoms of the surrounding orientatcd
water dipoles. This type of approach, known as the
"square well® technique, h2d been used previously to
describe the F - centre bwmds found in alkali halide
crystals. An F - centre is due to 2 crystal defect. I

an anion is removed from its l-ttice site ond an electron

placed in the vac-ncy, then this will give rise to an



F - centre. The crude "square wellPmodel 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 Psquare well'™,; in solution,

26

has been calculated by Smith and Symons from the

Tfollowing equation.

EP\ "}_X = I - P 3 '}"‘_]9._% 2
o ero
where E is cnergy of pe~k position of the first

max
iodide absorption band, I.P. is the ionisction potential
and T is the radius ofothe sgu~re well, For potassium
iodide in wnter r L= 44,

The orbitzl described here is a 1s type orbital in
contr-st with the 2s type orbit~l of Platzmon and Franck.
The Ysquare well" model and the“continuum model of
Platznan ond Franck will be discussed in detail lnter.
(iii) Effect of chonge in environment.

It wos recognised in the early 195078 by such
27,28

workers as Scheibe,

Lederle?9 and Fromherz?o’ﬁ’52
that the position of the halide bands was dependent upon
solvent and temperature. Jolly55 measured the absorption
band of iodide in liguid ammoni ~nd obt-ined a peak at
254 %P. Lotimer 2nd co-workers attempted to explain

this result in terms of 2 photoionisatia model sinilar

to that given by Pauling54 for the iodide ion in water.
The transition is supposed to lead to the form~tion of

a solvated electron and 2n iodine atom surrounded by the
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solvent shell of the ion. Smith and Symon525 have
criticised Latimer's model on the grounds that, on the
basis of the Franck—Condon principle, at the moment of
light absorption the electron cammnot 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 temperzsture 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 equation, decreasing E This

o

latter is found by experiment to occur27. Emax is found

max”®

to vary linearly with temperature and hence a value for
dEmay/dT is obtained. Since the various high dielectric
solvents they used give, at a given temperature, differen”

values for Emax’ this hzs to be explained on their theory

by a difference in cavity size, 1.e. T, varies from solvens

to solvent. Further, since it was found that dEmaX/dT

increased as Emax decrensed, this suggests that the

fundamental difference between various solvents is not

one of size but of the way in which the cavity expands
. . . 0

with increase in temperature. Thus, 2t O07K., the

variation in E__.. for different solvents would vanish

44, A

since the effective radius of the cavity would be

approximately equal to that of the ion plus the “radius®
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of the solvent,
Giving this a value EmaX(O) and letting dEmaX/
dT = K, then

EmaX = KT + Em

(0)

for a given cavity.

ax

For two solvents, A and B,

Ep (A = B (B) = T(K,-Kp)

Hence a plot of B ox against dEmaX/dT for a given
temperature should give a straight line of slope T.
Fig. 1.3. shows the correlation Smith and Symons
obtained.

More recently, however, Stein and Treinin55 nhave
modified the awproach of Platzman and Franck and claim
that the "continuum® model treabtment 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.

They obtain the following equation from a
thermodynamic cycic,

hy = E_ - LX + (S

max X
where B_ is the ionisation potential of the anion X,

ion * Ep) - (8, +E.)

L_ is the heat of solvation of the atom, S;

X 10n and Se
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are the electronic polarisation caused by the ion and
electron respectively and EP and Ee are the persistent
(atomic and dipole) polarisation of the medium due to the
ion and electron respectively. Introducing the numerical
values for wabter at 2500. they obtalned, in eV,

h B~ L_+ 0.77¢° - 1.58.

max — °x

o
They designated T, 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 T, of
Smith and Symons) Laidler56 has calculated the partial
molar ionic volumes of various ions in solution at
infinite dilution, V}, and has found, for ions of like
charge, the following equation o hold,

V. = % (ar,)? - BZ,
where T, is the crystallographic radius, the factor o=
1.25, 72 is the charge on the ion and B is a factor
accoanting.for electrostriction, T, is thus the apparent
radius of the ion in solution. Improving the electro-

57

striction term gave Hepler a value of 1,2% for anions.
Stein and Treinin evalulate ré for several anions and
hence calculate values of o, The average of all their
values is 1.27. Hence they claim thatb hvmax may be
calculated using only experimentally determinable

quantities and that their treatment is valid. However,

see Discussion.



(b) Simple Polyabomic Anions.
A large number of simple anions exhibit electronic
bands of high intensity in the same region as the halide

- 28
ions. Well known examples are OH and SH,  halogen

23, 29 59

OXyanions, . aitrogen oxyanions;”, and sulphur
: . 2 . .
oxyanlonsgo’ AL, 4 . Some of these are illustrated in
figs. 1.4, and 1.5. Hany of these absorption bands have
been interpreted as occurring via a charge-transfer
mechanism as for the halide ions. For example, the
- - _ _25959 - 5

spectra of OH , KO5 and X0 (L = ¢l, Br, I7),

_4%,39 2_2,44
NO5' and SEO5 have been interpreted in this
way. However, uneqguivocal proof of this assignment on
. . : . . 2
experimental grounds is often lacking. Smith and Symons 2
have tentatbtively suggested that observation of the
effects of the constraints of temperature and change of
solvent on these spectra may zive the required evidence.
55

Stein and Treinin”” have examined the effect of temperature

on the long wavelength edge of the bands of 0103‘, BrOB—’
IOB— and OH at £ = 5 and claim that their results shcev
that these bands are due to a C.T.T.5. mechanisn. This
may be challenged on two accounts.

(i) They do not allow for the broadening of the bands
with increase in btemperature, a factor that will be
effectively zero at)ynax'but will increase as g decreases.
(ii) We have shownL,L5 from examination of the spectrum

of an iodate powder, thot the solubtion band must contain
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a hidden band, due to a forbidden transitvion, in the
long wavelength edge of the spectrum, and, by analogy,
chlorates =nd brom:tes probably also contain this
hidden band. Thus they ore observing, in the first
three cases cited, the culminative effect of two bands.
Hence, for anions containing more than one atom,
until the bends c-n be definitely assigned to C.T.T.S.
spectra 2s against some form of intra-molecular charge
transfer spectra, further investigation is needed.
Table 1.1.
xmaxﬁyl) of zinc, cadmium, and mercury halides from

the literature

Salt
Solution ZnI2 CdBr2 OdI2
Wa ter 226.2,193  ¢a200 226.2,193
238,51/ 250*7
conc.soln conc.,soln
Me CH | 239
Et0H 217,189;°7 211;°/ | | 238,192; 2/
2169 21%,192°7 ou%,192°7
n—prOH 24027
Me CI ~ o40-227
Gas 038, 224, 512 261, 2200t
HgCl, HeBr, HgIl,
Water 20072 206 7205, 232°) 026572
Me Ol 2678
50H 23452 27292 270,

2137/ 2pu, 21%;°7



£-BuCH 218t 27514

001 | 27514

o4 275t

Gas 227, 210Mt 266,224 30
268, 20411

(¢) Complex Anions of Transition Metals.

(i) In general

Complex ions of the transition metals usually
have at least one intense ebsorption band in the
ultraviolet which has been interpreted as arising from

- ; 1,46
an intramoleculer transference of chargei’

This 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 PbCl4_— and
SnI4_- have not been investigated since there is a lone
pair of electrons on the central nmetal atom which
aff'ects the stereochemistry of the ions and the spectra
in a complicated manner.

(ii) Halide Complexes of Cations with a

configuration

Various Workers27’29’51’52’47’48 in the 1930's
examined the spectra of the halides of zinc, cadmium,
and mercury in solution. Table l.l. summarises the

results found. It may be seen that in many solvents

the followving dissociation does not always occur.



[
[6))

MX, — W77+ 2%
The sbsorbing species is then usually considered to be
the undissociated dihalide, Delwaulle49 has studied
these halides in meny solvents by Raman spectroscop-
and her results sre in accord with those of WoodwardEo.
Th~t such halides might have solvent molecules
attached was suggested by Lederlezg, who postulated the

following equilibria for cadmium iodide dn alcoholic

solution,
s OR|™~
\ / + N T + -
cd H V"@dIZJsolv;ﬁ Cdio1v + “Tsolv
RN
T OR

ROH being an alcohol. This sugzestion does not appear
to have received consider: tion : Delwaulle interprets
her results in terms of line-r molecules, in concentraved
solutions. This problem will be further discussed 1later.
A fairly extensive spectral study of ion—-ion
interactions hns been carried oubt by the enrly workers
in this subject. The results obtned on addition of
excess alkali halide to the dihalide solubtions are
summarised in Teble 1.2, and fig. 1.6, These workers
assumed that the spectral bands developed were due to
the ion MXZ-, and that MX% could not be detscted.
Delwa;lle5l hags st.ted thot MX% ghould exist; that 1t
may have o solvent molecnle co—ordinated and that she

has not yet been able to obtnin well regolved Raman
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spectra corresponding only to this complex.
Table 1.2.

>\ (mu) of zinc, cadmium and mercury holides in
mex-

/

aqueous solution with excess common halide ion from the

literature.
Zinc
in ag. KI 238. 5%/
| Cédmium
in ag. KBr 21721 215.5%7
in ag. KI 256.6, 2165 21001
Mercury
in aq. KC1 228,577
in ag. K,NeBr 24,932
in BtoH + NaBr | 25152
in ag.KI : ' 525—4,26732

in EtoH + NaTl 329,27552
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CHAPTER TWO
Complex halides of catlons with glO configuration
(a) Zinc halide complexes.

Connick ocnd Paul52 cleim %o have obtained the
complex zZnp unambiguously in =2queous solution by a
potentiometric method. Russiozn worker o5 have obtained
the thermodynemic qu-ntitles &4F, o5, and AH for the

——

step-wise formation of ZaCl, , ZnBr,  ond Zal,

-

~

in agueous solution -~nd find that, in going from the
iodides to the chlorides, H becomes more endothermic,
but that the st bility of the complexes increases.

"In the solid stibe a large nuwber of double
salts of the zinc halides have been reported, and
structural evidence indic-tes the consider-ble
stability of the tectrahedral ion ZnCl4*_ and a general
preference for #4-coordinsbed structures." Bethel et
a1545 after making the above statemens., go on to
sugzest th~t their exomination of the system
Zn012—H01~CH5002H is interpretable by the folloving

three equations.

ZnCl2 + 2 AcCH = H22n012 (O 0)2 (L)
PHCL + 1{2211012(OAC)2 = H2211Cl4 + 2AcOH (2)
H2chl4 & HEZnClZ(OAC)E = 2}12211015 (CAc) (%)

Kolthofi and Coetzee55 have found, by o polarographic
study, tht zinc ions form very st-ble complexes with

halide ions in methyl cymide ond postulate a reversiblic



reaction, similar to that in water, n=mely,

.:. -:..

ZnOl2 + a0 :ﬁ'Zn(HZO)b

+ ZCl(HEO)o

and  ZnCl, + dMeON = Zn(MeCN) ™ + 201(MeCN)}

Some doubt may be cnst upon this latter equation since
only l:1 electrolytes nppear to be ionised in methyl .
cyanide.

(b) Cadmium halide complexes.

Leden56 has summorised the work on the chloride,
bromide, ond iodide complexes of cadmium up to 1940.
The technigues used include cryoscopy, ebullioscopy,
refractivity, conductivity, potentiometric titrations
and L£.M.F. measurements. The species which are claimed
%o be identified are CAXT, 04X, Cd};,}'“, CdXLL-W and
CdX5?—~ where ¥ = Cl, Br or I. The various association

constants reporved vrory by factors of up o 1040 The

species CdX:  is only obtained from refractivity
studies. Recenvly Ioffe57 has challenged this methol

and has shown that the variation in refractive index

obtnined is within the experiment~l error of the

——

method. HaldarSB h-s claimed to h-we obtained CdIB"'
by a thermometric titration of Cd12 and KI bus Stromberg
and Bykov?9 by a polargraphic study =nd detailed
calculations, have proved the non—existence of this
complex.

Since 1940, other techniques which have been vsed

to study the formation of CaXT, CdZ,, CdX; and Cdxﬂnw
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include X-ray studies;6o polarogriphy;59’61’62s65

. . 6 . . .
anion—-exchange resinsg . examination of thermodynamic

data;65 the moving boundary technique?6 solubility

. ... 68 . .
products;67 LM Fe measurements: and on examination

of molbten salt systems. Within the last comprise such

69,70

methods as exanin~tion of Tusion diagrams; voltaic

cells in fused salts;7l electrical conductivity,

72475 Vas

transport number, cryoscopy: solubilitys and

absorption spectroscopy?5 Other evidence, of a more
indirect nature, is thalt cert-in organic bases, in the
presence of 1lodide ions form crystaolline precipitotes
with cadmium iodide. For amino—alcohols and their
esters76 the general formula is quoted as CdL,. 2(HI.B)
where B is the organic base: for nitrogenous heterocyclic
bases, mainly alkaloids, two complexes are fourld,?'7

AH CA4T md (AH)2 0dr, where A is the alkaloid.

5
There are a few papers in the literature in which

e et ey s

the complex ion CACL ™~ is statod to oxist,’" or taat
72

it might possibly exist. Since the techniques used
in these cases, e.g. conductivity and cryoscopy, cannot
always cavegorically demonstrate which species is being
examined, the CdCléu"_ ion must 2t the moment be viewed
with care.

The overall picture that emerges is that in
solution the complex ions CAX', CdX,, CdX5" and Cd%,

are well established. In the coses where some workers
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cannot detect all these ions or, especi=lly, where they
cannot differcntinbe between, or identify, CdXE* and
CdXﬁ——, it nay well be thaot the techniques used are nov
sensitive or specific enough raother than, s some woild
have it,; that not all of Tthe above four ions exist.

(¢) Mercuric halide complexes.

A survey of the literature up to 1952 has been
made by Ellendt -nd Oruse79 in their paper on the
formation constants of mercuric hnlide complexes. They
show th=2t there is a genernl acceptance of the complex
anions HgXB— and HgX,  (where X = Cl,Br or I) for the
alkali mebtal, ammoniun, and tectra-alkylammonium cabtions.
The techniques summ,rised are similar to those reported
by Leden in his review of cadmium complexes. Ellend?b
and Cruse, by conductivity mesurements in methyl
cyanide and waver, analyse their results in Terms of
three complex~forming reactions occuring according bto
the tot~l reaction equation
ANR, X + HHgX, 7 N, Hegy Xy + TR HeXy + (TR,) SHeX,
where N34 is the tectra-methyl or tectra~ethylammonium
ion and X is ~ hnlogen. The considerable differences
between the values for Hhe equilibrium constants found
in aqueous solution ond in methyl cyanide as solvent
are ascribed to the effect of solvation of the mercuric
salts.

. 3
Sillen and co—-workers 0 h~ve undertrken an
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electrometric investigation of the equilibria between
mercury and halogen ions ond hnve tabulated equilibrium
constants for recactions involving Hg++, HgI+, Hglg,
HgIa—, HgI4q—, Hg2++, Hg,T, =md Hg.

Novel techniques, such as the use of radio—active
tracers to determine the distribution of Hng'between
water/benzene mixbures and the formation constants of
,HgIB— and Hgl,  in the presence of iodide ions, have
been used by M&rcusSl and also Moser and Voigt82:
Scaife and ’_T_‘yrrel85 have determined the formation
constants of HgBrB— and HgBr4—— at different temperatures
by a new method in which bromine and mercuric bromide
compete for bromide ions, They claim that at low
concentrations the aobsorption spectra of the solutions
confirm their results.

The complex ion HgX6-——~ does not appear to have
been found; Scaife and Tyrrel have evidence for
HgBr,  and suggest that it is a weak donor-acceptor
complex formed from HgBr4~~ and bromine,

The picture is thus very wuch 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

HgXﬁ—— is more stable than CdXﬁ‘_ and =2ppears bto form
in nost cases almost To the exclusion of Hng— (see

Discussion). It is impossible to show the above two



points unequivocally by a Toble 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,g4 can denmonstrate

the validity of these statements,
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CHAPTER THRER

Tonic Solvation

It has been shown in Chapter One that the
nature of the excited state produced by a C.T.T.S.
process 1s dependent primarily upon the nature of the
solvent surrounding the ion : in the cnse of an intra-
molecular charge transfer process the role of the
solvent was shown to be sonmewhat secondnry.

The problem of ion-solvent interaction is as yet
far from solved, despite the numerous experimental
studies made. However,; certain guiding principles

85

have arisen from tvhese studies ocnd Ives, and nore

recently Bell,86

have surmarised many of these. This
section will therefore deal in detaill only with those
results pertinent to the qualitative discussion given
later.

(a) The properties and structures of solvents.

Water 1s the only solvent whose properties and
Structgre have been extensively investignted., However,
there is a fairly wide opinion as to how the results
obt-ined should be interpreted. Major contributions
only to this subject will be mentioned here.

The hich boiling point and freezing @oint sugzest
the presence of strong intermolecunlar forces in the
liq@id stnte. Density and X-r-ry measurements show thaot

these Torces produce an open structure in which the
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molecules are held apart, rather than packed together.

Bernal and Fowlero7 have suggested that in liquid
water, as in ice, there is a quasi-crystalline structure
built up in a tectrahedrally co-ordinated manner. Later
Z-ray scattering experiment388 cshowed the "second shell
peak" to be so diffuse as to sugzest a very restricted
continuity of order. Ividence Irom Roman spectra89
suggests thaot any degree of crystnllinity nust be small
since a given water molecule, at a given distance,
appears to be bonded only to two or turece neighbours.
P0ple'590 re—-exanination of Bernal and Fowler's theory
seems to have renoved 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 orbit-ls, two of which are associated with O0-H
bonds and the other two with lone pairs of electrons.
Each molecule Ghen tends to form four hi vydrogen vonds in
fectrahedral directions, very nuch os proposed eﬁrlier.gl

For solvents other th-n water very few unambiguous
studies have been made concerning their structure
especially since many of the nnthem~tical expressions
developed for water do not always appenr to hold in
non-polnr solvents.

As the number of solvent moleculegs in the immediate

vicinity of an ion must be governed by such factors as



ion size, solvent size and packing, compressibility,

-nd so on, it is to be expected th~t the problem of
ion—~-solvent inbteraction will not be entirely or even
primarily dependent upon properties of the bulk solvent.
(b) Studies of ion-solvent interaction.

The vorious methods which h~ve been used to study
the n~ture of ion-solvent interactions are summarised
in Table 3%.1.

Very Ffew studies hive heen nade with solvents
other than water, hence, although it would posSibly"be
better to treat the nature of ion-solvent interactions
separ~tely for each solvent, results that have been
found will be nentioned under the opproprizte subject
hendings.

Table 3.1. Methods to Study Ion-Solvent Interactions.
Thermodynamic Dynanic Physical

(1) Heats and Free (i) Tonic Mobilities (i) Dielectric

Energies of Constant
Solution
(ii) Bntropy of (ii) Salting out of (ii) Nuclear
Solution non—electroiytes Magnetic
Resonance

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

(iv) X-Ray
scattering

(v) Ultraviolet
sSpectroscopy
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(¢) Thermodynamic Investigations
(i) Heaots and Frce Energies of Solvation.
According to electrostatic theory, when an
electricslly charged sphere of radius r is introduced
into a continuous dielectric of vrlue D, energy equal
to %f(l - %O is evolved, where g is the total charge

92

on the sphere. Many attempts hove been nade o
apply this formula To the case of on ion dissolved in
a solvent, despite our ignor~nce 2as to the value of r
or of D.

Latimer95 used this model in mm attempt to obtain
the individual heats of hydr~tion of ions (Hion) and
found empiricnlly that correlntion could be obtained,

toking D asE}S for water, if the effective raodius of

o
the solv-ted ion was token as Tson O.14 for anions
o T
and T, + 0.854 T tion o . i
d v, 0.854 for c tions (where Tiop 18 the

O

crystallographic ionic rrdius of Pauling). Verwey,
by a different empiricnl method, obtrined almost
identical vnlues.

95

Bern~l and Fowler,87 Fle, ond Evans, and
Bockris,96 on the other hand, assumed th-t if the Born
equation holds, then ions of the same radius will have
the sme heat of hydr-tion and obt~ined their
individunl values by m equal division of the heat of

gsolution of KXF.

These two approaches lead to very different
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values of the individual heats (H. ), e.g., for I,

ion
Latimer finds 72 K. cals., but Eley and Evans find
45 K. cals. Each group of workers sought to obtain
these valuesg theoretically.

Bley and Evans, and Verwey, each node
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 hydrotion loyer. Eley and
Evans assumed four wober rniolecules To be in this
hydration layer, and Verwey six.

Verwey Tound (=) that 2/% of the contribution
o Hion cones from the first layer, (b) that =nions

o

have larger values for H tecause of the orientation

ion
in the first layer being anion....d — 0 - H, which
allows these water nolecules %o particlpate in the
water structure. However, both models are somewhat
limited since there are alternative sugrestions for

90

the structure of the woter nmolecules. further, the
consider-tions of entropy, to be discussed later,
suggest that ny tre~tment in which 1t is assumed

that the second ond third layers of water molecules
around an ion possess the s~me ordered structure as

the bulk of the woter must be a gross oversinplification.

8

Debye97 and Webb9 rejected this combin~tion of

continuun =2nd ion-dipole appro~ch and atbtempted to



obtain values of Hion by considering the dielectric
saturntion effects produced by the high field strengths
of the ions. These treatments, however, took no
account of the interactions between neighbouring water
molecules and lez2d to values greater thnn are observed
experimentally.

100 have nade

Passo’chfj9 and recently Loidler,
fresh attempts to evaluate Hion by this approach,.

According to Linidler, for ions of large radius and

)

small chorge, the Born eguation values ~re nov
significontly for from the truth.

101

Tley has made czlculations of H. in

ion
methanol, emploving an approach identical to that for
the wnter model, i.e., by assuming (1) thot the Born
equabtion holds outside the first solvent layer and

(2) that four meth-nol noleciles are Tirmly criented

towards the ion in this layer.

(ii) BEntropy of Solution.

102 103

Fronk md Fronk and Evans have interpreted
solute~solvent internctions in terms of the Tree
volume treatment of entrooy.

The greot loss in entropy to be expected when a
gas molecule enters the confined st te of solution in
2 liquid is normally offset by the loosening effect
on the solvent due to intermolecul r restraints. Thus,

for simnle non—polar gnses in non-polar solvents, this
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entropy loss is in the range 10 — 15 cals. degrec -1

mole"l. (Standard states one atmosphere for the Fas
nd mole fraction unity in solution). For solution of
such gases in water the entropy loss is much greater,
being in the rwmge 25 - 40 cal. degree‘l nole t.
Further, while the entropy lost on solution in non-
polar solvents is independent of temperature, the
entropy lost in agueous solutions decreases rapidly

with incre~se in tenper-ture.

To explain this, Fronk and Evons 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 wr ter, this order producing
effect would be consider<bly enhanced, since besides
the dispersion forces we are now iaposing an electro—
static field from e~ch ion of ca. 107 volts.cmit upon
the solvent. In f=ct, the entropy loss upon solution
of an ion is roughly the same as 2 non-polar solute of
equal size:

e.z., KCL entropy loss per mole = 51.9 cal.degrecst

2 gm. aton of argon loss per nole = 60.4 " !

This efiect appezrs despite the firmly bound
layer of water molecules which nust be present due bo

the electrostatic chorge. The large increase in the



Fig.3.1.

Simple model for the structure modifications
produced by a small ion

(lg Region of immobilisation of water molecules
# (2) Region of.structure breaking
(3) Structurally "normal” water

Taken from Frank and Wen, Discuss. Faradsy Soc., 1957,
No. 24,134,



heat of solution ghows that firm binding is present.
The net effect of the ionic charge must, therefore, be
to promote disorder in the water.

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 which the water
molecules are more disordered than in the bulk solvent.
This area of disorder is roughly larger the 1argér the
ion. (See fig.3.1l.)

Only Li* and 7 among the univalent ions have a
net order producing effect.

This behaviour is found only with water. The
large entropy loss upon transferring an ion from water
Yo methanol is due to the change from a net structure
breaking influence toc a completely order producing
influence.

(iii) Partial Molal Voluues.

3

Laidler's treatment of ionic volumes o has been
‘considered earlier (n.l2.). The contraction of the
solvent caused by the dissolution of i1ons is greater
in methanol than in water, but this 1s probably due
mainly to the greater compressibility of methanol.
(d) Dynamic Methods.

The results of these methods have been recently

104

reviewed. They have mainly been used to evaluate
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the number of water molecules which actually move with
the ion, the so-called hydration number,
(i) TIonic Mobilities |

It was pointed out as long ago as 1915105 that
the mobilities of the alkali cations (Li+ = 58.7,Na+ =
50.1, K¥ = 73.5, Rb™ = 77.8) increase as the ionic
radius increases, which is the opposite of what 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 inbterpret
this quantitatively in terms of a definite hydration
number. This is becouse in order to obtain such a
value the hydration number for one ion must be assumed,
(ii) Salting out of non-electrolytes.

The method of salting-out of non—electrolytes by
added electrolytes always lezds fto am uneguivocal order
of hydration numbers for the monovalent cations butb
there is considerable disacreement over the actual
values. This 1s again due tvo the Tact that the
hydration number for one ion nust be assumed and that
the basic assumption of the method, that the added non-

106 Consequently, the

electrolyte 1s inert, is invalid.
values obtained depend upon the particular non—
electrolyte used.

(iii) Applicotion of Stokes' Law.

inother method is based on the principle thot if



the size of the solvated ion could be determined, it
should be possible to calculate the number of waber
molecules contained in it. By assuming that Stokes
Law is valid for the motion of ions, the radius of the
hydr:ated ion can be obbtained directly from values of
the limiting equivalent conductivities.

For ions intrinsically lorge and of low. surface
charge (e.go, NEti) this assumption has been confirmed,
as the product A° 70 (Where.ko is the ionic mobility
andﬁyo the viscosity of woter) is reasonably constant
both over a range of temper-tures =nd in 2 variety of
solvents. Amis ev allo7 have attempted To use this

0 e s .
To obtain information upon the

constancy of XC)p
solvation of halide iong in mixed solvents. By using
8 salt such as tectra—ethylemmonium bromide any
variation in the constoncy of AO;;O can be ascribed o
changes in the solvation of the halide ions. They
concluded that bromide ions were highly solvated but
appeafed To lose some of their exterior solvent sheaths

on raising the temperature. Strehlow and K.oepplo8

have
attempted to obtrin a measure 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 bthe various

hydration numbers thot have been estimated by different

meth ods.
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Table 3.2 Estimated Hydration Numbers
Method
Ion

Mobilities Diffusion Activities Compressibilities

it 5 3 3 4
Nat 4 1 2 5
Kt 4 1 1 5
Mg*t 12 - 5 12
ca™ 10 - I 10
La+++15 - 8 18l
B - - 2 4
vl il 0 1 2
Br 2 1 1 1
I 1 1 1 1
1 o+t

Value for Pr.

(e) Physical Methods.

These meﬁﬂods consist of compsring the 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 cruse a partisl
breakdown of the structure of woter similar to the
breakdown found on raising the temper-ture. That this

is the case has been shown by X-r-y Scattering,lo9

dielectric absorption,llo infra-red a‘bsorptionlll and

N & . .
self-diffusion 12 gtudies.



(1) Dielectric constaont messurements.

The st tic dielectric oonstan% ¢s falls on the
addition of electrolytesoll5 This decrease is linear
up to a concentration of about 2N, above which the
effect is less merked. A corresponding fall in the
relaxation Wavelength.%s is obgerved. The depressions
oEs md a)s.are both influenced by temper-ture. e.g.
2,0 N NaCl solution
A€ increcsed by ca. 10% for 40°¢ rise
ésks decrensed 0" i " " “

Since what is happening to the dipoles in these
solutions is by no me-ns cle~r-cut there cen be no
authorative explanation of these results. Hasted et
af}jhave put forward o gualitative interpretation in
which it is assumed thot the fall in dielectric
constant is caused by 2 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 memsured4ﬁ% due bto their firm
orientation around the ion. It was assumed that this
orientation was of the form:

H

cation O or anion H — 0 —H

H

the configur-tion being brsed 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
AES should be greater for cations than anions.
Despite this assumption, snd its use to obtain a
division of the measured A€, of each salt, the value
of A;ES for the iodide ion is large. It was therefore
tentatively proposed that the orientation around this

anion might be:s

They explained the %AQELS increase with rise in
temperature in terms of the increase of short romge
order around an ilon =2s the water structure breaks down.
A similar explanation is put forwerd for the decre:zse
in relaxation wavelength with concentration and
temper~ture.

These authors have cnlculnted the dielectric
constant of wnter as a function of distonce from a
Point charge, using two different models, one proposed
by Onsager oand the other proposed by Kirkwood, and they
find that for a cation the dielectric constmt retains
its bulk value up vo 42 from the ion and then falls
sharply to a value of c2. 4 at 2&. For =on anion they
find no such dielectric s~turation and contend that the
fgrst shell of molecnles cround an anion have greater

rotational freedom than the shell ocround a cation.
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Robinson and Stokesl suggest that it seems equally
likely that the difference in dielectric saturation
round anions ond cations is merely a mabtter of ionic
size.

Similar experiments have been made using methanol

116 .
an even more pronounced lowering of the

as solvent,
dielectric constant being obtrined, but no explanation
has been made for this.

(ii) Nucle-r Mognetic Resonance Studies

Nuclear mognetic resonance Irequencies depend

upon the electonic environment of..the. nucleus due To.. ..
the mrgnetic shielding by the electron cloud. The
electronic distribution ~round = ziven nucleus can be
changed by extern~-l forces. “he molecule is thus
perturbed with the result that the resonance frequency
is shifted. Ilectrolytic solutions con be studies by
observing the shift of the resonance freguency of a

certain cation or -nion, €.g., lBBCS or 19F117

: , 118 . . C
the water protons, ~° with ch-nging conditions.

, or of

The woy ions shift the resonance frequencies of
protons in water hns been interpreted ~s the resultant
of two effects, (a) bre~kdown of the H-bonded network
of the water molecules c-using increased shielding nf
the proton nucleus -nd (b) pol-risations of the medium,
such as orientation around an ion, crusing a decrease

in shielding. In terms of this very simple analysis



experimental results show that:

(1) PFor uni-univalent salts (a) is predominent.

(ii) Concentration dependence of shift for these g _t:
is linear up to about 4M, i.e., the influence of
the ions cannot extend very far beyond the first
solvent shell,

(iii) Negaotive ions alwavs have the largest effect

upon the proton resonance.

More recent observations upon the chemical shifts
of the fluorine nucle-r resonance for fluoride ion ina
variety of environments have shown that the shift
varies linesrly with 4 of mole fraction of added
organic solvent and is dependent upon the nature and
concentr~tion of added c~tions and anions. However,
the caesium nucle ~r resonance frequency wns found to
be insensitive to solvent voariations, and it was
concluded that the large linear chemical shifts
observed on o2ddition of other electrolytes were almos?t
completely due to the anions.

However, until the theory of nucle-r magnetic
resonance is more thoroughly understood, speculotion
must play a fair p-rt in interpreting the observed
results,

(iii) Infra-Red Spectra
Wzlldronll9 has recently studied the influence of

metal haolide salts upon the infra-red spectrum of woter



Both the 0-H stretching wd bending frequencies are
shifted strongly by -nions but are unaffected by
cntions. The magnitudes of these shifts have been
correlated with the hents of hydrntion of the ions.
These results are interpreted in terms of the wnter
molecule teing orientnted with its hydrogen atoms
pointing towards the anion.

(iv) X-r~y Studies

Br~dy and Kriuselgo
diffr-ction patterns of concentrated potassium
hydroxide and potassium chloride solutions. They
suggest that in potassium hydroxide solutions K+,
being approximately the size of 2 water molecule,
enters substitutionally into the pseudostructure of
water without app-rently modifying it: “they alsc
estimabte th-t it has a hydation number of 4., The
chloride ion is interpreted as disrupting the water
structure; a later naper by Bradylgl quotes a hydr-~tion
number»of 8 = 9 for it. The hydroxide lon 1s given a
hydrntion number of 6.

(v) Ultraviolet Spectroscopy.

A large number of ions nnd reactions between ions
and/or molecules have been investigrted by ultraviolet
spectroscopy. A f£2ir proportion of the papers
published include a tent-vive explonation of the sort

of solvation that is thought To occur in the systems

hnrve recently measured the . ... .



no

studied. Amongst the publications which appe=ar bto
make a definite contribution to lonic solvation are
those of Platzmon and Fr:xnckg4 (and the extension of
their "continuum™ model by Stein and Treinin55) and
those of Smith and Symons?5’26 These papers have been
discussed in Chapter One from the viewpoint of the
migr-tion of the electron in C.T.T.5. spectra. The
implic-tions of the Ycontinuum" -nd "sgunre well®
models to ionic solvation con now be mentioned.

Both models assume bth~t when -n anion, the iodide
ion being the one discussed in porticular, absorbs a
photon of energy h such that one of the six outer
electrons moves to an cxcited orbitn~l, that orbit-l
is centro-symaetric ~round the iodine o~tom which, it
is postulated, is then formed. Their basic difference
is thot whereas the Ycontinuum" model requires the
solvent to have the vnlue of the bulk dielectric
constant rizht up to the anion (even though the anion
is supposed to have an order producing effect upon the
surrounding solvent molecules), the Tsquore well® model
requires the adjocent water molecules to be orientated
with thelr protons pointing tow rds the -nion and the
dielectric constant of the medium does not come into
the cnlculations mnde.

In view of the exrlier discussion, it would seen

that the "square well" model hos more to recommend it
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in th~t the moximum penetration of the excited electron
is assumed to be ca 42 which thus indicates that it
would spend much of its time on the orientated water
protons, which would heve a considerable g+ charge. In
the "continuum" model, the excited electron is assumed
to be bonded solely by an effective nositive chorge at
the centre of the cnvity, and no account is taken of
the presence of orientated solvent moleciules. The mean
radius R, of this orbital is calculated to be 5.82.
This implies thnt the electron spends a not
inconsiderable proportion of its life-time on the lone
pair electrons of the orientated wabter molecules, a
position of relnbively high electron density. This is
not a very accept ble physical concept. Although Stein

and Treinin'’s modification of Platzman and Frock's model

1

gives them a Yspectroscopically significant radius® LF

only about 1,27 +the radius of the anion (which is then
related to partial ionic molar volumes), the problem is
'still not overcome.

The extension of the Vsquare well" model to other
solvents leads Smith 2nd Symon526 to suggest that the
orientation of alcohols around the =nion would be such
that the proton attached to the oxygen atom of the
alcohol would be in the perighery of the c~vity around
the anion, =2nd th~t the three protons in ammonia and

methyl cyonide would 2ll 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 CN groups %o
orientate themselves awsy from the anion. They
suggested that the slight devistions found with ethyl
cyanide might arise because of steric interactions:
between bulky methyl groups. Thus as the number of
"noints of atbachment" between the anion and solvent
molecule increases, the radius of the cavity would be
expe cted to increase. Their results, as interpreted

on the simple “square well™ model, are in accord with

this view. (see Fig. 1.3.)
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HAPTER FOUR

Ionic associabtion.

When ions of opposite sign are close together,
as undoubtedly will be the czse in certain situations,
there will be some associabion between the ions, The
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 o
persist throush a number of Collisions with solvent
molecules. In the case of a symnetrical electrolyte,
such ion—pairs will have no net charge, though they
should have a largze dipole moment. They will therefore
make no contribution to the electricsl 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
vosition will be more complicated, since the simplest
and most probable type of ionic association, that of
involving only two parficles, will result in the
appearance of a new ionic swpecies of a charge type not
previously present; his would contribute to the
conductivity, though less thon would its constituent
ions in a free state. In such cases further association

to form neutral species mey also be reasonsbly expected.



(a) Definitions.

We are immediately confronted with the question:
when can two neighbouring ions be termed an lon-pair?
e shall proceed by describing briefly the wvarious
concepts of ionic assoclation.

(i) A4s given by Bjerrum.

Bjerruml22

evolved the idea that the average
effects of ion-pair formation may be calculated on the
basis that all oppositely charged ions within a
certain disbance of one another are ‘'associated™ into
ion—-pairs, though in reality a momentarily fast-moving
ion might come within this distance of another and pass
by without forming a pair. He proposed that this
critical distance, usually denoted by , should be

chosen as:

= Izlzzteg
2s 12T

This is seen to be the disteonce ot which the mutual
electrical potential energy of the two ions:

|2,2.6%/¢ 0
is equnl to 2kT. It is possible to show the reason for
this particular choice from a consideration of the
Poisson-Boltzmann equ~tion. If a graph is plotted
fTor the number of ions in a shell o.1X thick at a
distance r from & centrrl ion (the calculation being
made for the ions in the shell being of opposite charge

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

1 : 1 electrolyte -t 25°, a curve is obtoined with a

minimum 5.572 from the central ion. Thus for ions of
opposite charge, if the distince of closest approach

is %.57 A

A or more, it is 2ssumed that there will
be no ion-pairs. If the ions cn approach closer than

Zl ZZ.

this, Bjerrum would regard those within the sphere of
radius 5.57!2122|X as "undissocinted" ion-pairs. It
is to the ions outside th=zt the Debye-Huckel theory is
to be applied.

Since Bjerrum's first public-tion on this subject
innumer-ble papers have appe-red, many of them showing
remarkoble agreement with the theory, others criticising
or secking to extend or modify it. The basic theory
is still in current use nd the subject of much
discussion. (For example, Gug;enheim.lza).

(ii) As given by Fuoss.

Recently FULosslzLlr has claimed to have shown that
the theory of the conductance of gymmetrical electrolytes
is now substantinlly complete. In the p=st he has
mathematically analysed virious models and has now
reached the conclusion th~t the following precepts
should be observed:

(1) That the ions should Be tre~ted as hard spheres
occupying space.

(2) Only when two ions of opposite charze zre in
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contact are they to be treated as ion—pairs.

(3) The length of time thot the two ions remzin in
contact is entirely dependent upon their
electrostatic and kinetic properties.

(4) During the time of conv-ct neither ion can
contribute to transport of charge, ond neither ion
is to be counted as 2 member of the atmosphere of
other ions because the pair present only =2 dipole
field to distnt ions.

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

(6) A conbinuum represents the solvent.

The recent book published on this theory by

Fuoss =2nd Aocascina125 h~s been criticised by

126 who feels, in particular, that the

Buckingham
authors hove insufficiently emphasized the complexity
of interacting ions o-nd solvent molecules, in their
approach.

(iii) As given by Winstein.

127 have recently studied

Winstein ~rnd co-workers
solvolytic reactions of alkyl halides in the presence
of added salts and hove explained their results in

terms of the following scheme.
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&+ 3=
RY, &= R ——— X = R —=— R+ X = RY + X
Alkyl transibion "Intim-~te solvent dissociated
Halide st-te ion—pair? separnted ions

ion-pnir

From their results they calculated ¥ — values which
are n mensure of the “ion-solvating power of solvents.™

Kosower1287 by on entirely different approach, has
also obtained a me-sure of ion-solvating power, which
he c¢2lls Z-volues. He hrs shown thot there is a linear
rel~tionghip between Vinstein's ¥ - values and his
Z — volues. The Z — values ore obtained by measuring
the opticrnl asbsorpticn band that appe-rs in concentrated
solutions of l-ethyl-4-carbomethoxypyridinium iodide in
various solvents, the encrgy of the transition beling
the numericnl Z - value. The transition must arise
from the transference <f charge from an iodide ion tr
a pyridinium ring with which it is in contact, thus
forming a neutral wmolecule., By the Franck—-Condon
Principle this molecule c-n 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) Spectrophotometric Investigations.

In principle, it should be possible, by a

spectrophotometric study, to decide when n ion
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receives or donates electronic charge to one specific
adjacent ion of opposite polzrity by the anpearance of

a new pand. There are, however, differences of

opinion as to the worth of svectrophotometric methods

in the study of ion-pair formation. These differences
arise beczuse, at times, insufficient attention is

given to the nuture of the electronic trensitions
involved. I¥ has often been concluded that the spectra
of ion-»nairs =2re identical to those of the free ion%?9’15O
This may well be true for certain intra-molecular
transitions of either cations or anions%Bl but as a
generalisation 1t is quite folse.

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 though 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

o] 2z
of a band}ac’l)p Since the location of absorption

bands may be very sensitive to environmental ohange%G’l54
there can be little justification in such an arbitrary
assignment. A Tfurther objection to this approach is
that the electrolytes used are often known to form
covzlent 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, threefolds
(1) To test the crude "square well model" approach of
Smith and Symons25’26 under as many extreme conditions
as possgible.
(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 lon—-peirs varies.
(3) To examine solutions of zinc, cadmium, =nd mercury
halides alone, and in the »nresence of added electrolytes
with a common ion, in an attempt to see whether or not
all the compnlexes postulated in the literature can be
identified by spectroscopy and possibly to investigate
any ion—solvent inbteraction. An initial survey of the
literature revealed that a considerable amount of the
data required had alrecdy been obtained. However,
their significance to the present oproblem appears to
have been overlooked. These results will therefore be

presented tozether with the experimental results

obtained during this study.
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CHAPTER SIX

Experimental Procedure.
(a) BSpectrophotometric Measurenents.

411 messurements were made on a Unicam S.P.500
spectrophotometer, which had been specially selected
by the makers because of its outstanding response in
the 190—2001@1 region. The normal photocell, however,
was replaced by a phobtomultionlier, which was the
S.24.G.500 Model manufactured by Frazisimsmessgerate
RSV, of Icking, Oberbayern, Germany, which incorporated
a l. P.28 photomultiplier tube. This resulted in a much
grester sensitivity of the instrument than would
normally be expected in the 200 %P region. Also,
slit-widths of around O.l.mm. coild be used and all
results obtained in this region were reproducible %o
a high degree of accuracy.

The normal procedures for accuracy were observed:
(1) 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 %P
region began to diminigh,
(i1) Calibration of the wavelength drum was periodically
checked by
(a) Using the visible lines of the lamp =nd (b)
comparing the instrumental results for the peak nosition
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 l;O since Beer's law was obeyed in this range
by solutions of potassium chromate in waber.

1.0 cm., 0.5 cm. and 0.1 cm. fused silica cells
were cleaned by washing thoroughly with water, rinsing
in HF/teepol/HNO5 mixture, rewashing with water,
rinsing in purce 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
current of dry nitrogen through the cell. When a cell
path length of 0.0l cm. was reguired 0.09 cm. quartz
spacers were inserted into the 0.1 cm. cells.

The opbtical density of the solutions was kept in
the range 0.2 to 0.6 and, if the blank had an
anpreciable 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 thon unity. However, the
photonultiplier still cppecred to be quite sensitive
up to regions of btotal opbticuol density 1.5 butbt any
peaks observed in this region were not relied upon,
and only the trend of the spectral curve was noted.

The following procedures werce 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. The
solution was vnen placed in cell II and the spectrum
measured. Solution was then »nlaced in cell I and the
blank in cell IT and the spectrum again measured., The
me:=n of the measured ontical densities was taken as the
true optical density.
(ii) Solvent wes placed in the cell and the spectbrum of
solvent and cell mezsured ajainst air; the solvent was
then renlaced by solution and the spectrum acain
mecsured. The difference between the two values (at the
same wavelenzth) was taken as the true optical density.

Readings were always made at sufficiently close
interv-ls such that an accurate spectral curve could ve
drawn. The readin:s obtained were plotted asainst either
wavelength or ‘requency (om._l) and the position of
maximum absor»nbtion was Tound from the zravh by the
method of rectilinear diameters. (gee Fis. 7.1.)
(b) Temperature Control.

The Unicem 5.F.570 Jonstant Temperature cell Housing
was used for temperature studies. For low temperature
work a new cell compartment was constructed, from the

1id of which was susnended the cell thermostat}55 This



hermostat, which consisted of a perspex box into
which the cells were clamped, was only for 1.0 cm.
cells. The cells were thus actually immersed in the
circulating fluid, which ensbled rapid and stable
thermal equilibrium to be attained.

Water was circulated throuzh the thermostated
cell housing by me~ns of 2 small pump from either a

thermostat maintrined at the recuired termperature

within %0,1°C. or a large Dewrr flask containing water
and lce. For vemper~tures below 0°C. a Towason =nd
Mercer Low Temper-ture Thermostat was utilised and
pet. ether was circulated by the small pump via lagged
tubing.

(c) Technique for Low Temperature MHersurements.. .

The cell compartment was flushed out for at least
one hour prior to mersurement with thrroughly dry
nitrogen (3 conc. H;80, treps ond one lig. O, trap).

If the solvent to be investigted was liquid‘at TOoom
temperatures, normal procedures were then followed, the
Tilled cells being pl-ced 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) ifter dry nitrogen hnd been passed throuzh the cell

~ T

1

compartment Zor one hour, a pl-istic Bz with an

elasticated Ton, which hnd Hreviously been dried in a
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dessicastor, was nlaced 2round the cell thermostat such
that the stoompers of the cells were nclessivle. After
replacing in the cell housing, dry nitrogen was again
passed for half an hour.

(ii) Coolent was then passed through the cell housing
until 2 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 ropidly removed and the
cell thermost~t quickly returned vo the housing in
order to prevent misting up of bthe cell windows.

(v) Temperature equilibrium was assumed to have been
rexched when the optical density remained steady at a
certrin wivelength.

(vi) The menn of the temperatures of the coolant before
-nd after possing throush the cell thermostat was taken

s that of the thermostat ¢ the difference was never

)

more thon 5°C.
(d) Purificotion of Solutes.

Inorgmmic salts used were of A.R. qualiby, when
obtainable, =2nd were usually recryst-llised from
purified water =nd dried at 110°C for 2 hours or under
vacuun in a thermost~tted drying-pistol. Lithium iodide
was dissolved in A.R. acetone on a vacuum—line:

anhydrous calcium sulwnhate was added and it was left
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to stoand overnight. After filtration, the acetone was
pumped off and the 1ithium iodide was then further
~dried in a drying pistol at 150°C, and stored over
P205. Zinc perchlornte wns prepared by addition of
4.R» zinc oxide to A.R. 72% perchloric acid until there
was o slight excess of the oxide. After filtration
and heating until white fumes were evolved, white
anhydrous zinc perchlor 'te was obtained., Cadmium
perchlorate was obtrined in 2 similar manner as
colourless cryst:ls which were not completely dehydrated
since tWiey decomposed on strong he-ting.

Tectra-n—-butylammonium iodide was purified by
recrystallising several times from acetone and drying
under vacuum. Found m.p. 146.5° (1it.145°) Tectra-n-
propyl and tectra—ethylammonium lodides were purified
in a similar menner. Found m.p,27lo and 120°
respectively. (lit. —  end 181° )., Tectra-n-
butylammonium perchlor-te was prepared by mixing
solutions in acetone of a slight excess of an equivalent
of tectra—~p-butylammonium iodide with an equivalent of
silver perchlorate. The mixture was refluxed, filtered
hot three times and the acetone removed under vaculimo
The resulting salt was recrystallised four times from
nure n-butanocl and dried under high vacuum. Found

m.p. 207-8° (1it, 20%-4°),



(e) Purification of Solvents.

A1l waber used w:s purified by double distillation

from alkaline permangsnate under oxyzen—free nitrogen.

Core
they were omhydrous.

avallable

obtrined on using them belore and =

However,

e was btelken with 211 other solvents to ensure thet

if solvents were

y

in spectrogrnde quality, the results

el
[}

ter drying with

calcium sulphate or calcium hyvdride were compared and,

if found %o be identical, the solvent was assumed to

be anhydrous and used ns such,.

The following solvents

were treabted in this moanner.

Methanol (B.D.H. Special for Spectroscopy)
igso — Propanol ¢ = i i " )
Ethyl acetate ¢ © & " " )
Cazbon Tectrachloride( " " i i >
Chloroform ¢ " i " i )
Diethyl ether (™ B " " J
n - Hexene ¢ " " - " )
cyclo — Hexane ( n 1 it 1 )
n-But-nol (% BSpecially purified for the
determination of 17~ketosteroidu,
Methyl cyanide (Bastmen Kodak Co. Spectrograde)
Methyl formate ¢ " " i " )
iso — Octane ¢ " " o " )
Dichloronethane ( = i f " )
N-T-dinetaylf-~rasmile( i " " )
¢yclo-Hexs one (H, & W. Purified, low in cyclo-

hexanol. )

1}
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Other solvents were purified by the following
Techniques:
Benzene (B.D.H. '"M.A.R.' quality) was distilled from
phosphorus pentoxide aifter standing for several weeks.
Dioxan (B.D.H. 'A.R.' guality) was refluxed with fused
stannous chloride, fr-:ctionnted, and then refluxed over
sodium prior to Tinal fractionation, a 50 cm. Vigreaux
column being used. However, mm equally efiective
method Tfor remnoving peroxides was found To be that of
refluxing for several hours over calcium hydride followed
by direct distillation into a stoppered flask.
Anhydrous l:3—-dioxolane (kindly donated by Brotherton
Ltd.) was freed from peroxides by “ractionation alone%56
Acetone (B.D.H. "A.R.' guality) waos refluxed over and

137

distilled from calcium sulphate or distilled from
and over phosphorus pentoxide, both methods always
giving identical speqtral results.

l:2-dimethoxyethone (Eastm-n Kod2k 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
~olumn,

0.880 ammonia solution (M & B 'A«R.' oquality) was._used . . _ .
as such.

Anhydrous ammonia was prepared from TA.R.' sgqueous

ammonia by condensation under vacuum on to sodium
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hydroxide pellets, followed by condensation on to
purified metzllic sodium. Ammonia was distilled from
the resulting blue solution a2s required.

The ultraviolet cut—-off was determined for these
solvents and is shown in Table 6.1.

Table 6.1,

Limits of transporency of solvents in %P
Solvent Cell length when optical density

against air is 1.0.

1 cn. Oslcm. 0.0l cm.
Ilethanol 210
iso-propanol 210 190
BEthyl acetate 254 249
Carbon tectrachloride 265 248 245
Chloroform 24.5 235 223
Diethyl ether 200
n-Hexane 210
cyclo-Hexane 210
n-Butanol 212
Methyl cyanide 220 .
Methyl formate 258
iso~ Octaone 215
Dichloromethnne 231 212
cyclo-Hovznone 510 and

241-265

Benzene 262 280 278

Dioxon 240 215 210
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N:N~dimethylformamide 268 |
l¢3—dioxolane 200

Acetone 330 300 and
205~-265

l:2~dimethoxyethane 215 205

Dimethyl sulphoxide 24.2

Tectra=hydrofuran 208

0.880 ammonia 222

Liquid ammonina ca.240

(f) Prepar:tion of Solubtions
(i) Aqueous Solutions.

Aqueous solutions were prepared by dilution of
a stock solution obtrined from a known weight of the
salt (micro- or semi-micro bnlance) made up to a known
volume; occasionally solutions were made up such thatb
dilution was not necessary,

(ii) Non-aqueous solutions.

The latter procedure mentioned above was gener:lly
used since most salts were sparingly soluble. In some
instances, c.g., tectra-n-bubtylammonium iodide in
carbon tectrachloride, the mixture had to be allowed o
stmd in the dork for seversl doys with occasional
shaking and the solution obtoined by vpipetiing carefully
from the surfrce of the ligquid. At times, solute and
solvent were refluxed Gogmether in the dark for 24 hours
md pipetted hot into cells =lre~dy heated to 40°C. in

the cell housing in order to prevent loss of solute by
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recrystallisation. (E.g., tectra-p-bubtylammonium
iodide in benzene.) In some solutions containing
i1odide, Ig was occasionally formed (detectable by its
characteristic absorption spectrum). It was removed
by adding small amounts of anhydrous ammonium thio-
sulphate mnd leaving for times vorying from a few hours
to a week until the spectrum of Ig was completely lost.
Addition of calcium hydride wos loter found to be a
somewhat quicker method for removing Ig,
(iii) Mixed Solutions.

Identical concentrations of iodide in solvents
A =nd B were prepared by weighing. A known volume of
A was added from a burette to 2 weighed graduated flask.
After reweighing, solution B was run in from another
burette up to the calibratijg mark.. The solution was
weighed ~gain and the mole-fraction of solvent
crlcul~ted from the recorded weights. Exactly the same
volumes of pure solvents A and B were placed in m other
flask ond the mixture used in the reference cell. By
this method identic~l concentrtions of iodide were
obtained in 111 the various mixtures studied. In the
case when ilodide was insoluble in one of the solvents,
a stock solution of the other solvent was diluted,
prior to the ~ddition of th~t solvent, such th~t, in
the final solubtions,; the concentration of iodide w-s

always approximately the s-me., Care wos slways taken
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to ensure that the solvent composition was the same in
both cells, since slight differences c¢-n lead to an
cpparent shift of the peak if the solvent has a rising
absorption in the wavelength region concerned.

(g) Diffuse Reflectance Spectra of Powdered Saltst?
(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 with a toroidal mirror which focuses
the light on to the detector. This is comp:red with
light reflected from a reference surf-ce. The use of a
photomultinlier as a detector is essentizl in the
ultraviolet region in crder to obtnin good . ...
reproducibility coupled with high sensitivity.

(ii) Methed,

Magnesium carbonnte is gener-lly used as a
comparison surface. However, lithium fluoride was
found to reflect between 10 =2nd 20% more of the incident
light, md this figure increxased rapidly on going below
240 %p. Experiments have been made with other
reference surf.ces, e.g., various filter-papers, but it.
has always been found th:t lithium fluoride is superior.
Using lithiuma fluoride, readings h-ove been obtined

which appear to be relisble down to 210 %u.



Specimens, together with lithium fluoride
diluent, were ground with =n agate pestle and mortar
to a homogeneous fine powder. The relative amounts of
lithium fluoride reguired depended upon the need to
keep the final optical density below 0.6. When these
precautions were not token, spurious pezks and spurious
broadening sometimes occured. Affer grinding, the
powder was immediately spread on the metal dish of
the attachment to give a flat compact surface compar:zble
with that of the reference surface. (Small differences
in optical density in regions where no bands occur were
aie to differences in spreadinc, which are unavoidsble.)

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 ~ompounds 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.
penks had an optical density greater than 0.8 and did
not decrease on initial dilution. The procedure,
therefore, was to dilute until further dilution

resulted in the expected decrease in optical density.
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Pecks that could be reproduced with differing dilutions
of the compound with lithium fluoride (normally betieen
1:5 and 1:15 by volume) were regnrded as renl and all
others as spurious. However, when compounds with
forbidden transitions were being studied, dilution was
found to be undesirable.,

A constant slit-width ws used when each spectrur
was being mensured, the actunl choice wos made such
that the instrument w:.s a2s sensitive 2s possible in
the wavelength rezion to be investigated. In the near
ultraviolet and visible regions slit-widths 2s small =s
0.1 mm. could be used and in the 220 %F region slits of
gre~ter than 0.6 mn. were not necessary. The specbra
wers reproducible when plobted at-different siit—widinc
(h) Mathematical Analysis of Spectra.

Since all the spectra cobserved had no fine
structure 1tv 1s reasonable to assume that the optical
absorption in the ultraviolet region is due entirely
to the movement of 2n electron from a ground into an
excited stote orbital which has no discrete vibrational
quantun levels.,

The spectra are tus a Gaussian distribution of
energies and should approximate to a Gaussian zmrror
curve of The general formula
v = Ae~0<(:\:~b)2

where A is the peak heizght, K is dependent on tahe



width of the curve snd b is the pesk position.
hccordinzly, a Pezasus Digital Computbtor was very kindly
programmed by Mr, R. Leonard of the Department of Civil
Engineering to investigate this., Initlal investigations
showed tha?t results of a high order of accuracy were
required by the computor, especially in the case of
spectra where it was impossible to observe peak
positions, e.5., agueous hbromide solutions. The
Tollowing procedure was thus adopted Tor bromide soiu-
Tions:

(i)  An approximately 0.1 M solution of KBr was
prepared and its spectrum token, at various Temperatures,
in the wavelength range such that the ophicsl density
readings were between 0.5 and 0.2 and at wavelength
intervals of O.2L%u.

(ii) This solution was then dilubted 1 : 1 and the
above procedure repeated.

(iii) The diluted solution was fTurther diluted 1 : 1,
the above prbcedure repeated, and so on until readings
were being ovtained at sround 205 %pn

(iv) Over one hundred accurabe readings were thus
obtained and were then scaled according to their
dilution.

(v) These were then submitted to the computor, with
their corresponding Ifrequency, in the order of highest

optical densities first. The computbtor then obtained
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the best Gaussian curve through the subaitted points.
It then automatically proceeded Go leave out the last
(lowest) point submitbted and Ho £it a Gaussian curve
To the remeinder and so on until there were about
thirty points le’t. (In Tubure, this jrocedure will
be referred to as "tailino™.)

(vi) The experimental points were then submitbted in
the reverse order (highest opsical density last) and
procedure (v) reneated. (Known as "bopping.)

(vii) Finally the points were submitted in the order:
highestv optical density obtained; lowest obtained;
next highest: next lowest and so on. (Known as
altern-te bopning and bailing.™)

(viii) The resulte obtained from the computor were the
three constants of the curve, A, of, and b.and, when
required, points on Gthe computed curve at selected
intervals in order to plot it on the experimental curve.
(ix) e peak position of the band (b) was then
calculated from an averaze of all the reasonable results
obtained. A “reasonable™ result was obteined by
inspection: it was wossible bto eliminate certain
results because, at times, the valueg for A, o, and b
were far from the averrze 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 conseguenvly, in order to
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accommodate this »noint, the Gaussian curve found by
the Computor has different constants o those found
previously., When this inaccurate noint is not at or
near the end of the submitted experimental points but
near the middle, its effect upon the computed curve

is negligible, The above comment only applies when
the long wavelensgth edge of a band is being investigated
and the cxperimental points are some way from the peak
position,

(x) Procedure (ix) can only be followed when the
spectrum doeg 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 “Gopping™ is
performed. The curve constants obtained begin by
varying greatly and then settle down to a steady value.
The spectrum can thus be gplit into two or more bands
and therposition at wnich the hidden band ceases to

contribute to the observed spectrum ascertained.
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CHAPTER SEVEN
Experimental Results.
(a) TIodide Ion.

The exasmination of the literature in Chapter One
has shown that the spectra of solvated iodide ions are
merkedly dependent upon medium and temperature., fig.

'Y .l. shows iodide in water at two different temperatures.
To examine this devnendence more fully four main
constraints have been placed, when vossible,; on the
environment of iodide lons in solution =nd 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 @ region.

(i) Aqueous Solutions.

Much of thé information that might be required
concerning the effect of the above constraints that
can be used on aqueous iodide solutions has already

55

been documented. Recently Stein and Treinin have

—

repeated the work of Swmith and SymonsZD’ZG

~nd report

a value for the snpift with temperature of the first
absorption band of aqueous iodide as 33.7 cals/deg., the
previously recorded fizure teing 32 cals./deg. As et

the second lodide hand has not veen exrmined Tor
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temperature dependence since its peal position
(ca. 194 ?p} cannot be accurately located unless special
precautions are observed,

Smith and Symons have reported that the effect
of adding the electrolytes NalCl, KCl and KF appears to
produce equal shifts of the iodide spectrum at equal
concentrations. Frivate conmunication with Stein and
Treinin has led To 2 re—examination of this work since
they had found a small but deifinite dependence upon
the nature of Tthe cation for equal concentrations. The
results found are listed in Teble 7.1. and compared
graphically with those of Smith and Symons in Fig. 7.2.
It mey be seen that the shift of the iodide spectrum
to the ultraviolet increcses epproxinmately with
increasing cationic size. Although Diamond and

Frozz:hertzl53

hove reported that the iodide spectrum is
independent of the corresponding cation (Ii, Na, K, Ca,
Sr, Ba, (Os) and concentr:btion up to 6.0M, Doucet}59 on
the other hand observed that the spectrum was dependent
upon concentration, the whole band vteing shifted towards
the ultraviolet with increzse in concentration, but that
the effect was comparatively small and moy be considered
negliginle T concentrotions below 0.01lki. Sincc these
workers had To use extremely thin films at these high
concentr ~tions their results may be subject to some

error. The spectrum of an iodide solution containing
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Fig.7.2. Effect of added salts upon the iodide spectrum (209)
OxC1 [] NaClL AKF  results of Smith (ref. 135)
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a large positive ion, (anu)4N+, at a concentration of
7.3% ¥ 107U and between two gquartz pletes giving an
effective cell length of 0.001 cn., has been measured
and the peak was shifted dowh to 225.6 %p, a shift of
0.6 %p., which is outside the limits of experimental
error.,

Teble 7.1.
Compearison of-Xﬁg; (@p) for iodide in aqueous salt

solutions of electrolytes with crystallographic cation

radius (rh)

Salt Concentration | r*(z)
1M 20

NHQCI 225.6 225,.,2 1.03

NaCl 2254 224,77 0,98

KCL 225,2 224.5  1l.33

CsCl 224.9 223.92  1.65

Et,NCL 22%.8 2,28%

Na2SQ4 222.8

ZIlSO,+ - 224,0

Ba012 22%.8

a 1.8M. b Estimcted from a model.

In all cases, only negligible changes in band height
and shape are produced by the addition of salts.
(ii) Non—agueous Solutions

The results of this study have snown that certain

solvents were comparsble with water on changing
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enviromnent and temperature, and fitted the empirsl

25’26. These solvents

correlation of Suith and Symons
are reported in Section (ii) I: the remaining solvents/
investigated, which generally had low dielectric
constants, are reported in Section (ii) II.
(I) Goocd Solvating Solvents

The position of maximum absorption of iodide in
these solvents is listed in Table 7.2. 7The results of
other workers nre given in Table 7.3%.

Table 7.2,

Position of maximum absorption for iodilde in various

solvents. \

Solvent Salt Temp 7Amax(%P)
MeOH KT,(a-Bu),NT 20 219.8
iso-PrOH KI,(a-Bu),NI 20 219.0
n—~Bu Ol KT,(n-Bu), NI 20 218,0
MeCN KI,(n-Bu),NI 20 245.8
Acetone KI,(QrBu)4NI 4 254,0
cyclo-Hexanone (QrBu)4NI 15 259,.,5
Dimethyl sulphoxide KI,(n-Bu),NI 26 242,32
l:%~dioxolane (ngu)4NI 26 236,5
0.880 ammonia KI,(n-Bu),NI 20 23%2.3
Liquid ammonia KT ~46 254.5

gsee text.
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Teble 7.5,
Results of other workers for the position of maximum

absorption of lodide in various solvents.

Solvent Salt >%ax<%P) Reference
MeOH K,Na,Li,NH,, 219.1 29

NEt4 Jodide

MeOH - KI 221.0 140
n—-BuOH KI 218.0v 140
MeCN K, Na, NH,, 2hh 4 29
Iodide
MeCN KT 246.1 140
Acetone - KI 248.0 128
Dinethyl sulphoxide KI 241,77 128
Ligquid ~mnonia K,Na,NH4 254..0 %3
Todide

It may be observed that the results obtained
compare well with those in the literature. One reason
for ony slight discrenonces is that much of the
nublished work ws performed before the btemperature
dependence of the snectra wos realised and hence the
Gemperature ot which thege spectra were measured is
not ilways renorted. Two more points require mention:
(1) Kosowers'! v-lue of 251,7 3 for iodide in acetone128
is lower tnon our value. This may well be due to traces
of water in his acetone (¢f. Fiz.7.9.) He ~lso reports

a value of & = 9,300: we findEgy = 14,300.

max 2xX
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(ii) The ultraviolet cut—-off for dimethyl sulphoxide
is 241-3% %F’ depending upon temper-ture, 2nd hence any
pe~k reported in this region m.y well be spurious, if
this linit is ignored, and due to strzy light effects.
It 1s felt that Tthe value obtrined here of 242.% mu is
spurious, especinlly since Smax = 10,500 (Kosowerl28
o'bt:‘.inec'l_EzmX = 11,000), the usual value obt:ined Tor
iodide ion in solution veing 14,000; The pe-k was also
not sy mevrical,
(1) Effect »~f Temper ture.

It is well estoblished that when 2 groph of the
pe~k position of iodide in energy units is plotted

919,10,25,26,55 . gtraight line

agninstv temvnera2ture
relationship is found. IV w-s therefore considered
that for the solvents investignted, five »oints were
sufficient vo obtain accur tely tvhe slope of the line,
dEmaX/dT' Fig. 7.%. shows the results obtained. Fig.
7.4. ghows how these ond other solvents compare with

the correlation of Samith & Symons. dE dT was notb

nn

obtrined for iodide in gig;gfhexanone bec~use of the
difficulty of loc-ting the brnd moximum ~ccurately (cf
Table 6.1.), nor Tor dimethyl sulphoxide since the true
absorption maximum could not be measured.
(2) Bffect of added srlts.

The low solubility of s2lts in sever~l of these

solvents m~de me~surement of spectra in the presence
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of added electrolyte difficnltb. (ngu)4NI in
1:3-dioxolane was investigated in the presence of a
lorge excess of (p-Bu),NCLO, ~nd the band wes shifted
the expected omount down to 234 ?ﬂ.

A study was undert:ken of the vorintion of Xmax
of iodide in methonol/water mixtures contdining IM
potassium fluoride. Fig.7.5. shows a plot of EmaX
against mole fraction methanol. The results of Smith
nnd.SymonsZ5 »re included for methanol/water mixtures.
It nay be seen tht the addition of potassium fluoride
straightens the curve previously obtained.

(II) Poor Solvating Solvents.
(1) Pure solvents.

] 20° . : .

Values Of‘kmax for (ngu)4NI in various solvents
are included in Toble 7.4. Identicnl volues were
obtained using (Q;Pr)4NI and Et4NI in chloroform.,
However, in cnrbon bectrachloride,. (p~Pr),NI gave. a
band at 268 %P and. Et4NI, after refluxing in the dark
for o week, g ve evidence of a band below 267 gy.(cf
Table 6.1.) In gener~l 2lkali met~l iodides were
insoluble in these solvents; however, ofter prolonged
shaking in the d-rk with dioxan, caesium ilodide gave
a band at 235 %p : 80 also did rubidium iodide after
refluxing in the d-rk for a week. These bands were
identic.l with those obtnined from (n-Bu),NI and

(QrPr)4NI in this solvent.
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The solubility of (ngu)4NI in hexane, cyclo-hexane
end iso-octane, even ~fter prolonged refluxing, was
found to be vanishingly small. The spectra of hot
solvents 2ll showed = very wenk band in the 290 %P
region together with ~ rising -bsorption at lower
wavelengths comprrable with th-t found for mono-
ethers. (ef Fig.7.6.) However, optical densities
were less thon O.1 in 1.0 cm. cells. |

The diffuse reflectance spectra of (Q;Bu)4NI
and EthI are given in Fiz.7.7.

Table 7.4.

Bond maxima of, and effect of temperature on, the

spectrum of tectra-n-butylommonium iodide in various

solvents,.
"theoretical"

Solvent A20%0y @B _sar aB.__jam

o) By o/ max’/

(cnl./deg.) (cal./deg.)

CLy, - 29% 0 124
CcHe 290 & - 124
Et,0 290 - 124
Tetra-hydrofuran 290 & ~ 124
Dioxan 237 1423 45
1:2-dime thoxyethane245 62%5 59
GHOL, oU0-245 & - 50~60
CH,CL, 2U6 - 60

2. Shoulder; hence dEmax/dT unobtnainable but probably zero.
b A positive shift occurs, but owing to the breadth of

this band 4E aX/dT was not accurately obtainable.

iy
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(2) Effects of Temperature.

The results found for the dependence upon
temperature for the spectra of iodide in these solutlons
are summarised in Table 7.4, and the values for dEmax/dT
are compared with those that would be predicted from the
correlation of Smith and Symons. (cf Fig.l.3.)

(3) Mixed Solvents.

Detailed spectroscopic studies have been made on
(ngu)4NI in the following mixed solvents: carbon
tectrachloride/chloroform: carbon tectrachloride/
methanol; cyclo—hexane/iso-propanal; acetone/dioxan:
and ocetone/water. Of these mixtures only carbon
tectrachloride/chloroform and corbon tectrachloride/
methanol gave any evidence for the rise of oné 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
(Fir.7.9.) quite comparable with the shifts for water/
solvent mixtures?5 The results of variation of Em
with o mole fraction comnosition are shown in Fig.’/.10.
Constructed curves have been drawn for mixtures
containing dioxan, e.g., the spectrum resulting from
the addition of the iodide bands in pure dioxan and
oure acebtone 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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Fig.7.8, Spectra of (H-Bu)4NI in earbon tetrachloride,
chloroform, and carbon tetrachloride/ehloroform

nmixture.
(1) Carbon tetrachloride (2) Chloroform

(3) Carbon tetrachloride/chloroform containing
90% by volume chloroform.
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mixtures except those containing carbon tectrachloride
and ¢yclo~hexane could not be reproduced by the
addition, in verious proportions, of the bands
obtained from iodicde in the two components.
Preliminary investizations iato dioxan/;ggrpropénol
and dioxan/methyl cysnide mixtures also agreed with
these conclusions.

With dloxan/w-ter mixtures results were obtained
somewhat different to the above in thot 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.) Fronouanced dirferences were also observed
in this region for the shifts for (ngu)qNI and
(ngr)4NI on the one hand and certain alkali metal
iodides on the other (Fiz.7.10.) Sparing solubility
made these observ:tions somewhat unreliable except in
the case of lithiwnr iodide whiere the trend was
ultimately reversed, the band shifting to shorter wave-
lensths in pure dioxan.
(4) Addition of tvectra—p-butylammonium perchlorate.
When <E?Bu>4NOlO4 was added to dioxan the 237 QP
band was shifted to the ultraviolet in the normal way

(ef Table 7.l.) and a shoulder appeared in the 230 %F
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rezion (Fig.7.12). With l:2-dimethoxyethane the 245 %P
band broadens and then sharpens to a band at 255 %p as
progressive amounts of the percnlorate are added. An
examination of the band width at hsli-height, and the
shape and relative heizhts of the bands ab compareable
concentrations, su:ests very strongly that the 245 %p
band falls as the 235 ap band rises (Fig.7.1%). A large
shift to high energy, torether with a marked broadening,
was also found when the perchlor:te was added to a
solution of icdide in chloroforir. 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 %p.
(£fige7+56.).

(b) Bromide Ion

So far only preliminory investigations have been
made on the effect of temperature and environment upon
the bromide ion. Typical spectra obtained for
potassium bromide in wabter znd in methyl cyanide are
shown in #Fig.7.14. It may be seen, in the cese of
methvl cyanide, where the absornbtion band is shifted
somewhat to the visible coupzred with the water band,
that the spectrum appe:rs to result from the strong
overlap of two bands, thus inhibiting direct observation

of X

max® These bands are thought to be those of the
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2P5/2.2P1/2 states of the bromine atom}’2 the
Sheoretical splitbing being 3,500 cme® This study has
therefore been mainly concentrated on attempts to analyse
the svectral results obtzined in order To locate the
peak position of the first absorptica band of bromide.
(i) Gaussian Analysis

The wrocedure for submitting the experimental
pointe ¢otained to Goussian analysis by a Digital
Computor has been described in Chapter Six. Three setls
of over one hundred points obtained from a careful study
of the bromide ion in water, at 3°, 25°, and 53°, were
submitted. It was found that the computed results from
bromide at 3° were so varied after "topping", "tailing",
and "alternste Topning and todling,” that they were
untrustworthy. It was concluded that the points
submitted pron2bly contrined several that were
sufficiently inaccurate to invalidate the majority of
the computed constants of the Gaussian curves: slight
variations in bemperabture during spectral measurements
may well hsve been the cause.

The average of all the results for bromide at 250
and 550 that.were obviously allowable values gave the
positions for the first absorption band as 196.5 and
198.1 %p respectively. Assuming that the band shifted
linearly with btemperature dEmaX/dT was coalculated as 36

cals/deg., a value winich compares most favourably with
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that for iodide in water, 3% cals/deg.

Analysis of the svectra of pofassium bromide in
methyl cy=nide by computor showed that the number of
points submitted (around 15) was insufficient for
accurate results.

(ii) Analysis of effect of temperature.

The long wavelenzgth edge of the spectrum obtained
from potassium bromide in methyl cyanide was plotted,
in the 240 mp region, 2t five different temperatures.
Graphs of transition energy (k.cals) ag-inst temperature
were tThen plotted for eleven different optical densities
and values for dL/AT calculated. These were then
plotted az-inst E?OO obtrined from the graphs, and a
straight line drawn through them. Thus, if 1t is
assumed that on raising the temperature the band
shifts and brondeng: That the broadening increment is
linenrly proportional to the transition energy; and thet
dEmaX/dT is the same =28 for iodide (55 cals./dez.),
then the straight line czn be extrapolaﬁed To this wvalue

20° . 20°
ax obtained. Emax

and hence a nezsure of E was Tound to
be 219%3 %p., depending upon the slope of the line
chosen. Thus the spectra have to be mezsured with an
accuracy grenter than which is experimentally possible
at the moment before more than a gualitative result is

obt-ined.,
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(iii) Construction to Obtain:AMFY.
Fig.7.15. shows an onalysis of bromide in methyl
cyanide. This type of analysis crn only be performed
on spectra in which it is estimated that the effect of
more than 50% of the second bromide band is being
obgserved. The procedure 1is:
(1) Find the mid-point of the spectrum by the method
of rectiline=r diameters, as far =as possible, and by
observation of the mid-point of the shallow trough
between the two peaks, the latter procedure probably
being the more reliable,
(2) It is assumed thot the two hidden bands are of
equal height and shape, thus the mid-point of the
observed svectrum results from a 50% contribution of
each band. The hnlf-height of this mid-point is then
plotted.
(3) The lower half of the long wavelength edge of the
observed spectrum is then plotted coumencing from this
point in the directions of higher and lower energies.
(4) These curves ~re then subbtracted from the
experimental one thus completing the analysis.
(5) The method of rectilinear dismeters on the first
(analysed) bromide band shows the accuracy of the
original assignnent of the mid-point of the spectrum.

=0

For bronide in nethyl cy-nide at 27 Tor the Jirst

mox
“wsorntion tond was obtained »~s 217.6 3p. Subtracting
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from this the value for the theorebtical snlitting of
of the 2P . 2P states of bromine (3 SOOcnnTl)

3/2 1/2 ? ?
a value of 201 mu was obtained for_>\mqX of the second
band. This is feasible from the spectral results,
However, it may be observed that the gener:l shape of
the spectrum of bromide in methyl cyanide is very similar
to that of bromide in water, as reported by 3cheibe
(Fige.1.2.). ™ae renson For the pronounced broadening
of the second band is not known: it moy be due to
experimental error or vhe ~ppe-resnce of snother band.

Then this onalysis wos applied to a similar

spectrum 2t 40° it was then possible to colculate a
v~lue of dqu dT = 55 crls./deg. Although this is
numericnlly the s-me as iodide in methyl cyanide, it
mﬁst be subject to somewhat gre~ter limits or
expe rimental error.

The energy difference for the calculated values
0
in water and aethyl cymide for bromide

)
ot Emax
compres well with the corresponding eneryy difference
for iodide in these solvents.

(c)- Zinc ond Cadmium Todide Complexes.

(1) Pure Solvents.

The iodides of zinc and c:dmium have been examined
by ultraviolet spectroscony in the following solvents:
iso-prop~nol, n~but-mol, and methyl cy-nide. No

o —

systematic solvent devendence w-s observed. Values for
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e recorded in Toble 7.5., the results of other
LIL AN

workers h~ve been <iven in T-ble 1.1, Values for.>\qu

i
were Tound Go ~zrece with Tthe accented liver-ture values
of 9,000.

&7

Doehlenann ond Fromherz have shown thot in

concentrited aqueous solutions of zinc and cadmiun
iodides Tthey found tnds 2t 233.5 ~nd 250 @M respectively.
Using The tainnest cclls ~voileble, and the

corresnonding moxinum concentr tion allowable, we were
unoble to obtdin these bmnds. However, tThe cells used

D7 Doehlem~nn nnd Fromherz were I r thinner,

(2) Bffect of Temper-ture.

The bands were found to be slightly affected by
change in temper~ture. The values ijxmax Tound ab
50, 250, >nd 40° ~re recorded in Tebles 7.6. mnd Ve lay
Together with the crlculnrted values of dEm? aT.

(3) Effect of =2dded s=2lts.

When =anhydrous zinc perchlorete wos added to zinc
iodide in the 2tove three solvents (egu~l smounts being
2dded to the blank) a new band, of lower molar
extinction coefficient, appeared at higher energxies.

As prozressive anounts of the percihlor~te were added
Tthe observed eiffect wos that the original band appeared

to broaden and shift snd then narrow when it reached a

ste~d7 value (Pig.7.16 and Trble 7.8.).
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Table 7050
Valueg of Ezoo for ZnI~, nd CAI-, in various So lvents
- T Tmex 2 - 2 ' -
Solvent Zn12 Od12
iso~-PrOH 1%31.08 118,25
n~BuOH 131,71 117,75
Me CI¥ 131,8% 117.69

Table 7.0

Taluesg of >\21ax at vorious temper-tures =nd dEm ax/ SRIN

for ZDIE

Temperature dE 9.X/ 4aT
Solvent 39 250 40°  (cals./deg.)
iso~-PrOH 217.55%0.05 218.25%0.25 213.95%0.05 22,6
n-BuCH  216,9%0.1 217.1%0.015 217.8%0.05 16- 22
e CN 216.55%0.05 217,05%0.05 217.6%0.01 15

Toble 7.7

Values of >\ﬁ1 nx

3

at verious temperatures and dEmax/dT for
Cdl, |

Temperature dE_ ax/ am
Solvent 30 26° 40°  (cals./deg.)
iso-PrOH 241.9%0.1  241.9%0.05 241.9%0.05 -3 — + 3
n-BuCH _242.3%0,2 243.1%0.025 24%.45%0.01 14
e CN ,242,9%0,1  243,05%0.05 243.3%5%0.05 7



Corresponding results were obtained on addition of
cadmium perchlorate to cadmium iodide solutions.
Although the cadmium percalorate was not completely
anhydrous (See Chapter Six) this fact did not apvear
to affect the results (Fig.7.17. and Table 7.8.).

Since iodide ilons absorb strongly in this region
the efect of the addition of excess potassium iodide
could only be observed in the c:sse of cadmium iodide
in alcoholg. Hvidence wag obtained for a bénd at

lower energies, auv ca.243 P The molar extinction

coefficient of this band could not be accurately
determined. (Fig.7.18.)

Table 7.8.
Values for max for solutions of ZnI2 and CdI2
containing excess Zn(ClO4)2 and Cd(ClO4)2 respectively.

Solvent Zn12 Od12
iso-Pr(d  209.2 ¥ 0.3 227.9 % 0,1
n~-BuCH 210.2 ¥ 0.3 225.55% 0.25
Ie CN 211.8 ¥ 0.3 225.1 * 0.1

(4) Diffuse Reflecteonce Spectra.

Diffuse reiflectance spectra were neasured for
diluted zinc and cadminm iodide powders and are shown
in #ig.7.19. The procedure for hysroscopic salts had
to be used in the case of zinc iodide and it was not
found possipble to resolve zny bands in zinc iodide

powders,
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Fig.7.18. ©Spectra of CdIz + excess KI in n-BuOH

(1) using n-BuOH blank
(2) with same concentration KI in n-BuOH blank
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(d) iercury Iodide Conplexes.

Preliminary investizations have been made on the
effect of solvent, temperature, and adled salt on the
vltraviolet spectrum of mercuric iodide.

(1) Pure Solvents

Spectra have been messured for mercuric iodide in

a variety of solvents: Ta.le 7.9. lists these solvents

0
apd the valuss found forkigxﬁﬁa) (See also Fige7.20.).
Mercuric iodide was found to be rezdily soluble in all
solvents except water and isc-octene. IFromherz and Lih52
state that the solubnility of =mercuric iodide in water
does not exceed 0.,00013% li. It was found to be even less
soluble in iso-octane; however a band at 275 TP. could
be established. In methyl cyanide nercuric lodide
appeared vo disgociate To some extent since in this
solvent a shoulder appeared in the 290 mp resion:
Beer's Law was also not accuretely cbeyed. The molar
exbinction coefficient anpeared to be around 6,000, the
value guoted in the literature., In N-N—~dimethylformamide
mercuric lodide appeared Uo dissociate even further, a
distinct band appearing at 501 %P 3s well as the 273 %p
band.
(2) Bffect of Temperature.

In water, methyl cyanide and methylene chloride the
band position of mercuric iodide appeared to be

comple tely insensitive to temperceture over a 40° range:
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all that wss observed was a slignt decrease in band—
width with a correspondins increzse in band heizht on
decreasing temper-ture.

(3) Addition of sectra—n-butylammonium iodide.

The effect of added iodides on The spectra of
mercuric halides in water and ethanol have been
investigated by Fromherz and Lih52 and are sumnarised in
Tanle 1.2, The effects of the addition (Q;Bu)4NI to
mercuric iodide spectra have been investizgated and are
sumirrised in Table 7.9, In all cases the spectra Were
found to be different to those found For mercuric
iodide with excesgs iodide in waber and ethanol?g A
typical exrmple is siown in Fig.7.21. and this nay be
compared with Fig.l.6. It can be seen that whereas in
water two bands are reported at 324 and 265 %p., this
study shows th:t on addition of iodide the original band
shifts slightly to hizher energies and a new band
developes in the 305 %p region, a shoulder also
appearing in its long wavelenzth edge in the 340 %p
region. On increasing the amount of iodide added the
shoulder was not resolved: indeed the ratio of the
relstive heights of the 305 %p bahd and the shoulder
appeared to remain constant at around 2:1.

However, the c¢bove results were not found in the
cise of the hizgh dielectric solvent N-N—-dimethylformamide.

Addition of incre.sin- amounts of (ngu)4NI caused the
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Spectra of HgIa'in methyl cyanide
(lg in pure solvent

(2) with some (n-Bu)éNI

(3} (1) subtracted from (2)



301 @y band to ghift tc 305 Qp. A shoulder Then began
to appesr in the 530 @1 region and on Ifurther adaition
of (grBu)4NI the 505'yl'band hezan to decrease in
height as another hand was located at around 353 %po
Mhis band was Tinally resolved at 335.5 mp on addition
of more iodide, the 30> %p band then being completely
lost. Although the cddition of (gyBu)4NI caused the
2775 %p band to shift to hicher energies where it could
not be resolved due Lo the intense absorption.of
N-ilI-dinethylformamide telow 263 ) (Teble 6.1.), @
rising absorpbtion into the ultraviolet was =lways
observed at all concentrations of (ngu)qﬂI, FPertinent
spectra are shown in Fig.7.22 and 7.25.

Table 7.9.
o ~ \20° ; : :
Values of A~ for Hgl, in various pure solvents, and
in the presence of 2dded (p-Bu),NI.

With (p-Bu),NI

Solvent )égx(%p) ;g;(%p)
Water 265 _ —- -
Methyl cyanide 265 260.5 ca.50L
Methyl formate o6 259 ca. 2505
Methylene chloride 272 259.5 ca.307
FEthyl acetate 269 261 ca.« 506
iso~ocuane 275 - -
N-N—-dimethvlformamide 27% - & ca.e 505

& Compare Table 6.1,



% Transmission

H 1 1
36 34 3?..1 5 30
Frequency (cm, ,107%)
Fig.7.88, Spectra of Hgl, in N-N-dimethylformamide

(1) in pure solvent
(2)-»(4) effect as increasing amounts of
(n-Bu)4NI are added
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Fig.7.23. Spectra of Hgls in N-N-dimethylformamide

Continued from Fig.7.22, showing effect
of still further addition of (n—Bu),;NI
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Discussion
(a) C.T.T.5. Spectra and Ionic Solvation.

In order to interpret the spectral results in
terms of ion-solvent inbteractions it is necessary to
have a reasonable idea concerning the nature af(the
orbital of the excited electron. It h»s been shown in
Chapter One th:t the sugsestions that the electron is
ejected to bulk solvent as a solvated electron or that
it is associated with a svecific solvent molecule are
not consistent with experimental results.

The present day concept of C.T.T.S. spectra is
that of an electron moving in a discrete, centrmsymmetric
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, abt present, more than a
qualitative picture of the structures of solvents and
the arrangements of their molecules around ions. Thus
any mathematical btreatment of C.T.T.S. spectra is at
once hampered by bthis limitation, and it is therefore
necessary bto make certain postulates concerning the
structures of solutions: the suitability of the
postulates being unheld, or otherwise, by the final

results of the ftreatment.

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

orbital embracing a considerable pronortion of the

955 or it nay be closely confined

25,26

surrounding solvent
to the first layer of solvent molecules. It would
therefore be well to exanine comparavle systems which
have heen thoroucghly investigated mathematically.

(i) F-centres and Ionic Crysiils.

Comparison of the excited state for agueous iodide
with bands originating in a cryst:1l lattice will only
prove fruitiul if the "contfined" anproach is correct.
This 1s becanse the first shell of orientated solvent
molecules around iodide will closely resemble the
crystalline environment, but beyond this region no
comparison is nossible.

The most recent studies upon F-centre electrons
indicate that they are closely confined within the anion

. . 141
vacancy. These electron s»in resonance and electron

. 142 .
nuclecr double resonance studies . show conclusively
that on the six cations defining the vacancy the
unpaired electron density is guite high, and on the
next shell of c:tiong, extremely low. In a recent

. - ! £ 5 S .
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

nolarisanle continuum is to te internally inconsistent

since the resulting wsve functions ~re far too compact
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for the continuum model to be even approximately true.
They have been able to accommodate the electron spin
resonance and electron nuclear double resonance
results in their theoretical analysis.

It would seem reasonable to sunpose thatbt the
orbital for the first exciton band for iodide in an
ionic lattice may be subdivided into two component
orbitals, one close to the cenbtral iodine atom and the
other on the periphery of the vacancy. The former will
be an orbital very similar to the 6g abtomic orbital of
iodine, and the latter, heing close to the first shell
of cations, will be sinmilar to the outermost part of
the sround stabte orbitul 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 arrungenents of cations and anions
around e=ch other in molten salts will not be quite so
specific as in a crystal lattice 1t is still reasonable
to assume thot it is much the same as in a crystal.
Recently Rhodes and Ubbelonde have studied crystal
structure by ultraviolet absorption spectra before and

144 ; s
after melting. ' Theze authors use the "confined" :nodel

26

annroach as describing the situation and show that



there is a pro»norvionality beltween dEmaX/dT and the
coefficient of line~r expansion of the crystul.
However their mezsured peak r.ositlions must be viewed
with some susoicion since bthey are not in the expected
region of the spectrum. Taelr extinction coefficients
are only a guarter of the usual valie obtained. Further
in meny cases, in the Tar ultraviolet region, extinction
coefficients of zero =re recorded. Such results are not
recorded for bhe compounds investigated in other systems
in this region: 1indeed, the very sharp decrease in
extinctlion coefficient is very indicative of stray
light effects.

. 145 .

Greenverg and Sundheim™ - have me _ .sured the
nltraviolet absornvion soectra of potassium bromide and
iodide in molten KC1/LiCl and KBr/ILiBr eutectics.
Unfortunately, their results must be disresarded on
similar grounds To those of Rhodes and Ubbelohde since
they mneasure peaks in the optical density re~ions
2 — %: Boston and Smith (private communication) have
calculated that Greenherg and Sundhein's bands can all
be accounted for in bterms of sbtray light effects and
are therefore spurious.

(iii) The "expanded" model.

The foregoing results show that the “expanded"

model must be rejected in f-vour of the "confined"

model. However, other aspnects of tihe "expnanded" :odel
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will now be considered. In abttemnpting To describe
the iodide ion in solution Platzman and. Franck24 tre:t
thevsolvent as a continuum and ignore UThe molecular
~nature of the primory solvation layer. The wave
function that results from their calculations is that
Tor a hydrojen atom with cn effective cnarze of 0.55.
They reject the 1lg level in f:vour of a 2g level which
then turns out to be quite diffuse, and since they do
not consider the cenutral iodine atom this surely
implies thot the lowest enersy state should be a lg
state. This state is found to be closely confined and
thus it would appear th-t their model is not self
consistent. Further, as hos been discussed previously,
if the electron wexre in a 2s type orbital this would
place it close bo the lone pair electrons of the first
layer of water molecules which would exert a repelling
force upon the electron, =nd the evidence obtoined from
other solvation studies sugrests that there is no
102,103%
orientation of wobter molecuiles outside the first layer.
Since the treatment of Stein and Treinin55 still
uses the basic assumptions of Platzman and Frdnck?4 not
much weight c¢™n be »l-ced uvon their "spectroscopically
significant rodins", ro;. Further, their nethod of
calculating Emax Tor aqueous iodide devends largely
upon the value of Hion’ a value which is by no means

known to the degree of accur .cy required by their equation.



(iv) The "confined" model

When the ultraviolet -bsorpbtion spectra of iodide
in ionic crystils and iw colution are compared a msrked
similarity may be noticed. The energetic separation
between the first and second bmnds in both cases is
close to the theoretic~l value for the 2P5/20 2Pl/2
states of an iodine =2tom. They also it a Gaussian
error curve remorvcobly well., TLowering the temper-ture
canses the baonds to shiit to hisher energies and
sharpen. Grashs of Emax against temperalture show a
line~r relationsiip except close to 0°K. The literature
results for vorious alkali iodide cryst-ls are included
on Fig.?7.4. and c°n be seen to it guite closely to the
correlation of Smith and Symons.

The spectra of iodide in 2 foreign lattice has nob
been thoroughly investigated. However, it hos heen found
th~t the spectrum of iodide in potassium bromide cryst-l

146
as host is shifted markedly towords the far ultraviolet,
This result 1y be comprred with the similor shift

25,26 Since

obtained for iodide in agueous salt solutions.
the lattice vrconey woilnble to iodide in potassium
bromide must be smaller thon th-t occupied by iodide in
potnssium iodide, the ground strte of iodide will be
somewh ~t conpressed. Conscquently in order to accom:odave
the observed shift it is necess-ry to wostul~te th~t the

L

excited st~te is de-stabilised To a L r gre-fer extent
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than the ground state. Since the "expanded® model24’55
reguires all environmental chanzes to be related to
the oround state, the excited orbital being so diffuse
as to be essentially unaiffected, this shift is nobt in
accord with this model: on the other hand, it is
entirely consistent with the "coniined" model?5’26

(v) Oscillabor Strenzths.

The oscillator strength (f) of a band is a measure
of the probability of the transition causing optical
obsorption =nd, since the band of iodide is a Gaussian
distribution of enerzies, 1t is obtained by finding
the area under the gpectral curve., This may be carried
out by one of three main methods:

(l) By direct measurement of the area under the
absorption curve.
(2) By applying the foramula for a transition from a
ground to an excited st:ite,
- 431 x 10"9/ £,d,
This can be written anoroximately as
f =431 %1006 AV

o
where gmax 1s the molar extinction Qoefficient of the
band and oY the band width at half-height in cm. +
(3) From the constents of the Gaussian equation that
fits the curve. These constanbts can be obtained by

1

subnitting the exverimental vnoints outlining the curve

to a Computor as described in Chapter Six. Zrom the
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Gaussgian eqguation 5

v o= Ae—d<gﬁb>
the oscillator stren:th is calculated by

=1

£ = 431 x 10“91;/—1;‘(—4

Since there are six p electrons on the iodide ion
anyone of which can move into the excited orbital, the
naximum value of oscillator strength for ilodide is six.
The oscillator strengih for iodide in solution as

estimated by methods (2) and (%) is about 0,25 for the

Tirst absorpbion band: the same value was also found

Al

for the second wand of iodide in water.

Values for nure crystalline iocdides are not very
precise since the effective thickness of the crystals
is difficult to measure bubt apomroximate values that have
been calculated from the litercture sre listed in Table
8.1. It nay be seen th-t the results asproximate bHo
those for lodide in various solvents. Comparison with
iodide in molten alkali chlorides is more satisfactory.
Boston and Smith (privste comzunication) have measured
the long wovelenzth ed e of iodide in molten chlorides
and, after fitting the band to a Gaussian carve,
obtained = oscillator streagth of 0.24, a result which
is remarkably close to That for solvated iodide.

Thus comparison of oscilletor strengths is a
Turther me: ns wherel Tthe “confined™ model is suororteds

~

since it is found to be the best procedure For describing



the situation in ionic crystals, comperable oscillator
strengths are nobt to be expected if the “expanded”

it ,'I_l

model is the best analysis of C.I[.T.S5. spectra.
(vi) The "sqguare well® apnroximation.
A very simsle model has been used in an attempt

to interpret environmental constraints on the spectrum

of solvabed iodide ions. Smith and Symons®2?<° have

suzg. ested that if pol:risation chenges were ignored
it is possible to evaluate the kinetic energy of the
electron in Zic 2xcited state from the equation for an
electron in a square-~well of radius I, and with
infinitely steep walls. Other fuctors 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 wmolecules, (3) the possible
existence of other excited states, (4) that in the
ground state of the well, and almost certainly in the
cagse of other excited states, the electron may 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 fcrces upon the well. Despite
all this, they obbtsined reasonsble qualitative agreement
with experiment.

Because, at the moment, it is not nossible to make
allowances for &ll the ignored facets of the "squ-re—

well', oscillator strengths cannot be calculated on



this model. Further, since Unhe transition probability
depends upon overlap between the 5p level of the iodide
ion and the orbital of the excited electron, this will
only be importent near the iodide ion. The simple
approach of an electron in a 1lg orbital in the "square-
well" is completely inadequate in this region.

Table 8.1,
Oscillator strencths for the first band of iodide ions

in various medisa

Medium  Water molbten alkali chlorides CeT® KT2

Oscillator 0.25 0.24 0.23% 0.28
strength

a Philiop and Taft, J. Pays. Chem. Solids, 1956, 1, 159

b Pick, Landolt-Bornstein, Vol.6, Part 4, p.872.
However, apprecciation of why the experimentaol
oscillator strength for the first transition (0.5) is
mich less than the theoretical maximum of &, may be
helped since both the 5p and 6g functions of iodide
change sign often, ond at different regions in space,
thus greatly reducing the oversll transition probabili-y.
The results of this study have siown that for
solvents which are good ionic solvaotors the "square-
well' model 1s still compatible with the experimental
observations. However, two points raised by Smith and

Symons reguire further consider-tlion.



(1) The “points of ~tov-cazent" postul -te
Thelr surgestion Tthat the size of the cavity
around iodide ions in solution N2y be dependent on the
number of hydrogen -~toms orientated Towords iodide and
the stereochemistry of the solveat has been menbtioned
on p.4l. The =resent studies 2ppe-r o uphold this
postulate. For exmple, amionia and acetone cwm have
three "points of atbtachmenty and have values of dEmaX/dT
creater th n th-t for methyl cyanide (see Fig.7.4.).
(gyclo-hexanone hns a sbtructure very similer to thatb
of =zcetone ~u:d if it could be investigated aight 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:3—-dioxolane would be the two
which nre situated between the two oxyzen atoms and not
the other four. Electronic repulsion efifects between
neighbouring oxygen ~tomg, for stereochenical reasons,

aX/dT

is

©
v

may well explain why the cuvity, ond hence dEm
bigger rfor this solvent than for water, but still less
than the vilue for methyl cyanide. The reason why the
value for n-bhubtanol is somewh~t To The right of the
theoretic~l line meoy me=sn thot increasing temperature
affects the long hydrocarcon ch2in in a manner that
causes the rate of expansion of the cavity to be somewnal

greater than tn=t which -onld be exnected. A systematic

stnudy of =lcohols with increasiny length =nd size of the
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hydrocarbon chain nisht prove interesting,
(2) Mixed Solvents
(a) Preferentizl solv-tion

In theilr work on iodide in nixed solvents Smith
and Symons found th:t a plobt of E against % mole
fraction of added solvent was not linear (see Fig.7.5.)
and that vealues obtz2ined for dEmax/dT were greater than
they would predict (ef. Fig. 1.3.) They attributed this
to preferentizl solvation by the more polar component,
usually woter. They found th2t for mixbtures of water
and the lower alcohols, however, the curve obtained
tended towards line~rity with incrense in temperature.
A linear relationship hss been observed for plots of
mole % olcohol agrinst the shift of the fluoride
nuclerr resonmce band in concentrated potiussium
fluoride solutions and this linearity has been
interpreted in terms of the composition of the first
layer of solvent molecules ~round the anions being

117 The

effectively th~t of the bulk solvent.
concentration of potassium flvoride in the solutions
studied was gre-ter th'n that of the iodide solutions
investigated By =2 Irctor of lO5 and we felt that
competition for the =v~ilable solvent molecules in
concentr-ted solutions mizght over-ride =ny preferential
solvation eflects. The spectrum of iodide in various

water/methanol solutions cont-ining 1,0 M povassium
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form a 1l:1l complex ond h-ve evalu~ted the Z-value of
0.880 cmwionie from the intense ~bsorpbtion band in the
260 mp region of pyridine L-oxide. Using our value

of iodide in- this solvent (Table 7.2.) we hrve
included this result on Fig.8.1l., togzether with values
for iodide in agqueous dioxan, chloroform, methylene
chloride, ~nd iso—-propanol. It mny be seen tht there
is now no correlrtion, only 2 4re~t scatter.

One <urther test was apnlied, If iv is possible
that iodide ond acetone form. o l:1 complex, Then in

aqueous acetone one might expect Go be able to measure
two bands, one being due to purely solvated iodide ions

(C.T.T.8.) mmd the other chrr-cteristic of the 1:1

s

complex. In 211 the mixbtures studied a stealy shlft o
the band was oll ti-t wos observed (Fig.7.10.) and the
appexrance of a new band wrs never detected. Further,
the spectrum of iodide in agueons solution contaiaing
45% mole fraction ccetome (Fig.8.2.) was subjected o
Gauscinn analysis by o cempubor,.=2nd the computed curve
was found to f£it extrenmely closely to The experimental
curve ond showed no evidence of ~ hiddsn bind. When
the computed curve w:s subtracted from the experimental
curve the lonz wavelenrth edge of a band was revealed.
The peak nosition chlculated for this band by the

~

computor w~s close to th2t exzected for a doublet of

. -1 . ;
separ tion 7,600 cm., the sevncr~tion of the PB’Z’ El/ﬁ
/ - e
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Fig.8.2, Example of the analysis of spectra of iodide

in mixed snlvents.

(1) Iodide in acetone (2) Iodide in water
(3) Iodide in 46¢% mole fraction acetone
(4) Gaussian Error Curve (5) Second iodide band
© obtained by subtraction of (4) from
experimental band (3)
(6) Curve resulting from additicn of 50%(1)
to 50%(.)
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states of the ilodine atom. “The broken curve in this
firsure w2s constructed from the oaddition of the two
ouber curves (dodide in wrter (o) and iodide in acetone
(b) ) to show the snecctrum th-t would be expected if
two distinct swnecles were both present in equilibrium
in equeal concenbtr-tion in the mixed solvent.

Thus 1t nay be concluded th o specific complex
formation betweer iodide wmd éolvent molecules in these
solutions connot be detected by snectroscopy.

(¢) Concentr-ted agueous electrolytes

The effect of added electrolvies on the specira
of aqueous sclutions of iodide has now been found not
to be comnletely independent of c- tion with constent
anion., The iodide absorption bands appear to be
stendily moved btowards higher energies on addition of

electrolytes, there being no evidence of the appearnnce

3

of a new band even in olmost sotur~ted solutions. If
Xmax for lodide is me-sured in, say, 1.C M solutions

of various 2lkali metal chlorides (Table 7.1.) it may
be seen th~t the greater the cationic size, the greater
the shift from the »osition of agueous iodide. However,
one must not orgue that the effect of ctions increases
with ilonic r-dius. One could equally well supsose a
hypothetical “iden1l™ solution convnining electrolyte
which does not interact with iodide in ony specific

menner ~nd assume thnt this reference hand lies on the



lower wavelength side of 211 the bands me~sured in real
gsolutions. In this c~se incrensing divergence from
idenlity would be ~btributed to decre-sing size of the
c tion. Thus no definite conclusions are posgible.

The actunl behaviour of the iodide band in
concentm-ted nqueous electrolytes is thought to be due
to =~ combinntion of veorious erffects including
dehvdrntion, fortuitous conbtcts =2nd general
polarisation. Very mirked snifts h ve been found for
the 13565 nicle r resoncnce line of nqueous caesium
lons ond the 19F line of ngueous fluoride ions on the
addition of obtner electrolytes.ll7 It wos found that
the lBBCS line shift was dewendent only upon the added
anion but that the 19F line shift was dependent upon
both added anions cnd crtions.

Spectroscopic investigotions on solutions of
hexxn.no cobaltic iodide and rel-ted compounds
- containing added iodide have reve-:led a new band in the

147,148 probcbly due to o chorge transfer

270 mu region,
b T + - 4 3 I
between Co(Nh5)6 nd I when in contact. The small
volues estimated for the extinction coefficients of
these bands suggest thit the overlap between ground -nd
excited states is not very re-t, the acceptor orbital
being somewhat locnlised on the central wmetol atom

thereby reducing the traonsition nrobacility: however,

it is ~lso »Hossible that the extinction coefficients
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/
reported are too small.l+9 It was establisned that the

new band was not due to an intramolecular transition of

the ion 00(N55)5I*T 147

(b) Ionic Inte=achionsl?O

Various spectrophotometric studies (in the visible

129,131,132,133

and ultraviolet region)44’ ave been

)

made recently by dirfferent workers on ionic
interactions in colutions of electrolytes., A certain
amount of ombigulty has norisen, however, since the

concept of ion~pnir formation is ill-defined and

e Wad

environmentnl chanses con sometinmes affect different

N . - . . ~ . 25,26,1%1
types of electronic transitions in = variety of W&§$. » 12

(i) Ion-pair Tormation

151

An ion-pair, as visualised by Fuossjy is a mir
of ions in physical contact, all other ilons not in this
condition beinyg designated free ions. The thermodymamic

. _ s ; 152 . -
calculations of Tenison and Romsey  ~ are the basis of

this simple model which has, however, been criticised.126
For example Prue and Otterlp5 hold to the original theory

23

of Bjerrum ~s c¢xtended by Guggenheim% in wrich 1is
introduced = distence of closest 1pproach of free¢ ions (4),
in addition to the contnct distance (a). Ion-pairs are
then defincd as ions wiich are closer th-n d -nd they

are tre-~ted ~s nceubr-l molecules: For ions with

ions gre-ter than d, Debye-Hlckel theory is

ct

separa

aoplied since they re considered Tree, HEimen's results
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of relaxation spectrophotometry appear to have been
ignored by these authors. He has obtained well
resolved results interpretable in terms of specific
interations at close distances in which one or more
solvent molecules separate the icuns, and g general
interaction at larger distonces,
(ii) Definitions
For clarity. we define the following terms
relating to interactions between cations and anionss~—
(1) Complexes -
Two or more ions, in contact, held tozether
by covalent bonds.
(2) Contact ion—-pairs -
Ions, in contact, but with no covalent
bonding between then.
(3) Solvent shared ion-pairs -
Pairs of ions, linked electrostatically by a
sinzle (orientated) solvent molecule.
(4) Solvent separated ion—-pairs -
Pairs of ions, linked electrostatically but
separated by more than one solvent molecule,
(5) Ion-pairs -
This term includes classes (2), (3), and (4)
and will be used when distinction between

them cannot be made.,
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(lasses (1) and (2) are exbtremes, and in certain
cases classification ay be arbivrary. For example,
the substituted pyridinium iodide examined in various
concentraoted solutions by I\’.osowerlz3 to evaluate his
Z—-values 1s a case in ©point. The 1odide ion and the
nyridinium ring are assuned o be in coantact but since
various »nartially covalent structures can then be
visualised, i1t is 1wmnossible to be cexrtain that the
absorpting entity is a contact ion-psir and not a
complex. When transfsrence 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-
alkylamnonium salts there must be a smell amount of
covalent bonding in the contact ion-pairs discussed
below. (Tor 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.

Classes (%) and (4) must be distinguished from the
symmetrical interactions which occur in any solution.
Solvent separated »nd solvent shared ilon-pairs have
axial symnmetry and should be well separated from like
units in dilute solutions.

(iii) Conbtact ion-»nairs

>
i

The main feature of the results obtained in
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solvents of very low ion-solvating nower, such as
carbon tvetrachloride, is that a band is found in the
290 %P region naving the following characteristics.
(1) 'The band is not strongly solvent-devendent (as |
opposed to the swpectrum of solvated iodide ion825’26).

In foct, the spectrum in cerbtain aixed solvents (Fig.7.8.)
is composed of two superimrosed bands su-esting that

two distinct species zre vresent., 4Ls renorted in

Chapter Seven this benavious is not found in solvent
mixtures containing only solvated iodide ions (Fig.7.10.)
(2) The peak wosition of the band is indevendent of
temperature, a feature not found with iodide in good
solvating colvents. If the electronic btransition

giving rise to oontical absorption was of the type
depicted for an electron in a "square-well' defined by
orientated solvent molecules§5’26 then from the
correlation in #ig.l.%. a shift of 20 mp would be
predicted Tfor a 50° change in temperature.

(3) A band in this region can be developed on addition
of an excess of btetra-p-butylammonium perchlaratelto a
soiution of tetra-n-butylammonium iodide in dioxan
(Fig.7.12.) .

(4) The band maximun is found at prosressively shorter
wavelengths as the alkyl group (R) in R &t is reduced

in size. Such dependence upon the nature of the cation

is not detected in dilute solutions of iodides in good
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solvating solvents (cf, Tables 7.2. and 7.%.).

Ve therefore conclude that the new band in the
290 L reszion is diagnostic of the contact ilon-palr
(QfBQ)qNI (and the 268 mp pand of the contact ion-pair
(n-Pr),fI). The implicitions of this conclusion, if
it be corrsct, is tht the oredominance of contact ion-

pairs in solutions of electrolytes in solvents of low

suonnosed. Since it is sener-lly asreed that there is
extensive ionic association in many of tne solvents in
which contact ion-pairs are not detected by this
spectroscopic method it would seem that, as against

151,152 solvent shared and solvent

recent conclusions,
separated ion-pairs are distinct entities in these
solutions.

Further, the solvents in which tetra-alkylammoniunm
iodides exist, in small concentrations, as contact
ion~pairs (CCl4 end C.H-) 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 shared ion-ovairs

Two interesting nhenomensa were observed on

addition of excess tetra-p-butylamaoniun perchlorase to

iodide in dietners. In l:2-dimethoxyethane the usual
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gsalt shift is not observed but, instezxd, the formation
of a new band at 235 %p (PFig. 7.1%.): 1in dioxan there

is small shift of the madin band tn higher energies,

o

together with the development of a new band in the
230 %p region, charncteristic of contact ion—-pairs.

e tentabively conclude that the new band in
l:2-dimethoxyethane is due to solvent shared ion-pairs,
since cur previous discussion rules out contact ion-
pairs and since by far the most probeble alternative
unit with suficient snecificity to ~ive rise to a
distincet band is the solvent shared ion-pair.

here is further evidence that ion-pairs, obther
than contact ion—-pnirs, c¢cn zive rise to uniqgue
absorption spectra. RSince dioxan solutions give
contact ilon-pairs in the presence of excess tetra-n-—
butylammonium ions, 1% may ne suwnposed that the iodide
band at 237 3u is, 2t least in vart, due to solvent
shared ion-pairs. Tais band is far less sensitive to
changes in temper-ture than would be expected for

~e
freely solvated iodide,“7726

in contrast with the
band for iodide in l:2-dimethoxyethane (see Table 7.4,
end Fig. 7.4.).

‘We are thus able bo distinsuish four classes of
solvents
(1) Solvents in which ion—-»airs nredowminate.

(2) Solvents in which solvent shored ion—pairs



110

predominnte but in which contact ion—-pairs can form.
(3) Solvents in which solvent separated ion-pairs
predomninate but in which solvent shared ion-pairs can
form.
(4) Solvents in which neither contact nor solvent
shored ion-pairs c-n be detected under our conditlons,
(v) Solvent sep-rated ion—pairs

Various btechnigues, in particular conductimetric
experiments, sugzest that some unspecified form of ion-
pairing occurs in some solvents of class (4). Our

.

results would sugzest that these ion-pairs are separated
by more than one solvent molecule and, indeed, that
ionic association of this type is proo:bly more comion
than any other. I is probably worth recording +that
A thouzh the solvents of class (4) in which ionic
ass ociation is thought to be imnortmt h&veblow bulk
dielectric constants, They hove rel-fively 1 rge dipole
moments.
(vi) TNabture of the electronic transition in ion-peirs
(1) Contact ion-pairs |

The essential fe-ture of C.T.T.S., crystalline
alkali halides, ~nd f-ceatre bands has been discuszed
in verms of the accesnved centrosymmebric orbit-~1 for
the excited electron. For alkaii halide contact ion-
ooirg in the zase nhse such commetry c nnot be tThe ches

and the transition, wiich ~lmost certainly involves
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electron—transfer from the halide to the alkali metal
ion, is found in guite a different region of the
Spectrum% For such arn ilon-pelr To exist in solution
one could predict a shift of this tand 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 21i5-245 %p region where most bands attributablc
to solvated iodide ions occur,

We therefore propose that in the case of tetra—
alkylammonium iodide contact ion-nairs the transition is
not CeTeTeide but electron-transfer from iodide to the
cabtion, the electron being held in an expanded orbital
p0ssibly similar to that described by Becker et al}55
for the electron in metal-ammonia solutions. Since
the molar'extinction coefficients of thesc transitions
were greater than 104, there nust be considerable
overlap between the vostulated orbital of the cation
and the iodide ion. Taus it follows that the cation
orbital =wst be very diffuse,

In Tthis way we con hzve some qualitative
understondins of the dependence unon the nature of the
cation: we are unable at the moment to offer a
guan tavive explanation.

(2) Solvent shared ion-pairs

LTS
S\\} Lo

- N . . ) O
The avpearence of this band is less readily éﬁumm\f‘
o ~e
e ;

Ny,
'\\4’( v E"iﬁf v



understood. We suzzest that the transition ig C.T.T.5.
for the following ressons (a) the mnovement of an electron
on to the cation is unlikely since the overlap of ground
and excited states would surely be small and‘kmax is
found to be greater than 104, (b) on the "square-well"
model of C.T.T.S. spectra the electron does not penetratc
the first layer of solvent molecules, (c). this.band has
a slight dependence un Uemperatury (Fig, ' 7.4,) ., which
might be expected for i°dldz iom in a cavity 4isi-miad,
and probably reduced in sige Irom the value expected for
purely solvated iodide in tnis solvent, by the close
proximity of the positive ion. Distortions such as
these, from svyaericsl to axial symmetry, are known %to
shift the First exciton band of crystaelline alkali
iodides%56

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
1ts time on the adjacent positive ion. One would then
exrect (a) this band to be c-tion dependent, Whicﬁ 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-nzirs, Further, it is difficult to see
how the addition of excess tetra-n-butylammonium ions
an be explained on this model, since they con be

considered wvictorially as compeving for solvent
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molecules and, when in large excess, removing some of
the orientated solvent molecules in the solvent shared
lon—-peirs thereby creating contact ion-pairs.
(3) BSolvent separsted ion—p:irs

The bransition in this case is considered to be
CeTeTuaSas gince the iodide bands in solvents of clagses
(3) end (4) have values of dEmaX/dT that would be
predicted from the correlation of Smith and Symons, and
the cations are sufficientvly far removed to have
nezligible influence.,

The points made above for an explanation on the
"expanded" model treatment still, in general, hold.
e addition of excess tetra-n-butylazmonium 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 mp rezion after the solvent shared ion-pair
band was obltained, for the solubtion becane saturated
soon afterwards.
(Vii) Relation to oﬁher worls

Ingold and co—worker5157 have extensively.
investicaved ion-palr Torm:ztlion from studies of orzanic
renctlion mechanisms, in perticular kinetic studies of
the reactions of btriarylmethyl compounds in benzene.
An essentilal asnect of this worlk is th~t electrolytes

nre present as contact ion-pairs. Our work confirms
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this postulate, in the »nerticular case of tetra—
alkyloarmaonium helides, Conftact lon-pairs are likely

to be still more f2voured when btrisrylaethyl carbonium
ions ore one constituent, since the high acceptor power
of these cations should moke charge-trensfer forces of
considernble imnort:nce., These forces probably
contribute Tto the stability of the carbonium ion ion-

pairs shown o occur in solutions of low dielectric

158
constant by Evans and co-workersy”

In these studies only contact ion-pairs are
considered os sw»mecific entities., However, as has been
. . - o . ) 127
mentioned in Chapter =our, Winstein and co-workers
have found evidence for both contact and solvent
senxrated ion-pairs as o result of studying salt effects
upon the rites of solvolysis =nd racemisation of various
orsanic compounds.

oo w159 e
Sadek and Fuoss arve recently re~exmined
earlier conductance data on tetra~n~-butylammonium
bromide in vaorious binnry mixtures, including carbon
tectrachloride/methanol. They now cbtesin a linear
relationship when the logarithun of the association
constant of the ion-pair is vplotted =goinst the
reciprocal of the bulk dielectric counstant, for a

constant value of a in the fthree systems studies., Their

results ~re shown in #ig.S8.%. BSilnce, 2t a2 given



dielectric constant, different values of X, are

A
obtained they interpret them in terms of an additional
effect which is specific for a given ion-solvent system,
and suggest that 1t ay be interaction between ions and
solvent dipoles. However, examination of their figure
sugrests tht they may not be Justified in drawing the
three lines all with the smme slope: if one wpoint is
omitted in their results for 0014/MeOH and 0014/EtQH
mixtures, tetter straignt lines could be drawn not
narallel to the line for COlL,r/PhNO2 mixtires.
Hevertheless, 1t was considered that if tetra-n-
butylammonivum iodide wos used in ploce of the bromide
no significant difference would be made to the results
of Sadek and #Fuoss. By monitoring the reaction
spectroscopically the concentration of contact ion~
peirs in vorious mixtures could be accurately
calcul~ted ond hence a value of the association
constant derived. Althoush these mathors did nob carry
out investigatbtions close to pure carbon veltrachloride,
nreliminary studies by us in this region h~ve shown
th~t the association constont, as colculzted from
gpectroscopy, in no way “oliows the bulk dielectric
constant of the medium as reguired by Sndek and Fuoss.
It wos Tound thrt, for eaual concentrations of iodide,
The concentr:tion of contoct lon-onairs was reduced by =

factor of 2 in a solution of caroon tetrachloride
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Fig.8.3. Dependence of association constant KA
upon dielectric constant
( taken from Fig.4. of ref., 159.)



Optical Density

0.5 1.0 1.5 2.0

% mole fraction methanol

Fig.Be4 Tlot of j» mole fraction methanol in carbon
tetrachloride/methanol mixtures contalnlng
the same concentration of (n-Bu), NI against
the measured optical density at 293 m,
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containing 0.25% mole fraction methenol, compared with
the pure solution. The results zre summariéed in Fig.
8.+, It was concluded that in the solutions studied
by Sadek and Fuoss there are no spectroscopically
detectable contact ion-pairs.- It was hoped that solvent
shored ion-pairs wculd be detectoble in these mixtures
by, verhans, 2 hesit-tion in the curve oif Fig.3.%4.,
but no definite evidence w s obtained in this respect
and 1t was not possivle to exomine the spectra of These
solutions much below 260 %p. due to the absorbonce of
carbon tetrnchloride. However, the effect of addition
of cyclo—hexane on the spectra of tetra-n-butylammonium
iodide in iso-propnnol was investigated throughout the
vwhole rrnge up to 99.%: mole fr. .ction cyclo-hexane
(fig. 7.10.). Above 95% mole fraction cyclo—-hexane
xmax ghifted rapidly with chnge in solvent composition
md the tand becrme bro~der, These results may be
interpreted as me-ning that one or nmore gpecific units
are ~t le~st psrticlly Lormed under these conditions,
but that they re sufficiently varied or 2ffected by
ch~nge in environment to render the method oif curve-
analysis outlined e rlier unsuitble.
(¢c) Comrlex Iodides of Cotions with glo Configuration
(i) Detection of iodide in a comnlex

It has been sugzested above that the characteristic

and larze changes 1n the band mazximum of iodide when
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under vorious constraints can be used to distinguish -
between purely solvaved iodide ions and iodide either
in contact with, or under the electrostatic attraction
of, caticns. TFrom the results revorted in Chapter
Seven a clear distinction between solvated ilodide and
iodide associated with zinc, cadmium, or mercury cations
can be made. For exanple, zinc lodide in iso—propanol
has a Sand =t 218 mu which is very close to that for
Dotassium iodide. However, potassium iodide in nethyl
cvanide absorbs at 246 0 whereas tae band for zinc
iodide in nethyl oyanidé remaing in the 218 mp region.
Simple electrostatic contact ion-pairs such 28 those
described earlier sre not important constituents in
the solvents used and hence we conclude that the new
species Zormed re vegt degcribed 2s complexes with
some covalent ponding between iodide =nd the cation.

4

e shall —roceed by considering the number of
iodide ions bonded to each cation in the solutions

. studied as a prelude to a discussion of tThe structure
of the complexes and the nature of the electronic |
transitions.

(ii) -nion-cation ratios

Then zinc and c-dmium iodides are dissolved in

Dand for agqueous lodide is observed, with the accepted

- 3 - < ~ R
value “or A le fthereifcre conclude tThat the

max®
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following dissociatbtion is essentially complete,

MI,— utT 4 217 (where I is Zn, or Cd.)
However, for similar concentr tions of the salts in
methyl cyasnide, iso—propancl =and n-butanol, bands are
found which ore relatively independent of the nature of
the solvent heing abt around 213 =2nd 243 %p for zinc and
cadmium iodides respectively, Thus if disproportionation
was now occuring it would have to be of the Fforms:

MI, = MIT. + MIZ  ete.

Considering for the moment the case of cadmium iodide
(zinc iodide following by analogzy), addition of excess
ca*t ions results in the loss of the 24% . band and

the aospearance of a new band at 225 . The possibility
that the 243 mp bond is due o CdI” is therefore
elininated and we czn safely allocate the bands atb

24% and 225 w1 to iodine attacred to cadmium in the
ratios 2:1 and l:1 respectively.

al

Further, addition of excess iodide ilons gives nevw

bands either at 248 or 253 mu, denending upon the

—

solvent. These bands c-re reasonably assigned to CdI5
and CdI;—respectively. Raman spectroscopic studies49
clearly estadlish the »nrescnce of OdI;—in concentrated
aqueous solutions containing exXcesc lodide in ex:ctly
the same conditions reguired for the development of the

258 %p band. However, in concentrated aqueous

solutions tnere are found Ranan lines which corresnond
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To the comnlex Mla—as well as to a tri-atomic molecule
and an unidentvified species?l This is not inconsistent
with spectral results since Doehlemann and F romnerzq7
have examined concentrated solutions of zinc and cadmium
iodides in water and they have found hands at 238 and
256.5 %p respectively, band vositions which are close
to those absributed to the MI;—complexes. Further, in
the case of czadaium iodide, before the 256.5 mpn band
was resolved a band was obtrined atv 250 mp., the
position of the CdIg comnple This l:otter band was
found Yo be more vredominant in solvents known not to
be zood solvitors for doubly charged ions.

Raman soectra of these di~iodides in ethanol and
methanol sive rise Go lines corresnonding to tri-atomic

51

molecules and the unidentified speciess Spe ctral
studies have found th:t in these solvents the spectra

are dependent unon concentration ond that the tetrahedral

27

comple x is not formed.
The assignment of the bands arising from the

dissolubvion of mercuric iodide in various éolvents is

somewhat simplified. The first avsorption band for

mercuric iodide in the gas phase has heen found to be

at 264 Eu: the band positions for this comound in

scluvion, includinz agueous solution, h-ve been found,

2 22 - . . , C
by other workers®’’”< and in this study, Go be in thigc

resion, IU 1s Gherelore re:gonz>lc to assume
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species giving rise to these bands sre mercuric iodide
molecules, the anion—cation ratio thus veing 2.
It has been found, however, that in certain
solvents mercuric iodide begins to dissociate. E.g.,
Hg12 in methyl cyanide gives rise to a shoulder in the
290 %p region in addition to the Hg12 band, and in
dimethylTformamide the ghoulder is now resolved at
501 %p. Addition of iodide to these has shown thawv,
in the former case, and indeed in most of the other
solvents investigated, & »and appears at around 505 %p
>gether with a shonlder in the %40 mp region which is
not resolved: 1in the latter c=ase, progressive addition
of iodide results in the diminution of the 301 @P band
ag another is resolved at 3%5 %P' We may vhererore
assume that we are observing the step-wise formation
of HgI;—from Hglg, HgIg predominanting in the less nolar
solvents.

Fromherz and.Lih52 were of the opinion that only
the hishly co—ordinated iong Hxi—and the simple ions
MX2 were present in the aqueous solubtions they studied.
solutions which contained high concentrations of halids
ion. #We do nobt dispute this conclusion for aqueous
solutions but suggest that our results esscentially
substantiace the proposal of Orgelz that "1t nizht be
expected to find all the intermediate species’; under

the correct conditions,
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Further, Figs.7.22 and 7.2% show that as
progressive amounts of iodide are added to mefcuric
iodide in N-N-dimethylformamide, after a certain
concentr:-tion of iodide 1s reacned two isobestic points
are obtained, thus nroviding extras evidence that there
is an eguilibrium between two comnlexes in this
solution. These fijures also show tThat until HgI; is
the predominent species in solubtion HgI, is not formed.

It may be noted th %t addition of small amounts of
lodide to mercuric iodide in other solvents resulted
in a s1ift of the hand to higher energies (Table 7.9.).
e sugzest that the magnitude of this shift is not
entirely due To the rise of the 300 @p band and thus
if the di-iodide bands of zinc and cadmnium are similarly
dependent upon the concentration of added electrolyte,
this would explain the observed lack of good isobestic
points (Fizs. 7.16 and 7.17.).

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 ﬁI+,

— s

MI,, MI%, and il,, where Il is zinc, cadmium, or
mercury. However, the solveat seems to pl:ay a large
part in determining the approoriate conditions for
their apnearance and will btherefore affect associasion

constants. It is hoped to undertake a further study

of this aspect. Table 3.2. sumarises Ghe averzze
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values Of:xmax for the various complexes,
These are our main conclusions, bub other facets
require mention.
Table 8.2.

Average val ues of)maX for the various iodide complexes

mrt 1T, MI% NI~
Zinc 210 218 238
Cadmium 225 oU 3 ou8 258
Mercury 268 505 3%5

(iii) The structure of the complexes and solvent co-
ordination.

We have seen that mercuric iodide dissolves, Tor
the most nart, undissociated and since in the zas phase
mercuric iodide is linear, it is a reasonable assumption
that the molecules are linear in solubtion with no solvent
co—ordinabticn, any solvent effects being secondary.
Since the molecule is linear tThere is nn gain or loss
of dipole during the transition: however there is a
redistribution of charge which should be at least
weakly influenced by solvent, rLlthough the btot

-~

variation iD'AmaX is only sabout 10 %Pc, there does

avpear to be a very rou,h correlation with Kosower's
Q

23 .. . .
for solutions in solvents whose Z-value

1
Z-values
is recorded. Ramnan spectroscopic studies have shown
that mercuric halides, including mixed halides, are

. . . 51
linear in SOlﬂUlOﬂeD
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Eowever, the observed spectral bands for solutions
of zinc and cadmium iodides cannot be so simply
explained, The major difficulty is that the bands are
considerably shifted btowards higher energies compared
with the zas phase hands, from 238 to 218 %P' and from
260 to 243 %p. for zinc and cadmium iodiles respectively
in non-agueous solvents, Raman studies have shown that

in these solvents we are still dealing with a linear

. . . 1
tri—-atomic spe01es.j

To explain these (beervations we can make two
postulates,

(1) that the molecile is bent with two solvent molecules
attached to give sn approximately tetrahedral
structure, or

(2) that it is linear with four solvent molecules
fairly loosely co—ordinated to form an approximately
octahedral univ.

Sugzestion (1) apoears to be alrezdy negated by
Raman spectroscopic evidence: (2) will be discussed
in ¢detail in the followin: section.

There is no evidence relating to the co-ordination
of solvent in the complex MIT but it seems likely thatb
an iodide ion is diswnlaced by one solvent molecule in
the solutions studied rather than by oerchalorate ion,
which has very weak co-ordinastion »nrooerties.

The comnlex ZX% may be elther planar with no



124

solvent molecules attached, or tetrahedral with one
attached. Im principle it is possible to elucidate
the structure by Raman swectrosconic investigations:
in practise, the lines observed so far are too weak
for positive identifioation%l

The complex szﬂcan have no solvent molecules
attached since the Raman spectrosconic evidence
obtained cen only be interpreted in Herms of the
molecule being a pure tetrahedron.5o
(iv) The nature of the electronic Sransition

The zas pnase spectrum of mercuric iodide, with
two bands at 210 and 266 e has been interpreted by

160

Walsh in Yerms of the %transition (TTg)%e(ﬂé)Q T u,

ice., lergely en n—7 tronsition, non-bonding iodide
electrons moving into a larzely non—bonding p-=1 level
on mercury. In effect, this is a charge—transfer from
iodide inwcrds. Howevasr, he ignores th~s nossible use
of mercury d-levels and the wossibility of the formation
of iodine atoms, This latter, which would be Tavoured
by Katzinl4, would appear Go be unlikely since,
(1) mercuric chloride also sives rise to two bands,
(2) the Tirst band is very much weaker than the second

beand,
(3) the band separitions are not compatible with the

2 2 , o

P5/20 Pl/Z states of +the iodine atom, and

(4) the vrensition must involve both Socine atoms.,

i
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T™e more intense 210 %p continuum is interpreved
in terms of an allowed transition, the excited state
being » fairly linear lZﬁu+ excited state with
stretching frequencies very much less than those of
the ground state. The 266 mp continuum is represented
as transitiong tc strongly bent le unper states,

1
correlating With'lélu, a Zorbidden transition.

Thus since the spnectra of mercuric iodide in the
mas phase and in solution are essentially identical,
the electronic transivions con be considered to be
the same.

By analogy, the same type of tronsition should be
occuring in the ilodides of zinc and cadmium but
axperiment has shown thaot the »and maxima are shifted
to hisher energies in solution. It is well known that
the chemical nroperties of these elements are not very
gimilar». For example, if we consider =zgueous solutions
of zinc and mercuric iodides, we £ind thet Zn™F "¢ ads™
to water preferentially and a large excess of iodide
ions, or a concentrated solu.tion,47 is reguired to
alter this, whereas mercuric iodide dissolvess unchanged

and is very sparingly soluble, 1In 2 recent review

. - 6
Ahrland, Chatt, and o wiestol

have divided the Periodic
Table inbto two mnin classes, (a) and (b). Their
division is b:zed, in zeneral, on The svebility of

o

comylexes rTormed with the hnlomens. In class (A) arc
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those elenents which form more sts>le compdlexes with
fluorine than with the other halogens, and class (b)
contains those elements wnich form less stable complexec
with fluorine thon with the other halogens. On their
classification zinc falls inbto class (a), mercury inte
class (b) ond cadnium is a border-line ceose hetween tho
Swo. The results of Sillen .nd his associatég}indicate
that cadmimm is more in class (b) than in (a) since
their invesbtizations into the equilibrium constents for
cation-halide ion interactions sugrest thot for mercary

and codmium, the iodide comniexes are the most stible

1

ond the chlorides the lenst stable: for zinc the reverg-
is thhe case. They also found that the mercuric
complexes are much more stable than those of zZinc anl

cadmiuwme This 1s compatible with the gpectral resu'is

N

of Fromhersz and Lih’ « They found that, in water, &
band attributable o Hglgﬂwas formed on additior of
svolchiometric mmounts of iodide, whereas a large
) I c o s ' L LY

excess was reqguired in the case of zinc and cadmium,

Thus if we now consider the earlier sugzestion of
an ocvahedrzl unit with Iour co—ordinnted solvenwy
molecules for zinc -nd cadmium iodides in the media
studied, we would expect o shift Lo higher energies
relavive o che gas phase btransition since the co—
ordinsted solvent molecules would decre=se the ease of

the Srangibtion. Tanv is, if the co-ordinatad solveil?s
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molecules are orientated with the negative ends of
their dipoles towards the central metal atom (and the
molebules of the bulk solvent th:t are in the proximity
of the iodine atoms being probably orientated with their
positive dipolar ends towards iocdine) then we would
expect the ground st-te to be stabilised and the
excited state destobilised with respect to the vapour
phase band. Hence this is an explanation of the
observed shift To higher energies. Ve would expect the
peak position to be dependent upon the co-ordinating
power of the solvent. However, the solvents we have
used all have somewhst similar co-ordinating powers and
in any cs=se, There is the competing effect of the
solvating powers of the solvents in the vicinity of

the iodine atioms.

162 has shown that the tendency for Hg++, in

Orgel
contrist with Zn** and ca™, to form linear XY,
complexes rzther than symmetrical octahedral complexes,
can be rabtionalised in fterms of suiltable promotion of

Q}O

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 vposition
of,lmaX 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 cadmiunm
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1odides may be explained on the grounds of the increased
kinetic and vibrational energies of the co-ordinated
solvent nolecules incre-sing the ease of the transition:
however, it is possible that slight disproportionation
oceurs in these solutions and th~t the eguilibrium
chenges with temperature. Under some circumstances this

s

could zive rise to an apparent shift.
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SUNMARY

Previous investigabtions have shown that many
simple anions, in agueous solution, exhibit one, or
occasionally two, intense absorption bands in the
200 %p region. These spectra have been interpreted
as Charge-Transfer To Solvent bands and in the
particular case of iodide, environmental dhanges, such
as temperature, solvent, and ionic strength, have been
intersreted 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" aporoximation 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 2 wide range of
solvents: preliminary studies, including Gaussian
analysis with the Pegasus Digital Computor, on the
bromide ion show that it, too,apnears to obey the
correlation for i1odide.

Anomalous results were obtained for 1odide in
certain solvents of low dielectric constant which
have been interpreted in terms of the formation of

contact ion-pairs and pairs of lons separated hy one
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or more solvent ﬁolecules.

It has been found that &lthough iodide ions do
‘not appear to complex specifically with solvent
molecules, they will form the range of complexe's
MIt, MI,,
mercury, under the appropriate conditions.

MIE, and MI:;, where M is zinc, cadmium, or
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