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Abstract

The interest in this thesis is the thermodynamic
approach to the elucidation of the structures of dilute
ionic solutions. Solvation enthalpies of group Ia,
ITa and VIIb ions in water, formamide and the two N-
methyl derivatives of formamide are derived from re-
cently published heat of solution data and from heat
of solution measurements made by the author, and are
compared with theoretical values calculated using an
extended form of Buckingham's theory. The interpre-
tation of aolvation entropies suggests that certain
structural effects occur in the process of ion solva-
tion. By including these in the theoretical calcul-
ations, good agreement between experiment and theory
is obtained,

The experimental results presented include:

(a) the standard enthalpies of formation and solution
in water of magnesium bromide, magnesium iodide, and
all of the group IIa fluorides;

(b) the standard enthalpies of solution in water of
the group ITa bromates, and of a number of tetra-
alkylammonium salts;

(c) the standard enthalpies of solution in formamide,
N-methylformamide and N,N-dimethylformamide of a
number of group IIa halides and halates.

The following thermodynamic parameters are cal-

culated for the group Ia and ITIa halides and halates



using the most modern data available: standard enthal-
pies of formation, lattice enthalpies, solvation en-
thalpies, entropies in the gas solution and solid sta-
te, solvation entropies, lattice entropies, lattice
free energies, solvation free energies.

Some consideration is given to the estimation of
solvation parameters for complex ions.

Using a new empirical approach, the corresponding
functions for the individual ions are derived.

An gccount is given of the construction and met-
hod of use of the calorimeter, and of an apparatus for

the isopiestic comparison of wvapour pressures.
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SECTION 1

Introduction - Part 1

A remark made by Dr. R.J. Gillespie (1) at a
discussion of the Faraday Society ten years ago, "Our
understanding of ion-solvent interactions can undoubt-
edl& be improved by obtaining information about sol-
utions in solvents other than water", seems to have
been taken to heart in the last few years(refs 2-19).
Apart from the Russians, whoseAwork has mostly been
concerned with solutions in various alcohols, much of
this interest has been in high dielectric_constant
solvents such as heavy water, formahide and»its N-
methylated derivatives. The reason forrstudying this
type of solvent is that in them one expects complete
dissociation of eleetrolytes, and consequently, the
interpretation of experimehtal data is freed from the
complications of ion-ion interactions. There is a
variety of evidence to show that this is the case in
the high dielectric constant solvents mentioned (20-24).

| - This thesis is concerned with solutions in water,
formamide (F), N-methyl formamide (NMF) and N,N-dimethyl
formamide (pMF) . 7Thereiperimental measurements consist
mostly of the standard enthalpies of solution of a
number of main group ll halides and halates, which,
together w1th corre5ponding data for the main group 1

halides taken from the literature,a#‘ combined with
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newly derived values for the lattice enthalpies to
obtain solvation enthalpies using the following thermo-

dynamic cycle:

M (g) + X (g)

o o
AH].. AI_Iso 1v
AHO + n - n
Mx(c) - s . M " (sol™) + X (sol")
4
Cycle 1

The lattice enthalpies used are not the same as

the more usual function, the lattice energy: they refer
to the change in enthalpy accompanying the separation
of the ions in the crystal to form an infinitely dilute
ideal gas, all at 298.15°K, and are obtained by sub-
stituting the appropriate enthalpy data in the Born-

Hasber cycle as follows:

- M'(g) o+ X (g)

Mx(c) .
I
(1) AH%"' - ~ (3) . Zﬁ)
..n'd:(s.s. . Msu}; . - y L .
.8.) %) > Me)
1%,(s.5.) £D 5 X(&)
Czclefz

The terms together with the data sources are: (3)

the ionisation'potential of the metals taken from NBS
circular 467 (25); (4) the electron affinity of the
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halogen atoms from Berry and Reimann's recent cata (26);
(5) the enthalpy of sublimation of the metal - Lewis
and Randall (27); (6) the dissociation enthalpies of
the halogens, including the appropriate evaporation
and fusion enthalpies for bromine and iodine = Lewis
and Randall (27); (7) the standard enthalpies of form-
ation of the crystals - these were recalculated from
the latest available daté, as discussed below.

The two cycles are written out for a uni-uni-
valent salt - the extension to include salts with ions
of higher valency is self-evident. Of course, both
cycles could be applied to any other thermodynamic
function.

The main source of standard enthalpies of form-
ation is the National Bureau of Standards circular 500
(28). Unfortunately, certain sections of the data in
this collection were obtained during the last century
(some of the group lla halides, for example). Inspired
by the recent publication of the relevant data, it
seemed expedient to re-calculate the required standard
enthalpies of formation, The newly published data
wasl (a) the conventional (ie. relative to the aqueous
proton) standard enthalpies of formation of the aqu-
eous group la cations, (29). (b) the standard enth-
alpies of formation of the aqueous halide anions

(30-33). (c) the standard enthalpies of solution of

e -
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the group la halides (34), and the halides of calcium
strontium‘and barium (35). (d) the standard enthalpies
of solution of Ca, Sr, and Ba metals in dilute hydro-
chloric acid (35). (e) values obtained by this author
for the standard enthalpies of solution and formation
of magnesium bromide and iodide, and for the standard
enthalpies of solution of all the group lla fluorides.
Standard enthalpies of formation of aqueous ion pairs
were combined with standard enthalpies of solution
of the corresponding crystal to give the required
standard enthalpies of formation of the crystals;
The data used and the results:obtained are recorded
in section 2.1.
1.1.2

It is not always possible to use the Born-Hafber
cycle to determine laékue enthalpies. In the case of
the halates, for example, there are no electron aff-
inity data. In such a situation it becomes necessary

to estimate values for the lattice enthalpy.  The most

reliable method for doing this appears to be to make
use of the linear relationship observed between ion
pair hydration enthalpies and (a) reciprocal anion
crystal redius, or (b) anion lyotropic number (36-37).
For example, Finch and Ga;dner_(jS) plotted graphs of
the hydratiog‘enthalpigg_thtpglca;ciun’hglideg $among

others) versus the halide lyotropic numbers. Inter-

pPolation of the chlorate lyotropic number gave the
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hydration enthalpy of calcium chlorate. The value

thus obtained was combined with the enthalpy of sol-
ution of calcium chlorate in cycle 1 to give the lattice
enthalpy. A modified form of this technique is used

in section 2.6 to estimate the lattice enthalpies of

the group lla halates. - Also, a new correlation,

between cation hydration enthalpy and the effective
cation radius is used to estimate lattice enthalpies

of some tetraalkyl ammonium halides.

1.1.2.

¢ _
The entropies of crystaline salts are listed in

NBS 500, . The list is by no means complete, and has

been supplemented by a number of estimated wvalues by
Latimer (39). Values are also given for the conventional
entropies of the aqueous ions. The chief source of

data for crystal entropies is specific heat measure-
ments as a function of temperature, extending from

room temperature to near absolute zero. The crystal

entropy is obtained by evaluating the integral

298.15 - :
S298,15 = CpdT .+ AS (phase changes)
o T e (1.1.3,1)

Extrapolation of the specific heat data to absolute
zero is usually done with the aid of the Debye-theory
of specific heats, which shows that at very low temp

eratures C_ is proportional to the cube of the temp-
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erature. Also CP approaches Cv as the temperature
approaches zero. The data used in section 2.7 are
all from NBS 5QO except in certain cases where more
modern data are available, or where it has been nec-
essary to use estimated values.,

. There are three methods for obtaining entropies
for ions in solution, (a) partial molal free energies
combined with partial molal enthalpies, the free energy
data coming from measurements of‘ the standard pot-
entials of suitably chosen electrochemical cells.
Entropy data in NMF hav‘been obtained in this way (7)
(v) Measurement of the temperature derivative of the
standard potentials of suitably chosen electrochemical
cells. (c) Combination of free energies of solution,
obtained from solubility studies, With standard enth—
alpies of solution to give entropies of solution'>
followed by combination of the latter With crystal
entropies. | H - - |

Having derived a set of entropies for the aqueous
ions, it is then possible to use method (c) in re-
verse to obtain unknown crystal entr0pies.i This
technique has been used by Ionin (40) to obtain
entropies of some group lla halide hydrates, and is
extended in section 2 2 to include some alkali metal
halides.A The free energy of solution is related to

the activity of the solute in the solid (c) and
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solution (§) phases by the equation:

bG, = RTIn a/ a, | (1.1.3,2)

The actiuity of a‘crfstal is‘by convention set equal
to unity. Hence, introducing the solute activity co-
efficient; equation 1.1;3;2 becomes:

AG: = RT Inv'm, o (1.1.3,3)
For ionic crystals,rit is necessary to use the mean
ion actiyity cofefficient, and to replace m, by the
product of the saturation concentrationsof the ions
raised to the appropriate stoichiometric‘powers.
Icnin selected his data fron Robinsoniand Stoke's
compilation of activity co-efficients (41); the data
in section 2.2 comes from the same source, but includes
some more modern values.. Some of the entropy data
obtainedﬁby this method do not compare at all we;l
with'patimerfs estimated values’or with the usual per-
iodic trends observed for entropies. The discrepancy
is probably due to uncertainties in the activity
co—efflclents, which often have large values at high
concentrations and often change rapldly with con-
centratlon. Workwas started on a project to obtaln
activity co-efflcients for the group lla halates in
saturated solutions, in order to calculate values for
their free energles and entropies of solutlon.. The
isopiestic comparison method (42-43) was used, but

due to various difficulties only a few preliminary
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results were obtained. However, a full description of
the apparatus is given in section 4.3 and the results
are presented in section 4.3.3.

Entrépy data for non-aqueous solutions are very
scarce: the publication of Luksha and Criss (7) men-
| tioned above, the theses of Luksha and Held (44-45),
and a report published by Criss (46), contain all the
published entropy data invformamide, NMF and DMF.
Fortunately it is possible to extend the available

data by using a correspondence principle., These

principles are applicable to a wide variety of data,
and their use had been reviewed by Cobble (47). The
one of interest in this work is Criss's (46) obser-
vation of a linear relationship between the entropies
‘of ion pairs in formamide and NMF and the entropies

of the corresponding ion pairs in water, in the form:

(1.1.&,1)7

where a, and b are constants specific for each solvent.
This equation is used in section 2.4 to estimate un-
known partial molalventrOpies'in formamide and NMF,

and to estimate individual ion partial molal entropies.,

The data thus obtained is probably only accurate to
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within a few entropy units, but is adequate for the
arguments used in this thesis,

l1.,1.5

The entropies of the gaseous ions are calculable

using the methods of statistical mechanics. In terms
of the appropriate partition function Q, the entropy
is given by the formula.
s [an +‘r( in g) | |
” v - (1.1.5,1)
A?or a monatomic gas the entropy is due to trans-

lational motion only, and the partition function is:

Q= (27rmer) 3/ 2ve

| A = 0 (1.1.5,2)
where Viie the molar folume, m is the mass of one mole-
cule.v Substltuting into equation l.1. 5 1, and intro-
ducing the molecular weight M-i

Sp = R(1n V + 31n T4 3ln M + 3 1n 2Tk - 51n N + 3)
e 2 Tz 2 2
h
T (1.1.5,3)

This equation is known as the Sackur - Tetrode equation,
and it is used in section 2.3 to calculate the entropies
of the main group'1 and ll“cations and the group V1lb

anions in the idéal gaseous state.

e
IR

For polyatomlc molecules vibrat10na1 and rotat1ona1
contrlbutions to the entropy have to be included. Ass-
uming that the thﬁee types of motion make separate con-

tribution to the total partition function,



it is convenient to deal with each contribution separately.
The translationalicontribution to the entropy is calcul-
ated using the Sackur - Tetrode equation as for monatomic
gases. The rotational contribution is obtained using a
simple rigid rotor model; the partition function is:

a, = (rr5,1,1,) Y2 (817 wm)?/?

3 » (1.1.5,4)
sh

the I's are the principle moments of inertia of the
molecule, and s is the symmetry number ~ the number of
rotational orientations that differ only in the exchange
of identical particles. Substitution of equation
1.1.5,4 into equation 1.1.5,1 gives the rotational con=-

tribution to the entropy:

S. = R| 1n (wI,I
3
sh (1.1.5,5)

The wvibrational contribution is obtained wvia the

213)1/2 (8712‘kr)3/2 + %

normal modes of vibration. If the frequencies of the
normal vibrations are WiiWoseeeeeeW then, writing

for hw,/kT, the partition function is:

W -z .1 . . o
& 1;_f(1 e )T (1.1.5,6)
= . -

where the product extends over all the normal modes

Zi

of vibration.

The vibrational entropy is thus:
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S_ =R e Y _in (1.~ e ?)-
v i~

1-e t  (14145,7)
The‘total entropy is then the sum'of'theitrans—
lational, the vihratiohal and the rotational contrib-
utions. In section 2.3 the entropies of the.gaseous
chlofate, bromate and iodate ions are calculated, and

the data'ohtained is used to derive solvation entropies

and lattice entropies. The idea of lattice entfopies

(cofrespohdihg to lattice‘ehthalpies.ih this wofk)'was
first introduced by Altshuller (48). | Because of‘the
publication of more modern data, and because Altshuller
does not appear to 1nclude the necessary mix1ng and ex-
pansion entropies, a new set of lattice entropies have
been calculated in section 2.,7. The entr0py and enth—

alpy data are combined to give solvatlon free energies

(section 2, 10), and lattice free energies (section 2.8);

The latter functlon does not appear to have received any
.attention before. h h " ”

The main interest in this thesis is in the solva-
tion enthalpies and free energies. Part two of the in-
troduction is concerned w1th the methods that have been

used to 1nterpret solvation energies.



Introduction - Part 11

1.2 The Interpretation of Ton Solvation Energies

The term energy is used in the title of this section
with deliberate vagueness, as itrhas been pointed out by
Halliwell and Nyburg, and Bockris, (49-50), in recent
papers on this subject, that many authors, when dealing
with solvation thermodynamics, have not specifed with
which thermodynamic function they are concerned. In
many cases one finds experimental free energies, say,
being compared with enthalpies or changes in potential
energy, Oor even sumsvof different thermodynamic functions,
the term "energyﬁibeing usedﬁto cover lack of precision.,
Following Halliwell and Nyburg (49), care has been taken
by this author to relate ell energy terms diecussed to
the appropriatelthermedynamic function whenever possible.

By the word “interpretation"Ais»meant (a)vthe a
priori calculation of ien»solvation:energies based on
a reasonable physical medel, (b) the comparison of the
calculated values with expe;imentally_determined values,
and (c) employment of the egreement or disagreement
between (a) and (b) to obtain information about the
nature of ionicreplptions.n”$e this end it is necessary
to considervfirst of_all the_etrgctures ofﬂthe‘pure
solvents, aﬁqjthen,_the possible effects that the in-
troduction of ions may have on those structures,

1.2.1 SR iy
Recent work on the structure of liquid water has
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been reviewed by Conway and by Stoughton (51~52). An
earlier review by Robinson and Stokes (41} describes
the more general ideas of the structure which are of
interest here. It appears that liquid water must be
considered to have a rather loosely 4-co-ordinated
structure, intermolecular bonding being provided by
hydrogen bonds. 'An alternative approach is to say that
liquid water retains -a good deal of the tetrahedral
structure of ice. If this idea for the structure of
water is assumed it is possible to explain (1) the

high boiling point, melting point and entropy of wvap-
ourisation of water compafed to similar hydrides such
as ammonia, hydrogen fluoride, and hydrogen sulphide,
where the -degree of intermolecular association is lower;
(2) the maximum in the density - temperature relation-
ship occuring at four degrees'centigrade; (3) the high
molar volume of ca. 30 A3 compared with the»élose—.x
packed molar velume of 3.48 a3,

. There is also some Raman and infra-red spectro-
scopic evidence (53-54) which confirms these views.
In contrast to this evidence, two papers by Van Eék:-
and his co-workers on the X-ray analysis of liquid
water (55-56)} suggest that the co-ordination may be
octahedral rather than tetrahedral, : -

“ The structures of liquid formamide and its N-

methyl derivatives have not been studied with the same

interest that has been applied to water, The only
evidence available is the tentative interpretation of
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some dielectric dispersion studies by Bass (57) which
suggest that NMF consists of linear chains of solvent
molecules held together by hydrogen bonds between the
carbonyl group and the hydrogen on the nitrogen atom.
The crystal structure of solid formamide has been de-
termined by X-ray analysis (58); it has been shown to
consist of sheets of formamide molecules joined by
nitrogen-carbonyl hydrogen bonds. The sheets are mut-~
ually parallel, and held together by Van der Waals -
forces, the distance between the sheets being 3.1A
compared with the radius of the formamide molecule of
about 2.6A.. It seems reasonable to propose that; since
the forces holding the layers of formamide molecules
together are probably of the same order of magnitude
as kT at room temperature, liquid formamide consists
of sections of the sheets, with a good deal of two
dimensional structure prevailing - this viewpoint is
adopted in a later section in order to account for
the magnitudes of ion solvation enthalpies. - The high
boiling points, dielectric constants and latent heats
of evaporation of formamide and NMF (see table 1) are
consistent with the molecular association required by
the above models of the liquid structure.

There is no evidence available for the structure
of liquid or solid DMF. Its boiling point, melting

point and dielectric constant are lower than those of
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its two homologues, suggesting that there is less
molecular association in the liquid state; in this
connection the presence of the two methyl groups on

the nitrogen atom precludes the possibility of carbonyl-
nitrogen hydrogen bond formation. The relevant para-
meters used in this discussion are collected and com-

pared in table 1,

Water Formamide - . NMF . . DMF
m.p.(°C) 0 - - . 2.55(60) =2.74(3) =61 (61)-
b.p.(°C) 100 - . . 210.5 (61) 65 @4mm(3) 153 (61)
D 78.358(59) 109.5 (62) 171 (57) 37.2(57)

AH, 10.52 (28) = 14.7 (60) - 10.97(63)

S Table 1 -
Some physical properties of the solvents.

1.2.2

Most of the workron structural effects of ion

solvation has been concerned y;th aqueous solutions.
The interpretation of entropies of solvation ﬁy Frank
and Evans (64) showsthat even for the solution of a
‘non-polar solute in watervﬁhg:g is some moQifipation
to the s§ructpre of:the quvept,‘%It is’tg b9 e;pected,
then,lthat aighargeérpart?é;grsqgh_§§ ap ;qp would
have‘a gqns}de;ableﬁgffectgoq»thgﬂstructurg ofvthe
solvept‘pgpt;culayly in;thqyimmedigfg_v%qigity of the
particle;,gnd,Lindged{:fhevcglqulgt;ons:qftrrank andm

- Evans show exactly this. As their ideas have given
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such a clear insight into the nature of ionic solutions,
the next few paragraphs contain an outline of the methods
used by Frank and Evans and of the conclusions they
reached.

Comparison of the loss of entropy in the process
of dissolving non-polar gases in (a) non-polar solvents,
and (b) water, shows that the entropy loss is 15-35eu.-
greater in the case of the water solution. This means
that the non-polar gases cause an increase in the struc-
ture of water in which they dissolve. Some of the data

on which these conclusions are based is listed in table 2.

Asl : as, S As3 - Asu:
‘He 9.6  26.5 it 39.6  -1a
Ne b'ﬂﬁ9.31V 28,8 - Na* 339 k.o
A 11.3 30.2  k* 253 12,0
x - 32,3 mbt  23.1 1h.1
xe - 33.6  cs*  21.3  15.7
me p :'34.3 e L o
T raple 2

Eht;hﬁ}ldata eh.the hydration‘ef?the’ihertréaéee ahd‘
the alkali metal ‘cations. (See ‘text for definitions)
- The datalzzvtaken directly from Frank ‘and Evan' s
paper, and the standard states they used ‘are not the
same as those used in the rest of this thesls. the 4
data refer to the hypothetical unit fugacity gas phase,

and the hypothetical unit mole fractlon solutlon phase.
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ASl is the loss of entropy on solution of the inert
gases in benzene, 1182 is the loss of entropy on solution
of the inert gases in water,‘LlSB—is the loss of entropy
on solution of the gaseous alkali metal cations in water.
The significance of Ash will be pointed out below.

The interesting thing about these, K figures comes
out in a comparison of ASZ and ASB' . The entropy loss
on solution of most of the alkali metal cations is signi~
ficantly less than the corresponding entropy change for
the inert gas with the same electronic structure. This
means that the inert gases have a greater structure
making effect than the cations, in spite of.the struc-
ture making that occurs in primary hydration sphere
(see below). Frank and Evans went further in their
analysis by estimating the entropy loss lsSg,jby what
they describe as a series of guesses: these were (a)
the entropy of formation of the primary hydration
sphere, (b) the entropy due to the reduction of free
volume of the ion, (c) the entropy due to the polar-
isation of the water beyond the primary hydration sphere.
When the sum‘of these three entropy losses is subtracted
from ASB,.; the result is Aslw which was attributed to
the structural effect of the ion on the solvent.,
Except for Li this term is positive, meaning that there
is an increase in the disorder in the bulk of the ‘sol-

vent. To resolve this entropy data with the idea of a
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highly ordered primary solvation sphere, Frank and
Evans suggested that there are three regions around

an ion in aqueous solution: the.highly ordered primary
solvation sphere, in which the water structure is com-
pletely broken down; the bulk of the solvent; and in
between these, an intermediate region in which the water
structure is partially broken down., The net structural
effect of an ion depends on whether the ordering effect
in the primary hydration sphere is greater o; less than
the dié—ordering effect in the intermediate region.
These ideas will be returned to in section 3.3.1, where
they will be applied to help interpret the effect of
ions on formamide and NMF.

A discussion of primary solvation spheres leads
naturally to a consideration of hydration'(solvation)
numbers. Bockris (65) has suggested that the term
primary solvation number should refer to "The number
of solvent molecules near to an ion which have lost .
their translational degrees of freedom and move as one
entity with the ion during its Brownian motion®".
Bockris has reviewed the available data (50), and his
conclusions are summarised in table 3. ..

Ion . . Li Na . ..K-. .Rb-. -~ F . C1
Primary -

Solvation 5 %£1 521 4 *2 3231 p*i1 1%1
Number : P . ,

-Table 3 -.
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Ton Br I Mg Ca Ba

Primary + + + + +
Solvation 1-1 1-1 12 -1 9 =2 7 =2
Number

Table 3 ; continued

‘primary hydration numbers of some ions.
It is rather hard to reconcile the very'low values for
the halogens with the ‘idea of.a primary hydration sphere
as used by Frank and Evans (above) or with the high
stabilisation energy that results from the electrical
interaction of the ion with four or six solvent mole-
cules (see section 3.3.2 and 3.3.4). However, the
point will be argued out in detail in section 3.3.1,
when it becomes ueceSsary to choose values for solvation
numbers, |
1.2.3

The calculation of ion solvation energies

This section consists of a brief account of the
more important and relevant methods that have been used
to calculate ion solvation energies. The interest in
discussing these methods is not so much what answers
were obtained (since, until recent years, the experi-
mental individual 1on solvation energies used for com=-
parison with calculated values seemed to be very much
a matter of per;onal opinion - see section 1.2.4), but,
in the models that were used and the assumptions that

were made, - Hence onecah'attempt to distill the better

parts of all these treatments to evolve a model for



ion solvation which one hopes is at least a better
approximation to the truth than has been obtained pre-
viously.

One of the earliest attempts at account for ion
solvation free energies was published by Born (66).
Since it will be.necessary to consider later how the
Born equation can be modified, it ié as well to give
its derivation:from first principles.' The energy den-

sity éssociated with an electric field in a vacuum at

a point with cartesian co-ordinates x, y, z, is given

by:
2 : »
Ux,y,Z. = X.x,y,z, ‘ : using c.g.s. units
(1.2.3,1)
81T
where X is the electric field at x,y,z,

X3Ys2,

Thus the energy in a volume element dV, the posi-

tion of which is defined by a radius vector r is:
du_ . = 'xi ave oo A
—_ _ | (1.2.3,2)
81‘T T . oL o Lo Lo e
© " If the field is that due to a charged sphere,
then the system has spherical symmetry. ‘' The origin
of co-ordinates is taken as the centre of the sphere.
Thus, the volume of the sphere just containing the -

volume element is give by:-

Vo= ”ftTT 3 &
3.

Hence: av 'J}TTrzdf.f
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If q is the charge on the sphere then,
X =g
r 2
r
Substituting into equation 1.2.3,2

au = g2 dr

2r? (1.2.3,3)

The total energy of the field due to the charged
sphere is obtained by integratiéng equation 1.2.3,3

from the surface of the sphere to infinity

oo Do~
U= q2 1 dI‘A = q2
5 a’rz‘ 2a (1.2.3,4)

If the sphere is immersed in a medium of dielectric
constant D, then the energy becomes
| U = ¢°
;;D . (1.2.3,5)

Vﬁorn coneidered the process of ion hydration to
consist of the removal of the ion (considered as a .
charged sPhere) from the gas phase to the aqueous phase
= the energy change being due to the change of dlelectrlc
constant. Since the energy change in the process des-
cribed (considered'fe‘oecﬁr isothermally) corresbonds to
fhe maiimum1ﬁork obfeinéblelffom the sfstem,‘the'energy
chahge mﬁsf Be'a‘free eﬁergy cﬁénée. Born'slequation
is obtalned as the difference between equations 1 2.3,5

and 1 2. 3 4 for a mole of ions-'

. é:$ - Nz e 1 'l'”;
S (’1 ,) - (1.2.3,6)

Here, z is the valency of the ion.



Since'the equation takes no account of the struc-
tural features of ion solutions, it can not be expected
to give values in very good agreement with experimental

values. There are two other objections to the use of

this equation: (a) the dielectric constant of the solvent

may be modified by the high electric field in the vic-
inity of the ion (several million volts per cm 10 A
away from an ion of radius 1A); (b) it is difficult to
assign a value to the radius of an ion in solution,
and whatever wvalue is chosen may well be different from
the radius in the gas phase. Thé original use of thg
Born equation involved the crystal radii and the normal
or macroscopic dielectric constant of water - the
values thus_qbtained were numerically higher than the
experimental values, by 30 torloo% for monqvalent cat=-
ions, with»evenrgfeatgr_discrepanéigsrfor higher valf
ency iomns. _ ‘ , |

Although the Borp gquatiop givgg such a poor fit
to the experimenta}»data;‘it_is of immense interest
because the va;ues qbﬁéined areVOfrﬁﬁe figﬁt order of
magnitude: this shoyg thq ééégntiaily electrostatic
nature»pf the ion sp;venf.inferagtions._.it also pre-
dictsravlinear relgtio#gﬁip‘bgéwegﬁ f:ee‘energies of
solygtion_apdvfhe reciprocal é;yét#l.rAQiﬁg,'whicﬁ is
found'gxpgr;mentally fqr.énioﬁs;';ééﬂvhich is found

. to be of use in dividing ion-pair solvation energies

into the individual ionic contributions (see section 2.11)
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Differentiation of 1.2.3,6 with respect to temp-
erature gives the electrostatic contribution to the en-
tropy of solvation., The result has been recombined
with the original equation to give the Born-Bjerrum

equation (67) for the enthalpy of solvation:
2
2

- Nz e 1T BD
AHSOlv = 2p 1- ; - — ‘T ] (102.3,7)
P

o

Many of the calculations of solwation energies
that have appeared:in the literature have been based
on modification of the Born eqaation. The empirical
alteration of the radii of the 1ons to obtaln a better
fit from the Born equation by Latimer, Pitzer and Slansky
(68) will be discussed in detail in section 1.2, he A
recent paper by Stokes is of interest in the connection
(69). Stokes suggests that the raddii of the ions in
the gas phase should be the Van der Waals radii rather
than the crystal radii; and he calculates the Van der
Waals radii from the 1nteratomic distances in the corr-
esponding 1nert gas crystals u51ng the quantum mechanical
scaling principle. The values obtained for the Van der
Waals radii are 20 - ho% greater than the crystal radii.
In the solution phase, the ion is considered to be sur-
rounded by a layer in which the dielectric constant
changes from the value 5 at the surface of the ion to
the macroscopic value at thevboundary of the layer.

Outside the layer the solvent is assumed to ﬁa#e'ifs‘
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Normal dielectric properties., The appropriate express-
ion for the energy due to the field of the ion in the
agqueous phase (the electrostatic partial molal free
energy) is obtained by integrating equation 1.2.3,3

over the two regions:

a+b )
/uflec = g2 1 dr + |1 dr
e 2 Dl r2 D
“' S a’+b . ; . (1.203’8)
=q® Jr-17¥ 1 410 2
2 r D1 [;ﬁ] )
a - : :
a+h
Dl is the dielectric constant in the primary sphere;i

a is the radius of the ion; (a+b) is the radius of the
primary sphere; D is the macroscopic dielect;ic constant,
On rearrangement, 7 _
‘flkflec - q2' b o+ 1 ﬁ‘, e ,
S ;f [ : a(a+b)D1 (a+b)DJ . (1.2.3,9)
a is taken as the Pauling crystal radius, rp;,Dl.has

the mean value of 9; b is taken as zero for monovalent
anions, the diameter of the water molecule, dw’ for
monovalent anions, or twice the diameter of the water

molecule for divalent and trivalent cations. ~Hence,

for one mole of ions: . - -

. L elec _ N z2e2 . nd_ SRR | »
/‘( T 4‘[ r (r +ndw) 9 - (r +nd ) :I

(12 3,10)
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From this must be subtracted the electrostatic free
energy of the gaseous ions calculated using equation
1.2.3,4, The values Stokes obtained were shown to
compare very well wifh experim%&nal values: the average
deviation was 1.5% for the cations, but 2 - 13% for the
anions. The choice of experimental data for compari-
son was particularly fortunate, since it is shown in
section 3.1, where Stoke's method is applied to non-
aqueous solvents, that nothing like so good a fit is
obtained with the data derived in this work.,

The possibility of variation of the sqlvent die=-
lectric constant in the intense field near an ion was
considered by Laidler and Pegis (70). Their treatment:
was based on the Born equation, using crystal radii
multiplied by the factor 1.25, and taking account of
possible dielectric saturation effecﬁs calculated from
a theoretical equation developed by Booth (71). -
Agreement between éxperiment'and theory was rather
better than that given by  the simple Born equation,

- both for free energies and entropies.’' ‘The division

of ion-pair solvation free energies into the individual
ionic contributions was made on an arbitrary choice of
a single ion value to give the best fit for the theor-
etical data: it is shown in section 1.2.4 that this
érbitrary choice 1is about 30 kcale different from the

values chosen by most other workers'in this field.

L U PR



-26- .

It has been noted by Conway in a recent review on
the subject (51) that "At the present time (1966),
continuum theories of ionic hydration based on the
Born equation have reached an asymptotic limit of use-
fulness or applicability." Considering the rather poor
results that are obtained in an attempt to apply a mod-
ified form of the Born equation to non-aqueous solvents
in section 3.1, this author would agree entirely. It

is more fruitful to consider the more important and

fundamental theories of ion solvation that deal with

the details of ion solvent interactions. Two import-

ant early papers by Bernal and Fowler and Eley and
Evans (72-73) serve as the basis for the interpretation
used in this thesis. As the work of the former two
authors has been shown by Bockrls (50) to contain a
number of errors, attention will be turned to the work
of Eley and Evans, Tﬁese authors assumed a tetrahedral
ice - like stroefure for wéter, and a co—ordination
number’of four for the monovaieﬁt ions. They ﬁsedla
oyclic process to caieulete the solvation energies,'
cohsisting of fhe folioring five sfepsz

(;) A tefrahedral'groﬁp of five water molecules is
eveporated from thaliquid to the gas phase, leaving a
cav1ty in the llquid. -

(b) Thls tetrahedral group in the gas phase is disso-

ciated into flve separate water molecules.

(c) Four of these five water molecules are co-ordinated
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around the gaseous ion under consideration.
(d) The ion solvent complex thus formed is returned
to the cavity left in the bulk of the solvent,
(e) The single remaining gaseous water molecule is re-
condensed to the liquid phase,
The largest contribution to the solvation energy comes
from process (c): Eley and Evans considered this to be
the electrostatic interaction energy between the ion
and four solvent molecules, taking the water molecule
to be a sphere with its centre at the centre of the
oxygen atom., . The interaction energy is:

L ZeC&ie

ry

i
where C(ie is the frectional charge on each atom of
the molecule. (K= O, 49 for the hydrogen, and 0.98
for the oxygeh). Account was taken of the pOSSiblllty
of different orientafions of water molecules near anions
and cations. ion soiveﬁt repulsion and dispersion fer—
ces were neglected es was.the soivenf - solvent inter-
action energy in the primary hydratlon sphere. The
energy change in process (b) was calculated electro-
statically uslng the same method as 1n (c) The diff-
erence between energy changes (a) and (b) was calcul-
ated as the energy needed to reorientate the water

1

molecules in the immedlate v1cinity of the ion (mno

details were glven) together with the polarlsation



-28-

energy of the solvent outside the primary hydration
sphere, calculated using the Born equation. Process
(e) was taken as the heat (enthalpy) of condensation
of water. The sum of these five processes was taken
as the solvation energy; It is interesting to note
that process (d) involves a free energy change, (the’
Born polarisation term), processes (a) and (e) are
enthalpy changes, and the remaining procéssés are'changes
in electrostatic potential energy. The total change
was considered to be the enthalpy of solvation. There
may be some justification for this, but the authors
did not show it. The results obtained were rather in-
consistent: for example, it is ﬁossible to use their
results to calculate the solVation'eﬁthalpy'df'the:proé
ton by combining each calculated individual ion value
with the corresponding.convéﬁtional value: if the cal-
culated values are self-consistent, then the values for
the solvation enthalpy of the proton should all be equal
- Eley and Evans' data give values over a range of 25
kcals per mole. -

Eley and Evans' cyclic argument has been used in
a modernised form in atrecent‘publiéétion ﬁy Mﬁirhead-
Gold and Laidler (74). The steps ‘in the cycle were
essentially the same, but there were some important
differences in the methods of calculation. A co-ord-

ination number of'six‘wés'aSsﬁmed{lthﬁs,hﬁfbcess'(a)";
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was six times the heat of evaporation of water. The
electrostatic interaction energy (c) was calculated
using a computerised technique that took account of-
all possible interactidhs: dispersion and repulsion:
forces were included. The model used for the water
molecule was a system consisting of three point charges
and a polarisable dipole., Process (d) was taken as
equal to the enthalpy of formation of 0.448 x 12 out
of the twelve possible hydrogen bonds between the mole-
cules in the primary hydration sphere and the rest.of
the solvent, plus the Born polarisation energy. Proc-
esses (e) and (b) were not included.  Some more de-
tails are given in section:3.3.3. - - - Ll i e
The:calculation of the electrostatic contribution
to ion solvent intefactions has been placed on avgiggi—

ous footing by Buckingham. (75). Buckingham's treat-

ment depends on a rather lengthy mathematical analysis,
solonly his conclusions are given here., However, since
many of the calculations in this thesis are based on v
Buckingham‘é wbrk!'the-theory is developed from.firstﬁz
princiéies in Appeﬁdix I. e

Buckingham suggested“thaf a polar molecule such-
as water may be thought of as an array of point charges.
Such an ‘array can -be shown to have a dipole moment, a
quadrupole moment, an octupole moment, ‘and so on.:
It is possible to:calculate the energy of interaction

o T
DL i
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of an ion (considered as a polarisable sphere) with the
multipole moments of a number of water molecules. The
difficulty with the practical application of this idea
is that there‘;g not m::g numerical data available for
multipole moments. Dipole moments are well known for
most common molecules, but it is usually necessary to
estimate quadrupole and higher moments (see below).
Fortunately, moments higher than quadrnpole monents
make only very small contributions tc ion-solvent inter-
actions (because they invclve high-power reciprocal
radius terms), and consequently, they may be neglected.
Buckinghanvassnmed'that the ﬁater nolecule has a
charge.dietribution which is symmetrical about the di-
pole moment axis - thus the water molecule could be re?
resented by a 51ng1e dlpole moment and a 51ng1e prin-
cipal qnadrupole moment . He further assumed that the
soivent dipole ncnent’;ector is:ncrmalltc thewicn sur-
face, and that the co-ordination is;tetrahedral. The

elecrostatic interaction energy for a single ion is thus:

e

U = “" |Z|eﬂ + zee ‘;'A..... 7 (1°2.3’11)

2 g3

where 9 is the pr1ncipa1 quadrupole moment, and R
i':Ls the distance between the centre of the ion and the

centre of the water molecule.r In the symmetrical model
‘used the net multlpole moments induced in the ion it-
self are zero, but the field of the ion will induce a

series of multipole moments in the solvent molecules,
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Due to lack of data it is only possible to take the in-
duced dipole moment into account (the leading term in a
relatively small amount of energy) and this gives rise
to an energy:

U, = - (2e)® K
) Co : (1.2.3,12)
2R

where <*~1s the polarisability of the solvent.

The dispersion energy was calculated from the equation°

2 K

U, = - 311 |

-d

where the I's are the ionisation potentials of the
ion and the solvent.'l

Repulsion energies were ignored.v The mutual inter-
action energy between the four co-ordinated solvent
molecules was calculated from the expression° |

U =17',A,2 - 135\/5'%(6 - 675 o(/u - 243 o2 I |
4 2

' ]
8V IZIR,L‘, 256 R‘?,. 1024 - RS

(1 2.3, ih)

R 3285

‘In'order the terms”are : dipole‘- dipole' dipole
- quadrupole' interactions\between dipoles induced by
the field due to the permanent solvent dipoles- dis-._
persion energy. Buokingham neglected to include quad-
rupole - quadrupole interaction term (1/r5), and he

took no account of the screening effect the 1on might

have on the mutual 1nteraction energy terms.A
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.To the sum of all these potential energy terms
Buckingham added a Born polarisation enthalpy, included
the latent heat of evaporation of water (the emergy re-
quired to make a hole in the solvent to put the ion in)
and compared the result with experimental ion hydration
enthalpies. Since no account was taken of possible re-
orientation effects in the solvent, 1t is not surprising
that Buckingham's answers were about 10-20% too high
and show even more internal incomnsistency than those of
Eley and Evans. It is shown in section 3.3.3 =.3.3.6
that when the appropriate re-orientations are accounted
for the agreement between experiment and theory is much
improved, |

‘ One of the interesting points about Buckingham's

theoryﬂis the way it can account for thé‘surprisingly"

largerdifferences in solvation enthalpy between anions

and cations of-the same size: nearly 50 kcals per mole

for K* and F~.as an example, - The theoretical: reasons
for this are the ion~quadrupole interaction term and
the dipole-quadrupole interaction term., .All the. other .
terms in Buckingham's theory change sign when the: sign
of the charge on‘the ion changes sign.,.ThuQ,:these-two
terms increase the magnitude of the hydratioﬁ enthalpy
of cations, but decrease the magnitude of the anion;
hydration enthalpy. The difference-between thé hydra—.

tion enthalpies of an anion and a cation of the same
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size is given by Buckingham's theory as:

A" - AH' = - 81210 + 135]? H@
R7 6k 3 'Rr* (1.2.3,15)

It is thus possible to use the difference in sol=-
vation enthalpy between cations and anions of the same
size to estimate a value for the solvent quadrupole
mqment.

Somsen (4) has applied these ideas to the calcul-
ation of solvation entnalpieg in non-aqueous solvents,
His work, too, suffers from a mixing ot thermodynamic
parameters, and he made no attempt to take account of
so;vent re-orientation effects. 1In spite of this, he
obtained a very good fit to his experim?ntal data. -

The division of solvation energies into the individual

ionic contributions .

One of the difficulties of dealing with ion sol-.
vation phenomgna is that theoretical célculations.give
ipdividual ion solvation energies wpilerexperiments
givé.iqn pair values. Thus, one is faced with the pro-
blem’qf dividing the ion pair values into the individual
iopicAcontribgtiqng so that a propgrvggmparisop with
theory can be made. Although much of the work that
has been done on th@g;pyqb;emwhasibeeg of an empirical
op_;gmifgmpig;galvnqture,_it_vi;;hbe shown ithhg;sum-:
mary;atrthehendvof‘thigv§eqtion that there is a sur-

Prising agreement between the main contributors in this
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field.

Latimer, Pitzer and Slansky's method of division

(68) depends on an empirical relationship between the
relative ion solvation energies of the group la cations
(relative to Cs*) and the halides (relative to I ) to
their respective effective radii., The ettective radii
were obfained by adding cdnstants ©o the Pauling crystal
radii - 0.1A for the anions, 0.85A for the cations.

The numbers being choseh'to‘give,the best straight lines.,
The authors give some Jjustitication for fheir choice of
cdnstants by saying that (a)'the effective radius of an
ion in aqueous solution is the distance between the cen-
tre of the ion and the centre of the dipoles of the
water molecules in the primary hydration sphere, (b) for
‘anions the hydrogens of the co-ordinating waters are
directed towards thé'ioﬁ,'buf fqr the cations the oxy-
gen is directed towards the jon. ‘Hence, the effective
radius is larger for cations than for anions. Using
these effective radii, the solvation free energy of CsI
is divided between the ions so that the values obtained
are equal to those predicted by the Born equation.
Solvation entropies are divided in a similar manner,

and the free energies and entropies thus obtained are
:ébmbiﬁed to‘giée:solvéfioﬁ“éhthélpiéé.;'It has beeh’
'argued '(76) that such modifications to the cryatal radii

are probably not Justifiable.:“h
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Verwey (77) made use of the relationship between
solvation free energies and the reciprocal erystal rad-
ius predicted by the Born equation._ He plotted a graph
of cation hydration free energy (relative to Li+) and
a graph of anion hydration free energy (relative to F )

both as a function of the reciprocal crystal radius. ie:

AGhyd —AGhyd (F7) =
- r-,
+ .+
AGhyd -AGhyd (L:._) =»E | | |
+ (1.2."",1)

r
Extrapolation to infinite radius gave the absolute
values of the solvation free energies of the lithium
and fluoride ions.

A similar technique has been applied byiéomsen
(4) to data in'non:aéneousgeolvents. He plotted the
solvation enthalpies of a series of halides of the same
cation against the reciprocal of the anion orystal radius
Dxtrapolation of the resulting stralght line e; infinite
radius gave the cation solvation enthalpy. Somsen show-

ed in a later publication that his extrapolation gave

values Wlthln about six kcals per mole of his nabsolute"

values (5) |

» The most striking thing about these extrapolation
methods is their 1nterna1 self—con31stency, whioh is
nearly always as good aa the accuragy of the extra—
polation. Accurate extrapolation is usually difficult
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however, because of the length of the extrapolation and
the deviations of the graphs from linearity. In section
2.11 a method is introduced which shows the same good
internal consistence, yet give a very definite extrapol-
ation.

The latest way of determining individual ion sol-
vation enthalpies is based on Buckingham's theory (75)
and was published by Halliwell and Nyburg (49). The

definitions of conventional ion solvation enthalpies are:

AH_ (xf'j) = AH(X®T) + zAu(HY)  (1.2.4,2)
and . '

DH, (M**) = BAH(M**) - zDH(H') - (1.2.4,3)
where the unmarked enthalpies refer”to absolute values,
Subtracting equations (1.2.4,2) and (l 2.4 3)

DH (") - AHc(xz') = ,AH(sz) - AH(xz") - 22 AH(H )
(1.2.4 o)

According %o Buckingham (75) the difference between
the absolute solvation enthalpies of anions and cations

of the same size is given by an equatlon of the form~

"11'3 "whl‘ B (1245)

Thus, from equatlon l 2 4 4 for ions of the same size:

AAH' A/R3+B/R RPN » (1246)
Z

v

Halliwell and Nyburg neglected the small term 1n Ru and
plotted a graph of the 1eft hand 51de of this equation

against l/R3 The resultlng curve was extrapolated to
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infinite radius, where the intercept gave twice the
absolute hydration enthalpy of the proton., The data

for the differences between the hydration enthalpies

of ions of opposite charge and the same size was obtain-
ed from plots of anion and cation solvation enthalpies
(conventional) versus 1/r3 drawn on the same graph.
Values ofA'AHc were interpolated at various hypothet-
ical ionic radii.

This method has been critisized by Conway.and Sal-
omon.(78). Their main critisism was about Buckingham's
assumption that the solvent molecule dipole moment vec~
tor is always'nohmalrto the ion surface - they suggested
that the orientation of the vector would be different
for anions than for cations, as in Eley and Evan's treat-
ment (73). It is argued later, section 3.3.1, that
Buckingham's assumption is justifiable.: . -

‘A practical difficulty with Halliwell: and Nyburg's
technique is the length the extrapolation needs to be
made, (see the graphs in section 3.2). The authors
overcame this to a certaln extent by using estimated
data for some large iohs such as tetramethylammonium
Unfortunately such data is not available for ‘non-aqueous
solvents. o - |

. Somsen has applled this method in a slightly mod-
ified form (5) to obtain absolute solvation enthalpies

in non—aqueous solvents. Although the method is not

used directly in this the51s, it will be shown (section
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3.2 that the data obtained is entirely consistent with
it.

Halliwell and Nyburg took great care. to show that
the theory they used was applicable to enthalpies and
not potential energies as was the case with Buckingham's
original work.

In order to make a rapid comparison between the
various determinations of individual ion solvation en-
thalpies that have been made, values for the hydration
enthalpy of the proton were derived and are summarised
in chronological order in table 4.. In principle, at
least, the a priori calculations of solvation energies
discussed in section 1.2.3 could also be considered to
give values for individual ion solvation energies.
Howevér, the internal inconsistencies of such data are

usually so large as to render them practically worthless.

Author(s) :. -~ Date = Value '~ Reference
Fajans - - .. 1919 . .262 . . ... X719
Latimer, Pitzer
& Slansky 1939 259 68
Verwey 1940 258 77
Mischenko 1952 264 80
Oshida & Horiguchi 1955 267 81
Halliwell & Nyburg 1963 261 Lo
Noyes 1964 267 82
Somsen 1966 258 5
This work 257

Table 4 : Proton Hydration Enthalpies
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The mean of the values in table 4 is 261 I 6 kcals per

mole. Laidler and Pegis' arbitrary choice, (70, see
section 1.2.3.) of 292 for the proton hydration enth~
alpy seems rather high considering the figures listed
in table 4,

The determination of individual ion partial molal
entropies, and thence, individual ion solvation entro-
pies has been reviewed by Bockrisr(SO). There appears
to be a distinct possibility of obtaining a definite
experimenfal value for the absolute partial molal en-
tropy of the hydrogen ion using a thermocell. Values
obtained so far are in the range minus 4.7 to minus
6.3. The latest determination (83) has given a value
of minus 5.5, in agreement with Gurney's semi-empirical
value obtained from viscocity measurements (84).
Partial molal entropy data in aqueous solutions used
in this thesis have been based on this latest value
for the partial molal entropy of the aqueous hydrogen

ion. : S T I
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SECTION II

Results

The fundamental physical constants used in the
calculation of the data presented in this section are
those adopted by the U.,S. National Bureau of Standards
in October 1963, The derived constants are taken from
a publication by Cohen, Crowe and Dumond (85). The -
atomic weights used were on the chemical scale based
on the carbon twelve isotope.

All numerical enthalpy and free energy data are
given in kcals per mole unless otherwise stated, and
all entropy data are given in calories per degree per
mole.

Errors are quoted as the standard deviation of a
single observation faxrom the mean, except for the data
on the group lla halates and fluorides, where twice
the standard deviation is quoted. -

The standard states adopted are : (a) solution
phase. Enthalpies - infinitely dilute solution; entro-
pies and free energies - hypothetical unit activity.
(b) Gas phase - ideal gas at unit molality. All at
298.15°K. The gas entropy data is also given for the
more usual unit fugacity standard state = the distinec-~
tion is carefully‘made in the text,

2.1. R

~Standard enthalpies of formation

The conventional:partial molal enthalpies of the
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aqueous alkali metal and halide ions are listed in table 5

Lit -66.56 - FT  -80.20 (30)
Nat -57.47 . c17 -39.95 (31)
k¥ -60.30 - Br~ -29.11 (32)
rRb* -60.01 . I°  -13.79  (33)
cs* -61.69

Table 5 : Conventional partial molal enthalpies of the
alkali metal and halide ions.

The cation data are taken from a recent paper by Gunn (29)

The anion data are from the sources indicated in the

table, with dilution data from the revised version of

NBS 500 (31). Sums of these data for ion-pairs were .

combined with the relavent standard enthalpies of sol-

ution taken from Parker's compilation (34) of selected

values, to give the required standard enthalpies of

formation, Table 6 gives the results obtained; the

standard enthalpies of solution are shown in parentheses.

LiF (1.130) =-147.9 NaF (0.218 -137.9
Licl (-8.850) -97.66 - NaCl (0.928) -98.35
LiBr (-11.670) =-83.99 NaBr (-0.144) -86.43

LiI (-15.130) -65.22.  NaI (-1 soo) -69 L6

KF (-4, 238) -136 3 | RbF ( 6. 240) -13h 0

KC1 (u 115) -1oh 37 o RbCl (h 130) iok.09

KBr (u 750) -94 16 o RbBr (5 230) -94.35 R
KT (u 860) -78 96 _,:,, an (6 ooo) -79.81

Table 6 T (continued overleaf)
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CsF (-8.810) -133.1
CcsCl (4.250) -105.89
CsBr (6.210) -97.01
CsI (7.970) -83.46
Table 6 : Standard enthalpies of formation of alkali
metal halides. Standard ¢énthalpies of solu-

tion in parentheses.,

The largest uncertainties in these data are in the
partial molal;enthalpiés : a few pafts in the second
decimal place or smaller, .

The next two tables (7,8) give the data for a sim-
ilaf treatment to obtain the standard enthalpies of form-
ation of the group lla halides.. The partial molal en-
thalpies of the aqueous cation were derivedvf:om the
heafs of solution of the metals in hydrochloric acid
published by Ehrlich, Peik and Koch (35) |

M(c) + 2HC1(aq) = MClz(aq)_+ H,(g)
Hen;e, - v : _
AHZ MC1,(aq) =AH_,  + 2 OHy HC1(aq)
and o ‘ v
| AH:. m* i_‘(aq. :con.'elnt_ic?na'i) = Agobs. |
The necessary dilution data, the enthalpy of solution
of magnesium chloride and the enthalpy of solution of
. magnesium in hydrochloric‘acid were taken from NBS

500. Most of the remaining enthalpies of solution were



43

included in Ehrlich, Peik and Koch's paper, and these
were used with the exception of the value for barium

chloride which came from a more recent paper by Vorov'ew

(86). ,
2+

Mg -110.7
ca®* -130.5
sr®* -130.3
Ba?* -128.7

Table 7 : Conventional aqueous partial molal enthalpies

of theralkaline,earth cations.:

MgF, (1.69) -292.6%0.3

2 2
MgCl, (-37.1) -153.6%0.1 cacl, (-19.3) -191.1

(-24.6) =164.1

(-2.0) -269.1%0.3 CaF

2 2
MgI, (-49.9) -88.5%0.2  caI, (-29.2) -128.9

MgBr (-h3;§) -125.8%0.3 CaBr

srF, (0.4 ) -291.1%0.3 BaF, (0.7) -289.8%0.3

srCl, (-12.1) ~198.1 BaCl, (-3.1) =-205.5%0.2
srBr, (-16.8) -171.7 BéBré:(;5.6)“;181;3 ”
Sr1, (-23.2) =134.7 ;Baié (-10.8) -145.5

Table 8: Sfandérd‘enthalpieé of formation (and enthal-

pies of solution) of the alkaline earth halides.

Unlessindicated otherwise, the uncertainties in the .
standard enthalpy of formation data are,:‘ooh.p The

standard enthalpies of solution of all the main group
11 fluqrides,“andbof magnesigm,bromide and iodide in

water were determined b} this author; those of the first
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named salts by measuring the enthalpy of precipitation
from aqueous solution -~ details are given below. He
also made an independent check on the aqueous partial
molal enthalpies of magnesium, bromide and iodide, us-
ing the reaction:

Mgo(c) + 2HX(aq) = Mng(aq) + H20(l)
The ancillary data used were: AH:. H,0(1). -68.32 (31);
oH] Mgo(c), -143.7 X 0.3 (87); AH;’. HX(aq) as in table
5 above: dilution enthalpies from NBS 500 (or the re-
vised version when available). The results obtained

were:

1+

'AH° MgBré(aq) = -168.7 ¥ 0.3

AE] MeI, (ag) = -138.1 0.3 |

]

These compare very well w1th the sums of the convent—
ional partial molal enthalples' 169 1 I 0.1 and 138.4
¥ o.1 respectlvely. ; -

For some of the group 11a iodides there is no
heat of dilutlon data available - in the above derlva-
tions the values for the correspondlng bromldes were
substituted.

The standard enthalpy of solutlon of Calclum
fluoride was determined by studylng the enthalpy change
in the reaction between crystalline calcium chloride
and excess aqueous sodlum fluoride saturated with cal-
cium fluorlde. The following notatlon is used°
b;i;‘AHI (MX ml, m2; 3{ nh,f "f':"'?n)‘

e

means the enthalpy of formation of MX solution of mol-

=2 T T e
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ality m, in the presence of (n - 1) other salts of mol-

1

alities m M)y eeeee m e Heats of dilution are

20 M3
expressed in the form AHd (Mx, m,—% 0); this means
the enthalpy of dilution of MX from molality my to in-
finite dilution. The suffixes used are: 1, the initial
sodium fluoride concentration; 2, the initial calcium
fluoride; 3, the excess NaF; 4, the sodium chloride
concentration.

AH

= 2 AH(NaCl my; M m) + AH° CaF,(c) -

2’
AHf (NaF, ml;'mz) - AHf (GaCl (e))

obs

(2 1 1)

Assumlng that (a) the solublllty of the calc1um
fluoride stays the same throughout the reactlon (ie.
is independent of the ionic environment and the temp;
erature over the range of the experiment - ca. 0.5 C)
(b) the ca1c1um fluoride preclpltates in 1ts standard
state' and, using the foilowing approximatlons. | |
Anf (NaCZ_L,Elrnu,’mz,vav) = AH (Na.Cl, m i o o)

=AH?. (Ngcl, 0; o, o),} AH (NaCl, mh-—>o)

(¢ ]
AH, (NaF, m,; m,) = AH. (NaF, m;; 0) = AHf (NaF, 0; 0)
- AHd:_(Nalf‘. m; — 0)
and the identlty.
AH Ca012(c) AH (Ca012, o) AH (Ca012)
in equation (2 1 1) : ‘

AH

obs © -AH° (Can) + AH° (CacCl. ) - 2AH (NaCl, mu—>0)

+ 2An (NaF, m;—)0)
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The dilution enthalpies were taken from Parker's
compilation (34), and the standard enthalpies of form-
ation have all been given in tables 6 and 8, The ex-
perimental measurements are listed in Appendix II, and
the mean value for the standard enthalpy of solution
of calcium fluoride is included in table 8.

The remaining group lla fluorides are all more

soluble than calcium fluoride (MgF, 0.130; CaF_, 0.016;

2 2
SrF, 0.119; BaF, 1.61k g/litre. at 25°c, 89) and att-

empts to treat them.-in the same manner as CaF2 gave rise
to marked pre-reaction precipitation. The reaction
studied was the solution of crystalline sodium fluoride

in aqueous alkaline earth halide solution (molality-m5)

making the:appropriate correction for the small amount
of fluoride that was not precipitatedr(ms). "Writing
the excess molality of M012 as'mé, and the molality of

the NaCl as m then

7’
AHobs = ZAHf: (Nac1, Mei Mg m8) + (1 - x)Hf(MFz’msmssm
" xBH; (MFz,c).—- ZAH:. (NaF, c) - bH, (Mc]_z’ m

o (2.1,2)

7)
5)

.The following approximations were used:

) : A (KaCll,Jm,?; mg m8) = DH, (NaCl,‘m,7; 0, 0) .
| =»AH; (Nac1, 0; 0, 0) - AH, (NaCl,‘m',‘?’—:-v—)O)

where x is the fraction of the fluoride precipitated, :
’AHf' (ME‘2’~m8;.m6','m7):= *AHf (MFZ’ mg; O, 0)

S AH;'(mé,' 0; 0, 0) - BH, (MF,, mg—>0);
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together with the identities:

An, (MC1,, my) = 8HZ (MC1l,, 0) - BH, (MC1,, m5—>o)

and .

AH; (NaF, c) = AHZ (NaF, 0) - AH‘; (NaF)

equation 2.1,2 becomes:

AH_, _ = -x oE] (MF,) + 28H, (NaF) - 24H, (Nac1, m_—350)
+ QH, (Mc12, m5—-)o) + (1 - x) AH, (MFZ, m8—90)
The solubilities of the group 1lla fluorides in the

calorimetric fluid were assumed to be the same as their

aqueous solubilities (the common ion concentration was

very small since the precipitant, MCl2 was present in a

very small excess). The same assumptions with regard to

standard states and the temperature effect on solubility
were made as for Can. The heats of dilution of NaF
aﬁdANaCl came from Parker (34), and that of MC1l, from

NBS 500 (28). The small term AH,; (MF,, mgz—)0) was

néglected. The sféndard enthalpy of solution of sodium

fluoride was gi#én in.table 6. |

The ﬁean valuésffor the enthalpies of solution
are giveniin table 8, and the detailed experimental re-
sults in Appendix II..

The standard enthalpy of formation of magnesium
fluoride has recently been determined directly (88) by
measuring the enthalpy of combustion of magnesium metal
in fluorine; the result, —268.7.1 0.3, is in good agre-

ement with the value derived in table 8.
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N
L J
N

Most of the crystal entropies used in the: later

calculations are taken from NBS 500. There are, how-
ever, some more recent values. These are: NaBr - 20.71,
NaI - 23.58, (90); BaCl, - 29.56 (91); Ca, Sr, Ba iodates,
respectively 34.80, 50.80, 57.10 (92). It was necessary
to estimate all the other entropy data required. The
data for use in equation 1.1.3,3, together with the:- free
energies of solution obtained, and the data sources:are

listed in table 9,

= volality - Y 86 per.
LiBr,.2H,0  19.60  1485.0 -10.88 41
LiC1.H,0 ' 19.97 62.4 - 8.45 !
RbC1 7.8 0.583 - 1.83 95
CsCl 11. ho 0.516 - 1 57 94
ReI 7. 63  0.500 - 1 59371*4” 93K

Table 9 i Parameters for the calculation of free energles

' of solutlon..A

_The free energies of solution were combined with
the partial molal free energies of the ions, from NBS
500, to give the free energies of the crystals.k Combin-
ation of these wlth the standard enthalpies of formation
of the crystals gave the entroplesnof formation (from

3

the elements) of the crystals which, together wlth the
= -ed - S
entropies of the appropriate elements yiald/the abso-



~49.

lute entropies of the crystals - this is summarised in
table 10. Also included are some entropies derived from
Ionin's paper (40) see introduction, section 1.1.3.) as-
auming that each molecule of water makes a contribution
of 9.5 ¥ 1.2 to the total entropy of a hydrated crystal
(see Latimer, 39, who chose a siightly different value).
The final column contains values from Latimer's book (39).

The values obtained agree quite well with the est-
ablished values in some cases, but the discrepancy is
very large in others. Reasons for this have been sug-
gested in section l.l1.3. Because they fit better into
the already established trends in the lattice entropy
data (48) Latimer's estimates are used in later sec-
tions when no experimental Cp data are available.

2.3

The entropies of the gaseous monatomic ions cal-

culated from the Sackur - Tetrode equation are listed in
table 11l. Using the usual standard state of an ideal
gas at unit fugacity and 298,15°K, equation 1.1.5,3
takes the simple form:

S, = R (3 1n M + 14.2439) - 2.3143
2 (2.3,1)
When considering solvation efects it is more appro-

priate to use a standard state corresponding to that
used for the solution phase, ie. one mole of ideal gas
per litre. The difference between the two standard st-

ates is the entropy change in the compression of one mole
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LicCl. HWNO

LiBr,. NENO

RbC1l
CsC1l
RbI

ZWOHN
meﬂw
CaCl, Amﬁ.mmwov

CaCl, Amx.pmmov

meﬂm

mHQHN

463 (c) AE] (¢) 4s, (o) $s (el.) s°(c) 5°(c)(Latimer)
-149,81 -170.31 - 68.75 89.06 20.31 24,8
-197.29 =229.94 -109.5 136.33 26.82 (35.5)
- 96,98 -102.91 - 19.91 43,24 23.34 (22.6)
- 86.66 -103.5 - 86..48 46,44 10.04  (23.3)
- 78.21 - 78.5 - 0.96 30.55 29.59  28.21
- - - - 20.86  21.4
- - - - muuuq (29.4)
- - - - 11.10 27.2
- - - - 12.81  27.2
_ - - - 15.83  31.0
- - - - 26.73 28.0

o

Table 10 : Derivation of crystal entropies

(estimates in parentheses)
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31.7656
3543360

36.9194

39.2504
40.5667

32,5444

. 35.5019

36.9935

39.3243
- bo.6635 -

34.7684

3646296
39,0497

Lo.4286

Unit fugadity é.s. Unit volume s.é.

25,4127
28.9831

 30.5665

32.8975

34.2138

26.1915

29.1490
30.6406
32.9714

- 34.3106

f:j28.h155
: 30.g7ho
, 32,6968

34.0757
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of the gas from 24.45 litres to one litre, which is R 1ln
24 .45 = 6.3529. Entropies in both standard states are
given in table 11.

In order to apply equations 1.1.5,5 and 1.1.5,7 to
calculating the entropies of the gaseous halate ions,
it is necessary to know the shapes and sizes of the mol-
ecules, and the fundamental wvibrational frequencies.
All the molecules are pyramidal, with the halogen at
the apex of the pyramid: the relevant structural para-

meters are summarised in table 12,

X-0 0-0 0-X-0  Ref
' angle =~
c105 1.459 %0.01 2.362%0.01 108.1%1.0° (96)
Broj 1.64 0,02 2.61%0,02 (ht of py- (97)
ramid
0.66A )
IOS 1.82 20.02 2.74%0.02 97°8'%20 (98)

Table 12: Structural parameters for the halate ions.

There are six fundamental vibrational frequencies,

of which two are doubly degenerate. .

;22- ‘ 7‘»17 ‘Ffedﬁéﬁéiés{ ‘1 | | géz;‘
Cloa' | 93ox' 610 980(dd) #86(&&) T
Bro; 795 435 825(ad)  355(da) 99
10; 754 373 774(da)  334(ad) 100

Table 13 : Fundamental frequencies of the halate ions
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The frequencies are given in table 13, and were
assigned an arbitrary uncertainty of I 5% to account
for any change in frequency in transferring data from
the solid to the gaseous state,

Using these data-in equation 1.1.5,5 and 1.1.5,7,
the entropies of the halate ions in the ideal gas state,
and 298.15°K were calculated. The data was computer
processed, and the errors due to uncertainties in the
structural parameters were determined. The values for
the absolute entropies obtained are in table 14,

Unit fugacity S.S. Unit volume S{S.

0105 64.43 X 0,26 - 58.07 % 0.26
BrO; 66.85 X 0.30 " 60.50 ¥ 0.30
105 68.94 ¥ 0.33 62.59 ¥ 0.33

Table 14 : Absolute entropies of the halate anions.

2.4

The correspondence principle mentioned in section

1.1.4 was used to obtain‘paftial mo;al entropies of the
group la, lla, and Vllb.ions in fprmamide and NMF.
Criss found that partiai}molal entropies of ion pairs
in formémide, NMF and DM% were related to the corres-

ponding partial molal entropies in water by the equations:

o

: = - o
SFormamide = 25?,+;0.68 Syater
s3 = =7.21 + O 62 5% ¢

NMF * water
— el eimin

S = -3L.

DMF 347 + 0482 540 (2.4,1)
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The entropy data for the first two solvents were ob-
tained from studies of electrochemical cells, while
for DMF, they were obtained by determining saturation
solubilities. According to Breck and Lin (83, see
also section 1.2.4) S° k*4 (HZO) = 19.0. Interpola-
ting this value in equation 2.4,1, the values of the
partial molal entropy of the potassium ion in form-
amide and NMF were found to be respectively 10.0 and
4.6. Taking these values as a basis for dividing ion
pair partial molal entropies, a set of values for the
"individual ion partial molal entropies in formamide
and NMF were derived and are listed in table 16. The

ion pair data used in the calculation are listed in

table 15,

Formamide NME
Licl 11.4 -8.7
NaCl 12,5 10.3
KC1 , 21.3 15.1
RbC1 | 24,9 -
CsC1 27.1 21.3
NaF 3.5 -
KBr 2&.6 -
KI 28.5 -
CsI 4i1.0 -
NaBr | - 13.8

Table 15 : Partialinolal éntroPies,'takén from Ref. 46,
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Formamide NMEF
Li* 0.1 =19.2 -
Na* | : 1.2 - - 0.2
K* - 10.0 ' uoé
Rb* . 13.6 -
cs* 15.8 10.8 -
F ' 2.3+ -
cr- - - T 11.3 ~10.5
Br~ ‘ 14,6 - 14,0 -
I : 18.5 = - -

Table 16 : Ion partial molal entropies derived from

the data in table 15.

For the fémaining ioﬁs, the vaiues of the ion
partial molal entropies (aqueous) div1ded by the val-
ency squared, were 1nterpolated in equation 2.4,1, to
give estimates of the 1on partlal molal entropies in

formamide and NMF - the results are given in table 17.

Formamide NMF
" - a7
s ,‘V_hée R
Mg?* '35“2“ N -53.16
cat -28 oufyﬂ; _43.84
Srzf | - -25 hsf' :;-hl hB:
Bazt:i »:'W;f .A _ -17 .04 b -33. 80;% o

Table 17 : Ion partlal molal entropies 1nterpolated
fFrom equation 2.4,1.
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The uncertainties in the estimated data are pro-
bably fairly high - perhaps as much as four entropy
units. They are adequate, however, since the struc-
tural interpretation in section 3.3.1l requires oniy
orders of magnitude, and the entropy term is only a
few percent of the solvation free energy (section 2.11}).

The entropy data listed in the above table (16,

17) are not standard partial molal entropies since

they do not refer to the usual conventional standard
state. To understand the discrepancy, consider the
division of a 1l : 1 ion-pair partial molal entropy

to occur in the following stages:

1l mole ion~pairs 1 mole positive ions
valume 1 litre ———) 1 mole negative ions

volume 1 litre total

2 mole of ions

&
-

volume 2‘litres

1l mole positive ions

volume 1 litre

+

1l mole negative ions

volume 1 litre
In this scheme the ions end up in their standard states;

so that if the entropy changes in the processes indicated
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are added to the ion partial molal entropies derived
above, the standard ion partial molal entropies are
obtained. The first stage involves as entropy of de=-
mixingi?Xi ln(Xi) per mole where Xi is the mole frac-
tion o% the it'th component. Stage 2 is an entropy of
de-compression,=~R 1n(V1/V2). The net effect per mole
of ions is minus 0.69 for the uni-univalent salt, and
minus 0.537 for a di-univalent salt. Taking the last
few remarks into account, the results of this sec-
tion, the standard partial molal entropies of the ionmns
in water, formamide and NMF are summarised in table
18. Criss did not give sufficient data on DMF to
enable a similar set of partial molal entropies in
DMF to be derived.
2.5
The data used in the calculation of the lattice

enthalpies of the main group 1 and 11 halides, and
the results obtained are given in table 19 and 20.
The standard enthalpies of formation are those ob-
tained in section 2.1; the sources of the rest of

the data have been listed in section 1.1l.1l.

The errord in the data used in these two tables
are generally indicated by the number of significank
figures quoted (except AH;, for which see section

2.1). The uncertainties in the lattice enthalpies

are quoted as the most significant uncertainty in
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Water Formamide NMF
Li* - 2.8 - 0.6 -19.9
Na* 8.2 . 0.5 - 0.9
Kt - 18.3 9.3 3.9
Rb* 22,5 12.9 645
cst 25.6 15.1 10.1
Mg+ -39.7 -38.7 -53.7
ca®* -24.7 -28.5 -44,3
sr?* -20.9 . -26.0 . -42,0
Ba®* - 8.5 -17.5 -34.3
F~ ~ 2.5 : 1.6 - 5.9
c1” 18.0 . 10.6 9.8
Br~ 2k o 13.9 . 13.3
1 30.9 1 .17.8 | 11.7
0103 43.8 - -
Bro; 43,7 o e -
Iog = 32.5-* : - ~ (i

Table 18 : Standard ion partial molal entropies
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Salt AH .
LiF -147.9
LiC€l - 97.66
LiBr - 83.99
LiI - 65.22
NaF -137.9
NaCl - 98.35
NaBr - 86.43
NaI - 69.46
KF ~-136.3
KC1 -104.37
KBr - 94,16
KI - 78.96
RbF -134.0
RbCl  -104.09
RbBr - 94.35
RbI - 79.81
CsF -133.1
CsCl -105.89
CsBr - 97.01
CsI - 83,46
Table 19 :
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—éﬂsub
38. 44
38.44
38.44

38.44

25.9
25.9
2549
25.9

21.45
21.45
21.45
21.45

19.5%1

19.5
19.5
19.5

18.67
18.67
18.67
18.67

3D

18.4

28.54

26,90

25,61

18.4
28.54
26.90

25.61.

18.4

28.54.
26.90.
- 25.61.

18.4

~ 28.54
26,90
25.61

18.4

28.54
26.90
25,61

Lattice enthalpies of the

. 96.30

s
124,30
124,30
124.30

124.30

118.49
118,49
118.49
118.49

100.06
100,06
100.06

100.06
96.30

96.30
96.30

89.78
89.78
89.78
89.78

=E

=-79.51

=77+55

-70.64

-79.51
-83.32
=77.55
~-70.64

=79.51

-83.32

=77+55

-70.61‘ o

. =79.51
N 7-83.32

=77+55

i "7006"" :

-79.51
-83.32
=77+55
-70.64

: 7
249,521
205.62%0.01
196.08
184,22

221.2%1
188.0%0.1
180.1

168.9

196.8%1

171.10%0.01

165.02
155.44

188.7%1.4
165.1%1
159.5%1
150.62%1

180.520.1
159.5620,01
154,81
146.88

group la halides
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o T
Salt AH, _4H_ . D _i_l =2 4Hp
MgF, =-269.1 35.6 36.8(% ) 522.88 -159.02 705.422.0

MgCl, ~153.57 35.6 57.08 522.88 -166.64 602.49%,1

MgBr, -125.18 35.6 . 53.80 522.88 -155.10 583.0%0.5
MgI, =~ 88.5 35.6 51.22 522.88 -141.28 556.9%0.3
CaF

2 -292.6 k2.2 36.8 414,66 -159.02 627.3%2.0
CaCl, -191.1 42.2 57.08 L414.66 -166.64 538.5%0.2
CaBr, -164.1 42.2°  53.80 414.66 -155.10 519.7

caI, -128.9 42,2 51.22 U414.66 -141.28 492.7

SrF, -291.1 139.2  36.8 385.56 -159.02 593.7%2.0
SrCl, -198.1 39.2 57.08 385.56 -166.64 513.4%0.2
SrBr, -171.7 39.2 53.80 385.56 -155.10 495.,2
SrI, =-134.7 39.2  51.22 385.56 -141.28 469.4

BaF, -289.8 42.5%.5 36.8 350.78 -159.02 560.9%2.1
BaCl, -205.5 42.5 = 57.08 350.78 -166.64 489.3
BaBr, -181.3 42.5  53.80 350.78 -155.10 473.3%0.2

Bal -145.53 42.5 51.22 350.78 -141.28 448.7

Table 20 : Lattice enthalpies of the group 1lla halides
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the data used in the calculation; where there is more
than one significanf uncertainty; the root mean square
of the significant uncertaintiesris given, The‘values
obtained are several kcals per mole higher than those
obtained by previous, similar calculations (69, 101):
this is mainly due to the choice of electron affinity
data.
2.6
In section 2.11 a Sét of #alﬁésvfor individual
ion hydration enthalpies was derived. The anion hy-
dration enthalpies were found to be linearly related
to the anion lyotropic numbers. The data were fitted
to a straight iine usin g a computerised least squares
technique, giving the equation:
BE] .. = 6.48 2 0.03 N, - 159.29 Z 0.27 (2.6,1)
Interpﬁlaﬁion offihé lyotropiéhhumbers of-éhe ha-
late anions gave the hydration enthalpies of the halates.
The lyotropic numbers used were taken from those used
by Finch and Gardmer (38) - the data and results.are in

tables 21 and 22.

S ._-9-1-9-3 i .MB : V,A-I—OB
N 10.7-,’,:0.2 9.5%0.2  6.3%0.3

1
Athdr 90516-97716-11%‘5-16

Table 21: Lyotropic numbers and hydration enthalpies

of the halate anions.

IS
. E ,‘,\

Cation solvation enthalpies were also taken from

section 2.11 and were combined with the above anion
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(166.0)

Table 22: Continued on page 63

Athdr
A g°
- s

An

Abahydr

AH

{sthdr>

. 230

AH

AH’hydr
A g®

An



1+
Ca

Sr1+

2+
Ba

Table 22 :

ClO3

"5)‘"9 o7
546

544, 1
(542)

- 006 ’

(513)

4843

- 5.6

. 489,9

. (485)

518.0
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Bro.,
_2_3

‘56503
- 006

-53300

-499.9

- 10.5

- 510.4

I0

-606.7

hd 13.2

A'thdr
A y°
s

B HE e
AHO ‘
8

Any

I>thdr

.AHO
L -]

Z!HL o

Hydration enthalpies, solution enthalpies,

and lattice enthalpies of the group la

and lla halates.

(Literature estimates in parentheses)
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data to give solvation enthalpies of the alkali and
alkaline earth halates. Lattice enthalpies were de-
rived via cycle 1 in section 1.1.1, using heats of
solution taken from fhe following sourées: groub la
halates from Parker's collection (34) with the excep-
tion of Rb, Cs, Na iodates which came from a recent
paper by Bousquet (102); the group lla chlorates from
Finch and Gardner's paper (38); the lla bromates were
determined by this author (see section 2.9); the 1lla
iodates by Bousquet (92).

"The reliability of the lattice enthalpies thus
obtained depends on the validity of the'interpolations
made: as there are no electfonwaffinity data available
for the halate anions it is impossible to calculate
their lattice enthalpies using the Born - Hagber cycle,
and thus check independently on the values obtained.
fhe data in parentheses in table 22 are lattice enth-
alpy estimates made using the same sort of technique
by Morris (37) and Finch and Gardmer (38). The values
obtained in the work are substantially‘largerﬁthén o
previous estimates. ‘This is mainly due to the new’
lattice énthalpy scale based on Berry and Reimann's
electron affinity data;?"

' The hydration enthélpiéshof the group la cations
were found fo‘ﬁe linear with the reciprocals of their

effective radii as derived by Conway (76). A least
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squares analysis showed the appropriate equation to be:

+

+ ' + . :
Athd. =-1o5;5:;0.2z - 9,31 = 0.17
e .

2.6,2

The value for Li® was not included in the data
used to deri&e the above equation, since (a) it caused
considerable divergence from linearity, and (b) the
equation was to be used for extrapolation to largé radii.
The significance of the effective radii used is dis-
cussed in section 2,12, It is sufficient to note at
this Jjuncture that the& afe derived to correspond to
the unhydrated molar volumes of the ions in solution.
In a further publication, Conway derived corrgsponding
values for the radii of the tetraalkylammonium salts by
interpreting some experimental data on their partial
molal volumes (103). These radii were interpolated
in equafion 2.6,2 to give the hydration enthalpies of
the tetraalkylammonium ions. Followin g a similar
procedure as that used for the halates (above) solvation
enthalpies and lattice enthalpies were calculated for
some tetraalkylammonium halides t the data and results
are in tables 23 and 24. The solution enthalpy data
came from tpeAfollowing sources: This author n-PruNI,
n-Bu, NI, see Appendix II; Y., Chi Wu (18) Me,NI, Et,NT,
MehNBr, EthN01 EtuNBp; the remaindgr from Parker's
compilation (3&) ' | |

Agso in table 23 are some of Halllwell and Nyburg's

estimates (104) The estlmates listed above are con-



c1” | Br_ I |
Me,N* -140.4 -133.7  -i2k.0  AmH
- 1.0 - 59 =-10.1  Bm
1414 139.6 134,1 AHL
(120.0) (116.9) (112.4)
EtuN" -133.6 «126.9 -117.2 Anhyd
3.1 - 1.5 - 607 . AHCS’
130.5 1284 123.9 AHi
n-PruN s L "Aﬁhydv |
S AH: _
116.1 = . BH
n-BuuN -111.1 Athd
- 306 AH:
11k.7° AHL'

Table 23 : Hydration,solution and latfice enthalpies
of some tetraalkylammoniumsalts

+ . : +

Tepr,  2-85  3.48 0 3,98 © k37

‘-“'thdr."-“6-‘*10-2‘39-61‘0-3 ©'35,8%0.3° "33.5%0.2"

Table 24: Effectlve radli and hydrat:l.on enthalpies of

the tetraalkylammonium cations. -
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sidered to be more reliable than any previously made
because they make use of experimental radii rather
than radii calculated by adding up bond lengths, etc.

2.7

Lattice entropies were obtained as the differ-

ences between ion-pair sums of gas entropies as de-
rived in section 2.3, and crystal entropies from the
sources indicated in sectiom 2.2, When calculating
ion-pair gas entropies from single ion values some
care had to be taken to ensure that the wvalues ob-
tained refeé;d to the correct standard state. The
standard state required is that of one moleof pairs
of ions randomly mixed to give one litre of ideal gas
at temperature of 298.15°K. Consider the combination
of single ion entropies to occur in the following
stages: |

1 mole of positive ions

vo;ume ; 1it?° 1 mole of ion pairs

4+ L " volume 2 litres

1l mole of negative ions
volume 1 litre

1l mole of ion pairs
-+ " -wolume 1 litre-

The first step is an entropy of mixing, ~R EEXE ln Xi,

the second step is an entropy of compressioé, -R 1n Vl/v2°
The process above is written out for a uni-univalent
salt - the extension to salts with higher valency ions

follows the same principles.. The net entropy change

in the above cycle is 1.38 eu. for a uni~-univalent salt,
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and 1.61 eu for a di-univalent salt. Including the
above, the gas entropies, crystal entropies and lat-
tice eéntropies of the la and lla halides were calcul-
ated and are collectedtin table 25; and those of some
of the halates in table 26. |

The reliability of the data in the above two
tables is limited by the reliability of the crystal
entropy aata: when this has been determined experi-'
mentally, the uncertainty is probably a few tenths
of an entropy unit; the uncertainty in the estimated
crystal entropies is probably ten times as large.
2.8

From the lattice enthalpies and entropies in

tables 19, 20, 21, 25 and 26, values for lattice free

energies were calculated, and are listed in tables
27 and 28. ' '

2.9

The standard enthalpies of solution used in the

calculation of solvatlon enthalpies were obtained from

the following sources- group 1a halldes in formamide,
Somsen (2), group 1a halides in NMF Somsen (3), and
Held and Criss (8); group la halides in DMF, Held (45)
group lla halides and halates in all three solvents |
and water, this author. The data is summafised in
the next seven tables. . The uncertainties in the 1lit-

erature data are indlcated by the number of signlfl-

cant figures quoted.' The results in tables 29, 30,

.Lw,..‘ s

P
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Fluoride Chloride Bromide Todide

Li 55.21 57.06 59 .49 60.87 s°(g)
8.57 (13.20) (16.50) (18.10) s°(¢)
(o]
46,64 43,86 42,99 42 Zz 7L
Na 58.78 60.63  63.06 6h. 44 s°(g)
14,00 17.30 20.71 23,58 s°(c)
o
44,78 43.33 &E&lﬁ &2;§§ 5%,
K 60.37 62.22 64.65 66.03 s%(g)
15.91 19.76  23.05 24,94  s°(c)
Lh, 46 h2,L46 41.60 41,09 s°L
Rb 62.70 64.55  66.98 68.36  s°(g)
(17.40) (22.60) 25.88  28.21  s°(e)
45,30 41.35; | 4;';?, B 50715 s
Cs 64.01 65.86 68.29 69.67 s°(g)
(19.10) (23.30) 29.00 31.00 s%(¢)
bh,91 42.56 39.29 38,67 s°L
13.68 21.40 (29.40) (34.80) s°(¢)
73.92 69.90 66.76 64,12 s°L

Table 25 : Continued on page 70
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Fluoride Chloride Bromide JTodide

ca 89.09 92,79  97.65  100.41  s°tg)
16.46 27.20 31.00 34.00 s°(c)
EE o
72.63 65.59 66.65 66.41 S7L
Sr 91.42 95.12  99.98  102.74  s%(g)
(21.40) 28,00 (33.80) (39.20) s°(c)
o | -
Ba 92.76 96.46 101,35 104,08  s°(g)
23.10 29.56 (35.50) (40.90) s%c)
, L o
69.66 66.90 65.85 63.18 S L

Table 25 : Gas entropies, crystal entropies, lattice
entropies of the group la and l1lla halides.

Estimated values in parentheses.
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Chlorate - . '@ Bromate Todate
K 90.02 92,45 94, 5k s°(g)
34,17 35.65 36,20 s%(c)
o , | .
55385 ' ;6.80 | 58,34 S 1
Rb )}92.35 - - - s°(g)
' 36.30 - - s°(e)
. - . . (o]
56.05 - - s
Ca - - 157.43 s°(g)
- - 34.80 s®(c)
122.63 s
sr - - . 159.76  s°(se)
- - 50.80 s%(c)
: o
- - 108.96 s%L
Ba 152,06 - 161.10 s°(g)
(53.70) = ... . 57.10 s°(c)
, . o
98.36 | - 104,00 sy

Table 26 : Gas entropies, crystal entropies, lattice
entropies of the group la and l1lla halates.

Estimated values in parentheses.
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Fluoride Chloride Bromide Todide
Li* 235.6 192.55 183.27 171,47
Na* 221.2 175.1 180.1 156,.7
' 183.6 158.45 152.62 143.19
RrRb* 175.2 152.6 147.3 138.6
cs* 167.1 146.88 143,10 135.36
Mgt 683.1 581.7 563.1 537.8
ca®*  605.0 519.0 499.9  475.9
sr?*  573.0 4934 475.5 450.5

2+

Ba 540,2 L69 .k k53,7 429.9

Table 27 : Lattice free energies of the group la

and lla halides,

. - Chlorate - Bromate Iodate
K* . 156.2 - 163.7 180.8
Rb* 151,7 - -
calt - - | 583.4
2 e . _ ;% . 556.7 :
Ba?* k60,6 - 526.6

Table 28 : Lattice free energies of some group

la and lla halates.



Lit

Na.+

x*

Rb?

Cs+

-73=

Chloride

Fluoride Bromide
- -9.h42 -13.39

- -2.10 - 4,41
-3.18 0.82 0.23
~5.27 0.71 0.75
-7.60 0.95 - 1.81

Jodide

-18.26
- 7.43
- 1.02

0.23

2.22

Table 29 : Standard enthalpies of solution of the

alkali metal halides in formamide (2).

Chloride

Fluoride Bromide  Iodide
it - | - - ~21.11
Na* - (-1.24) . (-4.39) - 8.26 (-8.26)
x* -2.60 . 0.37(6.31) ;0.82 - 3.22
Rb* - - - - 1,64
cst (0.89) - - 0.71

Table 30 : Standard enthalpies of solution of some
alkali metal halides in NMF'from ref. 3.

Held's data in parenthésésv(S)A
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Fluoride Chloride Bromide ‘ Todide
Li* - -14.5 -21.3 -
Na* - - - 7.39 -13.95
K* - - - 3.8§ -
. ST :

Cs - - - .- k.25

Table 31 : Standard enthalpies of solution of some

alkali metal halides in DMF. (45)

Chloride Bromide
ca®* -21,90%0.24 ~29.60%0.29
sr2* -17.56%0.16 - -25.35%0.12 -
Ba®* -10.41%0.17 -15.35%0.14

Table 32 : Enthalpies of solution of some alkaliné

earth halides in formamide (this work).

Chloride Bromide -
ca?* -24,31%0.17 - -34.05%0.13
sr2t “=17.11%0.15 = -28,02%0.05
Ba2* very slow -18.00%0.09

dissolution
Table 33 : Standard enthalpies ofﬂéolﬁtion of some

alkaline earth halides in NMF (this work).



Ca
Sr

Ba

Table 34

Ca2+

Sr2+

Table 36 :

-75=-

Chloride Bromide
-23.81%0.80 -39.5720.2
-15.82%0.09 -34.13%0.08

low solubility

solution.

low solubility
very slow dis-

Standard enthalpies of solution of some

alkaline earth halides in DMF (this work)

Water

0.59%0,12

4.89%0.07

NMF

10.50%0.13  0.27%0.10

Formamide

-11.3%20.3 -13.820.1
 -8.28%0.07 -1.9630.12
-4.95%0.06 -7.68%0.13

-4.64%0.10 -4.42%0.10

-3.21%0.10 -

DMF

-1801":0Q2

-14.9620.44

*

-12.80%0.16"

-4;5510.05

Heats oflsdlution of some alkaline earth

halates.,

¥indicates a datum obtained by

extrapolation to zero conectration.

Chloride - Bromide
25.3%5.4 22.6%1.0
14.4%0.7 28.7%0.9

Heats of dilution of the alkaline earth

halides in DMF - values of the constant

A in equation 2,9,1.
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Chloride Bromide
Ca2+ 19061101“ 2709i104
Sr2+ -1;'71.1.3 2202"1002" o
2+

Ba - 3.7%0.6

Table 37 : Heats of dilution of the alkaline earth
halides in NMF - wvalues of the constant

A in equation 2.9,1.

Chlorate Bromate
Ca2+ : - -
2+ +
Sr 5.30-0.32 -
Ba2* 3.48%0.32 -

Table 38 : Heats of dilution of some alkaline earth
halates in NMF - values of the constant A
in equation 2.,9,1
+
SR(0103)2 - 10.3=2.4

Ba(C10,), - 9'9i0.8

Table 39 : Heats of dilution of some alkaline earth
halates in DMF - wvalues of the constant A

in equation 2.9,1,
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31, 33, 34, and 35 were obtained'By extrapolating heat
of solution data obtained>over a‘range of concentrations
to infinite dilution. The data from which the extra-
polations were made is detailed in Appendix II.

To aid the extrapolation, .the data were fitted
to the straight line prediéted by the Debye-Huckel
limiting law, i

Ay (m) - AH] + Am? 2.9,1.

where A is a constant specific for each solvent, using
a computerised least squares analysis : experimental
values of A are listed in table 36 - 39, - For water,
formamide and a few other cases, the heats of solution
were found to be independent of the concentration with-
in the experimental unéértaiﬁti: the values in tables
32 and 35 are the mean values, and it is assumed that
these are identical with the standard heats of solu-
tion in the’éubseqﬁént uée'of’them;1 |

The literature dat;Lwas exfeﬁded by the use of the
follow;ngidevice{:the hegts of solution were combined
with the standard enthalpies of formation of the crys-
tals to g%v? a sqt ofhpartia; molal enthalpies in the
three solvents - these are listed in tables 40, 41 and
L2, Taking an arbitrary value for the partial molal
enthalpies in eachsolvent: ':'AH:.CS-P (Formam:i.de) = 0,
BuZx* (nuF) ‘= 0, and Aﬁ&‘Li}*(DMﬁ) = 0, were the arbi-

trary values chosen, and the relative partial molal

enthalpiesthus obtained are listed in tables 43 - 45,
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CsF  -140.7 ~ CsCl  -104.94
CsBr = 95.20 - ©sI - 8l.24
LiCl1  -107.08 NaCl  -100.45

Table 40 : Standard partial molal enthalpies of some

alkali metal halides in formamide,

E_ -t Br I
Li* - - - -86.33
Na* - -99.59  =90.82  =77.72
K+ - =138.9 -104.00 -94.98 -82.18
Rb* - - - -81.45
cs* - -105.00 - -82,75

Table 41 : Standard partial molal enthalpies of the
"alkali metal halides in NNF.

LiCl1 ~ =-112.2, LiBr = -105.3, NaBr =93.82,

KBr -98.05, CsI * =87.71, NaI =83.4l.

Table 42 : Standard Partial molal enthalpies in DMF.

F~  -1%0.,7, C€1° -104.94, Br -95.20,

I~ -81.24, Li'

-201}"’. Na+ -4.49.

Table 43{:7Ré1ative”partia1 molal enthalpies in

¢ % formamide (H°Cs' = 0) - -



+ +

Li Na

-}"'015 u036 0000 0973 -0079 -13809

C1 Br I

-104,00 -94,.98 -82.18

Table 4% : Relative (K' = 0) ion partial molal

enthalpies in NMF

+

Li Nat xt cst c1 Br I

0.00 11.5 7.2 7.2 =112.2 -105.3 -94.9

Table 45 : Relative (Li* = 0) ion partial molal

enthalpies in DMF.

In cases, such as sodium and caesium in NMF, where data
derived from different salts give different wvalues for
" the relative partial méhl enthalpy, thé mean value was
taken, Theéé relative values were thén addéd together
in pairs to give new partial molal enthalpies for salts,
and these ﬁéfe combinédVWith standérd éﬁthalpiegrof
formation to yield neﬁ standard entﬁalfies 6f solution:
the data obtained in this‘manner is givgn in tables
46 to 48.

Held (45) gives some.data for the enthalpy of .
solution of magnesium chloride in NMF. and DMF,  but due
to the very high rate of change of enthalpy of solution

with concentration, he was unable to éiirapélate his



LiF

-147.9

é.l

Table 46 : derived standard heats

Fluoride

Li

Na

Rb

Cs

formamide.

-143.1
-147,9

4,8

’1h303
-137.9

-80-

NaF
-136.2

-137.9

1.7

Chloride

-108.15
- 97.66

-103.27

‘-164.09 

- 0.82

H°(form)

AHg(c)

ag°
S

of solution in

Bromide
-99.13 H® (NMF)
-83.99  8Hg (e)
-15,14 AH‘;
- HO (NMF)
- AH; (e)
- A H°
-]
-94.25  H°(NMF)
S
-94.35 OH,
0.10 AH°
S
-95.77 " - H*(NMF)
' AT o - .
- -97.01 - AH]
C1.24 BEC
-

Table 47 : Derived standard heats of solution in NMF
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Chloride Bromide = Iodide
Li - e -94,9 : EO(DMF)
- - - -65.2 AHZ (e)
- - .29, VaY:od
. , -4 - s
Na =100.7 - : - f - Ho (DMF)’
- 98.4 R - an (e)
. L . o
- 2. - - AHS
K -105.0 - =87.7 H° (DMF)
-lok. - - C-79.0  BHD (e)
o
=_0.6 e =8.7 . DOH
Cs -105.0 -98.1 - H° (DMF)
~105.9 -97.0 - 4AH;&(c)'
2 . o
- 0. - T, 1-1 s S o L. AHS

Table 48 : Derived standard heats of solution in DMF.

data to infinite dilutlon.;fHéiobtéined“é similar ef-
fect with lithlum chlorlde and bromlde, particularly
in the low concentratlon region (ca. 10 hmo),'where

the AHsz m% graph was found to have a slope nearly

T

300 times that predlcted by the Debye-Huckel theory;



The values for the Li’ salts in NMF quoted are based
on Somsen's datum for LiI, which was obtained at sli-
ghtly higher concentrations than Held's data, but
showed no anomalous dilution effects. A

The Debye-Huckel limiting law (103) gives the
value of the coefficient A in equation 2,9,1 as:

3
rRe? [ mneb )2 évi 227 2 [1 fo

1000 kDT - .. D \OT o
Lo, 2 BV) a
T v \oT/_
3 b~ 0

where, the Vifs afe the numbers of ions with vélency
Zi; D is the dielectric cbnstant of the solvent, d is
the density, and 1. (DV] is the coefficient of cubi-

-V DTL' = :
cal expansion.

"The physical constants for use in this equation
were taken from references 105, 32, lo06, 57, 107, 108
and 109, giving values for A: formamide 0.7; NMF L4.1;
DMF 10.4 Ia;cal,'mole.z/2 kg% for di-univalent salts.
Boyd et al. have shown that the corresponding wvalue::
of A for water is 3.7 (110). Agreement between ex-
periment and theory is quite good in some cases, but -
poor in others: the small slope predicted for form-
amide is probably too small to be detected with the
apparatus used - hence no heats of dilution in form-

amide were detected; for the other solvents agreement
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is quite good for the halates and for the barium hal-
ides, but for the other halides the experimental slopes
are as much as seven times the theoretical slopes.
Considering the results of Held (45 and above, section
2,9) on magnesium chloride, LiCl and LiBr, which ex-
tended into much more dilute solutions, it seems lik-
ely that the slopes would be different at lower con-
centrations, It is difficult to estimate what errors
may have been introduced by fhe use of the linear ex-
trapolation of high concentration data to infinite
dilution; but if Held's data on magnesium chloride is
anything to go by, the errors may be as high as 20 -
30 kcals per mole, since the anomalous behaviour was
found to occur at concentrations lower than those av-
ailable in this study. The quantity of interest is,
however, the solvation enthalpy, which is about 500
- 600 kcals per mole for the groupAlla halides, so
that an error of 30 kcals per mole in the heat of
solution causes an errarof 5% at most in the solvation
enthalpy. | B

By applying cycle 1 (section 1l.1.1) to the heats
of solution listed in the last section and the lattice
enthalpies derived in section 2.5; a set of values for
the solvation enthalpies in water énd the three sol-

vents was derived and is listed in tables 49 to 51.



LiF
Licl
LiBr

LiI

NaF
NaCl
NaBr

NaIl

KC1
KBr

KI

RbLF
RbC1l
RbBr

RbI

Table
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Water Formamide
248 .4 244 4
214,47 215,04
207.75 209.47
199.35 202.48
221.0 219.5 = .
187.1 - 190.1
180.2 184,5
170.7 176.3
201.0 200.0
166.98 170.28
160.27 164.79
150.58 156.46
194,9 194.,0
161.0 164 .4
154.3 158.7
144 .6 150.4

NMF

24,7
216,11

211.22

205.33

226.6
189.3
184.5
177.2

199.4
170.73
165.84v
158.66

192.9
164.3
159 .4
152.2

49 : Continued on page 85.

220.1
217.4
213.9

190.3
187.5
182.8

171.7
186.9
164.1
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Water Formamide NME DMPE

CsF 189.3 188.1 187.1 -

CsCl 155.31 158,61 158.46 158,.7
CsBr 148,60 153.00 153.57 155.9
CsI 138.91 144,66 146.39 151.1

Table 49 : Solvation enthalpies (sign reversed)

of the alkali metal halides.
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Water Formamide NMP DMEF
MgF, 707 .4 - - -
MgCl, 639.6 - - -
MgBrz 626.3 - - -
Mg, 606.8 - - -
CaF, 625.6 - - -
CaBr2 544,.3 549.3 553.8 559.3
Ca12 521'-09 - - -
SrF, 593.3 - - -
srC1, 525.5 531.0 530.5 529.2
BaF, 560.2 - - -
BaCl, 4oz 4 499.7 - -
BaBr, L78.9 k88,7 491.3 -
BaI, 459.5 - - -

Table 50 : Solvation enthalpies of some group lla

halides (sign reversed).



Mg(0103)2

Mg(Br03)2

Mg(103)2

Ca(C103)2

ca(Bro

Ca(103)2

sr(c1o
Sr(Bro

Sr(103)2

Ba(0103)2

Ba(Br03)2

Ba(103)2

Table 51

3)2'
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Solvation enthalpies of some alkaline

earth halates (sign reversed):

Water Formamide
631.6 -
61“700 -

. 688,6 -
565.3 57045
60607 -
517.4  526.3
533.0 541.1

. 57’4’.“’ -
484%.3  Lok.9

-541.3 . -

557.9
570.3

- 528.0

k97.6

562,.5

- 570.2

-533.0

502.7



The accuracy of the solvation enthalpy values is
limited by the accuracy of the lattice enthalpy data,
although, for reasons mentioned above some of the sol=-
ution enthalpy data may be in error by larger amounts
than indicated.

2.10

Using the partial molal entropies of the ions as
diécussed,in section 2.4, and the entropies of the gas-
eous ions as calculated in section 2.3, values of ion

solvation entropies were derived. Similarly, a set of

values for the hydration entropies of the group la and
lla halides and halates was obtained. Of course, in
the latter calculation the same care had to be taken
with standard states as in the lattice entropy cal-
culations : accordingly, the gas entropy used were
those listed in table 25, and the aqueous entropies
were taken from NBS 500. Tables 52 to 54 contain
the results of this section.

The uncertainties in the solvation entropy data
are largely due to uncertainties in the partial molal
entropies : for the experimental data probably a few
tenths of an entropy unit, but for the estimated data,
a range of as much as four entropy units.

Hydration entropies from table 53 and hydration
enthalpies from tables 49 and 50 are combined in

table 55 to give hydration free energies.




Clo

Wi

BroO

Wi

10,

Water

28.21
20.78
12.27
10.40

8.61

68.85
55.34
53.87
k2,81

25092'

12.27

8.60

3.18

14.3
16.8

30.1

-89~

Formamide

26,01
28,48
21,27
20,00

19.11

67.85
59.14
58.97
51.81.

26,82
19.67
18.80

J_'16028

NMF
k5,31
29.88
26.67
26.40

24,11

82.85
74 .94
74.97
68.61

34.32
20,47

19.40
:.,22.38

Table 52 : Ion solvation entropies

(sign reversed).
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Fluoride  Chloride  Bromide  Iodide
Li* 54.11 40,46 36.79 31.37
Na* 46.68 33.03 29.36 23.94
x* 35.87 24,52 20.85 15,#3
rb* 35.30 ‘21.65 17.98 ;2;56
cs*  3h.s51 20.86 17.19 11.77
Mg2*  120.40 93.20 85.76 7h.81
ca®*  106.89 79.69 72.25 61.31
sr?*  105.42 78.22 70.78  59.84
Ba%* 9436 67.46 59.35 49.08

Table 53 : Hydration enfrOpies of the group la and

lla halides (sign reversed).

Chlorate | Bromate Iodateﬁ

Li* 42,46 44,99 58,28
Na* 35.03 37.56 50.85
K* '25.52 29.05 42,34
Rb* 23.65 26.18 39 .47
cs* 22,86 25.39 38.68
Mg*t 97.10 102.16 128.7h
ca?* 83.59 88.65 115.23
sr2* 82,12 87.18 113.76
Ba®* 71.06 76.12 102.70

Table 54 : Hydration entropies of the group la and

1la halates (sign reversed)
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Fluoride  Chloride ~Bromide Iodide
Lit  232.27 | ' 202.41 "198.79‘- 190.00
Na*  207.09 177.2éle i7°‘3é,, :163,57"
x* 190.31 159.67 ’ 15&.06‘74'1u5;98
Rb*  184.38 154,55 148.9% ' 140.86
cs*  179.02 149,10 143,48 135.41
Me?*  671.2  611.9  600.8  58k.5
ca®* s93.1 536.1 5228 506.7
Br2+, 562.0 | 505.2‘ "“ 490.9 474.8
Ba®* 5321 472.3 "7_431.2 .:uuh.é

Table 55 : Hydration free energies of the group

la and lla halides (sign reversed)
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2.11

The division of solvation enthalpies into the in-
dividual ionic contributions was made using an entirely
new empirical method., Stokes (69) has shown that it
is possible to calculate the electrostatic contribution
to the free energy of gaseous ions (section 1.2.3),

using the formula sz e2 s, Where r is the Van der Waals

2r
radius of the gaseous ions. Since this formula con-

tains no temperature dependent terms it also gives the
electrostatic enthalpy of the ions. By adding to the
solvation enthalpy of ion-pairs the sum of the electro-
static enthalpies of the constituent gaseous ions, a
eet ofAvalues for the partial molal enthalpies rela-
tive to the electroetatic enthalpies of the gaseous
ions was obtained .: these are termed.‘AH:iggéel.) and

are listed in table 56,

elec.

The quantity AHsolv.

(rel.) is small compared
to the solvation enthalpy. It should, therefore, be
possible to divide it into its individual ion contri-

butionsmore accurately than the solvation enthalpy.

AHelec.

coly.(rel.) was found to be a linear function of

the cube of the reciprocal effective anionic radius.
(see section 2.12) ie. _

- élGCo V -3

; 'A:Hsolv.(’relv..) = A+ B/(r") - 2,11,1
The intercept, A, is the cation contribution to

elec. ‘
AHsolv.(re;.), and this, combined with Stokes (69)



NaF
NaCl

NaBr

NaI .

KC1l
KBr

KI

RbF
RbC1l
RbBr

RbI

CsF
CsC1l
CsBr

CsI

MgF2
MgCl
MgBr

MgI2

2

2

elec
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Table 56 : Continued on page 94

1.7 ‘

1.8

AHgaS Water Formamide NMF
209.8 -llf2 -9.7 -16.8
196.5 9.4 6.4 7.2
195.0 14.8 10.5 19.5
187.9 17.2 11.6 10.7
186.3 -14f7 =-13.7 -13.1
173.0 6;0 2.7 2.3
171.5 11;2 6.7 5.7
16h.4 13.8 7.9 5.7
179.2 =15.7 -14,8 -13.7
165.9 u.é 1.5 1.6
;64,4 10,; 5.7 5.0
i5773 12?7 6.9 5.1
170.1  -19.2 . -18.0 ~17.0
156.8 1.5 -1.8 1.7
155.3 6.7, 2.3
o s o
736.7 29.8 - -
710.1  70.5 - -
707.1 80.1 - -
692.9 86.1 - -

DMF

6.2
7.5
5.1

1.3
2.6

0.3
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Au®1®°  VWater Formamide NMF DMF
Cgas

CaF, 622.6 -2.3 - - .
CaCl, 596.0 38,2 - - R
Cal, 578,8 539 - - -
STF, 582.9 -10.5 = = - .
srcl, 556.3 30.8 - - .
SrBr,  553.3 41.3 - - -
srI, 539.1 46.5 - - -
BaF, 542.5  -17.7 - .2
BaCl, 515.9  23.5 - - -
BaBr2 512.9 34.0 - -
B;;I2 498.7  39.2 - .l
Table 58:; Column 2 ‘Aﬂzlec - sums of electrostatic

-ion enthalpies in the gas phase from b

elec.

Stokes (69) Remalnlng columns AHsolv. |

(rel). us1ng AH .

solv. data from»tables

{ u9 and 50.
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elec.
gas
the cation contribution to the solvation enthalpy.

value for OH for the corresponding cation gives
The data were fitted to equation 2.11,1 using a com-
puterised least squares technique, and the values of
the constants A and B obtained are listed in table 57.
In the case of DMF there is no data available for fluo=-
rides, and the data for the other halides did not fit
at all well to the straight line. It was not possible,
therefore, to use‘this me thod for obtaining ion sol-
vation enthalpies in‘DMF;

The electrostatic enthalpies of the gaseous ions

i
and the derived values for the cation solvation enth-

alpies are shown in table 58. To ind;cate the internal
cqnsistency'of the data, each cation solvation enth-
aiby haevbeen esed to derive an independent wvalue for
the soltetien enthalpy of the chloride ioﬁ; these are
also 1nc1uded 1n Table 58. |

Wlth one exception (Na/NMF) the values derived
for the solvatlon enthalpies show the most remarkable
cons1stency, the largest dev1at10n from the mean being
two tenths of a kcal. The average values obtained for
the solvation enthalpies of the chlorlde ion in table
58 (group 1la catlons only) - water 9h 0; formamide
91.1; NMF 88, 9 - were used to derive ‘an internally
consistent set of ion solvation enthalpies from the

ion pair solvation enthalpies in tables 49, 50 and 51.

The result in table 59, is used for comparison with
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Water Formamide NMF
Li* 120.5 123.9 127.2
Na* 93.1 99.0 100.4
K" 7340 79.2 81.8
Rb* 67.0 73.3 754
cs* 61.3 67.5 69.6
Mgt 451.6 . - -

ca®*  369.8 378.2 385.0
st?*  337.5 348.8 352.7
Ba*t  304.4 317.5 323.3
F 128.0 120.5 '117.6
c1i” 94.0 91.1 88.9
Br~  87.3 85.6 84,0
I~ 776 77.3 76.9

Table 59 i Ion solvation enthalpies. (sign reversed)
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theoretical values in section 3.

The ion hydration enthalpies have already been
shown to be in good agreement with previosly deter-
mined values (table 4). The only data for comparison
in the other two solvents are those of Somsen (5),
which were derived using Halliwell and Nyberg's tech-
nique (49). Agreement is quite good: eg. Somsen ob-
tained Na*/formamide =-99.6; Na'/NMF -102.1; C1”™/form-
amide -88.1; C1°/NMF -84,.,8., The differences in the
anion data are largely due to Somsen's choice of HL
values, based on different electron affinity data.

The ion solvation enthalpies in table 59 were
combined with the ion solvation entropies in table 52,

to give values of ion solvation free energies, These

are listed in table 60.
2.12

The effective ionic radii used in sections 2,11
and 2.6 were calculated using a semi-empiricdd equation
derived by Conway (76). Conway suggested that ions in
aqueous solution retain tﬁeir crystal radii, and that
any observed increases in the radii of ions in solu-
tion were due to dead space around the ion. For ions
with radii very much larger than the radius of the
solvent molecule, the volume of the ion is related to
the crystal radius by the equation:

v = (4/3) T’ N 2.12,1
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Water Formamide NMF
Li 112.09 116.2 113.7
Na 86.9 90.5 91.5
X 6ok 7209 73.9
Rb 63.9 67.3 67.5
Cs 58.7 61.8 62,4
Mg 431.1 . ;
Ca 353.3, 360.6 362.7
sr 321.k  331.2 | 330.4
Ba  291.6 302.1  302.9
F ' 120.3 12,5 107.4
c1 . 90.4 85.2 v82.8
Br J8h.7 80.0  78.2
I 76.7 72.5 70.2

Table 60 : Ion solvation free energies. Unit
molality ideal gas = hypothetical

unit molality solution. (sign reversed).
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when the ion and solvent molecules have the same radii,
close-packing is assumed in the vicinity of the ions
and,
v = (2r)%¥ 2.12,2
There is a smooth transition between these limiting
types of behaviour, and the volume is given by:

..v=lLTTN|:1+(3x8--l)rs r3m1.

3 pmr . : ;~ : - 2,12,3
where Ty is the solvent molecule radius.  The effect-
ive radius of the ion is given by:

Topr. = (3v/4 T ¥)3 cm, 2,12,k

This equation was derived for ions in aqueous
solutions, and Conway showed that it gave results in
good agreement with experiment., The use of this equ-
ation for ions in non-aqueous solvents is, of course,
questionable, although the values obtained (table 61)

seem reasonable, and the results obtained using them

in this section are in good accord with published data.

- Water . Formamide NME
F~ L. 1,69 - 1.90 ©.1.93
c1” L. 2,16 - . 2.39 - 2.43
Br . . 2.33° . 2.54 - 2.58
I S 245200 - 2.70 0 ¢ 2,74

Table 61 : Effective radii calculated from equations
-~ 2.12,3 and 2.12,4 using Pauling crystal radii.

Solvent radii taken as: water 1.38A; Formamide 2.6A; NMF 2,.8A
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To see what effect the choice of radii might have
on the parameters in equation 2.11,1, ali the least
squares were repeated using the following additional
sets of radii: aqueous - Pauling radii, Gourary and
Adrian's electron diffraction radii (132), Pauling
radii changed by 0.1A, Conway's radii changed by 0.1A;
non-aqueous ~ Conway radii changed by 0.l1A, Pauling -
radii, Rather than tabulate all the data obtained,
the values obtained for the intercept A for one ion
are given. For the potassium halides in water, in -
the same order as the radii afe listed above, A =
23.2%0.5, 19.7%0.6, 22.0%0.5, 27.4%0.3. For pot-
assium halides in formamide, again in the same order -
as above: A = 21.110.3;‘15.7:0.4.':Comparison?with
the values given in table 57, shows that in spite of
variations in radius values of nearly 50%, the var-
iation in the intercept, and hence ‘in the values of

the solvation enthalpies,-is 7 kcals at most. - The
choice of Conway's radii was’made'(a)fon.physical~
grounds:'the-sol&ation,enthalpy is expected to depend
on a semi-empirigaﬁ effective radius rather than the
crystal radius,(b) the standard deviations on the in-
terceptsvare‘significantlykéhéilér using Conway's
radii, (c):the results obtained for the individual’
ion solvation enthalpies agree well with those‘obt;'

ained previously, and with those obtained theoreti-

cally in the next section,



-103-

SECTION IIT

Interpretation

3.1
The first attempt at interpreting the ion solvat-

ion energies derived in section 2.11 was by fitting the
ion solvation free energies to the same sort of modi-

fication of the Born eguation as used by Stokes (69 see

section 1.2.3). The values of the dielectric constants
in the primary solvation sphere were chosen to give the
best fit for the alkali metal cations - the ;alues were:
water 3.00; formamide 4,00; NMF 4,20. For the sake of
consistency with the model used in section 3.3, all the
ions have been considered to be surrounded by a primary
solvation sphere of radius rP + 2rs where rP is the
Pauling radius of the ion and rg is the radius of the
solvent molecule. The values for the latter are given
in table 61, and were taken from the work of Somsen (35,
6). From equation 1.2.3,10, usiﬁg the following wvalues
for the macroscopic dielectric constants; water 78.358

(59); formamide 109.5 (62); NMF 171 (57) - values for

elec

the quantity solv

were calculated, and are listed in

table 62. Also listed are the electrostatic free en-

elec

gasy Trable 63 contains

ergies of the gaseous ions/u'
the theoretical values for the electrostatic solvation

free energy3'A/u%, obtained as the difference °€/0:§23

elec
and/M'gas together with a small term to represent the
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non-electrostatic part of the solvation free energy
Z»Mmﬁ and the experimental values from table 59.

The non-electrostatic contribution was calculated by
comparisoh with the corfesponding quantity for the
inert gases. Noyes (111) has shown that the solvation
free energies of the inert gases can be represented by
the equation:

Agg = 0.16 + 6.76/r kcal/mole

By interpdlating the Pauling radii of the ions in this
‘equation the solvation free energies of inert species
(ie. not charged) of the same size as the ions were
obtained ~ these were taken as the non-electrostatic
contributions to the solvation free energies, and are
listed in table 64, It was assumed that the same va-~
lues could be used‘fof the non-aqueous solvents., The
different standard state used by Noyes makes a diff-
erence of’0.06 kcals per mole to the free energy data,
assuming ideal gas behaviour --this difference has been
ignored in the calculations.

The agreement: between experiment and theory is
poor, particularly for the halides where thé~theoret-
ical values are only just over 50% of the experimental
values, It would, of course, be possible to improve
the fit if the data by choosing a primary solvation
sphere dielectric constant for each ion. However, not
only would.such a.procednreibe-bhysically'unjustifiable,

but in the case of‘the'halidés a negafiﬁe value for the
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fl’:ilv(water) Miilv(F) /L:ilv(Nm) ‘/“'Zl

Na* 42,8 ’ 36.8 g 35.5 122.8
K" 27.6 24,7 23.9 99.3
Rb* 23.9 - 21.6 21,0 92,2

cs”® 19.9 18.3 17.9 8301
ca®*  162.5 140.1 135.3 448.6
sr®*  137.0 . 119.9 116.0 408.,9
Ba®*  108.2  96.9. 93.9 . 368.5
F~ 26.8 - 24,0 23.4 .. 87.0
c1” 18.0 . 16.8 16.4 737
Br~ - 16.2 13.8 14,9 72.2
- 1k | TR " 13.1 65.1

Table 62 :/M,el and /Lel values. (The latter from
solv g

. Stokes (69)).

© Water - Formamide = - _NMF ;
Na+‘-'~»73.1 (86.9) 78.8 (90.5) 80.1 (91.5) . .-
x* 65.5.(69.4).  69.4 (72.9) - 70.2 (73.9)

Rb*. - 63.6 (63.9). -65.9 (67.3). 66.5 (67.5) .

cs?t 59.1 (58.7) . 60.7 (61.8) . 61.1 (62.4) .
ca®* ' 279.2 (353.3) 301.6 (360.6). 306.4 (362.7)

sr®*  .265.8 (321.4) 282.7 (331.2) 286.8 (330.4)
Ba®t ' 255.2 (291.6) 266.5 (302.1) 269.5 (302.9) .

F7' o 55,1 (120.3) ~57.9 (112.5)- 58.5 (107.4) . .
Cl1™ . - 51.8 (90.4). 53.0-(85.2).: 53.k (82.8)
Br- 52.5 (84.7) 54.9 (80.0) 53.8 (78.2)

Table 63 : Continued on page 106
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Water - Formamide NMF

I 47.7 £76.7) 48.3 (72.5) 48.6 (70.2)

Table 63 : Calculated solvation free energies -
experimental wvalues in parentheses.
(signs reversed).

+ 4,1, F 5,1

Li*  11.3, Cs -

Na* 7.2, ca®* 6.9, . CL” 3.9
Kt 5.2, s;2+ 6.1, Br 3.5
Rb* 4.7, B2t 5.1, T SA'

Table 64 : Non-electrostatic contributions to

the ion solvation free energies.

dielectric constant would be required! Stokes obtained
such good agreement in his paper because :the individual
ion solvation free energies with which he compared his
calculated values were rather different to those derived
in section 2.11. -To.illustrate: his halide data is
numerically about 20 kcals per mole smaller, and his
alkali metal cation data correspondingly 20 kcals per
mole larger, It should also be noted that Stokes had
some experimentalﬁjﬁstifioafioﬁ”fofﬁhisecﬁoice of'di-:ﬁ
electric eonstaafki There is no such Justification for
the values chosen above - they were merely reasonable

values chosen to give as good a fit as possible w1th
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the experimental data. Even if the agreement between
experiment and theory had been very much better, it
would not have given much information on the problem
in hand - the nature and structure of dilute ionic
solutions. In view of this, and in view of the semi-
empirig%ﬁ nature of the approach there seems little
point in pursuing this method of calculation any fur-
ther,

3.2

Calculations based on Buckingham's theory of ion -

solvent interactions seem to offer the most useful in-
terpretation of solvation energies, but before doing
any detailed electrostatic calculation, the theory was
used to provide. evidence for the correctness of the
division of solvation enthalpies into the individunal
ionic contributions made in section 2.,11. The method
followed was very similar to that used by Halliwell
and Nyberg (49 and section 1.2.4) to obtain the value
of the solvation enthalpy of the proton. According to

equation 1.2.3,15:, i

An" - Om* = 20210 + m/’g’ g? |
r3 64 V3 /R 1.2.3,15

where the left hand side represents the difference
in sqlvgtiqn/enthalpies between. two ions of opposite
qharge but qfvﬁhe sgmeksize, and R is the sum of the
splvent rg?iqs gnq ﬁhe_iqniekradips; Equation 1.2.3,15

is written_out fqr tetrahedral,co-ordination of the
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solvent molecules around the ion, but this does not
affect the argument. Equation 1.2.3,15 predicts that
a graph of ( AH™ - AH*) as a function of some power

of the reciprocal radius passes through the origin,
provided the wvaluesof the ion solvation enthalpies

are the absolute values - if the ion solvation enthal-
pies differ from the absolute values by a constant am-
ount, say g, then the graph has an intercept on the A4H
axis equal to 2q.

To obtain values for ( AH™ - AH') the solvation
enthalpies were fitted to straight lines of the form:
At = A/I‘p + B 3.2,1

‘'using a computerised least squares technique, For the -
reasons giveh in section 2.6 the data for ‘lithium were
not included. - The values obtained for A and B:are list-
ed in table 65. .- . .- e anie oS Ly

AH- I ST AH+ PR

A B S A s B o

Water -184,5%0.29 7.7%0.2 . -69.,9%0.3 -19.9%0.2
Formamide -158.3:0.3 -holi002 —68.61002 -27.1:002 I

NMF -150.3%0.7 -6.8%0.4 - - -66.9%0.4 -30.4%0.4

Table 65 : Parameters in equafidri 3.2,1.. o
 For each solvent ¥alues for R were interpolated .-

in the equations for AH . and AH' (the same value

for R in each) to give the solvation-enthalpies.for - -

a series of (hypothetical) anions and cations of the
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same radius. These are given in tables 66 to 68 which
also give ( AH” - AH') (symbol $A.AH) and the corr-
esponding values of R, The radii of the solvent mole-
cules were the same as those used in section 3.1,

The graph of 3+ A. AH vs. 41/R3 was found to be
linear for water, and a least‘squéres analysis of déta
showed the intercept to be 0.3810.02 with the dewviation
of the points from the line less that 0.5%. This inter-

cept is of the same order of magnitude as the uncert-

elec

Solv(rel) VS, 1/R3

ainty in the intércept in the AH
plots used to determiné thé ion éolvation enthalpies
(see table 57). |

The correspondingﬂgraphs for the non-agueous sol-
vents were not linear, and consequently, the data was
treated graphically (graph on page 112)0' The extra-
polation is too iong for it to be made w%th any cert-
ainty; probably‘the best that:can be done is to say
that it is not a strain on the dé.ta:;to make the extra-
polation througﬁfzero. Tﬁe uncertainty in the solvent
radii (takén as;O.lA)'mak;s %heiéxtrapol;tion even more
difficult., The:resulfé of.tﬁis'éecfionkéive some sup-
port for the chdice of ion solvéfion enfhalpies made
in section 2.11, of couéseJit wéuld hafé been possible
to make the primary division:ofuéolﬁatid; enthalpies in-
to the ionic contributions using the Halliwell and
Nyberg type approach as described above - this has been

done for non-aqueous solvents by Somsen (5).
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But, as it was intended to use Buckingham's theory
to make a priori calculations of solvation enthalpies
it is rather begging the question to use the same theory
to obtain the "experimental" results for comparison.

3.3

This section contains the application of Bucking-

ham's theory to the calculation of ion solvation enth-

alpies. The first few paragraphs contain a careful
statement of the models used and of any assumptions
made ., o
«3.1
Ions were considered to be polarisable spheres
with radii equal to their radii on Pauling's scale (112);
they were assumed to retain these radiili in solution and

in the gas phase.

The structures of the bulk solvents have been dis-

cussed previously (section 1.2.1). For the sake of -
simplifying the calculations, the water molecule is
considered to be spherical with a radius equal to half
the inter-molecular distance in ice, ie. 1,38A; the
molecules of formamide and NMF were considered to be
cylindrical -with an axis of symmetry parallel to the
dipole moment; their radii have been estimated by
Somsen (5,6) as 2.6A and 2.8A respectively.’

- :zJTons in solution were assumed to exist as solva-

ted complexes, ie. surrounded by a number of perman- "
antly attached solvent molecules = this seems in good
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accord with Frank and Evan's interpretation of ibnic
solutions, (see section 1.2.2) and with the idea of
primary hydration numbers discussed in the same section
It is rather difficult to decide how many solvent mole-
cules there are in the primary solvation sphere. Pre-
vious work of this type has been done assuming values
of four or six. e.e Eley and Evan's (73) and Bucking-
ham (75) assumed four; while Moelwyn-Hughes (113) and
Verwey (114) assumed six. What little evidence there
is available applies to aqueous solutions only: the
primary solvation numbers justify four or six (see se-
ction 1.,2.2) for the alkali metal cations and the hi-
gher molecular weight alkaline earth cations; VanEck
(55,56) has published a limited amount of X-ray data
Justifying the value six, For the calculations in this
section the value six has been assumed for all the ions
this value was chosen because it gave the best fit to
the experimental data. This point is taken up again
later (section 3.3.4) where some further calculations
based on tetrahedral co-ordination are presented,_and
in sections 3.3.5 and 3.3.6 where theory and experi-
ment are compared. Frank and Evan's idea of a prim—l
ary solvation sphere in which theré is a cpmplete
breakdown of the solvent structure suggests that in
this region the predominating interactions are those

between the ion and the co-ordinating solvent molecules.
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If this is the case then the dipoles of the solvent
molecules will always be normal to the ion surface
since this orientation produces the maximum stabilis-
ﬁtion energy; the configuration used in all the cal-
culations in this section is solvent molecules normal
to the ion surface for anions and cations.

To gain some insight into what might happen in
the secondary solvation sphere, use was made of the
entropy data derived in section 2.4, Table 69 con-
tains the solvation entropy data from table 52 toge-
ther with the entropies of solution of the iso-elec-
tronic inert gases taken from Noyes' paper (111) and
corrected to apply to the same standard states.

As observed by Frank and Evans (see section 1.2.1)
for most of the ions the loss of entropy on hydration
is smaller than the loss of entropy on dissolution of
the corresponding inert gas inlﬁater. Thus most of
the ions have a structure breaking effect on water as
compared with the inert gases; There is no entropy
of solution data for the inert gases in the non-aqu-
eous solvents. but it is unlikely that the wvalues are
very different from the values in water. The loss of
entropy on>solvation of most of the iomns (in formamide
and NMF) is much greater than the loss of entropy on
dissolution of the cofrespoﬁding inert gas (aésumed

the same as for water). This sﬁggests that the ions
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Water Formamide NMF Water

Li*  28.21  26.01 45.31 12.20  He

Na*  20.78 28.48  29.88 16.09 Ne

k' 12.27  21.27  26.67  15.75 Ar

Rb*  10.40  20.00  26.40 17.13 Kr

cst  8.61 19.11 24.11  19.21 Xe

P~ 25.92  26.82 34.32  16.09  Ne
C1-  12.27 19.67 20.47  15.75 Ar

Br~  8.60 18.80 19.40  17.13 Er

I 3.18  16.28 22.38  19.21  Xe
Table 69 : Minus ion solvation entropies and the
-entropies of solution of the inert gases
in water. Ideal gas unit molality -- -
~solution, unit activity. . ' -
have a greater structure - making effect on the sol-:
vents than do the inert gases.»iThe;hydrationvof ions
generally (except for Li*,;Naf and F_ ) involves a net
breaking of the water structure, but it would appear
from the entropy values that the solvation of ions in
formamide and NMF - -involves the net formation of a con-
siderable amount of structure in the solvent. The rea-
son forzthis net. structure making could be in the fact
that the non-aqueous solvents have: no: three dimensional

structure. . Thus when an ion. enters formamide or. NMF.
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it does not have to break up the structure of the sol-
vent to pull solvent molecules into its primary solva-
tion sphere, - this is in contrast to the situation in
water - it merely interacts with the solvent molecules
at the edges or ends of the sheets or chains of hydrogen-
bonded solvent molecules to form a quasi-crystalline
structure in-the immediate vicinity of the ion.' The
edge or end molecules that interagt with the ion form
the primary solvation sphere = the remainder of the in-
teracting molecules ( those in the main body of the sh-
eets or chains) form the secondary solvation sphere.

«3.2

The eiectrostatic'interection'energ§lbetween en
ion and six SOlﬁent molecules was ceicnieted;nsing'the
theory’ginen bthnckingham (57 and section 1.2.3). 1In
addltlon to the 1nteract10ns included by Buckingham,
repu151on forces between the ion and the solvent' and
quadrupole - quadrupole 1nteract10ns between the co-
ordinated solvent molecules4were accounted for.

(a) Repu151on forces;ﬂ o |

The results of sectlon 1 2. 3 show that the 1on-solvent
interaction energy may be expressed as a power series
iz 1/R- _ L s L e b o
U= A/R? + B/R c'/Rl‘";"'."";}i“."’;'i:'.‘.".'Al;j'is\r/Rn““ 3.3.2,1
o Here the repulslon energy has been written in

the form N/R where a and N are constants, this is an

b

O I .-,‘_;,.1
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approximation since quantum-mechanical considerations
show that an exponential function is more appr0priate.
However, the repulsion energy is a relatively small
tefm, and it is unlikely that the error in using the
inverse R function is very significant,

At equilibrium, dU/dR = O; hence:

-24/R% = 3B/R* - UC/R% = viiiiiivnns = /B2 2 0

and thus:

N/R® = -2A/nR? - 3B/nR3 - hc/nRY

Substituting in equation 3.3.2,1

U=A (1-2/n)+§(1-3/n)+g (1"1“'/n)+coooo.
2R 3.3.2,2

Thus the repulsion energy term can be included.
by multiplying each factor in 1/RP in the total energy
expression by (1 - p/ﬁ).

Values for n have been given by Pauling (112)
for the repulsion energies in crystals,. but since it
is difficult to relate the structure of the solvent in
the vicinity of the ion to the structure of a crystal
in a definite way, the calculations presented below
were based on theicommonlﬁ used value n = 9,

In the following equatiors the repulsion energy
factors are all included, and the equations are writ-
ten forchtahedral co-ordination unless otherwise sta-
ted.

(b) Ion - dipole interaction energy:

The basic equation (cp. equation 1.2.3,11) is.
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U = =14 N
i-d i 59—2-#’

3 r° - 3.3.2,3
The dipole moments are water 1.84D; formamide
3.71D (1}5); NMF 3.84D (116). Using these, and sub-
stituting the other constants and the relevant conver-
sion factofs:
(water) = -594.046 z/R2

U, (formamide) -1197.777 z/R

U, _4 (NMP) = -1239.748 z/R
These equatlon are wrltten to glve U in kcals/
mole when R is in angstroms.'

(c) Ion-quadrupole 1nteract10n energy

Ui g = hzeSN/R | 3225

7 The quadrupole moments were calculated from

equation 1 2 3, 15, (detalls in section 3. 3 7) and the
-26

values obtalned were : water 2,59~ O 08 X 10 esu.
formamlde 6.1%0. 6 x 10~ 6es_u., NMF 5 9 1. 0 x 10 6esu.
Hence.r . -
i-q (u;afer) = 716.728 z/R3
Uy q (formamlde) = 1513.708 z/R>
(NMF) = 1461,129 z/R 3.2.2,6
alltin kcals/mole. ~ .. . - ... i,

(d) Ion-induced dipole interactions

L2 2
Uind = '5 z o &N -
SRR S U 3.2.2,7

The polarisabilities used were : water 1.44 x

-24
10° cm> (117); formamide 4.2 x 10-24 em3 (5);
Nmsaxlozl‘ e (6)
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U4 (water) = -798.026 zz/Rh

U, 4 (formamide) = -2327.577 z2/Rh

U4 (NMF) = -3491,366 zz/R4 3.2.2,8
in kcals / mole. |

(e) Dispersion energy

Ug==31) I,&; £, N

_(11 + I,) r® | 3.2.2,9

The ionisation potentials of the ions were listed
in tables 19 and 20. The ionisation potentials of the
solvents were : water 12.56‘eV (118); formamide 10.2 eV
(119); in the absence of an experimental value, the ion-
isatién potential of NMF was taken. to equal to that of .
formamide. The polarisabilities of the ions were taken
from a paper by Tessman et al. (120) - the values are

listed in table 70.

Li 0.03 ~ca 1.1 F 0.64
Na 0.41 Sr 1.6 1 2.96
K 1.33  Ba 2.5  Br k.16
Rb  1.98 AR '»'6'.1»3

Cs 3.34
Table 70 : Polarisabilities of the ioms.

Using this data:

Uy (water) = -1251.262 I, | L'y '

(T, + 12.56) . R

By
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U, (formamide) = -2963.778 I, A 1
6

(I1 + 10.2) R
Uy (NMF) = -hubks5.66k I, A,

(I1 + 10.2) r® 3.2.2,10

With the ionisation potentials in eV, and the
polarisabilities in A3, the energies are in kcals/mole.

(f) Interaction energy between the co-ordinated solvent

molecules
The equation given here contains an additional
term to those in equation 1.2.3,14 - the quadrupole-

quadrupole interaction. TFor details see Appendix I,
U = [3(12 + V3) M2 - 9(6/3 + 1) z M6 + (171 /2 + 18) 62
/
vz % 8 |z) R*

32 R5

- (219 + 36 \/E)o(/,uz - 207k %1 ] N

16 R6 256 R6
3.2.2,11

The data and their sources have been given already.
U (formamide) = 939.613/R3 - 1731.686z/|z|Ru +
1554.213/R5 - 4679.050/R® - 1604.532/R®
U_ (water) = 231.120/R3 - 406.6552/ |zRY + 348.445/R5
- 39#.601/36 - 232.266/R6
U, (NMF) = 1006.616/R> - 1730.108z/ Iz|R* + 1448,114/R5

- 7519.059/R6 -‘3610.1814/126
' 3.2.2,12

The individual energies and the total energies

obtained by substitution of the radius wvalues in
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equation 3.2.2,12 are listed in tables 71 - 73.

(g) The Born polarisation enthalpy

Although the Born polarisation enthalpy is not a
part of the.electrostatie interaction energy between
an ion and s$ix solvent molecules, it is an important
contribution to the theoretical. value of the ion sol-
vation enthalpy, so it seemed convenient to include it
here. It was ealcolated from equation 1.2¢3,7 as the
enthalpy due to tﬁe charge on a sPhere of.radius (rp
+ er) in a medium with the solvent macroscopic di-
electric constant.
| The d1e1ectr1c constants used were.rwater 78.358
(59), formamide 109.5 (62), NMF 171 (57). The temp-
erature derivatives of the dlelectrlc constants were;
water -0.3595 (59). formamlde -0.k4 (62), NMF -1 6 (57).
Thus: A

AII (water)' = =148.462 zz/R
AH.B (formamlde) -1147 885 22/R
"AHB (NMF)

The values obtained for the six energy terms (a)

-1h9 3oh zZ /R '
- (f) and the Born polarisation enthalpy are listed in
table 74 to,76, together w1th the total for each ion.

‘ 2.2.2‘.

Calculation of;ion hydration eﬁthaipies

Ton hydration eﬁthelpies were,calculated'using a
‘ﬁodified form of the cyclic-process ueedmby Muirhead-

gold and Laidler:



-126=-

oTnoaToW JI93BM XTS pUBR UOT

93 U99M3} 3] SOTTISUS UOTJOBISIUT OTJLQS0I}00T® JO UOTETNOTE) ¢ 4l oTq®lL

I6°T6 -
G8°TOT-
96° 60T~
ZeSHI-
£€6°1T62-
26°TEE~
€0°479€~-
66°6L -
95°Lg -
€T 46 -
GL*OTT~-
gH°TST-

Te30L

8T°0€~ TI°S8 08°0- 80°G. 9T*9T-" 8COH* Ly- I
26 TE- 966 I8*0- 05'9  TH*6I- L5°¢S -  _ag
6h°2¢~ IS°TI 6L°0- TLL ot1°2ce- 8€°8S¢ - _TIO
€0°9€~  SZ°6T Th*O- 9T *HT w8 He=  €T°6L -  _&
64 HHT- €8°% 7g* G- Ly*ls = Gxeol TH'6ST- . °6
99°2ST~ 9€°¢ Lz*9- gh°o8 - €9°06 0£85°88T~ IS
9€°8ST- 65°¢ ®2*9- 8T°TOT- 89°LOT 6025° 112~ . ®0
9€° €~  $6°¢C ceee- g86°g - LL*nz #620°€9 = €D
TO*SE-  8h'H TT ¢~ €6°1T - 79°0¢ gse9°el - ,au
o€ 9c-  98°n TO°€- 08°H#T - T0°9€ ylggcog - A
20°0%-  49°G €S z- 80°Lz = 99795  8ZTH"60T-  ,EN
6T = 9€°H €s*o- 2615 -  €€°26 €S TST- LTI

a1odnapenb ofodTp
uxog Tenany uotrsaadsT(g paonpur - uoT -~ uoTr uor



-127-

*SoTNo9TOW 9PTWEBWIOCI XTS pUR UOT oYy}

uasmqeq S9TIIOUD UOTEOBISIUT OF3EISO0IFD9T2 JO UOFIETNOTR) ¢ GL efqel
£8°08 = 60°02- #HL°ZT gc€ 0~ cay - TLeGST~ 98°2S - I
0%°Lg - 89°02~ 6L°%T ®E* O~ ents - 86°LT- 98°Ls - _ad
2e*z6 - OT°TZ- 8E€°9T TE 0= €T°9 = QL 6T~ 65°19 = _TID
TH*STT- #HS°*ce~ g€°€e 2r°o- Ly*6 - AN XA 8C°9L - _d
€o°Tzz- TE°06- L9°L LS T- <z 8E- L6° S nSeEgT- e
Wh*Ihe- GH*C6~ Gn°8 hh 1~ oT°*84~ 82°49 8T 2LT~ IS
86°9%2- 9G°G6~- 96°8 Lz - S0°9¢- (A2 88°48T~ ,.®0
86°99 - 9%°TZ- TS°9 €1 1~ Lg*9 - [1 2 £ 80°S9 - .80
OC°TL - #TI°*c2- 6T°L £€6°0- of*g - €612 G6°TL - Lo
CI*SL = G9°*zZz- Hi°L I8°0- 9L*6 = T6°*Le gLl - s
gz*l8 = GO0°*%2z- TI*6 0S50~ 99°#1- 98°LE %#0°G6 -  ,®N
26°20T- 0§°S2- €I°0T Lo*o- 0z°gz- 69°TS L6°9T1- V1

sTodnipenb STodTD

Te30] uxog Tenanp uorsaadstQg - uofT = mofx uoT

peonpur



~128-

*soTnoeTow JHN XIS pUE UOT oy3 £

" ueomjleq soTFISUS UOTFOBRISIUT oa&daw0h#omﬁw Jo QVﬁpuHSuﬁdo;u 9.

26°LL - %2 6T- wn.aﬁ #t° 0~ mw.m - Jmm.WﬂJ_. ) mnwomms | ww
9z°%8 = 8L°6T- 86°2T o%*0- ww.wwu - awm.wa|w . G6°HS = | uwm
66'88 = ST 0z- Lz'WT  9€°0- cLeL- _.,mw.,ﬁu_.‘__ ne'gs - | _To
L8*LOT~ SH'TZ- HL*6T #T*0- 99°TT- Ww».wmnm Mmamwﬁnmu w d
€T°922- €6°G8~ 68°9 oL T~ wo.uwu 9L°GYy : - um.nmﬁn +5°8
L1*8ye- wl°gg-  LE*L 85 T- :w.ww- L8 €S w M‘:wwoww- m+mmm
85 H9Z- 29°06- 99°4 65LE T~ mw.uwu _uo.oowm y Nw.mﬁwu W+Nwo
18°L9 - 8%#°0Z-  66°G 62°1- 65°8 = 90°gT . 0§°T9 - - %0
€8°zl - 60°T2- 25°9 #0°T- o%°0T- .ww.mm 89°L9 - = a4
9z°LL = HS°TIZ-  06°9 SI°T- 00°2T~ T2ET 89°2L - . um
0%°06 = 6L*zz~ Hi°L 7S *0- mw.uﬁn wwo.Wn wwrmm.l BN
No.wOHu‘ g0°*#2-  T6°L 80° 0~ nw.qu 09°TH .¢w.nown L1

“. - wammﬁhvmmm eTodTp ;
Tesol uxrog TEenINR uotsaadsTqg paonpur - uoT - uor uor



-129~

| o (2) amttec
M(g)**+ 6H,0(g) 7 M(H,0)g* (e)

(1) 6 x AH(evap. H20) (3) AH; some

} H-bonds
(&) BHy
(5) translational

contr.to
V AH(evap. complex)

z4 AH ion hydration z+
M(g)™" + 6H,0(1liq). — ) M(H,0);"(aq)

The ion hydration enthalpy is the sum of the en-~
thalpies (1) to (5).
(1) six times 10.52 kcals per mole'(28).
AU + A(PV).

(2) For an ideal gas reaction AH
A(PV) = RTOn. In this case An = -6, hence
AH = AU - 6rT = Av, -3.55, where AU is fhé inter-
actibn énergy between the ion and six solvent molecules
as obtained in tﬁé"previous paragraph. |
(B)The'h&droééhmboﬁd'énergynih 1i§ﬁid water wéé féken
from Pimental and McClellan's book (121) as 3.4 kcals.
Ih.vieﬁ of the:rather épén sfﬁuctﬁre of Wétéf-dis-
cussediih seétibn 1;2;l; it seems unlikely that the water
m91ecu1es in the complex w;ll-form all the hydrpgen bonds
possible with the bulk of the solvent (two perlmolecule).
Muirhead-Gold and Laidler (?h) in their similar treat-
ment assumed ihat the complex formed 12 x 0,448 hydro-

gen bonds, where 0,448 is the fraction of the possible

number of hydrogen bonds that are formed in the bulk of
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the solvent. (122) However, since the structure of
the water in-the.secondéry hydration sphere is expected
to be rather modified (see section 1.2,2) it is diff-
icult to relate the number of hydrogen bonds formed by
the complex to the average number of hydrogen bonds
formed by a water molecule in the bulk of the solvent.
In this treatment it was assumed that the hydrogen

bond capacity of the solvent molecules in the complex
was nearly saturated, and that ten out of the possible
twelve hydrogen bonds were formed.,
(4) included in the previous paragraph.
(5) Estimated by comparison with inert gas data,
Noyes (111) has shown that the enfhalpies of solution
ofrthe inert gases in water can be represented by the
‘equation: 

AH = -10.83 + 14,13 /r 0 3.3.3,1

" Values for enthalpy change (5) were obtained by
interpolatiﬁg values fér the radii-bf the complexes
(rp + 2rs) in gguatipp;333.3,lﬂ ?he»yalugs obtgined

are 1isted‘in table 77

Li =6.63  Na© =7.03 = K- =7.38

Rb  =7.50 ' Cs =7.66 ~ -~ Ca  =7.07
Sr =7.20 "Ba  =7.40 - F -7.41
Cl =7.74 Br  -7.83 I -7.96

Table 77 : Data for the translational contribution to
the latent heat of condemnsation of hydrated

complexes from equation 3.3.3,1.
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Table 78 gives the sums of enthalpy changes (1),
(3) and (5) denoted by DH_, the total theoretical
values for the hydration enthalpies, and the experi-

mental values from the table 59 for comparison.

BH_ - AH ion hydration

- Calc . expo
Li* 22.5 132.6 - (120.5)
Na' 22,1 ~ 98.3 -~ (93.1)
K*  21.7 v,76}o - ( 73.0)
Rb" vgl.é | »69.6 - ( 67.0)
cs* 21.4 62.1 ( 61.3)
ca®*t 22.0 345.6  (369.8)
sr®*  21.9 313.6  (337.5)
Ba®* 21,7  273.8 - (304.4)
F 21,7  127.2  (128,0)
c1” 21,4 92,1 ( 94.0) . .
Br~ 21.3 . 8k.2  (87.3)
T 21.1?_¢,.;,r76-9 . (77.6)

Table 78 : Theoretical hydration‘enthalpies’obtained as
" ‘the sum of the enthalpy changes in columm 2
and the total energiés in table 74 increased

" in magnitude by 6RT. Experimental values

in parentheses. = T
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2. 2.!"

Tetrahedral co-ordination

In order to consider the possibility of tetré—
hedral co-ordination of the water molecules in the
hydrated complex, use wés made of Somsen's calcula-
tions of the ion-solvent interaction energy (5).
Somsen's calculations wére made in exactly the same
manner as those presented in the last section except
that slightly.different rﬁdii andvquadrupole moments
were used. Sémsen made calculations for both tefra-
hedral and octahedral co;ordination in the hydration
sphere, and since his values for the electrostatic
interaction energy for the octahedral case are in good
agreement with those obtained in table 74, it is pro-
bably fair to adopt his tetrahedral data directly.
Using the same cycle written for tetrahedral co-ordin-
ation, and assuming that the hydrated complex forms
all of the possible eight hydrogen bonds wi:g#;ulk
of the solvent, the results are listed and compared
with the experimental values in table 79,

Discussion of ion - hydration enthalpies

© The  di-valent 'ions excepted, the agreement be-
tween experiment "and theory 'is most encouraging.
Particularly for the halides, the best agreement was

obtained using co-ordination number six, For the al-

kali metals, the mean of the tetrahedral:and octahedral
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-(v°1°% amy) AH_ - AH ion hydration

calec. exp.
Lit 103.5 8.3 97.6 (120.5)
Na* 87.3 7.9 81.8 ( 93.1)
x* L o7h.2 7.5  69.1 ( 73.0)
Rb* '69.7 7.4 64,7 ( 67.0)
cs?t 64.9 7.2 60.1 ( 61.3)
F~ | ,1?1.h 7.5 116.3 (128.0)
€1~  90.6 7.2 85.8 ( 9%.0)
Br~ v'é3.8 7.1 79.1 ( 87.3)
T 7 6.9 69.9 ( 77.6)

Table 79 : Calculation of hydration enthalpies for
tetrahedral co-ordination. The first col-
umn of figures is the electrostatic inter-
action energy plus the Born Polarisation
enthalpy taken directly from Somsen's paper

(5). The experimental values are from table 59,

values agrees rather better with the experimental data,
suggesting that a more appropriate co-ordination num-
ber for these ions is five - this would be quite a
reasonable value considering the primary hydration num-
bers given in table 3., TFor the di-valent ions the ex-
perimental values are slightly undemestimated by the
theory. . This:suggests that a higher co-ordination num-~
ber should be used for these ions. Some preliminary

calculations using a co-ordination number of eight for
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barium indicated that a value of about =310 kcals

would be obtained (experimental value: -304.4)
3.3.6

Calculation of ion solvation enthalpies

The solvation of ions in formamide and NMF has been
shown tﬁg involve no breaking‘of the solQenf structure;
the interaction occuring between the ion and the edge
or end molecules of the sheets or chains that these
solvent form in the liquid state. It thus becomes
rather hard to apply the same cyclic process that was
used to calculate the hydration enthalpies, because
there is no data available to calculate the enthalpy
required to remove say, a sheet of formamide molecules
from the liquid to the gas, Hence,arather different
approach was adoptéd:‘ the solvation enthalpy of an
jon was considered to consist of two parts., * (a) A
non-electrostatic contribution; AH taken as equal
t§ the hydration enthalpy of the inert gas nearest in
size to the ion (111). (b) The electrostatic part,
which waé taken as the electrostatic inf;raction en-
ergy between the ion and six solvent molecules a§ cal-
culated in tables 75 and 76 ' The change in the product
PV for a reaction of this type occuring in the sol-
ution phase is small (in kcals, at least) and the en-
ergy change in the reaction may be identified with the

enthalpy change. The values for the enthalpy changes
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(a) and (b) together with their sum, the theoretical
ion solvation enthalpy, and the experimental values for

coﬁparison, are given for each ion in tables 80 and 81,

elec

-U L) - OH ion solvation

_ Calc. Exp.
Lit* 102.9 -2.4 105.3 (123.9)
Na* 87.3 -2.4 89.7 ( 99.0)
k* 75.1 —2.4 77.5 ( 79.2)
Rb* 71.3 -2.4 7347 ( 73.3)
cs? 66.6 2.4 69.0 ( 67.5)
ca®t  256.6 -2.4 259.0 . (378.2)
se?t 2814 ~2.4 243.8 (348.8)
Ba®*  221.0 -2.4 2234 (317.5)
F~ 112.4 -2k 114.8 (120.5)
c1”  92.5  -2.7 95.2 ( 91.1)
Br~ 87.5  =2.7 90.2 ( 85.6)

I 80.8 -5.0 85.8 ( 7703)

Table 80 : Calculation offsolvation enthalpies in

- formamide.

The Bbrh‘ﬁolarisatidn enthalpy has been included

‘in Uelec
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~ytlec - BH ion solvation

Calc. Exp.
Li* 108.0 110.4 (127.2)
Na™* 90.4 92.8 (100.4)
x* 773 797 ( 81.8)
rb* 72.8 7542 ( 75.4)
cst 67.8 70.2 ( 69.6)
ca®* 264 .6 267.0 (385.0)
sp2* 248.2 250.6 (352.7)
Ba?* 226.1 228.5 (323.3)
F 107.9 110.3 (117.6)
c1” - 89.0 91,7 ( 88.9)
Br~ 84.3 87.0 ( 84.0)

I 779 82.9 ( 76.9)

Table 81 : Calculation of ion solvation enthalpies

in NMF.

As with the hydration enthalpies, the fit is
goes for the monofvalent ions, but rather poor for the
di-velent ones. The reason is probably the same as in
the aqueous case, and a change of co-ordination number
to eight would bring the values up by about 70 - 80
kcals. The values for Li+, Na* and F~ are somewhat
under-estimated by the theory. Table 69Vshows that all

of these ions have large negative en@ropies of solvation,
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indicating a considerable amount of structure making

in the solution.. It is possible that these ions, which
have the largest negative solvation entropies, cause
some additional hydrogen bond formation in the solvent.
If this were the case then it would be necessary to
include in the theoretical solvation enthalpies the en-
thalpy of formation of a number of hydfogeh bbnds.

Such a procedure would give slightly larger (numerically)
tﬁeoretical solvation enthaipies for the ions mentioned
and better agreement with the expérimental values.,
3.3.7

Estimation of the solvent gquadrupole moments .

One of the minor failings of the type of electro-
static calculétion just'presentéd is the fact that there
are no experlmental values for the solvent multlpole
moments. Fortunately, contrlbutlons from octupole and
higher moments afe relatively;small as pointed out inmn
section 1;2.3:i;Thévquédrq§§lé moments were calculated
from equatiqx{l".éa,ls 'ﬁsirig the data in table 66 - 68,
(a) water. Using the physical constants and appropriate
conversion factors (solvént paraméfers as in section
33, 2); and rearranging: - o
© = A.Anx 4.1840 x 10727

(~231.5675/R> + 131. 3867/R )

With R in Angstroms, and A AH in kcals per mole,

eis given in esu. The values of © obtained at diff-



-138-
erent radii are shown in table 82,

R 2.68 2.88 3.18 3.38
O x 1072 2.67 2.63 2.55 2,49

Table 82 : Quadrupole moment of water.

The mean value is O - 2.59 ¥ 0,08 x 10—26 esu.

(b) Formamide.

@ - A, AH x 4.1840 x 10”27

3 - h €.8U.
(~231.5675/R° + 264.9155/R")
R 3.9 h.1 4,3 4,5
© x 10726 .0 6.4 5.8 5.3

Table 83 : Qua‘.lf:‘upole moment of formamide.

The mean value is O = 6.1 * 0.6 x 10-26 osu.
© = A,AH x 4.1840 x 10”27
7 (-213.5675 + 274.1990 )
e e
R W1 k3 B6 ks
6 x 10’26 71 ,6-.‘3 5h P T

Table 84 : Quadrupole moment of NMF.

26

The mean value is O=5.9%1.0x 107°° esu.
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Section IV

Experimental

.1

Preparation of materials

(a) Formamide

Formamide, supplied by BDH Ltd., was purified
using the method of Verhoek (123). This involved dis-
tillation under reduced pressure, while being maintained
Just alkaline to bromothymolblue by the addition of cau-
stic soda pellets, The distillation was done twice at
about 0.5mm of mercury, and the product obtained‘had

specific conductance of 1 x 107* ohm~1

cm~ 1 ( l1itera-
ture value 5 x 10™° (123) ). The water contant, de-
termined by a Karl Fisher titration, was always less
than 0.04%. Somsen has found that a small percentage
of water has a negligible effect on the heats of sol-
ution (2).
(b) N-methylformamide _ B

NMF (Hopkins and Williams).was mixed with about
10% by weight of ethanol,  The ethanol, together with
impurities such as_water,‘dimethylamine etc.,, was dis-
tilled off as an gzeotrppic mixture at about O.Sﬁm.
The residue was then disﬁilled'at the same pressure,
and maintained just alkaline to bromothymolblue throu-

ghout. The product after one such treatment had a

specific conductance of less than 1x ;0'6 ohm-lcm-;,
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and a water content of less than 0.02%. The maximum
specific conductance of the NMF used by Held and Criss
for heat of solution measurements was 8 x lodg. (8).
(¢) N,N-dimethylformamide

' DMF was purified in essentially the same way as
NMF. The differences were (a) the DMF - ethanol mix-
ture was maintained alkaline to bromothymol blue during
the entire distillation, (b) the impurity azeotrope was
distilled off at atmospheric pressure using a 60cm. in-
sulated column packed with single turn helices, (c)
the main distillation was done at water-pump pressure.
After one distillation the specific conductance was

6 lem™t (1iterature values 0.03 - 1.83

0.3 x 10"~ ohm~
x 10~8 (45) ), and the water content less than 0.02%,
After purification, all solvents were stored in
the dark and in a refrigerator to prevent auto-decom-
position. Precautions were:taken to minimise the ex-
posure of the solvents to the air during transfer to
the calorimeter. A check on the water content of
several samples after calorimetry showed the water
content had increased by only 0,01%.
(d) Group 1la chlorates.
The samples used for calsrimetry were prepared
by dehydrating the commercial hydrates at 100%¢ at

water-pump pressure over silica gell. (the barium

salt was recrystallised from water first). Analysis
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for chlorate showed the following purities: Ca(0103)2
99 .2%; Sr(0103)2 99.0%; Ba(0103)2 99.5%. The magnes-
ium salt decompésed on dehydration.

In an attempt to prepare these salts with higher
purities for the isopiestic measurements, the calcium
chlorate was recrystallised by slow evaporation of a
concentrated aqueous solution (filtered) over sulphuric
acid. The resulting hydrate was dehydrated as above
and analysis for chlorate showed 100.7% of the theor-
etical amount. Strontium chlorate was prepared by
reaction of chloric acid (aqueous) and strontium car-
bonate, both of the purest quality available. The
resulting solution was evaporated slowly over sulphu-
ric acid to give crystals which were recrystallised
in the same way as calcium chlorate, above. The final
product wa§ dried over calcium chloride in a vacuum
desiccator for several days, and was found to be 99.5%
pure.

Commercial barium chlorate was recrystallised twice
from water, and the crystals obtained were dried for
48 hours on a water-pump over calcium chloride (4H20).

analysis showed Ba(Cl0 0 100.6%.

3)2.52
(e) Group 1la bromates.
Commercial samples were recrystallised from water-

ehtanol mixtures and were dried at 125°C on a water-

pump vacuum, Analysis for bromate gave: Ca(Br03)2
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100.0%; Sr(Bro,), 99.9%; Ba(Br0,), 100.1%, The mag-
nesium salt decomposed on drying. The exact details
of the recrystéllisations were: Sr and Ba salts, main
solvent water using ethanol to reduce the solubility
at the boiling point; Ca bromate, a saturated solution
in water, excess ethanol added, and on standing in the
cold for about twelve hours, crystals separated.

(f) Magnesium bromide

Equimolar proportions of magnesium hydrate hex-
ahydrate and ammonium bromide were moistened with a
little aqueous hydrogen bromide. The mixture was dried
on a water-pump vacuum at 200°%¢ overnight, after which
the ammonium bromide was sublimed off at about 400°C,
The residue consisting of crude anhydrous magnesium .
bromiae,'was transferred to a silica tube which was

then evacuated and sealed. The end of the tube con-
taining the residue was maintained at aboutvSOOOC,
and over é period of several days crystals of magnesium
bromide distilled into the cooler parts of the tube.
Bromine analysis showed 99.9% of the theoretical amount.
(g) Magnesium iodide.

The preparation was by reaction between the ele-
ments using a method similar to that used by Biltz and
'Hgttig (124). A mixture of iodine and magnesium was
placed at the bottom of a sealed and evacuated hard -

glass tube, . The whole tube was placed .in a furnace - .
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and heated to about 600°C for several days. Most of
the elements reacted during this period, and the pro-
duct was purified by shaking the crude material into
one end of the tube, and subliming it by heating at
abéut 600°c. After a few days, crystals of magnesium
iodide (analysis for iodine showed 100.1%) appeared
on the cooler parts of the tube. The crystals were

a pure white colour, and showed no traces of free
iodine, |

(n) ca, Sr, and Ba chlorides.

These were all prepared by dehydration of the
analaR hydrates in a slow stream of anhydrous hyd-
rogen chloride. The process was carried out over a
period of a week, the temperature being gradually in-
creased from room temperature to 500°C. Finally the
products were freed of excess hydrogen chloride using
a rapid stream of hot, dried, oxygen-free nitrogen.
Chloride analysis showed: CaCl, 99 ,.8%; SrcCl, 99.6%;
BaCl, 100,.2%.

(i) Calcium bromide

Calcium bromide hexahydrate was dehydrated in a
slow stream of anhydrous hydrogen bromide following
a similar procedure as that used for calcium chloride.
The product was found to contain 99.8% of the theore-
tical amount of bromine., The hydrogen bromide was ob-
tained from a cylinder, but was purified before use by

passage through a trap maintained at -65°C using a
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chloroform/liguid nitrogen slush mixture. It was nec-
essary to make a special piece of apparatus entirely
of glass for transferring the hydrogen bromide since
hydrogen bromide attacked rubber, P.V.C. and similar
materials forming volatile derivatives which were ab-
sorbed by the calcium bromide.
(j) Sr and Ba bromides

"These were obtained by dehydration of the hydra-
tes under a water-pump vacuum at elevated temperatures,
The temperature and times ueed were: Sr salt, overnight
at 180°c, followed by a few hours at 300°C; Ba salt,
overnight at 80°C, 24 hours at 120°C, a few hours at
30000. In both cases the drying agent used was'silica
100.6%, BaBr '

gell. Analysis: SrBr 100.0%, based on

2 2

the halogen content.
(x) Magnesion oxide.

Heating:the analaR salt for a few hours at about
1000°C gave a material which analysed as 100.1% MgO
(acidimetric).

(1) Sodium fluoride

A saturated aqueous solution of analaR sodium

fluoride was treated with a few per cént of potassium
chloride‘to remove silica. as potassium fluosilicate
(125). After filtration, the sodium fluoride was pre-
cipitated by the addition of iso-propanol. .After dry-

ing for aeveral days at 200°C,.fluoride analysis showed

100.4% of the theoretical amount,
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(m) Tetra n-propylammonium iodide

A double recrystallisation from analaR acetone
followed by drying at 60°C over silica gell under a
water-pump vacuum for a few days, gave a product with
101% of the required iodine content.
(n) Tetran-butylammonium iodide

The treatment was similar to that used for the
propylammonium salt, except that the solvent used for
the recrystallisation was a mixture of ether and methyl-
ethyl ketone. Analysis showed 100.4% of the theoreti-
cal iodine content.

Storage and handling

After preparation, all salts were handled in a
glove bag filled with dry nitrogen. The dry nitrogen
was generated by boiling liquid nitrogen (126).

All the water sensitive materials were stored in
sealed vessels in a desiccator over phosphorus pent-
oxide. The desiccator was kept in the dark.

4.2

The calorimeter

The calorimeter was cohstructed out of a cylind-
rical flanged glass Dewar Vessel with'a capacity of
nearly half a litre. The 1lid was fitted with several
quickfit female joints.of various sizes to take the
necessary inserts. The photographs show a pair of

calorimeters as used in a thermostat, and a close~up
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of a single calorimeter showing the detailed construc-
tion and the inserts,

The samgles wére held in fragile gléss ampoules
made from B5 sockets., These were supported on a B5
cone/precision glass rod and sleeve arrangement designed
so that the ampoules could be held just,under‘the sur-
face of the caiorimeter liquid during equilibration;
énd couldvbe pushed down into the rotating stirref bla-
des for breakage. It was sometimes found convenient to
construct the ampoules out of larger sockets (B7, say),
particularly when working ﬁith sampies of low density.

The stirrer was made out of a ﬁiece of precision
glass rod using the corresponding precision glass tube
mounted in a Bl4 cone as the guppprt. The'stirfer ﬁas
driven by avconstant-speed 1/30 horée-pbwer electric
motef supplied by Parvalux Ltd. rThe @otor had a drive
shaft at each end, and, by using flexible drive to the
calorimeters, the stirrers for a péir of calorimetefs
were driven off the same motbr.' The calorimeters were
entirely immersed in a therm§s£at kept‘at 25.00 : |
0.01%. "

Temperature measurement was by a thermister arr-

anged'as one arm of a conventional d.c. Wheatstone's
Bridge. The other arms of the bridge consisted of
two fixed fesistors and a Muirhead decade box (small-

est divisions 0.1 ohm). A scalamp galvanometer
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(7902/s, W.G. Pye &Co. Ltd.) was used as the detector,
and with an F53 thermistor supplied by the Standard
Telephone and Cable Co. Ltd., temperature sensitivity
was about 0.001°C,

The resistance~temperature relation for a thermistor
has been shown to be of the form: .

R = A exp (B/T) .
or, more accurately:

R = a1 ° exp(D/T) ..
where A, B, C and D are constants for each thermistor
(127).. To use these relations it is necessary to de-
termine the values of the constants by calibration ag-
ainst another thermometer. However, if it can be arr-
anged that the temperature changes in the reaction and
calibration are nearly equal, and that the temperature
of the calorimeter at the.start of the calibration is
close to the temperature at the start of .the reaction,
then the expression of the ratio of the temperature

changes takes the convenient and simple form: - -

BTy = log Ry/Ry . L e
"A'r " log R /Rh :

where Rl and R are the initial and final re51stances

of the reaction perlod, and R3 and Rh the correspond-
ing resistances of the calibration period. It was

found convenlent to use thls slmpler expression for‘

all the calorlmetric work presented.
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It is, of course, necessary to correct for any

heat losses from the calorimeter. This was done from

a series of time/resistance readings, using a graph-
ical procedure. Reﬁistance readings were taken at
half minute intervals from five minutes before the
reaction was started until at least five minutes after
the reaction had finigéd, and were used to construct

a resistance vs. time curve. In the case of an instan-
taneous reaction, the after period line was back-extra-
polated to the time at which the reaction occured, and
the resistance change was read off from the graph.

For a reactieon téking longer than the interval between
resistance readings, Dickinson's equal area method was
used (128)., Temperature correction methods in calor-
imetry have been reviewed recently by Macleod (129)

who concluded that "Dickinson's method can be recomm-
ended for calorimetfic work where a precision of about
0.2% is acceptable."

In many'reactidn it was very»heléful to follow the
course of the reaction as it occured. Hence the temp-
erature changes were monitored using a miniature plat-
inum resistance thermometer (100ohm, Degussa) coupled
to a six inch'ponteﬁtiometric recorder (sensitivity
0.01%%).

The "system was calibrated by electrical heating.

Two different designs were tried for the heater. Both
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were constructed from an extended Bl4 male joint, with
the end dipping into the calorimetric fluid being clo-
sed with about a ten centimetre length of thin-walled
glass tubing. In the first design, which was used

for most of the work, the heating element was a coil
of Constatin wire (ca. 25 ohms per foot) wound on a
former made from thin glass tubing. The coil was su-
pported on thick insulated copper leads which also
carried the. current, and good thermal contact. was en-
sured by filling the‘botton ten centimetres of the
heater tube with o0il.  In the later design the former
was made from brass rod about fifteen centimetres long,
and of a diameter to fit the glass heater tube snugly;
The rod also served as one of the current conductors.
Insulation was provided by covering the. rod with a
layer of polyurethane lacquer.,: The~heater wire was
wound into grooves specially cut in the end of the
rod, and were sealed into place and insulated by an-
other coating of polyurethane lacquer. The lower

end of the heater tube was filled with mercury to
provide really good. thermal contact. The main ad- . .
vantage of this design was its mechanical stability:
it was p0551b1e to remove the heater element from

the tube as often as needed with no chance of damaging
the windings. In the:flrst‘de51gn the wires were sup-

ported mainly by their own tension and could easily
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be displaced and perhaps shorted by a small movement
of the supporting wires. Also, the new design had a
much faster thermal response; as soon as the heater
switch was turned off the heating stopped, instead
of there being a lag of perhaps several minutes as
with the old design.

The power through the heater was measured by com-

paring the potential developed across the heater with
potential across a standard resistance in series, us-
ing a potentiometer. The circuit used is shown in the
figure on page 153. The resistors for the potential
dividor were supplied by Arcol Precision Resistors
(2W. tolerance 0.025%). The potentiometer was a Tin-
sley type 3387B used in conjuction with a Pye Scalamp
galvanometer, giving a sensitivity of 0.00005V. The
current to drive the heater was obtained from a con-
stant potential source supplied by J. Langham Thompson
Ltd. The standard resistance was a one ohm standard
(0o9999éohm) supplied by W.G. Pye Ltd.

If the suffix 1 refers to the small resistance
of the potential divider, 2 to the larger and s to the

standard resistance, then the power output is given by:

P=YV R, + R v A
1 ( 1 2) 2 - 1 joules
R, R Rl

1 s
or, substituting the values used,

P= 11V, ( v, - vl/lo )
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Circuit used for measuring powér input to the heater
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The heating period was timed using a. synchronous
electric timer accurate to 0.02 secs, connected to the
heater circuit via a two way switch, so that the timer
was switched on automatically with the heater.

The expression used for the calculation of_ an
enthalpy change has the form: -

AH = 1og(Rl/R2) X P x time x £ x M.W,

‘log (RB/RM) (wt. of sample) x 4.1840 x 1000

Where f is factor (ca. 0.98) correeting for the
heat generated in the heater lead, and -H is in kcals
per mole, The use of this expression is illustrated
below when the data obtained in an actual run are given.

Procedure: When being used with non-aqueous sol-
vents the calorimeter bodies were dried in an oven at
200°C and allowed to cool in a desiccator before use;
precautions were taken to minimise the exposure to the
atmosphere of the inside of the calorimeter during
loading. . Ampoﬁles were similarly dried before use,
énd were loaded in a glove bag filled with dried nit-
rogen. . T

After loading, the calorimeter was placed in the
thermostat, and the temperature of the contents of the
calorimeter was brought up to 25°C by electrical heat-
ing. Withthe stirrer running, the system was .left for
an hour at least (usually éeveralhours) so that it .

could come to themal eguilibrium. It was usually pos-
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sible to start a reaction or calibration with no var-
iation of temperature with time over the five minute
pre-reaction period. After an exothermic reaction it
was necessary to cool the contents of the calorimeter
back to 25°C for the calibration. A further insert
was included in the calorimeter fdr'fhis purpose, con-
sisting of a glass tube with its sealed end dipping
into the calorimetric fluid, down which liguid nitro-
gen was pbufed as reQuired. After'cSOIing, the calor-
imeter wés'again leff'for aperiod:bf hours to re-equil-
ibrate. In the case;of an endotherﬁic reaction, it
was necessary to start the reaction’ét a temperature
above 25°C, such that the final température was 25°C.,
After the reaction had occured the thermostat temp-
erature was readjusted as that the calibration started
at 25°c,

The accuracz'and.brecision of the calorimeter were
checked using two standard reactions, one exothermic,
the other endothermic. ~ For the enthalpy of solution
of potassium chloride in water at 25°C and a mean sol-
vent/solute mole ratio (N) of 200, the mean of eight
observations was h.ZZi0.0l kcals/mole (literature value
%.20020,009, (133)). For the enthalpy of solution of
tris-lhydroxymethyl)aminomethane in 0.1M aqueous HCl at
N = 600, the mean of twelve observation was -7.15X0.05

kcal/mole (literature value at N = 1350, 7.10720.004 (134)).
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The enthalpy of dilution of THAM has been shown to be
negligible (134). The details of the individual deter-

minations are shown in tables 85 and 86.

>
25.0 333 4,22
25.0 " 325 4,20
25.1 148 ©n.19
25.0 216 4,22
24,0 - 230 4,21
24,9 " 458 - h.24
25.0 556 4,22

24,9 506 0 4.21

Table 85 : Data for the heat of solution of KC1

in water.,

T N AH

— —_— S

25,0 978 . -7.20
25.0 780 -7.11
25.0 1§31 -7.15
24,9 886 -7.10
25.0 793 -7.20
25.0 732 -7.04
25.0 _ k67o -7.17
24,9 754 ~7.19
25.0 18 -7.20
25,0 “ 780 -7.il¢

25.0 728 -7.17 Table 86
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Table 86 : Data for the heat of neutralisation of

THAM in dilute hydrochloric acid.

A calculation of the maximum accuracy to be ex-
pected from the calorimeter (135) has shown that for
temperature changes between a third of a degree and
one degree, the uncertainty (assuming ideal conditions
and pure reagents etc.) in an enthalpy of solution is
0.5% to 0.25%. In the above standard reactions, both
the spread of results, and the agreement with the lit-
erature values are within these limits.

To clarify thérmethod of using the calorimeter,
and to illustrate the method of calculation, the ob-
servations made in a typical determination are given
in the form of a log.

Heat of solution of CaCl2 in NMF.
Reaction

Time Resistance Remarks

(¢] : 3235.8 Start of pre-reaction
period

oj=

3235.8
3235.9
3235.9
3235.9
3235.9
3235.9
3235.9
3235.9

= W () N N [ o
o= (S =

nf=
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N

Time Resistance Remarks
5 3235.9
5% 3196.9 Ampoule broken at 5m. 12s.
6 3186.4
61 3185.8 Reaction complete. Contents
of calorimeter cooling
” 3186.4 gradually.
7% 3187.2
8 3187.6
8% 3188.3
9 3188.8
9% 3189.4
10 3190.0
10% 3190.4
11 3190.9
111 3191.4
12 3191.7 End of post reaction
period
R, = 3235.9; Ré>(by back ext;apolation) = 3185.4
Calibration
Time Resistance : Remarks
0  3236.7
3 3236.4
1 3236.2
1% 3235.9
3235.5
2% , 3235.4

3 3235.2°
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Time Resistance Remarks

3% 13235.0

L 3234.5

L3 . 3234.3 S
Heater and timer on at 4.55

v Vl = 0.4601, V. = 0.6167

5% 3186.5 | .8 |
Heater and timer off at 5.35

6 3183.9 . - Time of heating 40.34 s.

61 | 3184,7

7 3185.5

7% ' 3186.1

8 3186.6

8% . 3187.2

9 3187.6,

91 . 3188.2 Calorimeter slowly cooling
during post-reacfion period

10 - 3188,7 . R

104 .. 3189.0

11 . 3189.4

By graphical,extrapolation:,RB'=,3234.0, R, = 3183.6
Hence,
Log (R;/R,)

log (Ry/Ry)

P = 2,8883 joules
And, since f for this heater was 0.986, and the weight
of the sample was 0.,1382 gms., -~

AH = -2,8883 x 0.986 x 40.34°'x 1.,0014 x 111.00
- h.1840 x 0.1382

= - 22,08 kcals/mole
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4.3

The isopiestic comparison of vapour pressures

The ofiginal intention wheh startihg‘the work in
this section, was to obtain a Series of measurements
of the activities of aqueous solutions of the group lla
halates over the whole of the concentration ranges avail-
able, in order to obtain free energies of solution (see
section 1.1.3). Due to various technical difficulties,
it was not possible to make ver&‘mﬁéhiprdgféss towards
that end. However, the apparatus was constructed, and
somé resﬁlfs were 6btaihed, so it seems‘wdrthwhile’des-
cribing what was done, indicating the failings of the
apparétus, and suggésting any modifications which may
imprové;it.:”

“Since this section does not form an integral part
of the argument presented in this thesis, it will be
treated és‘an'indepehdent éécfibﬁ,”andkthe fesulfé,
gether,

L.3.1

Principles of the method

A detailed discﬁgsion of the theory is given by
Robinson and Stokes (41). If two solutions of non-
velatile solutes are left for a sufficient length of
tiﬁe in é:élésed vessél at.consféntﬂéémperéfure; then

solvent will distill from one to the other until both
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solutions have the same vapour pressure., For aqueous
solutions the vapour pressure may be identified with
the fugacity of the solvent. The activity of the sol-
vent is defined as the ratio of its fugacity in a given
state to its fugacity in a standard state. For two
aqueous solutions in isopiestic equilibrium, the standard
state is, of course, the same for both solutions, (the
pure solvent is the usual convention), hence, since
their vapour pressﬁres are equal, their solvent activ-
ities are also equal, Thus if the activity of the water
in a solution of one substance is known, then its acti-
vity in a solution of another, nnknown substance can be
determined by the isopiestic method. The activity of
the solute may readily be obtained from a series of
values of the solvent activity over a range of concen-
tration, using the Gibbs - Duhem equation. Writing

the equation in terms of activity co-efficients Y,

and using. suffix 1 to refer fb the solvent and suffix

2 to refer to the solute,

| x|
'e"""z = - [xd1n ¥, 4.3.1,1
o2
Isopiestic measurements do not normally extend to

concentrations lower than about 0.1M. However, if equ-
ation 4.3.1,1 is integrated graphically, then it is

usually possible to extrapolate the data to zero con-
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centration with sufficient accuracy for 1l:1 electro-~
lytes. For more complex electrolytes, techniques are
available for dealing with the low concentration region
(see, for example, Guggenheim and Stokes 136).

The method is a comparative one, and it is nec-
essary therefore to have a reference electrolyte sol-
ution, for which the activities are accurately known.
The most common reference electrolytes are sodium and
potassium chlorides for water activities down to about
0.8, calcium chloride for water activities down to
about 0.2, and sulphuric acid which gives solutions
with water activities as low as 0.0004, .-

4.3.2

The apparatus was made out of a six inch internal

diameter glass vacuum desiccator. Inside the desic-
cator was a steel block shaped to fit the bottom of the
desiccator. A set of four nickel crucibies,to hold the
solutions under test was clamped onto the top of the
steel block, which was specially fiattened to ensure
good thermal contact. The clamp consisted of a cross-
shaped piece mounted on a threaded central rod; a

wing nut could be srewed down the centre rod. to push
the cross piece onto,theztops,of the crucibles, and
thus clamp them hard onto the steél block. :Thg des-
iccator'andjits contents were mounted in a thermostat

tank, and the solutionsvwere,agitated by rocking the
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desiccator to and fro. A photograph is shown of the
apparatus in the thermostat tank, illustrating the
mechanism for rocking the desiccator.

Since it was planned tq work with solutions of
low water activities, it was neéessary to plate one
of the crucibles with a metéi resistant to aqueous
sulphuric acid. A layer of rhodium 0.0004 inches thick
was tried, and proved to be successful for long enough
to obtain a single‘set of readings; After that'it
showed signs of being attacked by the sulphuric acid
- this was probably due to poor quality or incomplete
plating. The;results on the chlorate solutions were
obtained using sodiﬁﬁ chloride as the comﬁarison~sfan-
dard, and it was, therefore, not possible to extend
measurements into very concentrated solutions.
4.3.3

The procedure for4using the apparatus was to

place the three uﬁknown solutionsin the cpucibles to-
gether with the‘compérison standard in the.plated cru-
cible. The'cfu&ibles were clamped onto the stéél block
insidé the desiccator; the desiccator was evacuated ad
put in’the thermostat. Thersystem was then roéked, and
the crucibles weré Weighed every few days unfil therer
was no chaﬁge inﬁeight between conseéutive»weighings.
The solutions were ﬁhen analysed to give.thé equili-

ne

brium concentrations, or, more conveniently, the con-
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centrations were determined from the change in weight
that had occured since the crucibles were placed in the
apparatus (the inititai concentrations and weights of
the solutions having been recorded). Only dry air was
let into the desiccator, and the crucibles were covered
with lids as soon as they had been removed from the
apparatus; all weighings were made as quickly as poss-
ible to avoid any avaporation 1osses. It was necessary
to leave the system for at 1east a week to attain equ-~-
ilibrium. This is rather long compared with the times
that other workers have required, and the reason may
be that other workers have used metals with high thermal
conductlvitles such as copper or 51lver rather than
steel on whlch to rest the crﬁcibles.. It is also-ccm—
mon practlce to plate the block w1th a noble metal to
prevent corrosion. In thls first set-up the block was
coﬁefed w&fh e fhiﬁ layer of grease, thls was not en-
tirely successful. |

The apparatus was tested by allowing three sol-
utions of sodium chloride and one solution of sulphuric
acid to come to isopiestic equilibrium. The water

activities found after a period of a week were:

NaCl §2§9h
(a) (0 ()
0.9678 0.9669 0.9675 0.9688

The water activities were calculated from the
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measured concentrations and the water activity data
given by Robinson and Stokes (41). It would thus ap-
pear that the apparatus gives accurate results, since
the above are the same to within 0.2%.

A little new data was obtained for the group lla
chlorates. The following solutions were found to be in

isopliestic equilibrium:

ca(C10,), Sf(cma)z* ‘Ngcl* : 3;(:105)5 Ki:i:ﬁz
0.3895 0.3134  .1.1272 = 0.4970 0.9626
0.2358. . 0.1821 . 0.6838 = 0.2821 0.9797
0.1670 0.1207  0.5556 = 0,2097 . 0.9821

Where each'horiiontal line repfesents an equili-
‘brium set of molalities. The corresponding water act-
iviiies of fhé>sbdiuﬁjéhioride solution taken from

Robinson and Stokes data are shown in the final column,
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Appendix 1

Buckingham's theory of ion - solvent interactions

Buckingham's originalvtheory was first published
at a discussion of the Faraday Society in 1957 (75).
His l1deas on quadrupole moments were amplified in a
- later quarterly review (131). The treatment given
here is based on material from both sources: the gen-
eral ideas from the former publication; the mathemétical
argument from the latter. The main part'of the theory
requires the calculation of the pofential produced by
a cluster of point charges - this is given in full,
The mutual interaction energy between say, siﬁ octa-
hedrally co-ordinated solvent molecules, is a much
nore conmplex calculation, and only the essential steps
in the argument are given. ‘

A polar solvent molecule may be regardéd as a
cluster of point charges., Thus , if the electrostatic
potential,‘¢ s produced by such'é cluster can be cal-
culated, then the electrostatic interaction energy
between the solvent molecule and an ion considered
as a polarisable sphere is given by Ze# , where Ze
is the charge on the ion.

(1). The electrostatic potential produced by a charge
cluster,

Coﬁsider a‘cluster of charges, ey at points

(xil,xiz, xi3 ), given by position vectors Ty, rTelat-
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ive to an origin O, It is required to find the po-
tential, ¢', produced by this system at a point P,

the co-ordinates of which are X,, X . (figure Al )

11 %20 %4

q)(>G.XEJX3)

X

Figure Al,

From elementary electrostatics,

¢ = }:(ei/ni) Al,
where the D; are the distances of the point charges
from P,

Equation Al can be expanded in terms of the partial
11 X5 and x3

at the origin by means of Taylor's theorem. The working

derivatives of l/Di'with respect to x

becomes much more concise if a tensor notation is
adopted, in terms of which the expansion of equation .

Al becomes,

2
51 = e, |2 + fa(a/p) \x, + 1fa”(1/p.) | =x; .x
[~ 2 2\dx, dx a b
~ (-] i i
L a a b o
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dx Yi

+ 1 dj(l/D) x .x- Ix- + * ® O 0 ® 9 o AZ'
i i i
dx a b c
CO

Here, the a,b,c suffixes represent tensor components.
For typing convenience the partial derivatives in
equation A2 and in the rest of this appendix have
been written as ordinary differentials.

Equation A2 can be written in a particularly
elegant form if it is assumed that the distances
of the charges from O are small compared to the
distance of P from O., In that case, each Di can
be replaced with R, the distance of the cluster
from P,

The first derivative is calculated as follows:

d(1/R) = dr __(_[_l = =-1,. dR .

dx dx R dx
a a
Since
2
R = (Xa- xa)(xa- x,),
ar = 1.(-2). (x, - x )
dx 2 a a '

hence,

ar’y
R

(Qillgll) = ( : AL,

dx
a
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The sccond derivative is obtained by differen-

tiation of the first derivative with respect to Xt

d(1/R) = d . X -x

dxadxb dxb Rj
- 3 ‘
= (Xa-xa)d(éiR ) o+ le(Xg:Eal
b R *b
= -3,X_dR £ 1dlx-x) .
R- dx, r3 dx,
From equation A3,
dR = -X
o= =b
dxb)o R
hence, o
1% (1/R = 3X.X o+ 1.d(X-x) AS5.

The latter derivative in equation A5 has the wvalue
zero when afb, and -1 when a=b, This is conveniently

expressed using the Kronecker delta:-

a®(1/r ] = 3X X, ; Rggab_ A6,
"R '
]

dxadxb

Differentiation with respect to X, gives the
third derivative:

Sam . = g____[j_(_)ga:__:g Lx= x,) = Rzgab_-]
- .

dxadxbdxc dxc

- zsﬁxa-xa>ﬂgézbl (ryxy)lx,)

R
RCE NI

2ot ] g
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Hence, .
i 43 _ 2 <
a7 (1/R) | = 3. 3Xc%ab - Kd&bc - szac
dx _dx, dx R5
a b Tecldy
* 5[%§a§b§c - Ec-éab]
R7 R5
2
= ol XX = REOh,r X8, X 8 0 )]
7
R

A7.
The fourth and higher derivatives may be obtained
in a similar ﬁanner.

Introducing the following parameters:
q e
2
P gkixi
R I
¢ a b

Oubs E}ixi X3 *5
" a

I

a

b "¢
and the derivatives from equations AL,5 and 6 into
equation A2,

¢ = 4 + Kqﬂa + gab(BXaxb - Rzgab)
r3 2R

+ Qabc[5xaxbxc - Rz(xaébc + xbéac + xcéab)]

7
2R . A AS .

Qab and Oébc may be regarded as the components of

the quadrupole and octupole moments of the system

respectively.

"By suitable choice of axes, the quadrupole
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and octupole moment tensors can be reduced to three
principal quadrupole or octupole moments. For example,

Qab can be written in matrix form as:
Q _é Q Q l
ab xlxl x1x2 xlx3
Q Q Q
xle X5X,, x2x3
Q. Q

X, X, X

L31 372 33

By rotation and translatloh of the axés, this matrix

may be diagonalised to give:

Q 0 0
*1%1
0 Q )
Xo%Xo
_0 ° Q?‘sxa_

Hence, equation A8 can be written,
: 2
¢ SR Eafla * Q,, (3% X, = R7)
| -
+ (5x X oXa - 3R3X ) I S A9
. -‘aaa a L] * [ ]
2R7
For a system with an axis of charge symmetry, the
tensors Qaa and Oaaa can be replaced by scalars,
giving equation A9 the form:
2
= q + cos + Q(3cos“B - 1) .
¢ o /&L;—— ” |
R R
+ 01500339 - 3¢c0s0) + ..... t Alo.
2R5
Equation AlO gives the potential at a point R,e s

relative to an origin on the axis of the distribution,

and it is the basic equation for calculating the ion-
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solvent interaction energies.

If ze is the charge on an ion, then the energy
of interaction between the ion and one solvent molecule
ié given by:

U = -ze;ﬁ

Thus, equation Al0 gives

[ 4
R? R R

where 6 has been set equal to zero for positive ions
and TT for negative ions. It should be noted that
the valency, -2 appears in the terms involving even
powers of cosE’, while the modulus of the wvalency
appears in the terms involving ocdd powers of cose,
to take account of the different values of € for

anions and cations.

(2). The mutual interaction energy between the
solvent molecules iﬁ fhe primary solvation sphere,
Buckingham showed that the interaction
energy between two charge sYstems céuld be expressed
in terms of the multipole mﬁments of omne sys?em,
and the potential and its derivatives with respect
to position of the second system at the centre of
mass of the first‘system.

For example,
/4 "

Uyp = 9,0, "/‘zj’r(;. - %—Q2¢2 - %.02?52 Al2,
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'The derivatives in equation Al2 can be obtained by
differentiation of equation AlO.

The figure below shows the dipole moment, AB, of a
charge cluster, and the three mutually perpéndicular
components of the field due to the cluster at a point
defined by the vector R . O is the angle between the
'dipole moment and R, and S is the angle between the
plane containing érand é;, and the plane containing

R and the dipole moment vector.

.B . ' ’
"\¢E

’
.

o ’

Gl s
./ T
)

'Buckingham showed that the first derivatives of

the potential are:

?!r"" -ﬁé = gq ¢+ %LL_C&S_@; + 39(3cos®8 - 1)
OR

rR? RS or*

+ 2,0(5c0336- 3c080 ) . eeen.
.R5

o -

{ra

.24
R 00 R RY 2R7 |

!

= -1 D4 = o
¢t Rsin & Sf

Al3.

sin@[# + 3Qcos® + 30(5c0528 - 1) .

|
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he also calculated the second derivatives as:

?‘r"x" = =2g - 6/[,!,0089 - 6Q(3c0529~ = 1) verierenoe
R3 RLL Rs

te
?Sss = 4a + ‘3,!"”0039 +3Q(7C052@ = 3) 4 eevee

R3 Rh <2R5
1';; = 2 + Q}J,COS}@ + 3Q(500329 - 1) + seeee
lR3 Rh 2R5
LU -:}Msin@ - 12Qsinecose = scesssces
¢I‘S h
: R R°
LI | LB
¢st = tr ° 0
Alk,

For convenience, ; was set equal to zero by suitable
choice of axes.

In order to calculate the interaction energy
between two polar solvent molecules,let 'the distance
between the centres of mass of the two mqlecules be
R, let the dipole moment vectors be inclined to the
vector,Ry Jjoining the two centres at angles @' and
el’ and let the planes containing (R,e') and (R,@z)
be inclined at an anglég « The system is electrically
neutral, hence ali the terms:involving q are zero,
By substitution of the derivatives Al3 and 14 into

equation Al2, the energy, U, is given as:

U = ﬁ;ﬁ ,coselcosezi+ sine.sin@zcosg] +
R



+
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+ _3 {/Aﬁz[cos 6‘ (30032@1 - 1) + 2sin9,sinelcos@lcos§:]
L
2R :

+

/-£le [cos @2 (300529‘ - 1) + Zsine‘sinezcosacong

+

3_9‘19’2_[1 - 5(:0326l + 1700826‘ 005262_ - 5(052'62_
4R°

| 251n26'sin2@10052§ + 16sine,sinechse‘ cos elcosg] teoe

Al5.
As an example of the application of equation

AL5, the following is an outline of the derivation

of the interaction energy between six solvent molecules

arranged at the corners of a regular octahedron,

Assuming that the dipole moment vectors of all the

solvent molecules point directly towards the centre

of the octahedron(the pdfition oCcubied by the ion

in a solvated complex), and that the distance between

thé centre of mass of the solvent molecules and the

centre of the octahedron can be taken ésvequai to

the sum of +the ion and solvent radii(denoted by R*),

then there are twelve interactions for which

6,

and

it
o~
w
°
]
)
~

%
R = J2Rr .
and three interactions for which

éi = Ea = O

and
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In all cases ; = 0, Interpolating these wvalues
into equation Al5, the first three terms of equation
3.2.2,11 (pg. 121 )are obtained.The last two terms

in this equation are included to account for (a)

the energy of interaction between the dipoles induced
by the field due to the permanent solvent molecule

dipoles ,(b) the dispersion energy.
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Appendix IT

Details of heat of solution experiments

The following tables list the details of the heat
of solution experiments from which the mean values
used in this thesis were calculated. All the experi-
ments were performed so that the data refers to 25.0
20.1°c. The times, t, listed, are the mean times of

the reaction periods, The m's refer to molalities.

Solution of MgO in 0.5m aqueous HBr; t = 2min.
wt. MgO 1

(in g.) m. MgO - AHobs(kcal. mole” “MgO)
0.1429 0.0284 35.15

0.1568 0.0311 35.3

0.1478 0.0293 35.14

0.1668 0.0276 35.1

0.1509 0.0250 35.4

0.1406 0.0232 35.1

0.1469 0.0243 35.4

Solution of MgO in O.5m aqueous HI; t = 2min.

(in g.) m. MgO - AHobs(kcal. mole-lMgO)
0.1k424 0.0235 35.0
-.1546 0.0256 34.9
0.1510 0.0250 35.3

601587 0.0262 | 35.2
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Solution of MgBrZLc) in 0.5 molal HBr : t (instant)

?2; g??rz m. Mngz - AHobs(kcal.mole_lMgBrz)
0.1022 0.00444 L34

0.1670 0.00726 L3 L

0.1612 0.00700 L2.,9

0.1359 0.00590 u2.85

Solution of MgIch) in 0.5 molal HI : ¢ (instant)

\&:;:.;1 :%Z)Ez m. MgI, - AHobs(kcal.mole_lMgIZ)
0,0949 0.00341 49,5
0.2153 0.00774 50,1
0.1227 0.00441 k9.6
0.2490 0.00895 k9.9

Precipitation of CaF2 from aqueous NaF and CaClz(c)

t = 1 min.
wt, CaCl, m; my, - AHobs;l AH_(CaF,)
fkcal.mole Ca012)

0.1887 0.6805 0,0272 21.1, 1.71
0.2679 0.6323 0.0378 21.0 1.55
0.2763 0.6138 0.0398 21,2 1.72
0.3350 0.8736 0.0484 21.1 1.69
0.3420 0.8521 0.0494 21.05 1.66
0.3879 0.4038 0.0560 21.2 1.71

0.4195 0.5062 0.0606 21.2 1.78
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Precipitation of MgF2 from aqueous Mg012 and NaF(c) :

t = 2 min,

w(v:;l ge.ﬂ)?‘ my t,, AHobs 1 x AHZ(Mng)
(kcal.mole” ~NaF)

1.1608 0.114 0.221 2.11 -2,03

1.1505 0.111 0.219 2.11 -2.03

1.3195 0.128 0.252 2.10 -2.05

1.1070 0.113 0.211 2.13 -2.05

Precipitation of SrF2 from agqueous SrCl2 and NaF(c)

t = 12 min,

e S e S M
cal.mole ~NaF)

1.9073 0.197 0.363 -0.2, 0.3

1.4820 0.145 0,283 -0.4 0.5

2,0674 0.215 0.395 -0.2 0.3

Precipitation of BaF, from agueous BaCl, and NaF(c)

2
t = 9 min.
o
w;. Na§‘ m m,, AH ;o _ x AHS(Ban)
(in.g. (kcal,mole” ~NaF)
2.0787 00207 00396 "008 008
1.5416 0.163 0.294 -0.6 0.7

1.5931 0.162 0.304 =0.5 0.6
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Heat of solution of n-Bu, NI in water

Yiﬁ ;f)salt molality Ar%bs
1.0211 0.0222 3.61
1.4579 0.0316 3.60
1.9306 0.0418 3.54
1.7804 0.0386 3.h9

Heat of solution of E’BEANI in water

wt., of salt molality 4% 31
(in g.) obs
1.1180 0.0286 2.74
1.3380 0.0342 2,67
1.5723 0.0402 2.69

1.7006 0.0434 2.75
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Salt/Solvent Molality (m) DH
(kcal.mole_l)
0.0132 -11.3
0.0160 ~-11.0
0.0270 -11.4
0.0284 -11.5
0.0295 -11.2
Ca(0103)2 in F 0.0210 11,4
0.0312 -11.3
(t = 1-2 min.) 0.0361 -11.6
0.0379 -11.1
0.0454 -11.4
0.0490 -11.2
0.0237 - 8.38
0.0331 - 8.29
0.0395 - 8.27
0.0400 - 8.26
sr(c10,), in F - 0,0418 - 8.19
(t = 3 min) 0.0433 - 8.33
0.0485 - 8,18

0.0533 - 8.33
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0.0347 -4,94
0.0kl -4 .84
0.0458 -4,96
Ba(0103)2 in F 0.0498 -4.97
(t = 3=-4 min) 0.0507 -4.,97
0.0562 -5.00
0.0105 -13.8
Ca(0103)2 in NMF 0.0110 -13.8
(t = 1 min) 0.0193 -13.6
0.0268 -13.8
0.0165 -9.34
0.0177 -9.16
Sr(0103)2 in NMF 0.0273 -9,06
(t = 10 min) 0.0311 -9.04
0.,0452 -8.81
0.0202 -7.22
Ba(0103)2 in NMPF 0.0261 -7.04
(t = 1 min) 0.0502 -6.85
0.0527 -6.91
0.0100 -18.6
0.,0110 -18.5
0.0127 -18.6
ca(c10,), in DMF 0.0133 -18.1
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0.0152 -18.8
(t = 1 min) 0.0169 -18.4
0.0173 -18,2
0.0173 -18.,55
0.0174 -18.25
0.0216 -18.2
0.0271 -13.14
0.0286 -13.1
Sr(0103)2 in DMF 0.0389 -12.7
(t = 5 min) 0.0452 -12.4
0.0503 -12.9,
0.0507 -12.8
0.0090 0.69
0.0092 0.44
Ca(Br03)2 in H,0 0.0101 0.64
(t = 2 min) 0.0101 0.59
0.0446 4,93
0.0448 4,87
Sr(Br03)2 in H,0 0.0463 4,99
(t = 3 min) 0.0478 k.79
0.0498 4.89
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0.0119 10.6
Ba(Br03)2 in H,0 0.0122 10.3
(t = 3 min) 0.0140 10.6
0.0145 10.5
0.0200 -4.80
0.0296 -4,65
Ca(Br03)2 in F 0.0467 -4,.63
(t = 2 min) 0.0491 =4 ,54
Sr(BrOB)z in F 0.0252 -3.1
(t = 30 min) 0.0290 -3.3
Ba(Br03)2 in F 0.0095 0.2
(t = 12 min) 0.0102 0.4
0.0500 -k.4o
000556 -L"o52
Ca(BrOB)z in NMF 0.0607 ~-4.57
(t = 3-4 min) 0.0614 -4.36
000784 -4.27
Ca(Br03)2 in DMF 0.0238 -4.3
(t = 12 min) 0.0268 4.4
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0.0328 -21.79

CaCl, in F 0.0246 -22,01
(t = 2-3 min.) 0.0251 -21.84
0.0258 -21,82

0.0173 -17.33

SrCl, in F 0.0226 -17.67
( t = 1 min) 0.0130 -17.65
0.0079 -17.57

0.0232 -10.53

BaCl, in F 0.0116 -10.12
(t = 5 min) 0.0577 -10.50
0.0386 -10.49

0.0123 -29.27

CaBr, in F 0.0191 -29,63
(t = 1 min) 0.0073 -29.58
0.0080 -29.89

0.00723 -25.41

SrBr, in F 0.0105 -25,30
(t = 1 min) 0.0103 -25.47
0.0120 -25,20
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0.0161 -15.52

BaBr, in F 0.0258 -15.25
(t = 3 min) 0.0180 -15.32
0.0125 -22,08

CaCl, in NMF 0.0076 -22,61
(t = 1-2 min) 0.0197 -21.26
0.0187 -21.99

0.0171 -17.45

SrCl, in NMF 0.0098 -17.12
(t= 2 min) 0.0152 -17.06
0.0150 -17.57

0.0089 -31.00

CaBr, in NMF 0.0062 -31.79
(t = 2 min) 0.0053 -32.27
| 0.0155 -30.,72

0.0088 -31.51

0.0116 -25.67

SrBr, in NMF 0.0062 -26.23
(t = 1 min) 0.0157 -25.,17
0.0270 -17.34

BaBr, in NMF 0.0162 -17.53
(t = 3 min) 0.0081 ;17.47
0.0263 -17.37

0.0123 ~17.86
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0.0493 -16.53
0.0356 -19.77
CaCl, in DMF 0.0164 -21.30
(t = 15 min) 0.0149 -23.55
0.0066 -20.48
0.,0059 -20.52
0.0116 -14,58
0.0106 -14,06
SrCl, in DMF 0.0253 -13.66
(t = 4 min) 0.0217 -13.59
0.0242 -13.48
0.0164 -14,01
0.0215 -36.27
CaBr, in DMF 0.0063 -37.63
(t = 1 min) 0.0096 -37.46
0,0102 -37.21
0.0153 -36.57
0.0106 -31.23
SrBr, in DMF 0.0035 -32.37
( t instant) 0.0082 -31.68
0.0122 -30.81
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The standard enthalpies of solution of the chlorates and bromates of calcium, strontium,
and barium in formamide (F), N-methylformamide (NMF), and N,N-dimethylformamide
(DMF) are reported. Similar data for the bromates in water are also reported. Enthal-
pies of dilution are compared with those predicted by the Debye~Hiickel limiting law.
Solvation energies are evaluated and compared with those calculated from a Born model.

Ton solvation in nonagueous media has become a
subject of intensive study only during the past 5 years.1—#
By evaluating the difference in energy of solvation and
hydration (energetics of transfer) it is hoped to gain
some insight into solvent structure under the influence
of ion fields. In the present work, solvents of high
dielectric constant (NMF, 171; F, 109; H,O, 78;
and DMF, 37; data at 25°), in which contributions
to thermodynamie properties from ionic aggregates
might be avoided, are considered. Conductance mea-
surements®® have indicated that the solvent of lowest
dielectric constant (DMF) is a strong dissociating
medium.

In the past, free energies of solvation (usually from
emf measurements) have been studied more extensively
than the corresponding enthalpies. In this paper,
the approach is calorimetric, and enthalpies of solu-
tion of some main group II bromates and chlorates are
determined in the above solvents over the concentration
range 0.01 t0 0.05 m. Such data for di-univalent electro-
lytes are scarce.

Experimental Section

Solvents. (i) Formamide (B.D.H.) was purified by
distillation according to Verhoek.® The product had
a specific conductance of 1 X 104 ohm~! em—* (lit.?
5 X 10-%) and a water content of 0.04%, (I arl Fischer).

(i) N-Methylformamide (Hopkins and Williams)
was mixed with 109, by weight of ethanol which was
removed by distillation in conjunction with impurities
(water, dimethylamine, etc.) as azeotropes. It was

then distilled under reduced pressure, and throughout
the distillation, the distilland was maintained alkaline
to bromothymol blue. The specific conductance was
1 X 10-% ochm~! em™ and the water content was
0.019,. Held and Criss® consider this solvent to be
satisfactory for calorimetry when its specific con-
ductance is less than 8 X 10=8 ohm—!ecm .

(iii)) N,N-Dimethylformamide (B.D.H.) was treated
with ethanol as above and distilled under reduced
pressure from alkali. The specific conductance was
0.3 X 10-% rising to 0.9 X 10-% ohm~! em~! over 3
months; the water content was 0.029,.

Solules. (i) Chlorates were the same samples as used
in previous work.10 ‘

(ii) The bromates (Hopkins and Williams) were
obtained as hydrates, recrystallized from ethanol-
water mixtures, and desolvated at 14 mm and 125°
for 24 hr. Iodometric analysis for bromate gave:

(1) L. Weeda and G. Somsen, Rec. Trav. Chim., 85, 159 (1966).
(2) G. Somsen and J. Coops, ibid., 84, 985 (1965).

(3) G. Somsen, ibid., 85, 517 (1966).

(4) G. Somsen, tbid., 85, 526 (1966).

(5) D. Feakins and P. Watson, J. Chem. Soc., 4734, 4686 (1963).
(6) R. P. Held and C. M. Criss, J. Phys. Chem., 69, 2611 (1965).
(7) Y-C. Wu and H. L. Friedman, zbid., 70, 501, 2020 (1966).

(8) (a) K. Shug and A. Dadgar, ibid., 68, 106, 112 (1964); (b)
J. E. Prue and P. J. Sherrington, Trans. Faraday Soc., 57, 1795

" (1961).

(9) F. H. Verhoek, J. Am. Chem. Soc., 58, 2577 (1936).
(10) A. Finch and P. J. Gardner, J. Phys. Chem., 69, 384 (1965).
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Table I
Molality, AHovsd(T), Molality, AHohea(T),
Salt-solvent T, °C m kcal mole™1 Salt—-solvent T, °C m kecal mole—?
7 = 1-2 min T = 5 min
Ca(Cl0y),-F 24.9 0.0132 —11.3 Sr(C10;):~DMF 25.0 0.0132 —13.9
24.9 0.0160 —11.0 25.2 0.0156 —13.6
25.0 0.0270 —11.4 24.9 0.0271 —13.15
2.9 0.0284 —11.5 25.0 0.0286 —13.1
24.8 0.0295 —11.2 25.0 0.0389 —12.7
24.8 0.0210 —11.4 24.9 0.0452 —12.4
25.2 0.0312 —11.3 24.9 0.0503 —12.95
24.9 0.0361 —11.6 25.1 0.0507 —12.8
24.9 0.0379 —11.1 + = 1 min
gf-g g'gigé ’1}-3 Ba(ClO;),-DMF 24.9 0.0141 ~11.55
5. : —1L. 24.9 0.0154 —~11.56
s = 3 min 24.8 0.0329 —11.05
SH(Cl04),-F 24.9 0.0237 —8.38 24.9 0.0437 —10.72
25.0 0.0331 —~8.29 24.9 0.0445 —10.64
24 9 0. 0395 _s o7 24.9 0.0543 —10.63
25.0 0.0400 —8.26 7= 2min
25.0 0.0418 —8.19 Ca(BrO;):-H,0 24.9 0.0090 0.69
24.9 0.0433 —8.33 25.0 0.0092 0.44
24.9 0.0485 —8.18 25.0 0.0101 0.64
24.9 0.0533 —~8.33 25.0 0.0101 0.59
r = 34 min 7 = 3 min
Ba(Cl0;),-F 24.9 0.0347 —4.04 Sr(Br0;).-H.0 25.0 0.0446 4.93
25.0 0.0444 —4.84 25.0 0.0448 4.87
249 0.0458 —4.96 25.0 0.0463 4.99
25.0 0.0498 —4.07 25.0 0.0478 4.79
25.0 0.0507 —4.97 25.0 0.0498 4.89
24.9 - 0.0562 —5.00 + = 3 min
+ = 1 min Ba(Br0;)-H;0 25.0 0.0119 10.6
Ca(Cl0;):-NMF 25.0 0.0105 —13.8 24.9 0.0122 10.3
250 0.0110 _13.8 25.0 0.0140 10.6
25 0 0.0193 —_13.6 24.9 0.0145 10.5
25.0 0.0268 —13.8 =2 min
v = 10 min CalBroaT %0 oome a6
S1(Cl0;):-NMF 24.9 0.0165 ~9.34 o : :
24.9 0.0398 —4.57
24.9 0.0177 ~9.16
25.0 0.0467 —4.63
24.9 0.0273 —9.06 25.0 0.0491 451
24.9 0.0311 —9.04 S '
24.9 0.0452 —8.81 1 = 30 min
- 1mi Sr(BrO;)—F 25.0 0.0252 —3.1
T= Lo 25.1 0.0290 —-3.3
Ba(Cl0;)~NMF 25.0 0.0202 —7.22 .
25.0 0.0261 —7.04 v =12 min
25.0 0.0502 —6.85 Ba(BrO;).-F 25.0 0.0095 0.2
25.0 0.0527 —6.91 25.0 0.0102 0.4
25.0 0.0110 —18.5 Ca(BrOy)-NMF 25.0 0.0500 —4.40
25.0 0.0127 —18.6 25.0 0.0556 —4 52
25.0 0.0152 —18.8 ’ ’ ’
25.0 0.0614 —4.36
25.0 0.0169 —18.4 2.9 00784 —4.27
25.0 0.0173 —18.2 ) o :
24.9 0.0173 —18.55 7 = 12 min
24.9 0.0174 —18.25 Ca(Br0;):~DMF 24.9 0.0238 —4.3 .
25.1 0.0216 —18.2 : 25.0 0.0268 —4.4.
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Table II
a,
AHg°, kcal mole~%2

Salt Solvent AHg(m) m keal mole~1 kegl/?
Ca(ClO;), F —11.3 £+£0.3 0.01-0.05
Sr(ClOs). F —8.28 +0.07 0.02-0.05
Ba(ClO3), F —4.95 %= 0.06 0.03-0.06
Ca(Cl0;). NMF —13.8 +=0.1 0.01-0.03
Sr(ClOs)e NMF —9.96 = 0.12 5.30 +0.32
Ba(ClOs), NMF —7.68 +=0.12 3.48 +0.32
Ca(Cl0O;). DMF —18.4 +0.2 0.01-0.02 ... e
Sr(ClO;)» DMF —14.96 = 0.44 10.3 2.4
Ba(ClOs). DMF —12.80 +=0.16 9.9 0.8
Ca(ClOs), H0 —5.60 =£0.02 0.005-0.01 ..
Sr(Cl0s). H.0 0.61 +0.05 0.01
Ba(ClO;). H0 5.64 4= 0.05 0.01
Ca(BrOs). F —4.64 £0.10 0.02-0.05
Sr(BrOs). F —3.21+0.10 0.03
Ba(BrOs3), F 0.27 £0.10 0.01
Ca(Br0s3). NMF —4.42+0.10 0.05-0.08
Ca(BrOs). DMF —4.35+0.05 0.02-0.03
Ca(Br0;): H,0 0.59 £0.12 0.01
Sr(B10;). H,0 4.89 +0.07 0.05
Ba(BrOs). H.0 10.50 +=0.13 0.01

Ca(Br0;)s, 100.0%:; Sr(BrO);, 99.99%,; and Ba-  general, the bromates were both slower to dissolve

(BrOs)q, 100.19, (analyses were accurate to £0.19,).

Calorimeter. This was of the constant temperature
environment type fully immersed in a thermostat
controlled to 25 = 0.01°. Samples (weighed to +£0.05
mg) were contained in fragile glass ampoules which
were broken under 125 ml of solvent. A full descrip-
tion may be found elsewhere.!! The precision and ac-
curacy of the system were checked by two standard
reactions: (i) the enthalpy of solution of potassium
chloride in water, AH(25°, N = 200) = 4.216 £ 0.012
keal mole—? (lit.!2 4.206 kcal mole—! at 25° and N =
200, enthalpy of dilution corrections were taken from
ref 13) and (ii) the enthalpy of neutralization of
tris(hydroxymethyl)aminomethane (THAM) in excess
0.1 M hydrochloric acid, AH(25°, N = 670-1030) =
—7.15 =% 0.05 keal mole—? (lit.14¢ 7.104 keal mole—! at N
= 1330 and 25°); N is the mole ratio of water to solute.
The enthalpy of dilution of THAM is negligible.!
The errors are quoted as twice the standard deviation
of a single observation.

Results
The data are presented in terms of the equation
AH gosa(T) = AH° [M™(XO;)s,
soiution of molality m] —
AH:° [MI1(XO3),, cryst] (1)
where M is Ca, Sr, or Ba and X is Cl or Br. In

and less soluble in all solvents than the corresponding
chlorates. This factor precluded accurate measure-
ment of enthalpies of dilution for most of the bromates.
The approximate time taken for complete dissolution
() is included in Table I in which AH ;.4 is tabulated
at the temperatures T' (°C).

Strontium and calcium bromates were too insoluble in
both NMF and DMF for enthalpies of solution to be
measured. In selected cases, the above data were
extrapolated to infinite dilution according to

AH, = AH.° + am™? (2)

In cases where there existed an obvious linear correla-
tion between AH, and m? the value of AH,® was de-
termined from a least-squares analysis. In other cases,
a mean value of AH is quoted with an error equal to
the range if there are less than five values or equal to
twice the standard deviation of a single observation if
there are five or more values. "These data and litera-
ture data!® for AH,[M™(ClO;);] in HyO are collected
in Table II.

(11) A. Finch and P. J. Gardner, J. Chem. Soc., 2985 (1964).

(12) 8. R. Gunn, Rev. Sci. Instr., 29, 377 (1958); F. D. Rossini,
et al., J. Phys. Chem., 69, 2902 (1965). .

(13) F. D. Rossini, et al., “Selected Values of Chemical Thermo-
dynamic Properties,” National Bureau of Btandards Circular 500,
U. S. Government Printing Office, Washington, D. C., 1952.

(14) R. J. Irving and I. Wadsd, Acta Chem. Scand., 18, 195 (1964).
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Table III
— AHL, — &(in H.0), ~&(in T), —@®(in NMT), — &(in DMTF),

Salt kcal mole™! keal mole~t keal mole™? keal mole ! keal mole—1
Ca(Cl10;), 542 548 553 (3) 556 (8) 560 (12)
Sr(ClO;y). 513 512 521(9) 523 (11) 528 (14)
Ba(Cl0;). 485 479 490 (11) 493 (14) 498 (19)
Ca(Br0Os3), 563 562 568 (4) 567 (5) 567 (5)
Sr(B103), 531 526 534 (8) . Ca
Ba(Br0s). 503 493 503 (10)

An alternative procedure for evaluating AH°, sug-
gested by a referee, gave essentially the same results.
The procedure was to define AH,° = AH, — am"?/
(1 + m'/*), where a is the theoretical limiting slope,
evaluate AH° for each AH,(m), and plot against
molality.

Discussion

Debye-Hiickel limiting law slopes (&u, Harned and
Owen’s notation)® for di-univalent electrolytes in F,16.17
NMF,8.19 and DMFEF20-22 were evaluated at 25° using
physical data from the references indicated. The equa-
tion for the enthalpy of solution of diunivalent elec-
trolytes is

AHy(m) = AH°(n —> 0) + 2/3\/6%;1%1/ m (3)

where d, is the density of the solvent at 25°. The
coefficients of the m"? term for F, NMF, and DMF
are 0.7, 4.1, and 10.4 keal mole™"* kg%, respectively.
These are in good agreement with the experimental
a values (see Table II). The limiting slope for solu-
tions in F is sufficiently small to be within the experi-
mental error with which a values could be determined.
Hence it is not surprising that no clear correlation
was noted for AH, and m"? in the case of F solutions.
Although the data are not sufficiently accurate to be
definitive, they suggest that both strontium and
barium chlorates are completely ionized and dissociated
in dilute NMF and DMF solutions and probably in
F also.

Values of combined ion solvation enthalpy (®) may be
evaluated from a knowledge of the crystal lattice energy
(AH1, 298°K) and the relation?®

AHy = & — AH,° (4)
In the case of the di-univalent salts examined here
- ® = (M) + 2¢(X0s7) (5)
where A
¢(AZX) = AH°A%*:(solvated) — AH°A%x(g) (6)

These ¢ values are ‘“‘conventional”’ in the sense that

they are based on ¢(H*+) = 0. Ior the bromates,
values of ® were obtained!® by an empirical interpola-
tion method?*® (interpolating on a ® vs. lyotropic num-
ber graph for MYX, salts using Ni(BrO;—) = 9.5)
and the lattice energies obtained from eq 4 and aqueous
enthalpies of solution (for this purpose AH, is assumed
to be equal to AH,°). From the lattice energies of the
bromates and those already available!® for the chlo-
rates, combined ion solvation energies were evaluated
for the salts in ¥, NMF, and DMF. These data
are tabulated in Table ITT with enthalpies of transfer
given by ®(transfer) = &M (X0;), in H,0)

& (M (X0;)s in solvent) in parentheses.

Although the values of ® are only as accurate as the
lattice energy estimates (#£59%,), the enthalpies of
transfer are as accurate as the enthalpy of solution
measurements (generally within 19).

The simplest model of solvation is that of Born in
which the difference in electrostatic free energy of a
charged rigid sphere under vacuum and a continuous
dielectric is computed and identified with the solva-
tion free energy. On this model an enthalpy of transfer
from solvent 1 to solvent 2 is given by

ez 2.2
P — B = —[ + —:l X
2 T+ r—
1 1,1/ 51) _(b In e2> il
l:el € + e1<a InT e\0In T (7)

(15) H. 8. Harned and B. B. Owen, “The Physical Chemistry of
Electrolytic Solutions,” 2nd ed, Reinhold Publishing Corp., New
York, N. Y., 1950, pp 37, 226.

(16) L. R. Dawson, T. M. Newell, and W. J. McCreary, J. Am.
Chem. Soc., 76, 6024 (1954).

(17) G. R. Leader, <bid., 73, 856 (1951).

(18) Yu. L. Sinyakov, A. I. Gorbanev, Yu. M. Povarov, and Yu. M
Kesslev, Izv. Akad. Nauk SSSR, Otd. Khim. Nauk, 1514 (1961).
(19) 8. J. Bass, W. I. Nathan, R. M. Meighan, and R. H. Cole,
J. Phys. Chem., 68, 509 (1964).

(20) J. R. Ruhoff and E. E. Reid, J. Am. Chem. Soc., 59, 401 (1937).

(21) B. V. Ioffe, Zh. Obshch. Khim., 25, 902 (1955).

(22) G. R. Leader and J. F. Gormley, J. Am. Chem. Soc., 73, 5731
(1951).

(23) (a) T. C. Waddington, Advan. Inorg. Chem., Radiochem., 1, 157
(1959). (b) In this reference AHy is defined as positive, contrary
to the treatment here.
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If solvent 1 is ILO and 2 is taken as F, NMI, and
DM, then the terms in the second bracket (at 25°)
are —3.98 X 103, 5.29 X 1073, and 5.29 X 1073,
respectively. Assuming for any one salt the first
term is constant, these data are clearly not in accord
with those in Table I11.

The deficiencies of the Born model are convention-
ally “resolved” by (a) the adjustment of the crystal
radii (ry, r_) by a factor reflecting the effective radius
in solution, a value lying between the gas and crystal
radii;®* (b) allowing for electrostriction at the vicinity
of the ion surface by including terms expressing the
variation in diclectric constant with field strength;®
or (¢) retaining the Born model as deseribing the elec-
trostatic contribution only and adding additional
terms for the energy to form a cavity in the solvent,
the energy required to solvate a neutral species, ete.26—%
From our results two trends are clear: (i) that solva-
tion energies decrease with increasing cation size but
increase with increasing anion size—only the first of
these is compatible with a Born model; (ii) there is
no obvious correlation between ® and the dielectric
constant. The only generalization that can be made
is qualitative; 7.e., the solvation energy is a maximum
in the least “structured” solvents. It is accepted
that water has appreciable three-dimensional lattice
structure at 25° and it is known?® that formamide
crystal is a layer lattice, hydrogen bonded within the
layer and van der Waals interactions existing between
the layers. It is probable that some of this two-
dimensional structure persists in the liquid phase.
Evidence from dielectric relaxation studies!?® indicates
that NMF exists in hydrogen-bonded chains of aligned
dipoles. Intermolecular bonding in DMF will be very

much weaker than with the other solvents and hence
may be considered the least ‘“structured.” Also,
for some alkali chlorides,® the free energy of solvation
shows the same trend. If hydrogen bonding in the
solvent is preferential to the formation of ion-solvent
interactions, then the least “structured” solvents will
possess the greatest ion-solvating influence. Also,
a model including a term for the energy of a cavity
formation gains credence, for presumably it will be
energetically more favorable to form a cavity in a
structureless solvent than the converse.

Estimates of the energy required to form a cavity
usually identify this term with the latent heat of
vaporization. Use of this term when comparing the
magnitude of solvation of a particular ion in one sol-
vent relative to another is questionable. Account
must be taken of the relative sizes of the cavity and
the ion that is to fill it, and the compressional or dis-
tortion energy that follows the placing of an ion in an
over- or under-sized cavity.
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