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The theoretical expression of the Henry constant has been derived on the basis of the concept of an ideal
associated mixture for the system in which a solute, M, exists as such clusters as M- (H,O) ;- (MeOH),_,;, which

are related to each other by the equation:

K
M. (H,0);_4+ (MeOH),_,;,; + H,O (_-—j;* M. (H,0);- (MeOH),_; + MeOH
Making use of the theoretical expression, the transfer-free energies of halogen acids from water to water-methanol
mixtures and the dissociation constants of weak acids in water-methanol mixtures have been analyzed and the
following equilibrium constants have been obtained for a proton, assuming that a proton is in a higher free energy
state in methanol than in pure water, while a counter ion is in the same free-energy state:
K =210, Ky=16, K, =2, K, =1
The maximum phenomena observed for the dissociation constants of charged acids in the same mixture could be
reproduced by the combination of the above Henry constants; emphasis has been placed on the importance of

the assumption of a multi-step solvation mechanism.

The solvation of electrolytes and related phenomena
in mixed solvents have received very much attention
and have been analyzed from various points of view.
These may be classified into four categories: i.e., the
theoretical treatment developed by Debye! and re-
fined recently by Padova,? the attempts taking into
account the distribution of protons between water and
alcohol,3-®) Marshall’s treatment of complete equili-
brium constants,®1? and several modified forms of the
Born equation.® A common feature of these attempts
is that they all refer to some liquid state as the standard
state.

In contrast to these treatments, taking an ideal gas
state as the standard state, the present authors have de-
veloped a method of analyzing rate constants measured
in mixed solvents from the view point of the theory of a
nonelectrolyte solution.14-16)  Since the method is based
on an equilibrium assumption between reactants and
an activated complex, after a few modifications, it is,
in principle, reasonable to apply it to the analysis of
equilibrium constants measured in mixed solvents.

As will be discussed later, the behavior of dissociation

1) P. Debye, Z. Physik. Chem., 130, 56 (1927).

2) J. Padova, J. Phys. Chem., 72, 796 (1968).

3) R. W. Gurney, “Ionic Processes in Solution,” Dover, New
York (1962).

4) C. F. Wells, Trans. Faraday Soc., 61, 2194 (1965).

5) Q. F. Wells, ibid., 62, 2815 (1966).

6) C. F. Wells, “Hydrogen-Bonded Solvent Systems,” ed. by
A. K. Covington and P. Jones, Taylor & Francis, London (1968),
p. 323.

7) C. E. Newall and A. M. Eastham, Can. J. Chem., 39, 1752
(1961).

8) H. Ohtaki, This Bulletin, 42, 1573 (1969).

9) W. L. Marshall and A. S. Quist, Proc. Nail. Acad. Sci.,
U.S., 58, 901 (1967).

10) W. L. Marshall, J. Phys. Chem., 74, 346 (1970).

11) E. M. Woolley, D. G. Hurkot, and L. G. Hepler, J. Phys.
Chem., 14, 3908 (1970).

12) R. A. Matheson, ibid., 73, 3635 (1969).

13) R. G. Bates, “Hydrogen-Bonded Solvent Systems,” ed. by
A. K. Covington and P. Jones, Taylor & Francis, London (1968),
p- 49.

14) Y. Kondo and N. Tokura, This Bulletin, 40, 1433 (1967).

15) Y. Kondo and Tokura, ibid., 40, 1438 (1967).

16) Y. Kondo, Y. Honjo, and N. Tokura, ibid., 41, 987 (1968).

constants in mixed solvents is more complex than that
of rate constants. Therefore, several refinements were
required for the method to be applicable to the analysis
of equilibrium properties in mixed solvents. This paper
is an extension of a previous series of works on the solv-
ation of a solute in mixed solvents.14-16)

Theoretical Expression of an Activity
Coefficient in Mixed Solvents.

It is appropriate to define the following activity co-
efficient, f;;, for the description of the partition of a
component, 7, between gas and solvent, j:1%

Bis = (mgyfmy) (1

where my; and my; stand for the molar concentration
of a component, ¢ in the gas phase over the solution
and that of the component, ¢, in solution.

The Henry constant of a component, ¢, in a solvent,
J» Hiy, is defined by the equation:

Hij = iigz (ft/xt)j (2)
i

where f; and x; stand for the fugacity and the mole
fraction of a component, z, respectively.

At sufficiently low concentrations of a component, ¢,
the following relations hold;

Ji= b 3)
my = (”zi/;ﬂux Vi) =%, x V7t )

where f;, P;, ngi, nu, Vi, x;, and V; stand for the fugacity,
the pressure, the number of moles in a gas phase, that
in a solution, the partial molar volume, and the mole
fraction, each of a component, 7, and the molar volume
of a solvent, respectively.

At sufficiently low concentrations of a component, ¢,
by a combination of Egs. (1), (2), (3), (4), and (5), we
obtain:

Bij = (Hyy X V,;/RT) (6)

where V; stands for the molar volume of a solvent, j.
An electrolyte, M, can be expected to exist as such
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clusters as M+ (S;)n*(Sy)» in mixed solvents, where S;
and S, stand for a solvent, 1 and 4; it has been sug-
gested that the ratio of m to n changes with the com-
position of the solvent mixture (Refs. 25, 26, and /oc.
cit).

In order to make an explicit formula for an activity
coefficient based on the above concept, let us assume
the following equilibrium:

M + 28, == M:(S,),; K,
M (8y);511°(81) o1 + 8y =
M- (Sg),-;+(S1); + S45 K
M. (S)+(S1)z-1 + Sy == M:(5,), + S5 K,
where M, z, and K, stand for an unsolvated electrolyte,
the solvation number, and the equilibrium constant of
a relevant step, respectively.

Hereafter, subscripts 1 and 4 will be used for a solvent,
subscript 2 for a solute, and subscript jz for a cluster
except for those of equilibrium constants.

One advantage of the discrete model is that it makes
it possible to introduce a mathematical formalism ex-
pressing the variation in the standard-state free energy
with respect to the composition changes in the solvents.
Consistent results have been obtained based on the pre-
dictions of the model, as will be shown later. However,
it would be safe to take the view that this does not neces-
sarily prove the real existence of the clusters.

When the above equilibrium steps exist, for the
mixture containing components 1, 2, and 4 the follow-
ing material balances hold:

Ny= M, + M, + 2 x My, + "'+jXsz+"'
+z2x M, (7)
Ny =M, + My, + M, + -+ +sz+"' + M, (8)
Ny= M+ 2% My, + (2—1) X My, + -
+(2=J) X My + o+ M, , 9
where N;, M;, and M, stand for the number of moles
of a component, i, before mixing, that of a free com-
ponent, i, in solutions, and that of such a cluster con-
taining j molecules of a solvent 1, and (z—j) molecules
of a solvent 4, such as M- (S,).—; (Sy)s-

Three kinds of mole fraction will be used in the fol-

lowing calculations:

X = Ni/¥Ni (10)
Y= Mi/(g}Mﬁ;sz) (11)
Dz = sz/(;Mr";sz) (12)

where x;, »;, and y; stand for the mole fraction de-
fined in terms of the number of moles of a component,
i, before mixing and of the number of moles of a com-
ponent, 7, and of a cluster, jz, in solution.

For the above equilibria, the equilibrium constant
of each step is defined as follows:

Ky = (Yoaly2 X 24°) (13)
Ky = (95,:X Jalyj-1,5X 01) (14)
From Egs. (7), (8), (9), (10), (11), and (12), we

obtain:

%2 = (Ot 31 (1+2X 315, (15)
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Oul) = (142X Ep) (4 D osba)) (16
At sufficiently low concentrations of a solute 2:
Jim (3afsy) = 1/(1+33(7ul30)) (17)
From Egs. (13), (14), and (17), we obtain:
al;ﬂ (ef%5) = 1/(1 +i=§]o(11=if‘)Kj) X 2457t X x,%) (18)

since x,—0, p;—%;, and y;—x,.

For an ideal associated mixture, a fugacity of a com-
ponent, 2, f;, is related to the fugacity of that com-
ponent in the pure state, f,% by the equation:

F=h %30 (19)
:lcf:fz = H, ,ix X %, (20)
From Egs. (18), (19), and (20), we obtain:
Hymie = S0/ + SR X575 (@1)
Hyy = lim Hy, o = f(1+ 1K) (22)
H,,= al:g H, ix = 2% (14+K,) (23)

As is clear from Eqs. (13) and (23), the equilibrium
constant, K,, serves as a measure of the stability or of
the solvation energy of a solute in a solvent 4.

By combining Egs. (6) and (21), the activity co-
efficient of a solute in such a mixture is given by:

lin By i = A1+ SHITK,) X )}
X (lex/RT) (24)

where V.ix means the molar volume of the mixed sol-
vent.

Transfer-free Energy of a Solute from
the Solvent 1 to a Mixed Solvent

The transfer-free energy of a solute 2 from the solvent
1 to a solvent mixture, 4G,°, can be defined as follows
by making use of the above activity coeflicient:

4GP = RTIn By vy — RTIn B,
i
= RT{In (1+ﬁK,)_1n a +>ﬁ(jn1<,.) XX )}
=0 i=0 j=0
+ RTIn (Viuix/ V1) (25)
where V; stands for the molar volume of a pure solvent
1.

Similarly, for the transfer of a solute from the solvent
1 to a solvent 4:

4G = RT{In (1 +j]_'Ion) — In (1+K,)}
+ RTIn (V) 26)

For grasping the concept of the above equations,
numerical calculations were performed making use of
the parameters in Table 1 for the case where V,=V,
(T4 Ky X Ky X oo XE)[(14+Kg)=K; X Ky X+ X K7
=3,000; then 4G;°=2.303 RT log (8,/f,) =4.74(kcal
mol-1) at 25°C.

17) Since the solvation energy of an electrolyte is very large
in usual solvents, it is reasonable to assume K,>»1.0. Therefore,
K, may be dropped out of the final equation.
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TABLE 1.

[Vol. 45, No. 3

EQUILIBRIUM CONSTANTS USED IN THE CALCULATION

Relations between

Model 2 K, K, Ky Ky Ks 4G and 4G}_,
I 4 3000 1.0 1.0 1.0 — — 4G =0, j>2
11 4 1000 1.88 1.37 1.165 — — AGL=(1/2)4G5_, j=>3
111 4 222.0 6.06 1.82 1.225 — — 4G L=(1/3)4GS_,
14Y 4 27.8 9.18 4.38 2.683 — — AG 2= (2/3)4G5_,
Vv 4 7.40 7.40 7.40 7.40 — — 4G P=A4G5_,
VI 6 19.0 7.10 3.70 2.39 1.79 1.40 4G 2= (2/3) 4G5_,
(4GP=—RTIn K;)
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Fig. 1. Calculated values of log (Bmix/f1) as a function of
the solvent composition. Numbers in the figure correspond
to the model number in Table 1.

The calculated values are shown in Fig. 1.

As is clear from Fig. 1, the negative deviation from
the dotted line increases as the proportion of AG,° to
A4G,° increases. As (4G;,°[/4G;°)—1.0, and as the sol-
vation number, z, increases, the transfer-energy curve
approaches the dotted line. Thus, an important factor
in controlling the shape of a transfer-energy curve may
be concluded to be the ratio of 4G,° to 4G,;°.

In order to compare the above idea with the experi-
mental results, the transfer-free energies measured by
Feakins et al.%9 are shown in Fig. 2. For most of
the electrolytes in Fig. 2, the transfer-free energies from
water to methanol are fairly close to each other. How-
ever, there is a very sharp distinction between alkali
metal halides and halogen acids concerning transfer-
free energy curves. The phenomena clearly demonst-
rate the well-known inadequacies of the Born equation.

Provided that the above model applies to the present
system, the difference in transfer-free energy curves
reveals that the (4G,°/4G,°) ratio of a proton is con-
siderably larger than that of alkali metal ions.

This idea is partly supported by the thermodynamic

18) D. Feakins, B. C. Smith, and L. Thakur, J. Chem. Soc.
(A), 1966, 714.

19) A. L. Andrews, H. P. Bennetto, D Feakins, K. G. Lawrence,
and R. P. T. Tomkins, ibid., (4), 1968, 1486.

Fig. 2. Transfer-free energies of alkali metal halides and
halogen acids from water to methanol-water mixtures.
Experimental results;'” (O; HBr, []; HCI, III;
LiCl, IV; NaCl, V; KCl
Theoretical values, 1: HBr, II; HCI

data for the following step-by-step addition of water to
an ion, M+, as measured by means of a mass spectro-
meter:

M*. (H,0),_, + H,O = M*. (H,0),

For the reaction in the gas phase, it has been reported
that the (—A4H,.;) value of a proton is considerably
larger than that of alkali metal ions and that, in ad-
dition, the rate of the decrease in (—AG®,_q,») with an
increase in n is smaller for larger ions.20-2%

Also, the chemical intuition of a preferential solvation
of a cation by water has been experimentally proved
by Mills and King for the Cr3t ion;?¥ it has also been
suggested from mass-spectroscopic studies of the com-
petitive solvation of a proton in a water methanol
vapor mixture.?!

20) P. Kebarle, S. K. Searles, A. Zolla, J. Scarborough, and
M. Arshadi, J. Amer. Chem. Soc., 89, 6393 (1967).

21) P. Kebarle, R. N. Haynes, and J. G. Collins, ibid., 89,
5753 (1967).

22) I. Dzidic, and P. Kebarle, J. Phys. Chem., 74, 1466 (1970).
23) M. Arshadi, R. Yamdagni, and P. Kebarle, ibid., 74, 1475
(1970).

24) C. C. Mills, 111, and E. L. King, J. Amer. Chem. Soc., 92,
3017 (1970).
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TaBLE 2. EQUILIBRIUM CONSTANTS OBTAINED FROM THE DISSOCIATION CONSTANTS AND
TRANSFER-FREE ENERGIES IN MIXED SOLVENTS (25°C)

Acid z K, K, K, K, K; K
2,6-Dinitrophenol 4 210. 16.8 1.0 1.0 — —
Benzoic acid 6 210. 17.0 4.0 2.0 2.0 1.2
Acetic acid 4 210. 17.0 5.0 1.8 — —
Hydrochloric acid 4 210. 19.0 1.5 1.0 — —
Hydrobromic acid 4 210. 12.0 1.0 1.0 — e

Dissociation Constants of Neutral Acids and the
Distribution of Clusters in Mixed Solvents

The importance of the entropy terms in determining
the magnitude and the sign of the transfer-free energy
of solutes from one solvent to another?”-2®) has been
demonstrated. However, the question of which of the
constituents of the electrolyte, i.e., the cation or the
anion, is responsible for determining the magnitude of
the transfer energy is still a matter of considerable dis-
cussion.

In the dissociation of a neutral acid, the perturbation
effect brought about on a carbon skelton by the release
of a proton may be expected to be small. Especially
for the 2,6-dinitrophenolate anion, a negative charge is
distributed over the aromatic ring and is partially pro-
hibited from the approach of solvent molecules by two
adjacent nitro groups. Also, the non-electrostatic ef-
fects by a carbon skelton may be expected to cancel
each other out of the total transfer energy since the
effect appears on both sides of equations. Thus, it is
reasonable to assume that the dissociation constant of a
neutral acid is mainly affected by the variation in the
standard-state free energy of a proton accompanying
the changes in the composition of the solvents.

The dissociation constant as measured in a mixed
solvent, Ky mix, is given by;

HA =— H* + A~
Kd,mlx = Kg(ﬁHA,mlx/ﬂH"‘,mlxXﬂA",mlx) (27)

where K, is a dissociation constant in a gas phase at an
ideal state.
Based on the above assumption, and from Egs. (21),

{22), (23), and (27):
In (Kg,mix/Ka,) = In (14 ig(j[j};Kj)xf"xl‘)
—In (14 Ky) + In (Vf V)
= In (s + g(jI:IlKj)x{"xl‘)

+ In (Vif Vo) (28)
(Kan/Ka) = {(1+IK) 1+ K}Vl V)
= AK) V7)) (29)

(v K>1)

25) H. Schneider and H. Strehlow, Ber. Bunsenges. Physik. Chem.,
66, 309 (1962).

26) E. Grunwald, G. Baughman, and G. Kohnstam, J. Amer.
Chem. Soc., 82, 5801 (1960).

27) C. M. Criss and E. Luksha, J. Phys. Chem., 72, 2966 (1968).

28) C. M. Ciriss, R. P. Held, and E. Luksha, ibid., 72, 2970
(1968).

Comparisons of the calculated values with the ex-
perimental results are shown in Fig. 3, where the sub-
script 1 refers to water and the subscript 4, to methanol,
since (K¢, water/Ka,me0m) >1. Similar calculations were
performed for the transfer energies of hydrochloric acid
and of hydrobromic acid on the basis of Eqgs. (25) and
(26) (the molar volume of the mixture was calculated
from the density data of the mixture).29)

The parameters obtained from the calculations are
listed in Table 2.39

The most interesting feature of the table is the fact
that, for all five cases, the experimental results are fairly
well reproduced by similar values of K.

The equilibrium constants of the following reaction
have been measured by several people:

MeOH,* + H,0 = H,0* + MeOH

The values are ca. 110—140 on the pure methanol
side37:34-36) and ca. 0.20 on the pure water side.4—®

At first sight, our equilibrium expression looks a
little different from the above equation. However, at
each step the net reaction actually taking place is the
substitution of water for methanol in the cluster; as a
result, the other remaining molecules in the cluster do
not appear in the mass-action equation. Therefore,
there is no essential difference between the two ap-
proaches.

As may partly be inferred from Fig. 3, a proton
would exist as H+- (MeOH), in methanol and as H+:
(Hy,O)r in water. Thus, our value of K; and K, should
correspond to the equilibrium constant measured on the
pure methanol side and on the pure water side rescpec-
tively. They agree with each other generally, but not
completely.

29) International Critical Tables, Vol. III, p. 115.

30) The calculations were performed as follws: the comparison
of the theoretical values of Fig. 1 with the log Kg,mix vs. xmy0 plot
led to rough estimates of z and of the relation between equilibrium
constants, i.e., 4G°; and AG®j;_,, for the relevant system. For an

assumed value of z (usually z=3), the value of 7 (Ky) has been
j=1

obtained on the basis of the boundary condition, i.e., Eq. (29).
After that, the values of log(Kg¢,mix/Ka,,) have been calculated on
the basis of Eq. (28) for various sets of equilibrium constants.
Similar calculations were repeated for several values of z until
satisfactory agreements with the experimental results were attained.
Similar procedures were adopted for the other systems.

31) G. Kortiim and K. W. Koch, Ber. Bunsenges. Physik. Chem.,
69, 677 (1965).

32) T. Shedlovsky and R. L. Kay, J. Phys. Chem., 60, 151 (1956).
33) A. L. Bacarella and E. Grunwald, J. Org. Chem., 20, 747
(1955).

34) L. S. Guss and I. M. Kolthoff, J. Amer. Chem. Soc., 62, 1494
(1940).

35) J. Koskikallio, Acta. Chem. Scand., 13, 671 (1959).

36) H. Strehlow, Z. fiir Physik. Chem. (Frankfurt), 24, 240 (1960).
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Fig. 3. Dissociation constants in water-methanol mixtures.
Experimental results, []; 2,6-dinitrophenol,®) O3
acetic acid,3®  A; benzoic acid,?®
Theoretical values;

The results in the table are also of interest in showing
the fall in equilibrium constants as the number of water
molecules in a cluster increases.

A trend of the equilibrium constants similar to that
obtained above, i.e., K, >K,>K;>K,, has been ob-
served for the proton hydration equilibria in aceto-
nitrile.37-39

Thus it may be seen that completely different pro-
cedures can lead to similar conclusion about the proton
hydration equilibria in mixed solvents.

By making use of the equilibrium constants in Table
2, it is possible to calculate the distribution of each
cluster, Fj,, over the full composition ranges of the
solvent by means of Eq. (30):

1.0

305
Ry
0 05 1.0
(x1,0)
Fig. 4. Distributions of the clusters as a function of the solvent
composition.

I: H+- (MeOH),, II: H*. (MeOH),-(H,O), III:
Ht. (MeOH),- (H,0),, IV: H*.(MeOH):(H,0);, V:
H*. (H,0),.

37) I. M. Kolthoff and M. K. Chantooni, Jr., Anal. Chem.,
39, 1080 (1967).

38) I. M. Kolthoff and M. K. Chantooni, Jr., J. Amer. Chem.
Soc., 90, 3320 (1968).

39) M. K. Chantooni, Jr., and I. M. Kolthoff, ibid., 92, 2236
(1970).
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lim F;, = lim Miz/i‘Mfz
j=0

Z,-0 Z,—0
i z 1
= (JLIOKj)xf"xli/ig‘_.o(j]!on)x{‘ixli (30)

The calculated values of Fy, for the set of equilibrium
constants of hydrochloric acid are plotted against the
mole fraction of water in Fig. 4.

As may be inferred from the figure, such clusters as
H*- (MeOH), and H*- (MeOH),(H,0) exist only over
quite narrow ranges of solvent compositions. In con-
trast, on the water side, the fraction of the H*: (H,0),
cluster decreases nearly linearly with the composition
of the solvent and the following relation holds over a
fairly wide range.

Fy + Fy =1 (31)

These factors should be taken into account when
attempts are made to correlate the solvation-related
properties with the macroscopic properties of the mixed
solvents.

Similar distribution curves of a hydrated proton were
estimated by Chantooni and Kolthoff in acetonitrile-
water mixtures.3%

Dissociation Constants of Charged
Acids in Mixed Solvents

There is a marked difference in the dissociation be-
havior of charged acids and wuncharged acids as
measured in mixed solvents. One of the main reasons
for such a difference is the charge type of the acids.
Since, for the charged acids, electrostatic charging ef-
fects appear on both sides of the equilibrium expression,
most parts of the effects compensate one another. Thus,
the result of such a compensation is a maximum in the
plot of log Ky vs. the composition of the solvents.

As has been mentioned above, in contrast to the case
of hydrogen halogenide acids, the transfer-free energy
of alkali metal halides varies monotonously with the
change in the composition. of the solvents. Also, the

2.0 1
—
<
)
X Lo
=
k4
g
<
5
an
=
o <«x=10
-0.5%- -0.5

(xﬂzo)
Fig. 5. Dissociation constants of charged acids in water-
methanol mixtures.
Experimental results,®» A; anilinium ion, (; N-
methyl anilinium ion, []; N,N-dimetbyl anilinium ion
Theoretical values;
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TaBLE 3. EQUILIBRIUM CONSTANTS FOR CHARGED AcIDS (25°C)

. Relations between
Acid z K, K, K, K, K K, 4G, and 4GS,
Anilinium 6 12.0 5.25 3.0 2.1 1.6 1.4 AG;°=(2/3)4G5_,
N-Methylanilinium 6 13.53 7.05 4.3 3.0 2.3 1.8 4G °=(3/4)4G5_,
N, N-dimethylanilinium 6 5.15 5.15 5.1 5.1 5.1 5.1 AG = AG5_,

behavior of the transfer energy of tris(hydroxymethyl-
amine) hydrochloride, ¢.e., a charged acid, has been
reported to resemble that of LiCl.1%)

Thus, the following calculations have been performed
from the point of view that the variation in the dissoci-
ation constants of charged acids in mixed solvents are
mainly controlled by the dissimilarities of the transfer-
energy behaviours between charged acid and a proton.

By a procedure similar to that used for uncharged
acid, for the equilibria:

BH* — B + H*
I (K, Ka,0) = [n{14+ 301K et by}~ In(1 +-Ky) e
— (1 SYUTK g™y = In(1 4 K)o

(Ve Vi) (32)
(KoK ) = HOHITK) (14K Y]
{(U+ I )1+ K Y 1% (V) (33)

As is clear from Eqgs. (32) and (33), it is necessary to
determine two sets of equilibrium constants, i.e., for a
proton and for a charged acid. The set of equilibrium
constants obtained from the transfer energy of hydro-
chloric acid has been substituted into Eqs. (32) and
(33) for those of a proton; the other parameters used in
the calculations are listed in Table 3. A comparison
of the experimental results with the calculated values
is shown in Fig. 5.

It may be seen from Fig. 5 that the general tendency
of the dissociation behaviors of charged acids can be
reproduced in mixed solvents by the procedure de-
scribed above.

In several aqueous-organic mixtures, the acidity
function, —H,, goes through a minimum with changing
water concentration at fixed concentration of the acid
(which corresponds to the maximum in the log Kgu™
of the indicator used for the measurements); several
attempts have been made to interpret this pheno-
mencn.*0)

A similar maximum phenomenon has been observed
for the rate of Wolfl-Kishner reaction in mixed sol-
vents,41)

In previous works, the present authors developed
theoretical methods for analyzing the rate constants in
solvent mixtures and performed theoretical calculation
for the rate constants based on several solvation pat-
terns.14-16)  However, in none of these calculations
could a maximum or a minimum phenomenon be
simulated. Thus, it is inevitable to assume a multi-
step solvation mechanism for reproducing a maximum
or a minimum phenomenon in solvent mixtures, al-
though the necessary procedure is much more com-
plicated.

40) C. H. Rochester, “Acidity Functions,” Academic Press,
London and New York (1970).

41) H. H. Szmant and M. N. Roman, J. Amer. Chem. Soc.,
88, 4034 (1966).






