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Abstract - One of the extraordinary properties of macrocyclic compounds
such as crown ethers and cryptands is their ability to dissolve/extract
metal ions, including alkali ions, into non-aqueous and even nonpolar
solvents. When a cation is enclosed within a macrocyclic ligand, its
solvation shell is replaced by 1igand donor atoms, and its exterior sur-
face by the organic groups of the 1igand. The result is the formation of
an organic cation with strikingly different solubility properties. Infor-
mation on the solvation energies of the complexed cations may be obtained
from the changes in stability constants of the complexes in different
solvents, which are related directly to the Gibbs free energies of trans-
fer of the species involved in the compiexation reaction. Analogously, a
complexation equilibrium between the cation (+ anion), macrocycle, and
complex (+ anion) can be formulated in the solid state, and compared to
the corresponding equilibrium in a solution. Once the Gibbs free energy
of complexation for a given salt-ligand system is known in the solid
state, the solubilities of the complexed salt in various solvents and
solvent mixtures can be easily calculated. The enthalpies and entropies
of complexation may be treated in a similar manner. The procedure is
2;1;s;;ated using measurements on NaC10,, KC10,, and AgC10,, and cryptand
2&y .

INTRODUCTION

When, in 1961, Charles J. Pedersen prepared the quinquedentate ligand bis[2-(0-hydroxyphen~
oxy)ethyllether - (1II), Scheme I - from the partially protected catechol (I} and bis(2-
chloroethyl)ether(11), he noticed a small residue (0.4%) of colourless crystals, which were
only very slightly soluble in methanol. However, this substance proved to be readily soluble
in a methanolic solution of NaOH. After subsequent spectrophotometric and analytical studies,
Pedersen identified this substance as the macrocyclic compound (V), formed by the reaction
of a small amount of unprotected catechol (IV) with the ether (II). This molecule, which
attracted attention in the first place because of its ability to form a complex with an
alkali metal cation, was designated by Pedersen as dibenzo-18-crown-6. This name charac-
terises, respectively, the substituent, the total number of atoms in the ring, and the number
of oxygen atoms (ref., 1-3). Since then, an ever increasing number of different crown ethers
and related macrocyclic ligands have been synthesised and studied, mainly in terms of their
ability to complex metal ions by binding them within a central hole or cavity of the Tigand.
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A few years later J.-M. Lehn presented a new class of ligands, the cryptands, which, being
macrobicyclic polyether compounds, contain a three-dimensional, spheroidal cavity (ref. 4-6).
Cryptands are able to form very strong inclusion complexes (cryptates) with cations, even
the alkali metal ions, in which the bound metal ion is entirely surrounded by the ligand.
Scheme II shows schematically the first cryptand to be synthesised, (2,2,2) (ref. 4).
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Scheme Il

A short, and by no means exhaustive, list of the properties of crown ethers and cryptands
includes the following topics:

a) selective complex formation,

b) the selective transport of cations through membranes,

c) the selective extraction of salts from aqueous to non-aqueous solvents,

d) the formation of solutions of inorganic salts in organic solvents, and

e) the reduction in ion-pair formation in low dielectric media.

The selectivities of the ligands are determined through (i) the 1igand donor atoms (0, N,
S, ...), (ii) the overall ligand structure (monocyclic, bicyclic, cavity size), and (iii)
cation-solvent and, to a lesser extent, ligand-solvent interactions.

CATION SELECTIVITY OF CRYPTAND (2,2,2)

In order to demonstrate in a straightforward way the influence of macrocyclic and macrobi-
cyclic ligands on the solubility of electrolytes we restrict the discussion to complexation
reactions of alkali metal and silver ions with the cryptand (2,2,2) in polar solvents. The
cryptand is an example of Lehn's diaza-polyether ligands and has a spheroidal cavity of
estimated radius 1.4 & (ref. 5). It forms very stable inclusion complexes with alkali metal
cations and Ag*, and a complexed ion of appropriate size is almost completely shielded from
the surrounding medium by the organic groups of the ligand. The formation of 1:1 metal ion
to ligand complexes (eq. 1 and Fig. 1) is characterized by the stability constand K (eq. 2)

MY+ (2,2,2) = M(2,2,2)" (1)
M(2,2,2)"

Ky = —————— (2)
[M"10(2,2,2)]

/\ O/_—\O/> Ke
N N> +
-5 ®

Fig. 1. Schematic representation of the complex formation between
cryptand (2,2,2) and a metal ion

and the thermodynamic parameters of complexation, AGO, AHO, and aS° (eq. 3). In the case of

uncharged 1igands such as (2,2,2) it is possible to {ise standard state thermodynamic para-
meters without taking into account the relevant activity coefficients appropriate to eq. 2.

AGg = -2.303 RT log K,
0 (o] 0 (3)
BGo = MY - TAS

This is because of the preservation of charge in the complexation reaction (eq. 1) and the
use of sufficiently dilute reactant solutions for the experimental measurements.

Table 1 Tists some stability constants for complexes of (2,2,2) in water and some polar
solvents, and the data for alkali metal ions are presented in Fig. 2 as a function of ionic
size for clarity. It is clear that, independent of solvent, the stability of the potassium
cryptate, K(2,2,2)", is higher than those of the other cryptates in the same solvent.

N.B.: Throughout this manuscript the thermodynamic quantities AGE, AHG.....
should be read as Aq.G°, AcH®..... according to IUPAC recommendations.
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TABLE 1. Stability constants (log KS) of (2,2,2) cryptates in various 15+
solvents at 250C (ref. 7)
solvent a)
logKs
cation H,0 MeOH  EtOH  PC AN we) o DMSO
104
4
L1+ 0'98 2.6 <2.3 6.9, 6.97 11.49 - <1
Na 3.98 7.9 8.5; 10.54 9.63 13.54 6.1, 5.3,
K 5.47 10.4; 10.59 11.1g 11.3; 12.55 7.9 7.1
Rb* 4.24 895 9.25 9.0, 9.50 10.3 6.7g 5.8 ;
cs* 14; 4.4 41; 41g 45 57 2.14 1.4
Agt 9.6 12.25 11.5) 16.33 8.9y 17.77 10.07 7.3
a) abbreviations: MeOH, methanol; EtOH, ethanol; PC, propylene carbonate;
AN, acetonitrile; NM, nitromethane; DMF, dimethyl-
formamide; DMSO, dimethyl sulfoxide 0 T T T T T
b) ref. 8 Li* Na* K* Rb* Cs*

Fig. 2. Stability constants (log K¢)
of alkali metal complexes with
cryptand (2,2,2) in various
solvents at 259C

This is a reflection of the close similarity in the sizes of K* and the cavity of (2,2,2),
which allows an optimal fit of this cation into the 1igand cavity. The stabilities of
Ag(2,2,21+, however, are larger than those of all of the alkali metal cryptates, including
K(2,2,2)*. While the latter cations interact more strongly with the ligand ether oxygen
atoms than with the two nitrogen bridgehead atoms, the silver cation forms especially strong
bonds with the two nitrogen atoms (ref. 9). The result is a more stable Ag*-complex in all
solvents except acetonitrile, where the stability constant for Ag(2,2,2)* is lowered because
of competitive interactions of the solvent nitrogen atoms with Ag*.

RELATIONSHIP OF CRYPTATE FORMATION TO THE THERMODYNAMIC
PARAMETERS OF METAL ION SOLVATION

An inspection of Fig. 2 shows the marked influence of the different strengths of solvation
of the species participating in the complexation reaction on the magnitude of the stability
constants in the various solvents. A comparison of the reaction in water, as the usual
reference solvent, with that in a non- or mixed-aqueous solvent (solv) may be conveniently
discussed in terms of a thermodynamic cycle (Scheme III). In Scheme III the treatment is
restricted to the perchlorate anion, but it could be readily generalised to include other
anions. Moreover, although the cycle is exemplified in terms of the standard Gibbs free
energy, the AGO values can be replaced by the corresponding anthalpy, AHO, and entropy, ASO,
terms.

Scheme Il

AGg.solv .
M(222)" « Ci0z

!

AGS, AGS, AGS,

0
aqueous:  M* + ClIO; + (2220292 M(222)" .+ clo;

non-/mixed aqueous: M* + CIO; + (222

Equivalent to Scheme III is eq. 4, in which the Gibbs free energy of complexation, AGg, eq.3,

0 0 _ An0 +y _ Ap0 A0 (wmt
8Ge <oty - 86¢ aq = 863,(M(2,2,2)") - 86¢,.(2,2,2) - 86,.(M")
/K. 3 (4)

= -2.303 RT ]og{Ks,solv s,aq

is related to the appropriate Gibbs free energies of transfer, AGgr, from water to a non- or
mixed-aqueous solvent, and the complex stability constants, K.

A series of experimental studies (ref. 8,10-15) have been analysed in terms of Scheme III
and eq. 4 is extended to include the general reference solvent, ref. It has been shown that,
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TABLE 2. TABLE 3.

(869,(M(2,2,2)") - 862 (2,2,2)) and AGP (2,2,2) in kJ mo1”? (aHD.(2,2,2)") - M2 (2,2,2)) and BH{ (2,2,2) in kJ mo1 ™!
fro:ﬁ PC to some dipolsF aprotic solven{'E al 3t 2590C. frorﬁ PC to some dip&far aprotic solvéhtsa) ‘at 250C.
The cryptate values refer to the Ph4As+/Ph4B" assumption. The cryptate values refer to the Ph4As+/Ph4B' assumption.

solventa) solvent?d

cation M AND) AC) ome®) omso®) | cation u* mb) wwe) omeb) omso°)
Li* 0.4 0.5 - - Lit 2.6 -1.6 - -
Na* 3.3 0.0 -0.8 0.3 | mat -1.9 -1.7 1.4 3.1
Kt 0.2 0.9 1.9 3.1 | gt -0.4 -0.9 -0.1 .11
Rb* -0.7 1.2 2.0 1.6 | pot -2.0 -3.5 -0.3 1.2
cst -1.3 0.7 -2.8 0.5 | ¢t 2.1 -3.1 1.4 1.3
Ag* -4.3 0.8 -2.2 0.5 | aqgt 1.3 - 2.5 2.1
a0 (2,2,2)  -3.49) -0.9¢)  -1.49) 2| oo

(2525 . . . S M (2,2,2) 16 -3.1 0.1 1.1
a) abbreviations for solvents as in Table 1 a) abbreviations for solvents as in Table 1
b) re;. 21;9 b) ref. 16
c) ref.
d) ref. 16 ¢) ref. 17

provided protic solvents are excluded, eq. 4 can be written to a very good approximation as
eq. 5. Thus the contributions to eq. 4 of the cryptate and the cryptand almose completely
0 0 _ 0yt ,
AGe sotv ~ G ref * 864, (M) (5)
cancel, and as long as the ligand has sufficient steric rigidity, as is the case for (2,2,2),

and the cation size is numerically similar to that of the ligand cavity, eq. 6 is valid
(Table 2). Corresponding equations (eq. 7 and 8) have been shown to apply to the enthalpies

868 (M(2,2,2)") = 163 (2,2,2) ()

0 0 N R
BHe sotv e ref = By (M) (7)
Ang(M(2!2!2)+) = Ang(Z,Z,Z) (8)

of complexation and transfer (ref. 16-18) (Table 3) and hence of course also to the entro-
pies. Therefore, eq. 5 and 7 may be used as extrathermodynamic assumptions to estimate ionic
thermodynamic parameters of transfer between two aprotic, polar solvents.

The so-called cryptate hypothesis (eq. 6 and 8) holds adequately even for cst complexes

wggh (2,2,2) in dipolar aprotic solvents, although therg is unquestionable evidence from
133cs-NMR chemical shift measurements (ref. 20) that Cs’ forms exclusive as well as inclusive
complexes with (2,2,2) in acetone, propylene carbonate, and dimethylformamide. In an
exclusive complex the cation is only partially accommodated within the ligand cavity and
therefore, in principle, may interact directly with the solvent.

SOLUBILITIES AND SOLID STATE COMPLEXATION OF METAL SALTS
WITH CRYPTAND (2,2,2)

The Gibbs free energies of transfer, AGor, in Scheme III are normally defined as the diffe-
rence between the Gibbs free energies o¥ hydration of the species and_their Gibbs free
energies of solvation in a non- or mixed-aqueous solvent. However, AGt , can equally well be
expressed as the difference of the Gibbs free energies of solution in L non- or mixed-
aqueous solution, and in water. Thus Scheme III can be modified to embrace the solid state
in addition to the aqueous solution (Scheme IV). The Gibbs free energies for the solid state
complexation reaction may then be obtained via the thermodynamic cycle in Scheme IV, pro-
vided the free energies of solution of (2,2,Z) and the simple and complexed salts are known.

Scheme IV

. . AGg.nq . _
aqueous: M* + CIO; + (2,2,2) —=M(22.2)% CIO;
AG? AGS AG2
) AG2s
solid: MCI0, +  (2,22)———=M(2,2,2) CIO,

The required Gibbs free energy of solution of (2,2,2) in water (AG0 =5.0% 0.7 kd mo]'1

)
has been calculated independently from the solubilities of the crthand in cyclohexane
(0.238 M) and tetradecane (0.086 M), combined with the known partition coefficients (ref. 21)
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for distribution of (2,2,2) between the two sol&ents and water. The Gibbs free energies of
solution of the metal perchlorates in watero AG_(MC10,), follow from the NBS compilations
of the Gibbs free energies of formation, AG (MC?04), 3f the salts in the crystalline and
aqueous states (ref. 22). The Gibbs free engrgies of solution of the complexed salts,
M(%,Z,Z)C104, for M* = Nat, K*, and Ag*, have been obtained from their solubilities in
water.

Inserting these quantities and the stability constants (as AG
water (Table 1) into eq. 9 (an alternative representation of

0 ) for the complexes in
SeA8me IV) allows calculation

0
= 86 .+ AGJ(MCI0,) + 862(2,2,2) - AGJ(M(2,2,2)C10,) (9)

c,aq

of the Gibbs free energy of complexation for the solid state reaction (AG° ). This is
exemplified for KC10, and (2,2,2) in Scheme V. €,

0
AGc,s

Scheme V Scheme VI

Gibbs free energy (kJ mol™"); 25°C
Enthalpy (kJ mol-'); 25°C
-31.5

aqueous: K* + ClO; + (222 K(22.2)"+ ClO;
1 | I aqueous:  K* + ClO] + (222) 84 _ k2220 ci0;
113 -50 226 I l !
I ‘ | 5084  -247 13,8
solid:  Kco,  + (222029 k(2221 clo, l | I
solid: KGO,  + (222) =380 _ k(222 cio,

logKseq =553 : logKss = 8.4

The enthalpies of coordination in the solid state have been calculated in a similar manner
using (i) the enthalpies of solution of (2,2,2) and of the above mentioned alkali metal
cryptate salts in water (ref. 21), (ii) the enthalpies of formation of the metal perchlorate
salts in the crystalline and aqueous state (ref. 22), and (iii) the enthalpies of com-
plexation in water (ref. 21), AHc aq’ The numerical values are included in Scheme VI.

’

The Gibbs free energies, enthalpies, and entropies of coordination for the (2,2,2) cryptates
of NaClO4, KC104, and AgC10, in the solid state are listed in Table 4.

TABLE 4. Gibbs free energies, enthalpies and entropies of coordination in
the solid state at 259C

0 0 0

M(2,2,2)C104 AGC’s AHC’s ASC’S
kd mo1”! kJ mo1”} KL mort

Na(2,2,2)0104 - 67.4 - 59.2 28
K(2,2,2)C104 - 48.0 - 36.0 40
Ag(Z,Z,Z)C'(O4 -100.2 - -

The expression of the Gibbs free energy of coordination, AGg , as an equilibrium constant
for the system solid salt, ligand, and cryptate salt, which A&s been done in Scheme V for

K(2,2,2)C10

gives rise to a value which is not dramatically different from the stability

’
constants oﬁserved in solution (Table 1). The only striking differences in the thermodynamic
parameters for coordination in the liquid and solid states are found in the entropies of
coordination (Tables 5 and 6). The entropies of coordination in sclution are almost in-
vgsiable negative for the reactions in solution, whereas for the solid state reactions,
A

c,s’

values are in both cases substantial and positive.

In solution very positive entropies of coordination are associated with the reactions of
small, heavily solvated cations, and they may be explained fairly simply in terms of the
release of strongly bound solvent molecules from the rigidly orderasd cationic solvation
spheres when the cryptate is formed. This interpretation is supported by the observed linear

dependence of the entropy of cryptation, AS

solvation for several univalent salts in noﬁlﬁaax

, with (2,2,2) upon the cationic entropy of

ous solvents (ref. 25). An exact analogy in

the solid state is not possible, but one source of increased entropy may be the weakening of
the electrostatic interaction between the cation and the anion (c1o;) in the cryptate salt

relative to the simple salt.
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TABLE 5. Thermodynamic parameters for the complexation | TABLE 6. Thermodynamic parameters for the complexation
reaction K' + (2,2,2) —» K(2,2,2)* at 250C reaction Na* + (2,2,2) _, Na(2,2,2)" at 250C
medium  log K 462 . aH2 " A§§ . mediun  Tog K¢ 462 " aH2 " é§g "
kJ mol kJ mol JK © mol kJ mol kd mol JK ° mol
i) 8.4 B0 3.0 o |sorid®) 118 g T B 21.6
vater 5_5§b) 315 -48.4%) 6.6 | water 3.9ab) -22.7 -31.9c) -30.9
meoh 1049 594 7139 -39.9 | MeOH T s s 3.4
pC 110 -63.9 71.0%) %8 |7 1o.s4b) -60.2 -s4.1d) -12.7
AN 1.3,9 6.6 ) 225 | M 9.63e) -55.0 -61.0f) -53.7
M 12,509 1.8 -80.37) g5 |™ 13.55b) -77.4 -85.79) -27.8
OME 7,968 456 -54.59) 290 | 6.17b) -35.2 -40.09) -16.1
DMSO 7'11(1) -40.6 -61.29) 69.1 DMSO 5.32 -30.3 -44 .6 -48.0
a) anion: C10;, b) ref. 23, c) ref. 21, d) ref. 7, :; ::;°"; clg4;e;) :;f'g;’r:l r;:' 21, d) ref. 16,
e) ref. 16, f) ref. 8, g) ref. 24 o c :

EFFECT OF CRYPTATE FORMATION ON ELECTROLYTE SOLUBILITY IN
PURE SOLVENTS

A combination of Schemes III and IV leads to a thermodynamic double-cycle in which the equi-
Tibria of cryptate formation in the solid state are related to the corresponding processes

in aqueous and in non- or mixed-aqueous liquid states. Various routes around this cycle may
then be used to calculate the solubilities of a cryptate salt in any solvent (solv), as, for
example, in eq. 10. This shows the determination of the solubility product from the stability

0 _ (o]
~2.303 RT log K& (o1 (M(2,2,2)C105) = 867 (1 (M(2,2,2)C10,)
[¢]
= 86g o (M(2,2,2)C10,) + 467,(M(2,2,2)C10,)
- ac® 0
= (86g 1 (MC10,) + 462 (MC10,)} +

(62 (2,2,2) + 869,(2,2,2)} -

s,aq
s,so]v/Ks,s} (10)

2.303 RT Tog{K
constant for cryptate formation, the Gibbs free energy of solution (Scheme IV), and the Gibbs
free energies of transfer (Scheme IIl). Table 7 lists solubility products calculated in this
way for Na(2,2,2)C10,, K(2,2,2)C104, and Ag(2,2,2)C10, in several pure solvents. Solubility
products for the uncﬁmp]exed salts have also been inCQuded for comparison.

The changes in solubility products due to cryptate formation may be in direction of either
increased or decreased solubility, depending upon the salt and solvent. The effects may be
very large indeed with differences of up to ten orders of magnitude being observed. The most
obvious generalisation following from these results is that the solubilities of the more

TABLE 7. Solubility products (log K0 ) of Na0104, KC10 AgC'Io4 and their

(2,2,2) cryptates in varioi® solvents it 25°C4é)
so]v.b) ]OgKgp of logKgp of logK:p of 1ogKgp of logKgp of logKgp of
(NaC10,) [ (Na(2,2,2)C10,) | (KC104) | (K(2,2,2)C104)[(AgC10,) |(Ag(2,2,2)C104)

water 2.79 -4.17 -1.95 -3.97 3.37 -3.71
MeOH 0.14 -3.56 -4.81 -2.46 0.97 -4.34
EtOH -1.42 -4.70 -6.86 -4.46 0.38 -5.81
PC -1.28 -2.60 -4.53 -1.74 -1.36 -2.62
AN 0.11 -6.33 -3.53 -0.55 7.10 -0.71
NM -3.57. -2.18 -5.48 -1.61 - -

DMSO 5.61 -1.11 0.75 -0.73 9.68 -0.89
DMF 3.61 -2.26 -1.28 -1.90 5.58 -2.32

a) -2.303 RT log K (MC10,) = AGJ(MC10,3aq) + 463,.(MC104)
-2.303 RT log Kgp(M(z,z,z)c1o4) = 863(M(2,2,2)C10,32q) + AG:r(M(Z,Z,Z)C104)
The AGgr values have been taken from Table III and Table IV of ref. 7. The
iodides have been converted into perchlorates with {AG:r(CIOZ) - AGgr(I')}/
kd mol’lz -0.80, MeOH; -1.70, EtOH; -6.60, PC; -17.1, AN; -14.5, DMS0;-14.8, DMF
b) abbreviations for solvents as in Table 1
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soluble salts (irrespective of solvent) are reduced upon cryptate formation and vice versa
for sparingly soluble salts (Table 7: e.g. NaCl0, (H,0), AgC10, (H,0), KC10, (DMS0Y vs.
NaC10, (NM), KC10, (PC), etc.). It is aiso noticdablé that fora given salt in different
solveﬁts, the so]ﬁbility of the cryptate salt increases relative to that of the uncomplexed
salt as the solvating ability of the solvent (as measured by the absolute solubility of the
salt) decreases. This is a reflection of the comparative insensitivity of the compliexed
cation to solvent variation. An important consequence is that cryptate formation will often
have a beneficial effect on electrolyte solubility in weakly solvating media.

EFFECT OF CRYPTATE FORMATION ON ELECTROLYTE SOLUBILITY IN
MIXED SOLVENTS

Complex formation between (2,2,2) and K* and Ag+, two cations of almost the same size, has
been studied recently in mixtures of acetonitrile and water (ref. 26,27). The Gibbs free
energies of transfer of K(2,2,2)C10, and Ag(2,2,2)C10, have been calculated over the whole
mole fraction range using the stabi?ity constants or Gibbs free energies of complexation
Xsee Scheme III). The results are shown in Fig. 3, along with values for (2,2,2), KC]04, and
gC10,.

The remarkable difference between AGY (AgC10,) and 862 (KC104) is a result of a very strong
interaction between Ag* and acetonit$f1e on %he one h&ﬁd, leading to a decrease in free
energy with increasing mole fraction, XaN» of acetonitrile, and a preferential hydration of
K* on the other hand, causing an increase in 4G9 (KC10,) with increasing x N- However, the
corresponding values for the complexed salts, A§f2,2,2 0104 and K(2,2,2)C10,, differ only
slightly by comparison. These results provide an excellent illustration of %he ability of
the ligand to shield the enclosed cation from direct, specific interaction with the solvent.

AGh- v LI L T T T T 4
1
(kJmol] 6 AgClO,
b
0 - logKs, -
KCIO,
/ P 4
0 e |
2-
e (2,2.2)
-;\&\ 1 Xan=1-X
10 AN = 1= RH0
10 \*\X\X /X’X) G 0 T T T T 015 T T Y T ]
A\ ~——x—"Rg(2.2.2)Cl0,| - ‘
[N b
+_ A 10, &
\+§K(Z.A2.Z)C 0, . T N x
20 T—"RgC0. ] Ag(2.2.2) CIO,
L 1 L 1 N 1 " 1 N _
0 02 0.4 06 08 10
XAN=1‘XH20 _L:

Fig. 3. Gibbs free energies of transfer of Fig. 4. Solubility products (log Kgp) of Agc104
(2,2,2), KC104, AgC10, and the correspond- and Ag(2,2,2)C10, in acetonitrile™ water
ing cryptate salts in acetonitrile + water mixtures at 250C
mixtures at 259C

0 05 XAN=1'XH20 1
0 1 1 1 1. 1 1 Il 1 1
o/ ”-h\
:éx.\x K(22.21C10, 0
_21’“’:;7 T~ Fig. 5. Solubility products (log K. )
"\\\x of KC10, and K(2,2,2)C10, in aceto-
o [/ \\<L\\ - nitrile + water mixtures at 259C
logKsp
N\
44 A
KCIO,
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TABLE 8. Solubility products of KC10,, Agclo4 and their (2,2,2) cryptates
in acetonitrile + water mixtures at 250C

xAN=1-xH20 1ogK‘s’p(Agclo4) IogK:p(Ag(Z,Z,Z)C104) 1ogK‘s’p(Kc1o4) 1og|<§p(|<(z,2,2)c1o4)
0.0 3.37, -3.71 -1.95 -3.97
0.05 4.7, -2.97 -1.8g -3.14
0.1 5.5, -2.4; -1.73 -2.35
0.2 6.23 -1.7g -1.65 -1.5g
0.3 6.54 -1.5¢4 -1.7g -1.13
0.4 6.75 - -1.7g -0.9,
0.5 6.8g -1.4g -1.94 -0.7¢
0.6 6.8 - -2.2; -0.8;
0.7 6.85 -1.4g -2.5; -1.0,
0.8 6.7g - -2.9 -1.1
0.9 6.65 -1.73 -3.4g -1.37
0.95 6.53 -1.89 -3.84 -1.25
1.0 6.49 -1.99 -4.1 -1.25

The solubility products of AgClOa, KC104, Ag(2,2,2)C104, and K(2,2,2)C10, (Table 8) have

been calculated in the solvent mixtures using the procgdure outlined in %he previous section,
and these are plotted against the mole fraction of acetonitrile in Figs. 4 and 5. There is

a dramatic change of about eight orders of magnitude in the solubility products of AgCIO4 in
the solvent mixtures on complex formation (Fig. 4). However, the relative variation with
solvent composition is preserved. Thus, the preferential solvation of Agt by acetonitrile and
the increasing interaction of Ag(2,2,2)* with solvent in the more organic solutions, both
lead to an increase in KSp with mole fraction xpy-.

In the case of the two potassium salts the pK° curves intersect at X,y = 0.2. The solu-
bility products of the salts in water differ mlch less than those of @Ne two silver salts,
and the preferential hydration of K* and solvation by acetonitrile of K(2,2,2)*, which have
opposite effects on the solubilities of the salts with increasing x,y, is sufficient to
cause this inversion of solubilities. Therefore the effect of crypta%e formation with
(2,2,2) on the solubility product of KC]O4 changes from a decrease in water to an increase
in acetonitrile.
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