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A powerful anion effect destabilizing alkali ion-crown complex formation has been found to 
operate in moderately concentrated protic (H2 0, CH3 0H, C2 H s OH) solution, following the 
order HO- > AcO- > CI- > Br- > NO; > I~ > NCS-. Evidence is provided that the 
observed effect does not originate from ion-pairing. A simple explanation is provided in terms 
of concordant hydrogen bond bridges of exalted stability between the gegenions, M + .. 'OR
-H···(OR-H) .. ··OR-H .. ·A -. It is proposed that encapsulation of alkali ion by the macrocyclic 
ligand leads to a dissipation of the cation charge density destroying its ability to participate in the 
hydrogen bond bridge. An opposition against the alkali ion-crown complex formation arises 
accordingly in the solution in dependence on strength of the hydrogen bridge; for a given cation, 
the hydrogen bond strength increases with increasing anion charge density from NCS - to HO
(RO-).It is pointed out, at the same time, that the observed anion effect does not correlate with 
the known values of activity coefficients of the individual alkali salts which are almost insensitive 
to anion variation under the investigated conditions. As a resolution of the apparent paradoxon 
it is proposed that, in absence of the macrocyclic ligand, the stabilizing (concordant) bonding 
between the gegenions is nearly balanced by a destabilizing (discordant) hydrogen bonding 
between the ions of same charge (co-ions). Intrinsic differences among the individual salts are 
thus submerged in protic solvents and become apparent only when the concordant bonding is 
suppressed in the alkali ion-crown complex formation. 

Of the multifarious factors that may influence metal ion-crown complex formation 1 - 4, 

the role of counterion was given only a sparse attention, in spite of the available 
evidence suggesting that in related situationss - 14 counterion effects are sometimes 
very strong . 

. In particular, surprisingly little is known about the counterion effect in a homo
geneous solution 15, a possible explanation being that so far the effect has been viewed 
more as an obstacle in the metal ion-crown complex stability determination than as 
a problem of a considerable interest on its own right. 

• Part X in the series Chemistry of Multidentate Ligands; Part IX: Collect. Czech. Chern. 
Commun.54, 1043 (1989). 
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In a customary analysis, anion effect on cation-crown complex stability is assumed 
to arise from ion pairing. It is assumed accordingly that suppression of ion pairing 
in solution - which may be attained by a judicious choice of solvent - will suppress 
also the counterion effect from operation in the complex-forming reaction. Such an 
assumption has been concisely expressed by Lehnl6 in the well-known dictum: "In 
water and other highly solvating media, the charged complex and the anion are 
separately solvated, and no anion effect on complex stability is expected". 

In a striking discord with the expectation, we have recently discovered 17 ,18 
a powerful anion effect on alkali ion-crown complex formation operating in the most 
dissociating protic solvents. Analysis of the "illegitimate" effect is the subject of the 
present study. 

EXPERIMENTAL 

Materials: 18-crown-6 ether was prepared by a described procedure19 and recrystallized from 
hexane prior use. Alkali salts employed in the study were analytical grade (Lachema). 

Ebullioscopy: Performed in a quartz apparatus analogously as it was described in previous 
papers20 - 22. Theoretical (model system) traces employed in the discussion were calculated from 
the equation 

(I) 

where ..1 T is the expected change in boiling point temperature (in K), KE is ebullioscopic oonstant 
characteristic for a given solvent (cf. ref.21 ) and Lm; is a sum of concentration of the individual 
ionic and/or non-ionic species present in the solution (in mol kg -1). 

RESULTS AND DISCUSSION 

Survey of the Ebullioscopic Evidence Demonstrating Anion Effect in Metal 
lon-Crown Complex Formation 

As we pointed out in the preceding papersI7 ,22, ebulliometric titration may serve as 
a very convenient tool for investigation of alkali ion complexation with crowns 
in moderately concentrated (0'05 -1·2 mol kg-I) solutions. The procedure consists 
of measuring changes of boiling point temperature (aT) induced by a gradual addi
tion of the macrocyclic ligand to an appropriate alkali salt solution (or vice versa). 
Since a T is a colligative parameter depending, in the first approximation, only on 
quantity, not on quality of particles present in the investigated solution (cf. Eq. (1)), 
crown complex formation can be assessed simply from a comparison of the experi
mental ebulliometric curve with theoretical (model system) traces calculated for 
alternative complexation modes. 

With the ebullioscopic procedure we accomplished an extensive study of potas
sium, sodium and lithium ion complex formation with 18-crown-6, 15-crown-5 
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and 12-crown-4 ethers in three hydroxylic solvents differing greatly in ion-separating 
ability (ROH; R = CZH 5 , CH 3 and H). Replacing in the investigated series, at 
random, the alkali salt counterion (MX; X = RO- and SCN-, respectively) we have 
found 17, unexpectedly, a very pronounced effect of anion. Figure 1 exemplifies the 
situation by the results we obtained in the ebulliometric titration of the two alternative 
potassium salts with 18-crown-6 ether. On basis of crown cavity size-metal ion 
diameter correlation the combination is particularly suitable for a 1 : 1 complex 
formation. 

In all the three hydroxylic solvents shown in Fig. 1 the thiocyanate salt (KSCN) 
exhibits a practically complete complexation, which appears "normal" both from 
the standpoint of the crown cavity-ion diameter correlation, as well as in respect of 
the complex stability data reported earlier in literature 15 ,z3,z4. In a contrast, how
ever, the alkoxide or hydroxide (ROK) indicates an almost complete absence of 
complex formation, which is clearly anomalous. Entirely analogous differences 
have been found 17 between the corresponding sodium salts (NaSCN and RONa, 
respectively). 

A question posed itself, on basis of the experimental evidence, whether the ano
malous effect is specific only for the solvent-conjugated (alkoxide or hydroxide) 
anion. Therefore we have subjected a wider series of potassium salts to the ebullio
metric titration with 18-crown-6 ether. A broad spectrum of ebulliometric curves 
has been obtained in aqueous solution (Fig. 2) ranging widely between the theoretical 
limits calculated for a quantitative and for none complex formation, the observed 
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FIG.l 

Changes of boiling point temperature, .iT(K), induced in a 0'6 mol kg -1 KX solution in a protic 
solvent (ROH) upon a gradual addition of two equivalents of 18-crown-6 ether. Experimental 
curves (. X = SCN; 0 X = OR) and theoretical traces calculated 1 for a quantitative (I : 1) 
and 2 for none complex formation (crown ether dissolution) 
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order of anion proclivity to support complex formation being NCS - > 1- > NO;- > 
> Br- > CI- > AcO- > HO-. It may be seen accordingly that the two anions 
involved in the former study (Fig. 1), thiocyanate and hydroxide, approach, inci
dentally, most closely the extremes, whereas the others occupy intermediate posi
tions. In this way it follows that the observed anion effect does not represent an 
exceptional but rather a "normal" feature in crown complex formation, at least 
under the investigated ebullioscopic conditions. 

Seeking explanation for the cbservation~, we must first consider possible flaws 
in the ebullioscopic evidence. As we pointed out already in the preceding papers 17.22, 

interpretation of the experimental data from ebulliometric titration rests on a com
parison with the theoretical model (Fig. 30) assuming that ionic association does not 
change upon addition of the macrocyclic ligand to the investigated solution. That the 
assumption is of a crucial importance becomes apparent from examination of an 
alternative theoretical model (Fig. 3b) in which addition of crown ether changes 
ion association in the solution. 

Let us examine first, in the alternative model, a hypothetical situation that a dis
sociated alkali salt gives rise to an ion-paired complex (1 : 1) upon addition of the 
crown. Such a process would lead to an overall decrease in the number of solute 
particles - two free ions being always replaced by a single ion-pair - and a boiling 
point depression would be accordingly observed (trace 1 in Fig. 3b). A comparison 
with the experimental data from Figs 1 and 2 will however immediately show that 
such a complication, albeit not perhaps entirely absent (due to hydrophobic inter
actions25 ) in the aqueous solution (Fig. 2; experimental curves for KSCN, KI and 
KN03 ) it cannot be the main factor responsible for the anion effect observed in the 
ebulliometric titration. 
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FIG. 2 

Changes of boiling point temperature, 
~ T(K), induced in a 0'6 mol kg -1 aqueous 
solution of a potassium salt (KX) upon 
a gradual addition of two equivalents of 
18-crown-6 ether. Experimental curves 
(dashed lines; H 2 0 a dissolution of 18-crown
-6 ether in a neat water) and theoretical traces 
(full lines) calculated 1 for a quantitative 
(1 : 1) and 2 for none complex formation 
(crown ether dissolution) 
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Let us examine next an exactly opposite situation in which alkali salt is initially 
ion-paired but gives rise to a dissociated complex consisting of a crown-encapsulated 
cation and a free anion. Such a process would apparently double the overall number 
of solute particles and a boiling point elevation would be accordingly obs~rved 
(trace 2 in Fig. 3b). 

The latter eventuality must be very carefully considered, because it might provide 
a very simple explanation for the different ebullioscopic behaviour of the individual 
salts. The sole prerequisite for such a scenario would be that in absence of the crown 
one extreme salt (hydroxide or alkoxide) is ion-paired whereas the other (thio
cyanate) is dissociated, but that both the two salts yield a dissociated 1 : 1 complex 
upon addition of the macrocyclic ligand. 

In order to probe this eventuality, we have investigated ebuIIioscopically degree 
of ionic association of the two alkali salts in the absence of crown in the solution. 

6.T a 2 6.T b 2 

o 0·6 mol kg-' o 0·6 mol kg-' 

FIG. 3 

Alternative model systems in ebulliometric titration. Theoretical traces for different modes of 
complexation in 0·6 mol kg -1 KX solution upon addition of two equivalents of 18-crown-6 
ether calculated a under the assumption that ionic association of the dissolved alkali salt does not 
change upon addition of the macrocyclic ligand (1 a quantitative I : 1 complex formation; 2 
none complex formation) and b under the assumption that ionic association of the dissolved 
salt changes upon addition of the macrocyclic ligand (1 a quantitative formation of an ion-paired 
I : I complex from a dissociated salt; 2 a quantitative formation of a dissociated I : I metal 
ion-crown ether complex from an ion-paired salt) 
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As inspection of Fig. 4 summarizing the ebulliometric curves obtained on dissolving 
potassium hydroxide (alkoxide) and thiocyanate shows, the experimental curves 
for the two different salts are almost identical in any of the investigated three solvents 
indicating that the relative extent of ionic association is practically unaffected by 
anion. Moreover, in the aqueous and methanolic solutions, the experimental lines 
lay very closely to the theoretical trace calculated for a complete dissociation of the 
investigated salt. It hardly allows any other explanation than that ion-pairing is 
practically absent in the solution. Independent evidence in this respect is available 
e.g. from conductometric measurements26 . 

In this way it follows that different ion-pairing of individual alkali salt cannot 
explain the observed effect of anion. Some other, stronger, interaction has apparently 
to be taken into account. 

Some Related Results 

So far we have delt exclusively with ebullioscopic evidence. A question may be raised 
accordingly whether the anion effect can be detected also by other techniques. In 
1970 Frensdorff15 employing potentiometric titration with sodium selective electrode, 
investigated sodium ion-dicyclohexyl-18-crown-6 complex formation from two dif
ferent sodium salts (NaOH and NaCI) in aqueous solution. No difference between 
the two saIts was found. A small but significant effect of salt concentration was how-
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FIG. 4 

Changes of boiling point temperature, AT(K), induced upon dissolving potassium salt (KX) in 
a pro tic solvent (ROH). Experimental curves (X: • SCN; 0 OR) and theoretical traces calculated 
1 for a complete dissociation (slope equals 2KE ) and 2 for a complete ion-pairing (slope equals 
K E) of the salt 
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ever noted in the crown complex stability measurement, and it was attributed to 
"an unidentified equilibrium" taking part in the complex-forming reaction. 

Since the Frensdorff study was performed at much lower salt concentration than 
our ebullioscopic measurements, we have accomplished subsequently an analogous 
potentiometric study of 18-crown-6 complex formation with three different sodium 
salts (NaOH, NaC!, NaSCN) covering a range of higher salt concentrations in the 
aqueous solution. A small but significant anion effect has been found already at 
the lowest investigated concentration (0·01 moll-I), the value of the ratio of stability 
constants obtained for the two extreme salts, K(NaSCN)/K(NaOH) being about 1·5. 
On going to more concentrated solution magnitude of the effect gradually increases; 
in 1·0 moll- I solution the K(NaSCN)/K(NaOH) ratio already approaches the value 
of about 20 (Table I). A quite analogous but even more pronounced effect has been 
found in methanol ls . It follows that the anion effect we now have under study is 
concentration dependent. 

The thermodynamic stability constant, Kth' for a : 1 metal ion-ligand complex 
formation 

M+ + L ~ ML + (2) 
is defined by 

(3) 

Because values of activity coefficients 'YML + and 'YL are unknown, it is a common 
practice (also in potentiometric measurements) to replace the thermodynamic constant 
by the concentration constant (pseudoconstant), Kc ' defined by 

K = K h 'YM+}'L 
c t (4) 

'YML+ 

TABLE I 

Potentiometric stability constant, Kc (taken from ref. ls), for sodium ion-18-crown-6 ether 
complex formation determined in aqueous solution: The effect of anion and salt concentration 

[NAXj X 

moll- I 
~--~-- ----~----- ~ - ------ ._---

(OH) (CI) (SCN) 
---- ---- -_.-

0·01 19·1 23·8 27·6 

0·1 6·0 7·9 10·3 
0·5 1·9 4·8 9·7 

1·0 0·5 2·5 9·7 
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In this way, anion effect on crown complex stability can be attributed to the variation 

of YM+"h!YML+ term. 

From literature it is known that mean activity coefficients of potassium and sodium 
salts in water vary26 with salt concentration as well as with identity of anion*. 
However, the actual differences found in the investigated region (Table II) are too 
small for explanation of the pronounced effects found** in Figs 1 and 2 as well as 
in Table I. 

As it concerns YL variation, it is known that strong electrolytes may affect2 3 ,29,3o 
activity coefficients of neutral solutes in a manner depending on the salt concentra
tion as well as on identity of the anion (cf. e.g. Hofmeister lyotropic series)29. A closer 
examination of literature data however again reveals that the reported variation is 
too small to account for the present results. Typically, activity coefficient of benzene 
in aqueous solution of sodium salts ranges30 as follows:' 

1·80 (lM-NaOH) > 1·57 (lM-NaCI) > 1·31 (lM-NaN03). 

Apparently, differences at least one order of magnitude greater would be required 
for explanation of the present results. 

No direct evidence is available concerning variation of the metal ion-crown 
complex activity coefficient, YML+, with anion.*** Significant is however our observa
tion that ebulliometric curves obtained for 18-crown-6 ether-potassium iodide 

TABLE II 

Activity coefficients of alkali salts (MX) in 0'6 mol 1-1 aqueous solution (data taken from ref. 28) 

X 
M+ ----_._----- .. _--------_. 

<OH) <OAc) <CI) <Br) <0 <N03 ) <SCN) 
-----

K+ 0'733 0'754 0'637 0'646 0'667 0'519 0'633 
Na+ 0'685 0'736 0'673 0'692 0'723 0'599 0'712 

• It must be stressed that mean activity coefficients. )' ±, from Table II are not nece:;sarily 
identical with single ion activity coefficients, I'M+. in Eqs (3) and (4). A number of arbitrary non
-thermodynamic formulations and conventions has been devised for dividing the mean activity 
coefficients into their ionic components31 ,32. For univalent electrolytes the simplest convention 
of this type is I' + = I' _ = I' ± . 
•• Concerning relationships between mean activity coefficients and ebullioscopic behaviour 
of alkali salts see, e.g. ref.27. 
••• Concerning a subtle variation of fM+)'L!i'ML+ with salt concentration see ref. 36 
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complex formation are almost identical in a neat water and in 0·6 mol kg- I KOH 
solution (Fig. 5). 

On the Origin of the Anion Effect on Alkali lon-Crown Complex Formation 

With the evidence provided in the preceding paragraphs, origin of the anion effect 
now gets on the agenda of our discussion. Apparently, involvement of ion pairing 
which is customarily assumed to be the responsible factor can now be dismissed from 
a further consideration, a simple argument being that ion pairs, of Bjerrum as well 
as of Fuoss type26.33-35, are unimportant under the investigated conditions. Also 
small specific effects of individual salts (ions) known from earlier studies of strong 
electrolytes25 ,26,30,37 - 39 do not offer any reasonable explanation. Operation of 
some other factor which so far escaped notice or which becomes apparent only in the 
presence of crowns must be therefore considered. 

A clue to the elusive factor may be deduced from Fig. 2. The decreasing propensity 
of the individual potassium salts to alkali metal ion-18-crown-6 ether complex 
formation following the order NCS- > I- > NO~ > Br- > Cl- > AcO- > HO
correlates well with the increasing anion charge density37, which in turn correlates 
with increasing energy of anion solvation40 (hydration): NCS - (69'9 kcal mol- I) < 
< Br- (72'5 kcal mol-I) < Cl- (75'8 kcal mol-I) < HO- (90'6 kcal mol-!).* 

Ample evidence is available in literature that anion solvation energies strongly 
affect behaviour of salts in phase-transfer!! - 13. ion-exchange I4 ,4!, ion-transport6,7 
and ion-separation processes8 -! o. In explaining anion effects in such processes it is 
invariably assumed that a (partial) desolvation of ions takes place on going from 

FIG. 5 

Changes of boiling point temperature, 
AT(K). induced upon a gradual addition of 
two equivalents of 18-crown-6 ether to 
a 0-6 mol kg -! solution of potassium iodide 
in a neat water (0) and in 0'6molkg- 1 

aqueous potassium hydroxide (e). Theore
tical traces for a quantitative (1 : I) and for 
none complex formation (crown ether dis
solution) are included for a comparison (lines 
1 and 2, respectively) 

• I kcalmol- 1 = 4·184kJmol- 1 . 
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aqueous to organic medium. The energy differential resulting from the desolvation 
is assumed to give rise to the effect of anion. However, no such anion desolvation 
can be reasonably conceived either in the ebullioscopic or in the potentiometric 
studies that, in contradistinction of the aforementioned processes, take place in 
a homogeneous solution. Superficially, therefore, there is no apparent reason why 
a correlation between anion solvation energy and alkali ion-crown complex stability 
should exist in the present study. 

Let us however consider more closely the relationship between ion solvation and 
hydrogen bonding. In protic solvents, such as alcohols and water, interaction of 
anionic centers with the solvent is a hydrogen bonding phenomenon. Oxyanions are 
well-known hydrogen-bonding acceptors. Also halide ions are known to engage as 
many as five or six halide ... hydrogen bond in crystals42 •43 • Large shifts, Av, are 
displayed in the order Cl- > Br- > r in inert solvents44 •45 • Identification of Llv 
is difficult in aqueous or alcoholic solutions but a qualitative order is HO- > CI- > 
> NCS-, i.e. it parallels the order of anion hydration energies46 • 

Significantly, also cation solvation in pro tic solvents involves hydrogen bonding. 
Coordination of water (alcohol) molecules in the inner-solvation sphere of a cation 
leads to an increase in the solvent hydrogen atom acidity35.4 7 . The enhanced positive 
charge of the first solvation shell enhances hydrogen bond strength to the second
-nearest neighbour waters (alcohols) and the cycle may repeat itself, giving thus 
rise to hydrogen bond chains48 . 

M+"'O-H"'O-H"'O-H'" 
I I I 
R R R 

Entirely analogous hydrogen bond chains, but with opposite charge orientation. 
may be visualized to take place with anions, the enhancement of the hydrogen bond 
strength being again the more effective, the higher charge density of the solvated 
anion. 

A - .. 'H-O" 'H-O" 'H-O'" 
I I I 

R R R 

According to semiempirical MO calculations, the enhanced hydrogen bonding 
disappears only after about six intervening water molecules in the model, for high
-charge density ions at least46 •48• 

Assumedly, it may have important consequences for the hydrogen bonding model 
of moderately concentrated salt solution. Since the number of intervening waters 
between anion and cation is on average about eight in a 0·1 moll- 1 solution of 
1 : 1 electrolyte, it is likely that "living ends" of the hydrogen bond chains of the 
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opposing ions meet each other at this and at higher concentration, the obvious 
result of the partial charge relay being an exalted stability of the hydrogen bond. 

As it was proposed by Gordon49, such hydrogen-bonding potentialities between 
gegenions may be called concordant. The exalted stability of the concordant bridges 
should increase with increasing charge density of the participating ions as. well as 
with the decreasing length of the solvent chain, e.i. with increasing concentration. 

A - ... H-O'" H- -0'" H-O'" H-O··· M + 

I I I I 
R R R R 

Such concordant bonding is not possible between ions possessing same charges, 
i.e. co-ions. Any sequence of waters (alcohols) between the same charge ions cannot 
be continuously bonded; the orientation of poles proceeding from each ion is iden
tical and hence discordant. 

A -"'H-O"'H-O"'O-H"'O-H"'A-
I I I 
R R R R 

M+· "O-H' "O-H" 'H-O" 'H-O" 'M+ 
I I I I 
R R R R 

In this way, the hydrogen-bonding relationship may provide a very simple explana
tion for the concentration-dependent anion effect on alkali ion-crown complex 
formation we have found in the dissociating protic solvents. Encapsulation of alkali 
ion by the macrocyclic ligand presumably leads to a pronounced dissipation of ion 
charge density, destabilizing or perhaps completely destroying the cation capability 
to participate in the concordant hydrogen bridges. It, obviously, may lead to a de
stabilization of the alkali ion-crown ether complex in a protic solution. The opposi
tion against the complex formation may be assumed to be the stronger, the greater 
is stability of the concordant hydrogen bond bridge; for a given cation, the destabiliza
tion will increase with increasing anion charge density (from NCS- to HO-) as well 
as with increasing salt concentration, in accordance with our observations. 

It may be asked why the differences in the concordant hydrogen bonding which 
we have now invoked for explanation of the anion effect in the metal ion-crown 
complex formation are not apparent (Table II) also in the values of activity coeffi
cients of the individual alkali salts. 

As an explanation, we are inclined to assume that, in absence of the macrocyclic 
ligand, the stabilizing concordant hydrogen bonding between the opposite ions 
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gegenions is nearly balanced* by the destabilizing discordant hydrogen bonding 
between the co-ions. The intrinsic differences among the individual salts are thus 
submerged and become apparent only when the concordant bonding is suppressed 
by the alkali ion-crown complex formation. 

It follows, as a corollary, that crown ethers may serve as an invaluable probe for 
investigation of hidden interionic interactions operating in protic solutions. Con
sideration of the elusive effect of anion, of which we have now given account, leaves 
us with an impression that some dark corners still remain in the theory of strong 
electrolytes that await explanation. 
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