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Sammavy. The enthalpies and entropies of complexation of alkali and alkaline-earth metal 
cations by several macrobicyclic ligands have been obtained from calorimetric measurements and 
from the previously determined stability constants [2]. Both enthalpy and entropy changes play 
an important role in the stability and selectivity of the complexes. Particularly noteworthy are 
the lavge enthalfiies and the vaegative entropies of complexation obtained for the alkali cation 
complcxcs (Na+, I<+, Rb+ and Cs+ cryptates). The Sr2+ and Baz+ as well as [Li+ c 2.1.111) and 
“a+ c 2.2.11 cryptates are of the enthalpy dominant type with also a favourable entropy change. 
The Ca2+ and [Li+ c 2.2.11 cryptates are entirely entropy stabilized with about zero heat of 
reaction. The high stability of the macrobicyclic complexes as compared to the macromonocyclic 
ones, the cryfitate effect, is of enthalpic origin. The enthalpies of complexation display selectivity 
peaks, as do the stabilities, whereas the entropy changes do not. The high MZ+/M+ selectivities 
found in terms of free energy, may be reversed when enthalpy is considered in view of the very 
different role played by the entropy term for MZ+ and M+ cations. The enthalpies and entropies 
of ligation show that whereas the cryptate anions are similar in terms of entropy irrespective of 
which cation is included, the ligands, despite being more rigid than the hydration shell, are 
nevertheless able to adjust to  some extent to  the cation. This conclusion agrees with published 
X-rays data. The origin of the enthalpies and entropies of complexation is discussed in terms of 
structural features of the ligands and of solvation effects. 

Introduction. - Although alkali and alkaline-earth metal cations play a role of 
ioremost importance both in chemistry and in biology, their coordination chemistry 
has mainly been developing in recent years with the advent of natural [3] or synthetic 
[4-61 macrocyclic and synthetic macropolycyclic [ 5-91 ligands. These ligands form 
inclusion complexes in which the metal cation is contained in the intramolecular 
cavity. The stabilities and selectivities [2] of such cryptates [8] complexes have been 
studied for many ligand/cation pairs and have been related to ligand structural 
features [l-61. 

A deeper understanding of the thermodynamics of cryptate formation may be 
provided by the analysis of the free energy of complexation, AG, into enthalpy, A H ,  
and entropy, A S ,  of complexation. Such data have become recently available for a 
number of natural macrocyclic antibiotic ligands 110-151, for two isomers of the 
rnacrocyclic polyether dicyclohexl-18-crown-6 [16-171 as well as for a number of 
common solvents including the linear polyethers of the ‘glyme’ type [lT]. 

We present here a calorimetric study [18] of the formation by cryptands 1-4 of 
the especially stable alkali and alkaline-earth macrobicyclic 1 : 1 cryptates whose 

1) For use of the symbols see [Z]. 
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structures [S] and stabilities [2] have been discussed previously. After completion of 
this work a calorimetric study of cation complexation by ligand 3 has been published. 
The data reported are in agreement with our results [19]2). 

1 M = 0; n = 1 [2.1.1] 
2 m = 1; n = 0 [Z .Z . l ]  
3 nz = n = I [2.2.2] 
4 M = I ;  PZ = 2 (3.2.21 

5 

1. Heats ofcomplexation. The formation of the cryplates in water is represented by 
equation (1). 

K.5 
(L)aq + (M”+, m HzO) + [Mn+ C L] aq, $- In H2O (1) 

where K ,  is the concentration stability constant. In addition to  ( 3 ) ,  four acid-base 
equilibria are present. They correspond to the mono- and biprotonation of the free 
ligand and of the complex (see [2] for more details). 

In  order to avoid complications which may arise from tliese protonation equilibria, 
the measurements have been performed in basic solutions, at  a pH higher than the 
pK, of the ligands by more than one unit (see exper. part). The determinations have 
been restricted to  those ligand/cation pairs which form stable enough cryptates in 
water so that complexation of the ligand be almost complete in the present conditions. 
The necessary corrections have been made when this was not the case. 

2 .  Enthalpies and entropies of cryptation. The entlialpies of cryptation A H ,  have 
been calculated from the experimental heats of reaction in water solution at  fixed ionic 
strength. The stability constants in similar experimental conditions have been 
determined previously [a] and lead to the free energies of complexation AG,: 

AG, = -4.57 T log K ,  (2)  

The entropies of complexation are: 

A S ,  = ( A H ,  - AGc)/T (3) 

If one adds the experimental complexation parameters to the corresponding 
hydration data one obtains the enthalpies and entropies of ‘ligation’ AH1 and AS1, i .e .  

2) A recent study [20] lists thermodynaniic parameters for the calcium cryptates of ligands 1-3, 
obtained from cation exchange kinetics. The values reported for 1 and 2 do not agrec with the 
present calorirnctric data. 
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of transfer of the cation from the gas phase into the hydrated ligand with formation 
of the differently hydrated cryptate (equation (4)). 

dS1 = A S ,  + ASa (6) 

These parameters provide data for comparing the ligand coordination shell to the 
hydration shell. 

Table 1 lists the thermodynamic parameters AG,, AH,, AS,, 4H1, AS1 for the 
alkaline and alkaline-earth cryptates of ligands 1 4 .  Data for the crown ether 5 [16] 
as well as the thermodynamic functions for cation hydration [Zl]  have been added 
for comparison purposes. Fig. 1 and 2 provide a graphical representation of the 
variation of the complexation parameters with cation for the ligands [2.2.1] and 
[2.2.2]. The data listed are valid for the experimental conditions used in this work. 
Although the values of the parameters will depend on ionic strength, supporting 
electrolyte etc., the interpretation of the data given below should not be affected 
since all data have been obtained in similar conditions3). 

3.  Cryptate stability. Enthalpy and entropy contributions. It has already been pointed 
out that the most stable alkali and alkaline-earth cation macrocyclic complexes are 
found among the macrobicyclic cryptates [2]. The results in Table 1 and in the figures 
show that these large values of the free energies of complexation may be to various 
extents of either enthalpic or entropic origin. 

Electrostatic complexes between ‘hard’ (A type) cations and charged ligands are 
generally entropy stabilized (TAS dominant and positive) [16] [ZZ], whereas the 
formation of complexes of ‘soft’ (B type) cations containing bonds with more or less 
covalent character is generally controlled by the decrease in enthalpy (AH dominant 
and negative) [16] [ZZ].  

The cryptates of 1-4 should belong mainly to the enthalpic type since the ligands 
are uncharged. However, alkali and alkaline-earth cations being of the A-type, 
entropy dominant behaviour may also be found. 

There are altogether four possible combinations of the thermodynamic parameters 
leading to stable complexes (dG < 0) : a) AH < 0 and dominant, TAS > 0; b)AH 
< 0 and dominant, T4S < 0; c) TAS > 0 and dominant, AH < 0; d) T4S > 0 
and dominant, 4H > 0. 

Cases a) and b) are enthalpy stabilized complexes, c) and d) are entropy stabilized 
complexes; a) and c) correspond to complex stabilization by both enthalpy and 
entropy whereas b) and d) correspond to unfavourable changes in entropy and in 
enthalpy respectively. The complexation features depend on the enthalpies and 
entropies of cation hydration which are higher for smaller and more highly charged 
cations (see Table 1). Thus all four types of complexes a)-d) are found among the 
cryptates studied here depending on ligand and cation. 

3) The results reported here may differ from preliminary data previously presented a t  a meeting 
[18] and listed in a recent publication [5] (see exper. part). 
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The Sr2+ and Ba2+ cryptates (except [Ba2+ C 2.221) as well as “a+ C 2.2.11 belong 
to case a). The enthalpic stabilities of the Na+, K+, lib+ and Cs+ cryptates are in 
general several kcal higher than their free energy stabilities because of negative 
entropy changes (type b)) (see below). The Ca2+ complexes are of type c). The stabi- 
lities of the [Li+ C 2.2.11, [Cat+ C 2.1.11, [Ca2+ C 2.2.21 and [Ca2+ C 3.2.2lcryptates are 
entirely of entropic origin (case c)) but none is appreciably endothermic (AH > 0) 
(case d)). Positive entropies of complexation are found for the small Li+ cation and 
for the alkaline-earth cations. These cations have large hydration entropies (Table l), 
so that release of the hydration shell on complexation gives a positive entropy change 
and stabilizes the complexes. 

The crown ether 5 displays the same general behaviour as the cryptates (Table 1) 
[16] except that the A H  and AS changes are smaller. The thermodynamic parameters 
available for the complexes of the macrocyclic antibiotics have been determined in 
non aqueous solution (in methanol or ethanol) [lo-151. The results are thus not 
directly comparable to the present ones. However the trends observed are similar; 
the complexation enthalpies -AHc are generally much larger than -AGc and thedS, 
are less negative for Na+ than for K+ complexes. 

The enthalpies of co,m$lexation contain: 1) the variations in nature and energy of 
the bonds between the cation and either the ligand or the solvent molecules in the 
first solvation shell; 2) the change in interaction with the solvent molecules outside 
the complex as compared to those outside the first solvation shell (Born term; see 
also below) ; 3) the change in inter-binding site repulsions (see also below) ; 4) the 
effect of ligand solvation; 5) the steric deformations of the ligand by the cation. 

Since dimethyl ether has a smaller dipole moment (1.30 D) than water (1.82 D) 
and the ligand shell is thicker [6] than the first hydration shell, both terms 1) and 2) 
should destabilize the complexes with respect to the solvated state. The measured 
favourable enthalpies of complexation must thus arise in a large part from factors 
3) and 4). The latter has been considered to play an important role in the stability of 
macrocyclic complexes [23] : the macrocyclic structures are less solvated than the 
non-cyclic ligands and thus complexation requires less solvation bond breaking. 
This effect certainly contributes also to the cryptate stabilities since macrobicyclic 
ligands are even less accessible to solvation than macrocyclic ones. 

Effect 3) is however also of importance. Repulsions between the solvent molecules 
forming the solvation shell destabilize the solvated state and this destabilization 
increases more and more for each new solvent molecule brought into the shell. As 
we have already pointed out [6], the linkage of all binding sites in a suitable arrange- 
ment in a single polydentate ligand first supresses this destabilization effect (since the 
binding sites are held in place and cannot be pushed out of the shell by the repulsions 
as is the case for monodentate ligands) and second, allows the introduction of more 
binding sites than the balance between cation-site at traction and site-site repulsion 
permits in the solvated state. Thus, the destabilizing effect of inter-binding site (or 
intrasolvation shell) repulsions has been built into the ligand in the course of the syn- 
thesis so that it cannot affect anymore the stability of the complexes. 

This repulsion effect, together with progressive bonding saturation, is illustrated 
by the smaller and smaller gain in binding energy per water molecule for each new 
molecule introduced in the course of building up the M+(H20), species in the gas 
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phase [24]. For Mf = K+ the gain in stability ( - A H )  is respectively 17.9, 16.1, 13.2, 
11.8, 10.7 and 10.0 kcal/mol on the successive introduction of six water molecules [24]. 
Ab ini t io  computations have also shown that the bringing together of four NH3 
molecules from infinitive distance to their arrangement in the [Li(NH&]f complex 
leads to a repulsion of about 20 kcal/mol “251. 

Effect 5) will play a role for those cations which are too small or too large for the 
intramolecular cavity. The zero enthalpies of complexation observed for [Li+ C 2.2.11, 
[CaZ+ C 2.2.21 and [Ca2+ C 3.2.21 may arise from the too small size of the cation. 
CaZ+ is too large for [2.1.1] and gives an appreciably exothermic reaction only with 
the ligand [2.2.1] into whose cavity it fist best. 

The entropies of complexation are much less positive than one might expect on 
complete release of the hydration shell; in fact even marked entropy losses are ob- 
served in a number of cases. The entropy changes on complexation incorporate the 
hydration entropies of the metal cation and of the ligand, the changes in ligand 
internal entropy (due to orientation, rigidification, conformational changes), the 
changes in total number of particles and in translational entropy. 

In  addition, an appreciable negative entropy change on complexation is also 
expected to arise from a rearrangement of water structure on cryptate formation. 
Indeed, complexation of a metal cation by a cryptand transforms a small inorganic 
cation into a large hydrophobic organic cation. This should lead to a marked loss of 
entropy due to solvation of ‘the second kind’ [26], i.e. the formation of a water 
structure around the organic cation. Taking NBu4+ as a model for a hydrophobic 
cryptate cation, an estimate of the entropy changes for the process M+ --f NBu4+ 
may be given by the difference between the respective entropies of transfer of Mf and 
NBu4+ ions to water [27]. Taking the values listed in Table 5 of ref. [27] one obtains 
entropy losses of about - 10, - 17, - 24, - 27 and - 28 e.u. respectively for M+ = 
Li+, Naf, K+, Rb+ and Cs+. The same effect should also play a role in the alkaline- 
earth cryptates. 

The above factors taken together provide a rationalization for the markedly 
negative entropy changes displayed by the K+, Rb+ and Cs+ complexes of [2.2.2] and 
r3.2.21. Smaller changes in ligand internal entropy may also contribute but are 
difficult to estimate. 

4. T h e  cryptate effect. Of much interest is also the question of the thermodynamic 
origin of the cryptate effect [2] ,  i.e. of the very large increase in complex stability of 
the macrobicyclic complexes compared to  the macromonocyclic ones. Comparing 
the K+ complexes of [2.2.2] and of the macrocyclic ligand 5,  it is seen that the cryptate 
effect is entirely of elzthal$ic origin. The entropic term even disfavours the macro- 
bicyclic complex with respect to the monocyclic one. A closer comparison is provided 
by the thermodynamics of complexation displayed by the monocyclic analog of 
[2.2.2], HN(CH~CH~OCH~CH~OCHZCH~)~NH reported by Anderegg [19] ; the results 
agree with our present conclusion about the enthalpic nature of the cryptate effect. 
The cryptate nature of the complexes, i.e. the complete tridimensional inclusion of the 
metal cation into an organic molecule, accounts for both these enthalpic and entropic 
changes with respect to  the macrocyclic effect [23] [28]. Indeed, according to the 
discussion above the enthalpic terms 3) and 4), as well as the entropy terms con- 
sidered should lead to more negative A H ,  and A S ,  for the macrobicyclic complex than 
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for the macrocyclic one. The enthalpic stabilization of certain macrocyclic transition 
metal complexes with respect to complexes with open chain ligands (the macrocyclic 
effect) has also been found to be of enthalpic nature although other cyclic ligands 
yield entropy stabilized complexes [29]. 
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Fig. 1. Free energies -dG: (solid line), enthalpies - A H :  (dashed line) and eiztvofiies +dSE (dotted 
line) of cryptate formation by alkali and alkaline-eavth cati0n.r with ligands [2.2.7] and [2.2.2] (in 

water at 25"; see Table 1 and experimental part). 

5. Cryptate selcctivities. En tha lpy  and egztropy contributiom. The enthalpies of  
complexation of the cryptates present selectivity peaks and show grossly the same 
trends as their free energies, although they do not run parallel (Table 1, Fig. 1). By 



H E L V E T I C A  C H I M I C A  ACTA - vol. 59, Fax. 4 (1976) - Nr. 114 1107 

contrast, the entropies of complexation always present the same sequence, becoming 
regularly less positive or more negative as the cation becomes larger or has lower 
charge, in agreement with the larger entropy gain one may expect on complexation 
of small and highly charged cations which display large entropies of hydration. Thus, 
the selectivity peaks observed in the stability constants of the cryptates are intrinsi- 
cally of enthalpic origin. The entropy term may nevertheless lead to marked diffe- 
rences between enthalpy and free energy selectivities, since it favours the complexes 
of small and bivalent cations over those of large and monovalent ones. 

For cations of the same charge, the selectivity M+(larger)/M+(smaller) is higher in 
terms of enthalpy than in terms of free energy. Whereas [2,1.1] and [2.2.1] have a 
high free energy selectivity for Li+ and Na+ respectively, the “a+ C2.1.11 and 
[Na+ C 2.2.11 cryptates display about the same A H , .  The preference of L2.2.11 for 
Na+ over K+ ( 4 4 G ,  = 1.8 kcal/mol) is reversed in terms of enthalpy (dAH,  = - 1.4 
kcal/mol) ; the preference of r2.2.21 for K+ over Na+ ( 4 4 G ,  = 1.9 kcal/mol) is much 
higher in terms of enthalpy (AdH,  = 4 kcal/mol) whereas the reverse holds for K+ 
versus Rb+ (AAG, = 1.3 kcal/mol; A d H ,  ,- -0.5 kcal/mol). The remarkable 
Ca2+ < Sr2+ < Ba2+ complexation selectivity displayed by ligand [2.2.2] [2] is 
even much larger in terms of enthalpy alone. 

Thus, the cavity-radius/cation-radius effect used as an empirical criterion for 
discussing the selectivity of complexation [2] incorporates both enthalpic and entropic 
effects and is not just a measure of steric fit. Of course the cavity radii [2] [6] deter- 
mined on molecular models may be quite inaccurate and the problem is how they 
may be used to predict complex stabilities. It seems best to consider that a good fit 
of cation to cavity is merely an empirical and operational criterion for preferred 
complexation which contains more than just steric effects. 

The MZ+/M+ selectivity is completely different in terms of free energy as compared 
to  enthalpy alone. Most striking is the fact that whereas divalent cryptates are much 
more stable than monovalent ones (with cations of similar radii), their enthalpy of 
complexation is comparable or smaller, so that the enthalpic M2+/M+ selectivities 
may be reversed. 

6. Transfer and entro$y of ligation. The free energies of transfer of a cation from 
gas phase into the ligand in aqueous solution, AGl = 4G,  f AGh, follow the same 
sequence as the free energies of hydration and do not yield much information about 
the difference between hydration and ligation of the cations. Comparing separately 
the enthalpy and entropy terms is more informative. 

If the ligands were perfectly rigid and defining a cavity of constant size, all 
complexes formed with cations of the same charge and of size smaller or equal to the 
cavity size should show very similar properties. Indeed once the cations are embedded 
in the ligand they loose their specific properties and give a very similar cation complex 
irrespective of which cation is included. Consequently one would expect the AH1 and 
AS1 values to be similar for all metal cations, except when the cation is too large and 
causes severe steric distortions. 

The data in the Table 1 indeed show that the entropy change AS1 is much more 
constant for a given ligand than A S ,  or 4 S h .  The average values are about -27, 
-20, -32 and -20 e.u. for the [M+ C2.1.11, [M+ C2.2.11, [M+ C2.2.23 and [Mi- 
C3.2.21 cryptates respectively. A similar situation holds for the Sr2+ and Ba2+ 
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cryptates (less so for Ca2+) (Table 1). Thus, in terms of entropy the cryptates of same 
charge are indeed similar. The strongly negative AS1 observed despite the fact that 
ligation is formally a two particle reaction, may be rationalized by the entropy 
contributions discussed above, especially by the negative hydration entropy expected 
for a large hydrophobic cation. The quite different AS1 values found for Na+ and K+ 
complexes of the macrotetrolide nonactin [13] might arise from appreciable differences 
in internal entropy of this larger and more flexible ligand. 

The situation is quite different for the ligation enthalpy AH1 (Table 1). The 
enthalpy changes for transfer of a cation from gas phase into the ligand in aqueous 
solution show the same trends as the hydration enthalpies, i.e. the AH1 values 
decrease from small to large cations although not by exactly the same increments 
from cation to cation, of course. Consequently, despite their limited flexibility with 
respect to open chain or macrocyclic ligands, or to the hydration shell, the macro- 
bicyclic ligands are not rigid enough to resist deformation and may adjust to some 
extent to cation size by contraction or expansion of the cavity. Indeed this is not too 
surprising, if one considers the large interaction energies which come into play 
(Table 1). 
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The crystal structure of the Na+, K+, Rb+ and Cs+ cryptates of ligand [2.2.2] 
yield the cation-oxygen distances [9]. A plot of these M+ - .  - 0 distances versm 
ionic radius of the cation plus oxygen Van der Waals radius (1.4 A) (Fig. 2) should be a 
straight line of slope 1 for a ligand about as adaptable as the hydration shell and of 
slope 0 for an infinitely rigid ligand. The observed slope is about 0.6. The departure 
of the slope from one gives some measure of the rigidity of the ligand compared to the 
hydration shell. The ligand does not fit either Na+ or Cs+, the cavity being respectively 
larger and smaller than that required by these cations. Both K+ and Rb+ fit approxi- 
mately the cavity. This is in agreement with the fact that the K+/Na+ and K+/Rb+ 
selectivities are respectively larger and smaller in terms of enthalpy than in terms of 
free energy. 

7. Solvent effects on the thermodynamics of complexation. It has been shown pre- 
viously that the transfer from aqueous solution to methanollwater 95:5 or pure 
methanol solution raises the stabilities of the complexes by factors of the order of 
103-105 [2]. It was of interest to  perform some thermodynamic measurements in the 
same mixed solvent as used previously in order to gain information about the origin 
of the solvent effect. The results reported in the Table for ligand [2.2.2] clearly show 
that the very marked stability increase on transfer from water to M/W 95:5 is 
entirely due to a marked increase in enthalpy of complexation in the mixed solvent, 
the complexation entropy of K+, Rb+, Ca+, BaZ+ becoming even more negative (or 
less positive) than in water. All complexes studied, including that of Cazf, are 
enthalpy stabilized complexes in W/M. Again the enthalpic selectivities are larger 
than the free energy selectivities and a selectivity peak is only observed for the ent- 
halpies, whereas the entropies become more negative or less positive as the size of the 
cation increases. Thus the general features of the AH and AS changes are similar in 
aqueous and in M/W solutions. The much higher enthalpies of complexation found 
in M/W may be due in a large part to the increased electrostatic interaction of the 
cation with the ligand in the medium of lower dielectric constant and its smaller 
interaction with the solvent. 

Conclusion. - The calorimetric data provide a picture of the thermodynamic 
origin of cryptate stabilities and selectivities. Only the enthalpies of complexation 
show stability peaks like the stability constants. The entropies of complexation 
decrease from small to large cations. Entropy changes play a particularly important 
role for doubly charged and/or small cations. The enthalpy changes indicate that the 
ligands retain limited adaptability to cation size. The study of even more rigid 
ligands would shed more light on the effect of this parameter. The results provide a 
deeper insight into the enthalpic and entropic nature of cation complexation and 
into the enthalpic origin of the cryptate effect (i.e. the generalized, tridimensional, 
chelate effect). 

Experimental part 

Materials. The macrobicyclic ligands 1-4 have been obtained from previous work [7]. The 

Method of measurement. The heat of the cryptates formation in water (equation (1)) is: 
salts (chlorides) were commercially available puriss grade reagents. 

q e  z= x A H ~  (7) 
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where x is the number of moles of complex formed i.e. 

(v: volume of ligand solution) 

(Cz, CM: total concentrations of ligand and cation respectively; K, ,  stability constant of the 
complex in equation (1) [Zj). A large cation to ligand concentration was used (see below) and hence 
CM may be considered constant. 

For high CM the term l /Ks CM is small with respect to 1 except for the less stable complexes, for 
nstance when log K,  < 3 (e.g. the Kf, Rb+, Cs+ cryptates of C3.2.21). Corrections taking into 
account the amount of complex formed have bcen performed when relevant, using the previously 
determined stability constants [ Z ] .  

Exfierimenla1 procedure. The heats of complexation have been measured a t  25.0 & 0.1" with 
an LKB 10700 flow microcalorimeter equipped with a recorder and curve integrator and LKB 
10200 peristaltic pumps. Since the ligands are bases the measurements have been conducted on 
basic solutions under argon atmosphere so as to avoid complications from ligand deprotonation 
on complexation and carbonatation. All solutions were prepared in demineralized distilled water 
shortly before use, degassed and kept under argon. The ligand. solutions are Z . 1 0 - 3 ~  with regard 
to the ligand and y M with regard to N (CH&OH. The salt solutions are 2.10-ZM (alkali salt) or 
0.66 10-ZM (alkaline-earth salt) and z M (N(CH&Br, supporting electrolyte): they also are y M 
with regard to N(CH&OH in most experiments. The concentrations y and z of base and support- 
ing electrolyte were changed simultaneously depending on the pH desired, so as to keep constant 
the total ionic strength after mixing. The flow of the salt solutions was 2.5 times faster than the 
flow of the ligand solutions. After mixing the ionic strength is about 0.057, close to the ionic 
strength used previously for the determination of thc stability constants [2].  The quantity of 
ligand consumed results from the determination of the exact flow and the injection time of the 
ligand solution. The base line is given by the mixing of y mol/I N(CH&OH with the salt solution 
under argon. The heat of dilution of the ligand solution is found to be negligeable. The measure- 
ments were repeated several times and internal consistency was assured by measuring the heat 
of complexation of K+ with ligand 3 from time to time. The reproducibility of the A H  values was 

0.2 kcal/mol in a given set of conditions. For the least stable complexes, corrections have been 
performed because of incomplete complexation of the ligand; these values are less accurate and 
are given in parentheses in Table 1. The lowest and least accurate stability constants are those 
of the alkali complexes of [3.2.2] ; in this case, in order to ensure a high enough degree of complexa- 
tion (-go%), 0 . 2 ~  alkali salt solutions were used (no N(CH&Rr present). 

Measurements were performed at several pH values. Indeed, the basicities of ligands 1-4 are 
very different, with pK,'s for the first protonation of 10.64, 10.53, 9.60 and 8.50 for 1, 2, 3 and 4 
respectively [ Z ] .  The results reported in Table 1 are for pH 12 (concentrations y = 10-2; z = 4.58 
10-2) for the two ligands [2.1.1] and [2.2.1]. For [2.2.2] and [3.2.2] the measurements were per- 
formed at  pH 10.4 (concentrations y = lO-sin ligand solution; y = 0 in salt solution; z = 6.10-2). 
A t  pH 12, the AH, values for [2.2.2] were 7.1, 11.4, 11.1. 0.4, 8.3, 14.1 for Na+, Kf, Rb+, Ca2+, 
Sr2+, Ba2+ respectively; they are close to the pH 10.4 values except for Sr2+ (why, is not clear). 
Hydrolysis of Ca2+ a t  pH 12 docs not seem to be a problem, since there is a largc excess of salt over 
ligand. 

The measurement with [2.2.2] in the mixed solvent 95%, methanol + 5 %  water (v/v) were 
performed at  pH 10.4 using the same concentrations of ligand, salt, base and supporting electrolyte 
as for the aqueous solutions at  the same pH. 

It has been checked that mixing of the supporting electrolyte with the ligand does not give 
any heat of reaction. 

We thank the Delegation Generale ii la Recherche Sczentifique el Technique for the award of 
grant for the purchase of the microcalorimeter used in this work. 
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