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A. INTBODUCTION 

During the past ten years there has been an increasing mterest m the direct 
calorimetric measurement of the enthalpy changes accompanymg metal-complex 
and ion-pair formation m solutionl. In the past, some relationships involving free 
energy changes and properties of the ions taking part in the complex formation 
reactions have been demonstrated but it 1s clear that such correlations are of very 
limited applicabrlity. It is best to regard the free energy changes as being a conse- 
quence of changes m enthalpy and entropy terms, 

AG = AH-TAX 

The paucity of rehable calonmetric enthalpy data has in many cases made it im- 
possible to discuss important factors such as changes in hydration of the Ions, the 
nature of the metal hgand bondmg, and structure relationships. The enthalpy 
change is the property most directly related to the changes m numbers and strengths 
of bonds as the system passes from reactants to products. The entropy change is a 
measure of the change of randomness, and the driving force in this process IS 
the tendency of the system to go to the most probable, that IS the most random, 
state. 

It is the purpose of this review to outlme some of the recent advances made 
m the measurement and Interpretation of the thermodynamic functions accom- 
panying ion-pair and complex formation. Following an outhne of recent experi- 
mental developments, the nature of AH and AS will be discussed in the light of 
recent calorimetric data for some specific systems. 

B. THE STABILITY CONSTANT 

The elucidation of the nature and concentrations of the species present in 

electrolyte solutions IS a difficult problem and requires as many independent lines 
of attack as possible. During the past ten years the apphcation of new physical- 
chemical methods has produced significant contributions particularly in respect to 
the determinatron of the sites of bmdmg between the metal ions and hgand 
molecules. 

Nuclear magnetic resonance spectroscopy offers attractive possiblmes for 
the study of the structures of metal complexes in solutton and for estimating their 
stability constants. The magnitude of the chemical shifts of nuclear resonance in 
solution are determined by the electron distribution in the molecule or ion contain- 
ing the nucleus and by the fields set up m the molecule by molecules or ions wrth 
which it interacts. Separate resonance bands are observed with magnetically distinct 
nuclei but a sufficiently rapid chemical exchange between them will result in a 
single resonance of some intermediate value of chemical shift. Studies of proton 
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chemical shrfts of aqueous solutions of acids have yielded dissociation data’, and 
measurements on the H20-S03 system have been used to calculate the degree of 
romzation of water in solutions contaimng excess of sulphuric acid3. 

Chemical shifts associated with atoms other than hydrogen have also been 
used as an indication of complex formation. Thus measurements of the concentra- 
tion dependencies of the changes in the nuclear magnetrc resonance frequency for 
the 2osTlu1 nucleus in the presence of hahde ions have been Interpreted in terms 
of the formation of a variety of thallic halide complexes4. Similarly Richards5 
found that the thallmm resonance lme shrfted with mcreasmg concentration of 
thalious hydroxide owmg to the change in the concentratrons of the species in 
eqmhbrmm, Tlf, OH- and TIOH. A detarled study gave K,(TlOH) = 5, m agree- 
ment with the solubrhty (6.7)6, spectrophotometnc (5)’ and kinetic (7)’ estimates. 
The presence of solutes in water also Increases the rate of proton relaxation, the 
effect being greatest for paramagnetic and least for diamagnetic species. The inter- 
conversion of dramagnetrc and paramagnetic species in solutron can therefore be 
readrly detected, and Blackre and Gold have applied spin-lattice relaxation meas- 
urements of this kind to the problem of identrfying the complexes present in solu- 
tions of nickel(H) cyanideg. Information about the stabdity of Ni(CN)64- ion was 
obtained by competing for the cyanide ion with other metal ions which had aftini- 
tres for cyanide comparable wrth that of mckel(II) ionlo. 

The measurement of proton chenncal shift provrdes a powerful method for 
studying protonatron schemes in metal chelates. Although the protons are not 
bonded directly to the metal ions in the chelate, they may be sufficrently close to 
the potential coordination sites to act as effectrve monitors of the electronic en- 
vironment in the vicinity of these sites. The protonation of some metal-EDTA 
complexes was studied by Sawyer and co-workersl’, and Reilley and his associates 
have applied the method to the determmatron of the protonation schemes of a 
large number of polyamme and aminopolycarboxylate hgands12. Substituent shield- 
ing constants, obtamed from a study of methylenic proton chemical shifts of model 
compounds as a functron of pH, were used to determine the distribution of protons 
among the various sites on the ligand. The non-labile methylenic protons are de- 
shielded by the protonatron of a nearby sate by an amount which depends upon 
the nature of the basic site, its proximity to the proton under consideration, and 
the fraction of the time it is protonated12. 

NMR studres of metal complexes as a functron of pH yield information 
about the pH at which metal-ligand bondmg occurs and the ligand atom whrch 
participates in the bond. The presence or absence of various splitting patterns can_ 
be used to estrmate the labihty of individual metal-hgand bonds. If a rapid ex- 
change takes place with relatrvely short bond hfetimes, sample NMR spectra arc 
obtained wrth a single averaged proton resonance lme. When the exchange rate for 
the bond decreases, line broadening is first observed and, as the bondmg becomes 
non-labile, separate resonances are found for the free ligand and the coordinated 
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hgand 11*13*14. A number of metal aminocarboxylate complexes have been studied 
by this method13*14s15p16_ 

Covalent Interaction of ions m solution give rise to new Raman lines char- 
actenstic of the complexes formed and the integrated intensrties of the lines for a 
given species appear to be proportional to Its concentratron. A study of Raman 
spectra, therefore, will aEord more direct evidence of specrfic mteractrons m elec- 
trolyte solutions than can be obtained by the more classical methods. Drssociation 
constants of nitric17, perchloric’” and suIphuric17 acids have been obtamed by 
this method and the values are in reasonable agreement with those caIculated from 
nuclear magnetic resonance spectra’ ‘. Raman spectra of a number of metal-ion 
per&orate2 ’ and sulphate2 ’ solutrons have been examined for evidence of com- 
plex formation, and although the perchlorates of Cd”, Hg’, Hg”, Lam, Thr, Mg” 
and Mn” exhibited Raman lines in addition to those expected from the perchlorate 
ion, these were extremely weak and could not be attributed with certainty to ron- 
pair or compIex formation. Of the sulphates, only indmm(III) showed Raman 
evidence of complex formation Four new polarised hnes m the Raman spectrum 
were attributed to the formation” of either InS04” or Tn(SO,),-. Thus m most 
of the metal sulphates for which conductrvrty and solubrhty measurements in- 
dicate qmte extensive assocration, the ions appear to be separated by one or more 
soIvent molecules. In metal nitrate solutrons, on the other hand, Raman studies 
indicate that association occurs through close-contact ion-pairmg wrth an oxygen 
atom of the nitrate ion participating in the bond with the metal ron22. Halide 
complexes of metal ions have also been studred by Raman spectroscopy23n24 and, 
in the case of bismuth(IlT) chloride and bromide, the method was used m an 
attempt to identrfy the complex species present wrth hrgh hgand numbers’ 5. Precrse 
solubrhty measurements by Haight and his co-workers26g27 had previously m- 
dicated that the important species present in the bromide soluttons were n = 1, 2, 
4, 6 and 8 for BrBrn3-” and n = 4 and 6 for the two BiC1,3-” species mvolved m 
the highest eqmhbnum in chioride solutions. They suggested that the complex 
species havmg n = 3 or 5 were either absent or present only in extremely low con- 
centrations whereas previous workers had used the rest&s of spectrophotomett%? 
and potentiometnc” measurements to establish the existence of all species having 
n = 1-5. From the results of the Raman studies, Oertel and Plane25 identified the 
species BiCI,-, BiC15’- and BiCIs3- and determmed their frequencies ; in addi- 
tion, chloride spectes with n = 3, 2 and possrbly 1 were found. These studres of 
the brsmuth hahde complexes indrcate the desirabrhty of usmg as many different 
-experimental approaches as possible m attemptmg to characterise the complex 
species present in solutron. Frequently, one method can be used to determme the 
storchiometry of the species present whrlst another method is best suited for the 
determination of reliable stabrlity constants. 

The use of the well-established methods for the determination of stability 
constants has continued during the past decade, and the data in the hterature up 
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to about 1963 have been summarized in a valuable revised compilation by Sillen 
and Martel13’. The comparatively recent development of cation-sensitive elec- 
trodesjl has opened up new possibthties for direct potenttometric determination of 
the concentrations of uncomplexed ions m solution. Sodium and potassium ion- 
responsive electrodes have been particularly well-characterised, largely due to the 
efforts of Eisenman31 who has exammed the theoretical aspects of the behavxour 
of these electrodes. The direct measurement of the activities of alkali metal ions 
in soluttons contaming anions of weak acids wrth which they form complexes offers 
substantial advantages over the Indirect pH shift method for determmmg the 
stabihty constants. A number of relatively weak sodium complexes which could 
not be detected by the latter method have been characterised using the sodium- 
sensittve glass electrode32*33. 

Another class of cation-selective electrodes which offer attractive possibilities 
for the study of complex formation in aqueous solutions are the liquid-liquid 
membrane electrodes. Rechnitz and his co-workers have used the copper34 and 
calcmm3’ electrodes to study a number of complexes involving nitrogen and oxy- 
gen coordination and have shown that the calculated stabihty constants are in 
good agreement with those obtained by the pH-shift method. 

The cation-sensitive electrodes are still being developed and improved and 
they do not as yet offer the stab&y and reproducibility of more conventional 
electrodes. Ho-wever, with careful attention to pretreatment of the electrodes36*37 
it IS expected that they ~111 find mcreasmg apphcation in the study of metal com- 
plexes in solutron Another important application, resulting from their specdicity, 
IS the measurement of ton activrties as a function of ionic strength m the presence 
of added electrolytes and in the absence of complexmg. The possibdmes of studies 
m mixed electrolytes at relatively high iomc strengths such as those pertaming to 
biological fluids and m seawater, will enable activity effects to be estimated with a 
preciston hitherto impossible. Potassium-ion activities, measured in potassium chlo- 
ride solutions3 * by means of a cation-selective glass electrode are in striking agree- 
ment up to Ionic strengths as high as 0 1 M with the mean acttvities calculated from 
the Debye-Htlckel equation usmg the ion-size parameters proposed by Klotz3’. 

Since 1960, the curve-fitting methods for the calculation of stab&y constants, 
of great value m systems contammg a large number of complex species, have been 
supplemented by computer methods designed for the systematic trial of all posstble 
combinations of ionic interactions 4o It is usually essential to study such systems . 

at constant ionic strength so that activity coefficients can be assumed constant. For 
studies of complexmg in solutions of low ionic strengths, the calculation of actrvity 
coefficients can be made by successrve approximation procedures wrth great facility 
using electromc computersl. Best values of the parameters to be used in the 
activity-coefficient equations can, in many cases, be calculated from the experi- 
mental results. Wrth the current interest in metal complexes of amino acids and 
peptides, a frequently observed combination of species m dilute solutton is MA 
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and MHA. Although It is not possible to solve simultaneously for the stability 
constants of these complexes the problem may be resolved by means of a trial- 
and-error re-iterative computer procedure involvmg the total Ionic strength of the 
solution’. The study of protonated and of mixed-hgand complexes in solution is 
receiving increasing attention especially m the elucidation of the complex species 
present m systems of biological Interest. A number of graphical methods of an- 
alysing pH-titration data for such systems have been proposed but they have not 
yet been urldely used. The surface potentlometnc method originated by Lefebvre4’ 
has been applied m studies of copper glycine complexes42, copper-sulphosalicychc 
acid, ammonia mixed complexes43 and nickel-glycine-alanine mixed complexes44. 
It IS essentially a graphical method for the determination of the free hgand and 
free metal-ion concentrations. Since the surface potentiometric method involves 
the measurement of gradients of curves, its use should be hmlted to the ldentifica- 
tion of the complex species present; subsequent calculations of the stability con- 
stant values should be refined by computer methods. A general computer program 
for the calculation of the stability constants of mixed complexes of copper and 
nickel with ethylenediamme, histamine and serine was developed by Perrin and 
his co-workers45s46. Osterberg 47 has applied Slllen’s4’ curve-fitting method to 
systems in which species of the general formula M,H,A are assumed to be present. 
A number of metal complexes with o-phosphorylated peptldes were charactensed 
by this method which IS particularly useful for systems m which the number of 
species 1s limited to the type MA and MHA. 

The question as to whether to study a system at some constant ionic strength by 
the addition of “neutral” electrolyte or whether to work at low Ionic strengths m 
an attempt to compute the activity corrections, has been discussed in some detail’ 
The constant ionic medium is mvaluable where a number of complicated equlhbna 
are involved and different schools have tended to choose different iomc strengths 
for their studies of metal-complex formation. The derived thermodynamic func- 
tions are, however, directly comparable for different systems only when obtained 
at the same ionic strength and for this reason, there continues to be an interest in 
the calculation of activity coefficients in order that thermodynamic equilibrium 
constants can be obtained. The derivation of the thermodynamic constants IS 
made possible by a suitable choice of the concentrations of the reactants so that the 
number of complexes is limited to one or two. Where there is doubt as to the 
stoicbiometry of the species present, these can usually be identified by making 
preliminary measurements at a constant ionic strength. This method was used to 
identify the complex species present m some bivalent metal succinate solutions in 
which it was known that either ML2 or MHL was present m addition to ML4g. 
By making additional potentiometric measurements at low concentrations, it was 
then possible to calculate, by successive approximations, values for the activity 
coefficients and the thermodynamic association constants for the formation of ML 
and MHL found to be present under the particular experimental conditions. 
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Selection of the best values of the parameters a and C in a form of the Debye- 
Hdckel equation such as 

1ogj; = ;:-;z: + CI, 

may convemently be made by carrying through the complete successive approxima- 
tron procedures with various parameter values and choosmg those which best fit 
the experimental data. In this equation, fZ is the activity coefficient of a z-valent 
ion, A and B are constants of the Debye-Htickel theory, and a and C are para- 
meters. Computations, wrth the aid of an electronic computer, have been made 
for a number of dicarboxylate and amino acid complexes4g-52. For magnesium 
sulphate, it was possible to calculate unique parameter values for the calculation 
of activity coefficients’. 

C. THE ENTHALPY CHANGES 

Enthalpy changes accompanying complex formation may be obtained from 
studies of the association constants as a functron of temperature but the uncertain- 
ties in the AH values derived from data over a small temperature range are con- 
siderable. When precise determinations of K values are made over a wide range of 
temperature, the resulting enthalpy changes are much more rehables3 and more- 
over can yield approximate values for the heat-capacity changes. Under these cir- 
cumstances, the agreement between the results of calorimetric and temperature- 
coefficient methods is usually satisfactory 54 but m general, the former method is 
to be preferred. 

There is an increasing interest m the direct calorimetric determination of 
enthalpy changes, and a number of new calorimeters have been developed for the 
measurement of small heat changes in solution’. Improvements m thermistor 
design make this a very popular temperature sensor expecially m twm differentml 
calorimeters, and temperature changes can be measured with an accuracy5 s - 57 of 
at least 3-5 x 10-5”C. Long-term stabrlity is not required for measurement of the 
heat changes associated with the formation of metal complexes, and a very simple 
Wheatstone Bridge, energised by means of a mercury cell, can be used m a differen- 
tial arrangement. The recent development of quartz thermometers offers attractive 
advantages to the calorimetrist in that both absolute single, and differenttal 
measurements of temperature can be made with great ease. 

While not as popular as the differential calorimeters described above, the 
isothermal fusion calorimeter has been used recently for the study of some alkaline 
earth complexes of diethylenetriaminepentaacetic acid (DTPA)“. Diphenyl ether 
was selected as the working substance, and the calorimeter was constructed specif- 
ically for precise measurement of the small quantities of heat mvolved. 
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There has been a resurgence of interest in thermometric trtration proce- 
duressgs6’, particularly for analytical appiicattons, due largely to the work of 
J. J. Christensen, R. M. Izatt, and their co-workers56*61. The temperature of the 
calorimeter contents, measured by a low heat capacrty, fast-response thermtstor, is 
continuously monitored durmg the controlled addttion of reagent. Although the 
method does not have qmte the preciston of conventronal smgle addrtron calori- 
metry, the amount of data obtained is considerably greater. Each thermometnc 
trtration curve is equivalent to a large number of separate determmations made by 
conventtonal solutron-reaction calorrmetry. For certarn classes of reactrons wrth 
IogK values between 0.5 and 3.0 and wrth enthalpy changes larger than about 1 
kcahmole- ‘, data obtained from a single thermometnc titration can yield both 
dG and AH values. For the second drssociation of sulphurrc acid61, and the step- 
wrse formatron of srlver pyridine complexes62 the results obtained by tlus method 
are in good accord with the values obtained by potentiometry and by conventional 
calorimetry; it is clear, however, that care must be taken in the computatronal 
procedure used to analyze the data63. 

Determmattons of the heats of complex formation are usually made by 
measuring the temperature changes on dtlution of small volumes of a relatively 
concentrated solution of the ligand with (I) a larger volume of a solutton containing 
the metal Ion and (i-1) a similar voIume of the background electrolyte having the 
same ionic strength. When the hgand is an amon of a weak acid, it may be neces- 
sary to take into account heat changes accompanymg the variatron of the concen- 
tration of protonated species as well as that due to complex formation64*65. The 
method requires precrse measurement of the pH values of the solutions m the 
calorimeter and rt IS possrble to incorporate glass and reference electrodes in the 
drfferentral calorimeters66. 

For a number of ion-associatton reacttons which have been studred over a 
wrde range of temperature, it is observed1 that K has a minimum at a certain 
temperature Z’*, given by 

P+l+~] (1) 

In Eqn. (I), y is a temperature characteristic of the solvent (219 “K for water), 
AG, and dG, are the temperature-dependent and temperature-Independent com- 
ponents of the free energy change, the former representing the electrostatic con- 
tnbutions, and the latter the covalent contributions. It is seen from Eqn. (1) that 
T* depends upon the ratio of covalent to eIectrostatic free energies of interaction. 
Lf T* hes above the freezing point of the solvent, Jog K decreases over the whole 
accesstble temperature range corresponding to an exothermic enthalpy of interac- 
tion and a major contribution from covalent forces. Conversely, a T* below the 
freezing point of the solvent ~111 lead to an endothermrc AH reflecting an essen- 
tially electrostatic interaction. 
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The electrostatic components, AG, and AH, may be calculated from the 
Eqns. 6 7 

AG, = y(AS-k AnRln 55.5) 
and 

AH, = (T-y) (AS+ AuRln 55 5) 

where An IS the decrease in the number of solute partrcles m the ran assoctation 
reaction. The temperature-independent part of the enthalpy, AH,, reflecttng both 
the covalent interactions and structural changes, is gtven by the difference (AH- 
AH,) and values have been calculated for a number of closely related complexes 
mvolvmg nitrogen and carboxylate oxygen &and atoms6’ and for halide and 
pseudo halide complexes71. 

D THE ENTROPY CHANGES 

There IS now a substantral body of precise entropy data whrch can be used 
to discuss, m more detatl, the Ion assocratron reacttons. In the case of mononuc!ear 
complexes contaming only one ligand molecule bound to each metal ion, the en- 
tropy of association, 

AS = AS,+AS, (ML)-AS, (M)-AS, (L) (2) 

in whrch AS, IS the entropy change for the hypothetrcal reaction m the gas phase 
and AS, IS the hydratton entropy of the specres contamed m parentheses_ For the 
formatron of 1: 1 complexes between a polyatomtc anion, LY- and a series of ca- 
trons MS+, rt 1s useful to remove the variable So (MXt) [ = S, (M”+) + S, (MXf)] 
and k write6 5 

AS+S”(M*+) = [S, (ML’“-Y’+)-S, (L”-)]+[A&, (ML’“-Y’+)-A&(L”--)I 
I Ii (3) 

In Eqn. (3), term I reflects the change in configuratronal and hbrational entropy of 
the hgand molecule when it enters into complex formation. Tbe increase in transla- 
tional entropy will be small, and, smce the ligand loses freedom - especially if 
bonded to the metal through more than one bindmg sate - the term I w111 be 
negative. The negative hydration entropy of the ion Ly- ~111 be greater than that 
of the lower-charged MLCXWY)+, resultmg in a positive term II in Eqn. (3). 

Recently, careful thermodynamic studres have been made of a number of 
metal-complex formation reactions. The remainder of thts review will be con- 
cerned with a discussion of those systems for which accurate association constants 
over a wide range of temperature have been measured, or calorimetric enthalpy 
changes have been obtained. 

Coordm. Chem. Rev., 5 (1970) 379415 
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TABLE 1 

Reactlon AH= AHr -AG AS 
(kcal.mole-‘) (kcal mole-‘) (kcal mole- ‘1 (Cal deg- ‘. 

mole- ‘1 

AS,, 
(MAI 
(Cal deg- ’ 
moZe-1I 

Ref. 

L2- = Oxalate (~onrc strength + 0) 

Mn2+fL2- - 142 
C$+ +L2- - 0 59 
NiZ+ +Lz- - 0 1.5 
cu2+ j-L2- -005 - 

L2- = Malonate (ionrc strength + 0) 
Mn2++L2- 3 68 3 53 
co2+ +LZ- 2.90 2.57 
NI’+ -f-L’- 1.88 1.77 
cuz+ +LZ- 2 85 - 
ZIlZf +L2- 3 13 3 06 

L2- = Succmate (~omc strength * 0) 

MnZ+ +Lz- 3 02 295 
co2+ +L2- 3.15 2 81 
N12+ +L2- 246 2 23 
Cu2+ +L2- 4 56 - 
zn2+ +L2- 4 39 - 

L- = Acetate (ronrc strength = 3 OM) 

cu2+ +L- 104 
cuL+ +L- 041 
CUL, +L- 007 
zn2+ +L- 204 
ZnL+ +L- 3 22 
ZnL2 +L- 1.15 
Cd2+ +L- 146 
Cdl;+ +L- 0 84 
CdL2 +L- 041 
Pb2+ +L- -006 
PbL+ +L- -0 09 
PbLs +L- -096 

5.41 22 9 -54 8 so 
6 54 23.9 -55 8 50 
705 242 -56 1 50 
8 49 28 3 -52 5 50 

448 274 -57 5 53,68 
5.13 27 0 -59 8 53.68 
5 60 250 -62 8 53,68 
7 69 354 -52 6 68 
5 22 280 -61.6 68 

3 09 20 5 -642 69 

3 02 207 -65 9 69 
3 20 19 0 -68.7 69 
4.42 30 1 -55 5 69 
3.36 260 -643 69 

2 56 12 1 70 
1 69 7.1 70 
064 24 70 
1 29 II 2 70 
0 54 12 5 70 
0.69 61 70 
1.78 109 70 
1 33 73 70 
0 19 20 70 
3 18 10 5 70 
1 73 55 70 

-002 -33 70 

E. EXPERIMENTAL DATA 

(i) Metal complexes with oxygen coordmating ligands 

Thermodynamic functions for the formation of divalent metal carboxylates 
are mven in TabIe I. A HT and AH= refer to temperature coefficient and calorimetric 
data respectively; the entropy changes have been calculated from AH, where 
available. The good agreement between AH, and AH, indicates that reliable 
thermodynamic data can be obtained where a sufficiently large temperature range 
is used. 
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The heats of formation of the metal-carboxylate complexes are predomin- 
antly endothermic since, as discussed above, coulombic forces between the charged 
centers will vary with temperature m the same way as the macroscopic dtelectric 
constant of water. In spite of this unfavourable enthalpy change, the complexes 
are stabilized by the relatively large positive entropy changes due to the liberation 
of water molecules from the ions accompanying complex formation. For the singly 
charged acetate ion, the AS for the first step in the association reactions is con- 
siderably less than that for the doubly charged dicarboxylates. The entropies of 
hydration of the dicarboxylate complexes follow the order oxalate > malonate s 
succinate and may reflect an increasmg polarity of the complexes associated with 
reduced stability. 

The crystal fields produced by oxygen-coordmating ligands are quite similar 
to those of the water molecules, and so AH will not be much afl’ected by ligand 
field stabilization. Nevertheless, for the most stable oxalate complexes, the en- 
thalpies of formation vary in the expected direction. With the exception of man- 
ganese and cobalt succmates, the stability constants for all the dicarboxylate com- 
plexes follow the Irving-Williams order but this cannot be explained solely on the 
basis of crystal field stabilization by assuming that - AG depends only upon -AN. 
Both copper monomalonate and monosucemate complexes are formed with ab- 
normally large endothermic heat changes- In the case of copper(H), additional 
stabilization is possible due to tetragonal distortion of the octahedral symmetry 
as a result of the Jahn-Teller effect. The resultmg four short bonds in the xy plane 
and two long bonds in the z direction may affect the thermodynamic functtons in 
two ways’ : (I) The increased covalent nature of the shortened M-ligand bonds in 
the xy plane ~111 result in a more exothermic heat of formation; (ii) the aeeompany- 
mg closer contact of metal ion and charged coordinating sites in the ligand will 
lead to a more positive entropy of formation through increased release of coor- 
dinated solvent molecules At the limit of distortion a change of coordination from 
six m the aquo ran to four in the complex wdl also result in a more positive en- 
tropy of formation, but in this case an increased endothermicity will be expected 
due to the breaking of metal-water bonds. 

For both copper monomalonate and monosuccinate, abnormally large en- 
tropies of formation are accompanied by large endothermic heat changes rather 
than the exothermic changes required by (1) above. The data are consistent with the 
hypothesis that a larger number of water molecules are released in the process of 
complex formation wrth a change of coordmation number of the copper@). The 
increasing endothermicity of copper oxalate < malonate c succinate may reflect 
the increasing strain introduced m the ligand molecules in bringing the coordma- 
tmg groups into bonding m the xy plane. In the ensuing discussion, it wdl be seen 
that the features noted above in the thermodynamic functions for the formation 
of copper complexes with charged multidentate hgands are of a rather general 
nature. 
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In contrast to the cadmium halide and pseudo halide systems, the cad- 
mium acetate complexes are stabilized by favorable entropy rather than enthalpy 
changes. This is consistent with the predommantly Coulombic interactions m- 
volving the carboxyl group. The order of the stabrhties of the acetate complexes of 
drfFerent metal ions is, however, determined largely by the enthalpy changes. The 
comparatively large and positive values of AH, and AS, (Table 1) for the formation 
of ZnL, from ZnL+ are consistent with the tendency of Zn” to form tetrahedral 
complexes 72 and simrlar effects are evident in the assocratron of this metal ion with 
other types of ligand molecules’. 

(ii) Halide and pseudo-hahde complexes 

Metal complexes with sample iomc hgands form particularly sunable systems 
for whrch to drscuss the thermodynamic functions Reliable values of the aqueous 
entropies of the hgand ions are usually available and rt is possrble to calculate the 
hydration entropies of the complexes by means of Eqn. (2)73974. 

TABLE 2 

THERMODYNAMIC FUNCTIONS FOR THE FORhfATiON OF hIETAL HALIDE AND PSEUDO-HALIDE 

COMPLEXE!S AT 25” 

Reactron IOlllC 

strength (M) 
-AG AH AS Ref 
(kcal mole-‘) (kcal mole-l) (Cal deg - I. 

mole- ‘/ 

HaIrdes 

C#+ +F- 
Cd=+ +CI- 
CdCI++CI- 
CdCI2+Cl- 
Cdl+ +Br- 
CdBr+ i-Br- 
CdBrl +Br- 
CdBrj-+Br- 
Cd2 + +I- 
CdI++I- 
CdL2 +K- 
Cdls-+I- 

Hgz+ +Cl- 
HgCI+ +Cl- 
Hg*++Br- 
HgBr+ tar- 
Hg2+ -J-I- 
HgI+ +I- 

Mg’+ +F- 
Ca2+ -l-F- 
Sr2+ +F- 
BE?+ j-F- 

30 
30 
30 
30 
30 
30 
30 
30 
3.0 
30 
30 
30 

0 50 
0 50 
0 50 
0 50 
0.50 
0 50 

10 
10 
1.0 
1.0 

0 63 1 23 62 76 
2 16 -0 10 69 76 
0 88 002 30 76 
025 1 85 70 76 
240 -0 98 4.7 76 
0 80 -0 57 08 76 
1 34 -i-l 72 102 76 
0 51 -i-o 30 27 76 
2 84 -2.26 2.0 76 
095 -020 25 76 
291 -0.73 7.3 76 
2 19 -3 81 -55 76 

92 -5.5 12 4 77 
88 -73 53 77 

12 3 -102 7.1 77 
113 -110 11 77 
175 -18 0 -15 77 
15 0 -162 -42 77 

1 80 32 16.8 78 
086 3.5 150 78 
020 -4 -14 78 

--03 -0 -0 78 
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(Table 2 continued) 

Reaction IOlllC 

strength (M) 
--dG AH AS Ref 
(kca! mole- ‘) (kcal mole- ‘) (Cal deg-I. 

mole-‘) 

Tl++CI- -+O 
Tl’+Br- +O 

m3+ +a- 3.0 
TKY+ +a- 3 0 
TIC&+ +Cl- 3 0 
TIC&+CI- 30 

Cyanides 

CHaHg+ +CN- 01 
Cu+-t-2CN- +O 
Cu(CN),-+CN- -+O 
CU(CN)~~- +CN- -+O 

Ag+ +2CN- -+O 
Ag(CN)Z- +CN- -to 

Zn=+ +2CN- -to 
Zn(CN),+CN- +O 
Zn(CN),_ +CN--+O 

Cd* -i +4CN- -+O 

093 -1 43 1.7 76 
12 -2 45 -42 79 

9.74 -5.45 14.5 80 
7 39 -440 10 1 80 
3.46 -11 80 80 
295 -03 89 80 

18 8 -22 1 -11.4 84 
32 7 -29.1 tr2 81 
7 23 -11 1 -13.4 81 
20 -112 -31 81 

27 89 -33 0 -16 81 
2.11 - 06 +5 81 

15 10 -10.8 +144 83 
6 80 - 84 - 54 83 
4 87 - 86 - 12.4 83 

26 77 -27 8 - 10 83 . 

Thiocyanates* 

Mn”++NCS- +O 1 68 -09 25 82 
Co=+ +NCS- +O 2 35 -16 22 82 
Nr”+ +NCS- -0 2 40 -23 05 82 
Cu* + +NCS- +O 3 18 -30 06 82 
Zn** +NCS- 40 2 53 02 9 82 
Cd=+ +NCS- +O 3.42 -0.7 9 82 
Pb2+ +NCS- 40 1 49 03 6 82 

* With the posstbie exceptton of Cd2* and Pb2+, bondmg is through the nitrogen atom 

AS, terms contain both rotational and translatronal contnbutions 
AS, = S,,, (ML) - S,,,(M) - S,,,,(L) - X,,(L) + S,,,(ML) 

which can be calculated statistically’. 
As discussed above, the sensrtivity of the electrostatic interaction energy to 

changes in temperature, through the temperature drfferential of the solvent drelec- 
tric constant, leads to the expectation of endothermic enthalpies of formation of 
complexes for which this model IS appropriate. Such interactions would Involve 
“hard” ligands’ 5 and metal ions of A-character and the drivmg force ~111 be the 
posrtive entropy accompanying solvent release from the co-spheres of the rons 
(term II in Eqn. (3)). Increasingly covalent interactions between‘ ‘soft” entitles will 
result in more exothermic enthalpies of formation. In the series of anions under 
discussion, the abdity for covalent bonding, or softness, increases in the inverse 
order of the electronegativities, 

Coordra Chem. Rev., 5 (1970) 379-415 



392 G. H. NANCOLLAS 

F’ < Cl- < Br’ < I- 
and the thermodynamic functtons are gtvex in Table 2 The striking increase in 
exothermtcity for the formation of 1: 1 complexes as the lrgand is changed from 
fluoride to iodxde is seen for each of the metal ions. For the very hard fluoride ton, 
the complexes are stabthsed entirely by the entropy changes accompanymg the 
breakdown of the *‘iceberg” structure of coordmated solvent molecules around the 
ions. The concomitant endotherrmcity reflects both the electrostattc nature of the 
mteractions and the energy required to break the ton-water bonds. For the alkahne 
earth monofluorides, the value of dS(MgF’) IS unusually close to that for CaF+ 
and the calculated d&(MgF+) is therefore more negative than that for the other 
membtrs. Thts may reflect the greater retention of the hydration co-sphere of the 
Mg” eon m MgFf than is the case for the other alkalme earth monofluorrdes78. A 
similar suggestion was made for the acetate and formate complexes of magnesium, 
based upon thermodynamic functions derived from potentiometric studtes*‘. It is 
mterestmg to note that the low charge density and comparative softness of the Ba” 
ion allows of only a very weak interaction with hard fluoride ion. Although the 
thermodynamic data for this interaction do not have the precision of those for the 
correspondmg Mg” and Can species, it IS seen that both AH and AS values are 
approximately zero again indicating a greater retentron of solvent structure of the 
free ion in the complex. The less effecttve bonding of hgand molecules to the large 
Ban ion is mamfested in the thermodynamtc data for other complexmg systems. 

As the B-character or softness of the metal ion IS increased, the enthalpy of 
formatton of hahde complexes becomes more favourable. It is seen in Table 2 that 
the enthalpies of formation of CdCl+ and TlCl are already shghtly negative mdrca- 
tmg a greater covalency than for the monofluoride complexes. With the typically 
soft Hg” and Tl”‘, the monochloride complexes are formed wrth appreciable exo- 
thermic enthalpy changes. The structure-breaking properttes of the hahde ions 
increase m the order Cl- c Br- < I- and it is seen that the values of the associa- 
tion entropies for all the monohahde complexes decrease along the series F- > 
Cl- > Br- > I- owing to the decreasing strength of interactton between hgand 
and solvent. In the case of the large iodide Ion, the dS value is unfavourably nega- 
tive m some instances (e.g. HgI+) reflectmg the relative ummportance of term II 
(Eqn. 3) as compared with the disappearance of species accompanying ion associa- 
tion. 

Some trends in the thermodynamtc functions for the stepwise formatton of 
complexes can also be explamed in terms of the general features discussed above. 
An Increasing exothermicity in going from CdL,- to CdL.+‘- is accompanied by 
substantial decreases in the stepwise entropy changes. The effects are larger for 
iodide as compared with bromtde in agreement with the larger structure breaking 
tendencies of the iodide ion In the step CdLz to CdL,-, however, positive entropy 
changes are seen for all three hahde Ions whtlst the enthalpy changes are etther 
approximately zero (for L- = I-) or else endothermic (for L- = Cl- and Br-). 
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Breakmg of ion-solvent bonds appears to be of greatest importance during this 
association step. 

The behavrour of the cyamde ion as a very soft ligands6 is clearly seen from 
the thermodynamic data in Table 2. Complexes with the B-character metal ions 
are appreciably stabihsed almost without exception by the large exothermrc en- 
thalpy changes. Except for the formatron of Cu(CN),- and Ag(CN),‘- the en- 
tropy changes are all negative indicating only weak ligand-solvent interactions in 
addrtion to the expected loss of rotational entropy of the dratomrc cyarude ran 
when it bonds to the metal ions. The introduction of rotatronal and vibrational en- 
tropy terms has been proposed for the interactrons of metal ior’s with other polya- 
tomic anions such as azide and throcyanate “. It can be seen that the enthalpy 
change for the formatton of M(CN)s2- from M(CN),- is much more exothermic 
for M+ = Cuf than is the case for Agf. The probable existence of multiple 
bonding in the Cu(CN),‘- complex has been drscussed by a number of 
workers*‘**‘***. Evidence from both Raman and infrared intensity measurements 
point9 ’ to the addltronal mfluence of n-bonding in Cu(CN),‘- but not in 
Ag(CN),‘-- Such multiple bonding would account for the observed differences in 
the enthalpies of formatron of these species. 

We are now m a positron, m the light of the arguments presented above, to 
make some general comments concerning the thermodynamrc implications of A- 
character (hard) and B-character (soft) interactions. Complexes formed through 
the predominantly electrostatic interactions between hard acids and bases are 
entropy stabrlised; the enthalpy changes are usually small and endothermic re- 
flectmg the energy required for the removal of coordmated solvent molecules from 
the co-spheres of the ions. B-character mteractrons, on the other hand, are always 
characterised by exothermic enthalpy changes. The accompanying entropy terms 
become increasmgly negative wrth increasing softness of the Interacting acid-base 
species. This behaviour is stnkmgly rllustrated by the thermodynamic data given 
inTable 3 for the interaction of B-character metal rons wrth a soft phosphorus- 
coordinating hgand drethyl+oxyethyl phosphme (Dop)“. The complexes are 
formed with exceedmgly large exothermrc enthalpy changes and all the entropy 
term contnbutions are unfavourable. 

TABLE 3 

THERMODYNAMIC FUNCl-ION.5 AT 22 “C (I= 1 OM) FOR THE REACl-IONSgo 

M”+ +Dop + M(Dop)“+ 

Reaction -AG 
(kcal mole- ‘1 

AH 
(kcal mole- ’ ) 

AS 
(Cal deg- ‘.mole- ‘) 

As+ +DOP 1597 -193 -113 
A&Don)+ +DOP 12 18 -16 5 -146 
A&%%+ +DOP 6.56 - 9.1 - 87 
Hg*+ +Dop 50 37 -52 8 - 82 
CH,Hg+ i-Dop 19.72 -22 6 - 9.8 

Coordm. Chem. Rev, 5 (1970) 379415 
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Thermodynamic functions for the formation of the rather weak mono- 
thiocyanate complexes are given in Table 2. The entropy changes are small as 
would be expected for the formation of a charged complex which ~111 retain some 
of its solvent-ordering properties. The abnormally endothernuc enthalpy and large 
positive entropy changes for the formation of the zmc monotmocyanate complex 
may reflect the elimination of extra water molecules from the co-sphere of this 
small cation. Back-coordmatton to the thiocyanate ion from the filled shell of the 
zinc ion may result in a more bent complex requiring, for its formation, the 
removal of more than one water molecule from the hydration sphere of the cation”. 

The thiocyanate ran exhibits lmkage isomerism, bondmg to the metal ran 
either through its sulphur or nitrogen atom. Coordmation involving the sulphur 
atom, the most probable site of the negative chargegl will result in a more effective 
neutralization of charge in the formation of the complex and a more positive AS. 
Metal ions of B-character such as Cd” and Pb” will be expected to show some 
bonding through the sulphur atom, and it 1s seen that then complexes are formed 
with abnormally large and positive entropy changes as compared with data for the 
other metal ions in Table 2. 

(izi) Metal complexes wzth nitrogen-coordinating Izgands 

A number of polyamme systems have been mvesttgated recently calonmetn- 
tally and some features of the results wrll be outlined in this sectton. The ligands 
studied include: drethylenetriamme (dien) g2, 2,2’2”-triaminotnethylamme (tren)g3, 
triethylenetetramine (trien)g4, tetraethylenepentamme (tetren)g5, N,N,N,‘N’- 
tetra-(2-ammoethyl)-ethylenedramme (penten)g 6, a, a’-dipyndyl (dip)’ ‘*’ ** ” and 
1: lO-phenanthroline (phen)g ‘. Some thermodynamm data are included in Table 4, 
and for the ahphatm polyammes it is seen that there IS a tendency for successive 
enthalpy changes to become more exothermic; the effect is particularly marked 
with Zn(dien)22+. 

Association of metal ions with uncharged hgands is accompanied by smaller 
entropy changes than for the correspondmg reactions with aniomc hgands. Never- 
theless, the AS values for all the 1: 1 complexes in Table 4 are positive, indicating 
that, as was the case with the charged hgands, term II in Eqn (3) is more Important 
than term I. The decrease in entropy resulting from the diminished freedom of the 
hgand molecules on complex formation, is more than compensated by the release 
of water molecules in the co-spheres of the metal ions. 

Ligand-field effects produce contributions to the heats of complex forma- 
tion, but the paucity of reliable enthalpy data has led many workers to consider 
only changes in AG. The use of AG presupposes that variations in the entropy 
changes for reactions of the transition-metal ions with a given hgand are negligible. 
In the light of subsequently determined thermodynarmc data, thts assumption is 
seen to be undestrable’. -AN Values are plotted in Fig. 1 for some of the hexa- 



THEiRMODYNAh%ICS OF METAL COMPLEX AND ION-PAIR FORMATION 395 

I 
Ml-l Fe co NI CU Zn 

Ftg 1 Heats of formation of metal-polyamine complexes plotted as a function of atomic 
number. The dotted curves have been corrected for crystal field stabduations. 

coordinated polyamine complexes of the brvalent transrtion metal ions. For all 
of the aliphatic polyamine hgands, the exothermicity increases from Ni” to Cu’r 
and then decreases to Zn” in agreement wrth the Irvmg-Wilhams order. Correc- 
tions for crystal-field stabihzations were made by Crampolim, Paoletti and Sac- 
coni1oo and it is seen in Fig. 1 that the corrected values he shghtly above the line 
joining manganese to zinc and that the ligand field theory satisfactonly explains 
the observed trends m AH for these complexes. 

The spectra of the [M(en)Jzf and [M(NH&]‘+ species are closely srmrlar 
to those of [Fe(dien),12+, [Co(dien),]‘+ and mr(dien),]‘+ indicating that the 
symmetry of the ligand-field m the latter series of complexes is essentially octahe- 
dralg2. It is seen in Table 4 that the value of -AH2 for [Cu(dien)J2+ (8.15 kcal. 
mole-l) is low compared with the value for the first stage of the association, 
-AH, = 18.00 kcalmole -l_ Taking the heat of formation of a smgle copper- 
nitrogen bond as one-half of that for the formatron’ of (Cuen)‘+, viz. -6.5 

kcakmole-‘, it is seen that the bindmg of three mtrogen atoms in the &St molecule 

of dien is normal. The heat of reaction, - 18.00 kcakmole-’ is approximately equal 
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TABLE 4 

METAL COMPLEXES WTH NITROGEN-COORDINATING LIGANDS 

Reactants I -AG 
(M) (kcal mole-‘) 

-AH 
(kcaI.moIe- ‘1 

AS 
(co1 deg- L mole-‘) 

A = drethylenetrramzne (dien)92 
Mn2+ t2A 0.1 - 
Fez+ t2A 01 - 
Co*+ +A 0.1 10 90 
CoAz+ +A 01 800 
N12+ +A 0.1 14 45 
NiA2+ +A 01 10 90 
CkPfA 01 21 55 
CuA*++A 01 7.10 
Zn2++A 0.1 12 00 
ZnA2++A 0.1 7 50 

6 95 
12 95 
8 15 

10 25 
11.85 
13.45 
1800 
8 15 
645 

10 15 

- 
- 

90 
-75 

85 
-85 

12 0 
-3 5 
18 5 

-90 

A = N,N,W,N’-tetra-(2-aminoethyl)-ethylenedtamme (penten) 96*L03 
Mn2++A 0 1 12 58” 8 85 12 5 
Fe2++A 01 15.16’ 9.65 18 5 
Co2+ +A 0.1 21.16” 14.75 21.5 
Co2++HAC 0 1 16 98“ 14 00 100 
N12++A 01 26 OB 19 65 21 5 
N12++HA+ 01 21.33* 18 35 100 
Cu2+ +A 01 30.16O 24 50 19.0 
Cu”++HA+ 0 1 27.48= 24 80 90 
Zn++ +A 01 2195” 14 50 250 
ZrP+tHA+ 0.1 19.12 14.65 150 

a Corrected to 25” from the determmed 20” valuesLo3. 

to - 3 x 6.5 kcalmole- ‘. In the next stage of association, a AH, value of -8.15 
kcalmole- ’ corresponds to the bindmg of more than one nitrogen atom of the 
second dien molecule to [Cu dien] * +. The value is larger than the expected -2 x 6.5 
kcalmole- 1 for two Cu-N bonds on account of the smaller crystal-field stabiliza- 
tion energy for [Cu(dien)J*+ as compared with that” for [Cudien]‘+. This con- 
clusion is in agreement with the prevrous suggestron of Martell and his coworkers 
that the three nitrogen atoms of [Cudien] 2+ lie in a plane with water molecules 
occupying the other three positions lol. The resulting tetragonal distortion of the 
octahedral configuration stabihzes the ground state owing to the removal of the 
t,, and es orbital degeneracy by the tetragonal component of the electric field 
acting on the copper ion. As a consequence of the lower tetragonal distortion of 
the [Cu(dien)J2+ ion, the crystal-field stabilization energy decreases and -AH, is 
abnormally low. It can be seen from Table 4 that the overall entropy change 
(AS, + AS,) for [Cu(dien)$+, 8.5 cal.deg’i.mole-l is considerably larger than 
the values 1.5 and 0.0 cal.deg-l.mole-l, respectively, for the corresponding cobalt 
and nickel complexes. The planar [Cudien]‘+ has a smaller dipole moment than 
that of the octahedral [Codien]*+ and [Nidien]‘+. As a consequence, fewer water 
molecules wrll be orientated by [Cudien]” and its entropy wrll be largerlo2. In 



THERMODYNAMICS OF METAL COMPLEX AND ION-PAIR FORMATION 397 

addition, since the second dien molecule is bound by fewer than three nitrogen 
atoms, the freedom of movement of the uncoordinated part of the molecule will 
contnbute to the entropy increaseg2. 

Reference has already been made to the tendency of zinc@) to-form com- 
plexes in which the coordmation number is less than six. The abnormally low 
-AH and high AS values for the formation of [Zndien12+ points to the formation 
of a tetrahedral eon of the type [Zn(H,O)dien]‘+ with the additional endothermic 
and entropy effects arising from the displacement of more than three coordinated 
water moleculesg2. Similar arguments have been advanced to explain the abnor- 
mally low -AH and high AS values for the formation of a tetrahedral [Zntrien12+ 
iong4. 

The penten molecule probably acts as a sexadentate hgandg6 since the -AH 
values for the Mn”, Fe”, Co” and NI” complexes are higher than the correspond- 
ing values for the [Mtetren12+ lonsg5. The considerable strain in the five resulting 
5-membered chelate rings is reflected m the apparent ease with which one of the 

0 phen - 
0 dap --- 
A en _--___ 

Fig. 2. Heats of formation plotted as a function of atomic number for metaI 1:lO phenanthro- 
line, ethylene&amine and dipyndyl complexes. Reproduced, with permission from Helv. Chim 
Ada, 46 (1963) 2819. 
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ammo groups can be spht from the metal and protonated to form mpentenH]3C 
species. In Table 4 it can be seen that the AH values are approximately the same 
for the formation of the copper and zmc complexes [Mpenten12* and 
[MpenrenHJ3 i and rt is hkely that penten behaves as a quinquedentate &and m 
both these species lo3 Further evidence for the coordinatron of only five N atoms . 

in [Cupenten]’ + is provided by the absence of any shrft m the spectrum of [Cu- 
pentenH13 -f- as compared with [CupentenJ2+. The relatively greater value of -AH 
for the formation of [Mnpenten12+ (Table 4) may reflect the tendency of the large 
manganese ion to form complexes in which the coordination number is greater 
than SIX. The inclusion of water mo!ecules in the first coordination shell in addrtron 
to the six N atoms would account for the rather small entropy of formation, 12 5 
cal deg-‘.mole-i. X-ray structural evidence for the formation of seven-coordmate 
manganese in Mn[Mn(H20)HY12. 8H2O (in which Y4- = EDTA4-) supports 
this hypothesislo5. 

Dipyridyl (dip) complexes of divalent metal ions have been extensively 
studied calonmetricallyg8~gg~1 06. Th e results obtained by Anderegglo6 at 20” and 
by Davies and DunuinggS at 30.3” are in general agreement but the AH values of 
Atkinson and Bauman” at 25” are consistently lower than erther of the other 
studies. The differences have been discussed’07 in the hght of the vahdity of the 
assumption made by Atkinson and Bauman of a hnear dependence of AH on n. 

We will confine ourdiscussron to the thermodynamic functrons obtained by 
Anderegg and by Davies and Dunning, and some enthalpy values are presented m 
Frg. 2 as a function of atomic number; data for ethylenediamine (en)lo4 and 1 : lo- 
phenanthrolme (phen)’ ’ 6 are included for comparison. It can be seen that the 
values of the overall heats of formation AH,, for mono-, bls- and tns-complexes 
of ethylenediamme are very similar to those of the corresponding dip and phen 
complexes for cobalt, mckel and zinc. For the 1 : 1 and 1 : 2 complexes the points 
for Mn”, Fe”, Co” and Ni” he practically on a straight hne. The differences for 
the tns complexes of the aromatic amines, however, are striking; the Fe” com- 
plexes are formed with much larger exothermrc enthalpy changes than for the 
correspondmg Fe(en)32 +. 

The stab&ties of the Fe(phen),2+ and Fe(dip),2+ complexes are such that 
the systems can be characterised by a single overall stability constant p3. The con- 
centrations of mono- and bis-complexes are extremely smallgg. Magnetic suscep- 
trbility measurements have shown that Fe(dip),‘+ is diamagnetrc108 whereas the 
corresponding ethylenediamine complex is paramaguetic as IS also the hydrated 
Fe” ion. The larger exothermic enthalpy change for the formation of Fe(dip)32t 
can therefore be accounted for by the change m the ground state of the metal when 
the complex is formed from Fe(H20)62f. The entropy changes for the formation 
of Fe(dip),’ f (-27.0 cal.deg-‘.mole-1)‘06 and Fe(phen)32t (-15.4 caldeg-l. 
mole-1)106 are also considerably more negative than those for the other metal 
ions. This probably reflects the strong bindmg and immobihzation of the hgand 
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molecules in these complexes. In general, phen complexes are formed with more 
posittve entropy changes than the corresponding drp specres and the trend can be 
accounted for by the greater rigidity of 1: lo-phenantbroline as compared with 
dipyridme. 

The availability of thermodynamic data for the polyamine complexes 
enabIes the nature of the chelate effect to be exammed m more detad and ther- 
modynamic functions for the reacttons 

M(NH3),’ + + L * ML’ -I- + n(NH,), 

are grven m Table 5. 

TABLE 5 

THE CHELATE EFFECT METAL-POLYAMINE COMPLEXES 

Mz+ n L -AG AH 
(kcal mole-‘) (kcalmole- ‘) 

AS 
(Cal de_q- ’ ) 

Ref- 

Nl*+ 3 dlen 5 33 -135 13 4 92 
cll*+ 3 dlen 724 -30 142 92 
Nl++ 4 tnen 8 09 0 27.1 94 
CUZf 4 trien 10 2 -1 55 29 0 94 
Nl*+ 5 tetren 12.10 -1.4 35 9 95 
cu*+ 5 tetren 14 65 -175 43 3 95 
Nl*+ 6 penten 15.44 +1 35 560 96 

It can be seen that the complexes are, without exceptron, stabrlized with respect 
to the correspondmg ammonia complexes, not by the enthalpy changes but by the 
large posttive entropy changes accompanying these reactions. The entropy in- 
creases with increasing dentlcity of the chelating hgand. Notwithstanding the 
arguments tog based upon the elimination of the crattc effects by expressing the 
association constants in term of mole fractions rather than moles per litre that 
much of this effect disappears, it is clear that the large negative free energy changes 
for reaction (4) can be attrrbuted to the positive entropy changes accompanying 
the release of increasing numbers of ammoma molecules. 

(iu) Mefal complexes with nztrogen- and oxygen-coordinating izgands 

Extensive calorimetric studies have been made of the formation of metal 
complexes with ammopolycarboxylate Ions. SLnwarzenbach”’ has pointed out 
that when lrgand molecules contain more than two potential donor atoms, the 
presence of a nitrogen atom enables the special structural requirements to be met 
for the formation of relatively strain-free chelate rings. Whereas the polyamine 
complexes are stabrhsed by appreciable exotherrmc heat changes, the aminopoly- 
carboxylate compiexes are also stabilised by positive entropy changes accompany- 
ing the charge neutralisation and subsequent solvent release from the co-spheres 
of the interacting ions. Ligands containing nitrogen atoms alone show a high selec- 
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tivity in their complexing abihty and, for the A-character cations, no stable com- 
plexes are formed. The mtroduction of carboxylate groups produces hgand mole- 
cules which can form stable complexes with both A- and &character cations. 

In order to discuss some of the important factors involved in the formation 
of these complexes, thermodynamic data wrll be selected from those available for 
nninodiacetatelll(IDA), methyliminodiacetate57”1Z(mIDA) and ethylenedia- 
minetetraacetate homologues : 
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a-L&00- 

in which n = 2 for EDTA114s1’591’6; n = 3 for TMTA”‘; n = 4 for TETA”‘; 
II = 5 for PETA”‘; n = 6 for HDTA’L’*” ‘; and n = 8 for ODTA’r’, 
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COO-), for DTPA3**rr3, 

NCH2\ 
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DCTA 
, iH2 ~-N(CYCOO-)2 

cqCH1c”2 
-NCCH$OO-1, 

2 

and NTA” **I1 g~(CH2COO-)3]. 
The mIDA molecule constitutes one half of the EDTA molecule and the 

availabihty of enthalpy and entropy data makes it possrble to examine the source 
of the chelate effect in more detail than can be done from a consideration only of 
the free energy changes. Thermodynamic functions for the reaction 

M(mIDA)22- +EDTA4- G+ MEDTA’- + 2mIDA2- (5) 

are given m Table 6. With the exception of calcium, the chelate effect is clearly one 
of entropy reffecting the increase in the number of solute particles m the reaction 
(5). The endothermic heat changes for some of the reactions are probably due to 
the strain involved in fitting another chelate ring around the metal ions. The effect 
is particularly marked m the case of copper which, as discussed previously, has 
special spatial requirements for short bonds m the xy plane; the chelate effect is 
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TABLE 6 

THE CHELATEEFFECT 

M(mIDA)Z2- -AG AH AS 
+ MEDTA2- (kcal mole- ‘) [kcal mole-‘) (cal deg- i mole- ‘) 

bfg= 3 65 131 17.1 
ca2 + 5 27 -4.62 27 
Mn2-C 5 68 -4 33 3 05 
co=+ 3 21 128 15.3 
N12+ 3 57 0.10 12 5 
cu++ 1 17 3.96 174 
ZIG + 3 23 098 14 6 
Cd’+ 5 27 -178 119 

smallest with this metal ion. In contrast to these results, it is seen in Table 6 that 
the cheIate effect for the calcium manganese compiexes IS prmcipally one of enth- 
alpy. The exothermiclty of reactlon (5) for calcium, manganese and cadmium can 
be explained by the relatively strain-free structures of their EDTA complexes as 

Un 
\ 

Cd ‘1 4 
I 
\ 
I 
1 

Cd 

Zn 

I I I I I I c 
2 3 4 5 6 7 8 

n 

Fig. 3 The chelate effect Free energy changes for EDTA homologues (reaction 6) plotted as a 
function of cham length 
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1 I t , 

2 3 -7 5 6 7 6 

Fig 4 The cheIate effect Enthalpy changes for EDTA homologues (reaction 6) plotted as a 
function of cham length 

compared with the smaller catlor,s In both the calcium and manganese cases, how- 
ever, the entropy changes. *re dso unusually small. If we can assume slmllar struc- 
tures in solution to those in the sohd state, these results for manganous EDTA 
are consistent with the structure proposed by Hoard and his associates’os of a 
seven-coordinate species with an additional water molecule bound to the metal ion. 
Although no X-ray structural data are available for the corresponding cakium com- 
plex, it is possible that a simdar Ca(OH,)EDTA’- species is formed in solution. 

It IS of interest to consider the vanation of chelate effect with n, the number 
of methylene residues in the central cham of the EDTA homologues. Thermodyna- 
mic functions for the reaction 

M(mIDA)22-+L4- + ML2-+2mIDA2- (6) 

In which n = 2(EDTA); n = 3(TMTA); n =4(TETA); n = 5(PETA); n = 6 
(HDTA); and n = 8 (ODTA), are presented graphically in Figs. 3, 4 and 5 for a 
number of metal ions. It can be seen that increases in the number of methylene 
groups causes the association constant of ML to decrease rapidly. 
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r 1 I I I 

2 3 4 5 6 7 8 

Fig. 5 The chelate effect. Entropy changes for EDTA homologues (reactlon 6) plotted as a 
function of cham length. 

The decrease is especially marked 1x1 the range n = 2 to n = 5. For some of the 
metal ions, the drop in stability occurs only after introducing the fourth and fifth 
methylene group into the ligand molecule which corresponds, respectively, to an 
8- and g-membered chelate ring 11’ With most of the metal ions, the difference m . 

free energy in going from n = 2 to n = 4 is associated with an increasing endo- 
thermicity caused by the greater ring strain m the higher homologues. The entropy 
changes are not appreciably different, indicating that the coordination in the com- 
plexes is approximately the same. At higher n values the stabdising influence of 
chelation disappears and dG for reaction (6) falls to small positive values as the 
hgand molecules behave more and more like two independent mlDA molecules. 

Thermodynamic functions for the stepwise formation of 1: 1 and 1:2 bi- 
valent transition-metal IDA and mIDA complexes are shown as a function of 
atomic number in Figs. 6 and 7, respectively. The posltion of copper is particularly 
interesting since, although the dG values for the formation of Cu L follow the 
well-established Irving-Wdliams order, it does not follow that the enthalpy 
changes, reflecting important crystal-field effects, follow the same order. The 1 : 1 
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FIN. 6. Thermodynamic functions for the formatlon of mono-IDA and mono-mIDA complexes 
plotted agamst atomic number (A, IDA, B, mIDA) 

Fig 7. Thermodynamic functions for the stepwlse formatlon of bls-IDA and bls-mIDA com- 
plexes plotted agamst atormc number (A, IDA, B, mIDA). 

copper complexes are formed with unusually endothermic enthalpy changes and 

the high stablhty of these complexes is clearly an entropy effect. The explanation 
for this behaviour, in terms of the mfluence of Jahn-Teller stabihzation upon the 
thermodynamtc properties, has already been constdered in the sectron deahng with 
oxygen-coordmated complexes. The larger entropy changes are associated with a 
more effective charge neutrahzation resulting from the formatton of short bonds 
in the xy plane of the metal Ion and also with the greater freedom of the two axial 
water molecules. It can be seen in Fig. 7 that m the formatron of CU(IDA)~~’ 
and Cu(mIDA)22- from the correspondmg monocomplexes, it is now the exo- 
thermic enthalpy change accompanymg Cu-N bond formation which stabrhzes 
the complexes. The entropy change is small compared with the other transrtion 
metal ions indicating that much of the water release had occurred, as suggested, 
m the formation of the 1 : 1 complexes. The higher stabrlity of the complex CuNTA- 
as compared with the NTA complexes of the other transition metal ions is also a 
result of a hrgher entropy of formation”‘. LIS (CuNTA-) = 53 0 cal deg-r. 
mole-l whereas the values for NrNTA- and ZnNTA- are 44.1 and 46.0 cahdeg- I. 
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mole-l, respectively. The AH (CuNTA-) value (- 1.84 kcahmole-I) is larger 
than the corresponding Ni” value (-2.53 kcalmole-I). These data are consistent 
with the special factors discussed above, which must be considered in the case of 
the copper complexes. In addition, with the tetradentate NTA hgand molecule 
and the known preference for a distorted octahedral configuration in its com- 
plexes, it is posstble that the copper(H) ion can coordinate only three of the four 
donor atoms” ‘, causing the complex with one free -CH2C002- to have a rela- 
ttvely large entropy [a less negative term I in Eqn. (3)]. It might be expected, how- 
ever, that part of the effect may be lost m the tendency of such a group to coor- 
dinate water molecules [a less posmve term II m Eqn. (311. 

The absence of comphcatmg crystal-field effects makes the alkalme earth 
complexes of aminopolycarboxylic acid hgands particularly interesting for thermo- 
dynamic analysis. It is convenient to dtvide the ligand molecules mto three groups : 

(I) those with the EDTA skeleton, including DCTA; (ii) those with an additional 
potenttal coordinating atom in the central chain (e g. BATA, BSTA and DTPA); 
and (iu) those with two potential coordmating centres in the central chain (e.g. 
EGTA). The trends m the avatlable thermodynamic functions for the alkaline- 
earth cations are illustrated m Fig 8. It is seen that in group (I), the greater sta- 
b&y of the DCTA complexes as compared with those of EDTA IS entirely due to 
a much more favourable AS+S” (MZf) for the former. This difference in entropy 
is able to outweigh the unfavourable enthalpy dtfference. The explanation lies in 

E OTA 

OCTA 
0 

I 
d 

, p:: 

’ ‘>A 

i -,-A 

+ - 

2 

BATA 

OTPA 

r 

hlg co sr Ba 

Group (I,, , 

FIN. 8. Plots of the thermodynamic functions for the formatton of alkaline earth amino carboxyl- 
ate complexes. Group (I): EDTA. DCTA, group (II). DTPA. BATA, group (1~)’ EGTA. 
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the fact that in DCTA, the two nitrogen atoms are restricted in their movement by 
the carbocychc chain, and so term I m Eqn. (3) ~111 be more posltlve than for 
EDTA In addition It has been suggested114 that the relative rlgldlty of the car- 
boxy1 groups in DCTA as compared with those in EDTA results m a locahsatlon 
of charge leading to a more effective orlentatlon of water molecules m DCTA. 
--dS,, (DCTA) ~111 be larger than --d.S, (EDTA) makmg term II m Eqn (3) 
more positive for DCTA The increased endothermlcity accompanymg the forma- 
tion of DCTA complexes is a consequence of the sterlc hmdrance imposed by the 
cyclohexyl rmg’ 14. The value of dG (MgL’-) - AG (CaL2-) IS about the same for 
both EDTA and DCTA but the heat and entropy trends are quite different. In 
gomg from calcium to magnesium there IS an appreciable increase in AS+.!? 
(M’+) for EDTA as compared with that for DCTA, indicating a smaller posltlve 
contnbutlon m term II (Eqn 3) for DCTA It IS possible that MgDCTA IS more 
hydrated than MgEDTA smce there is conslderable strain involved m completing 
the coordmatlon of the rlgld DCTA anion to the small magnesium ion. Some 
support for this suggestion is provided by the rather large drop m -AH in Fig 8 
for the formatlon of MgEDTA 

In the case of the group (II) hgands for which thermodynamic data are pre- 
sented in Fig. 8, it is seen that the DTPA complexes are, in general, more stable 
than those of BATA. The larger entropy changes for the formation of MBATA 
complexes is sufficient to overcome the more endothermic enthalpy changes ob- 
tained for the Ca2& and Sr2+ complexes Not only ~111 the larger multldentate 
DTPA moIecuIe have more conformational freedom m its complex owing to a 
Iarger number of uncoordmated sites, but the higher charge as compared with 
BATA ~111 result in a greater release of co-sphere solvent molecules accompanymg 
association. The exception is seen to be m the case of the small Mgtf ion which IS 
probably incapable of coordinating with as many sites on the DTPA molecule as 
do the larger alkaline earth ions. The retention of charge m the resulting complex 
will result m a rather smaller entropy of formatIon for MgDTPA 

In the group (111) llgands, thermodynamic functions for the formatlon of 
EGTA complexes are shown m Fig 8. The association constant for the formation 
of MgEGTA IS a factor of 10’ smaller than that for calcmm whereas for the EDTA 
complexes the difference IS rather less than a factor of 103. It IS seen that the values 
of AS+S” (M”) for EGTA complexes are appreciably less than those for the 
corresponding EDTA complexes This drfference may be caused by two factors: 
(I) the greater loss of configurational entropy of the larger EGTA molecule when 
it Interacts with the metal Ion, and (il) the two carboxylate groups which remain 
free in the EGTA complexes and which ~111 retam some solvent-ordenng proper- 
ties whlIst not being able, through negative charge repulsion, to make full use of 
their mobility. AS+9 (M2+) Values for EGTA show httle difference for the 
alkalrne earth complexes, mdrcating simdar structure for all the complexes m the 
senes The results of NMR studies I4 lend support to this suggestion, and it ap- 
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TABLE 7 

THERhIODYNAhIIC FUNCTIONS FOR THE ASSOCtATION OF COPPER WITH 

GLYClNE AND POLYGLYCINES (zj”, f = O.lOM)= I*6 

Assoclatton reactlo& AG(kcal mole-‘) AH(Lca1 mole-‘) AS(cal deg-’ mole-‘) 

Cu2’+G- z CuG’ -1171 ;001 -6 76 f 0 04b +166&03 
CuG+ -I-G- z? CuG, - 947 f002 -6 89 & 0 I* +87 104 
Cu’+ +GG- s CuGG+ - 758f001 -61 &02 i-4 97 + 0.7 
Cu*‘+GGG- ?t CuGGG+ - 687&001 -63 102 +19 *lo 
CL?+ +GGGG z? CuGGGG + - 7.00 f 0 02 -60 f06 i-33 *20 

“G- = glycmate, GG- = dlglycmate, GGG- = tnglycmate, GGGG- = tetraglycinate 
anions b R M IZATT, J J CHRISTENSEN AND V. KOTHARI, Inorg. Clzenr , 3 (1964) 1565. 

pears that both ether-oxygen atoms m the central chain are mvolved m the bon&+ 
to the metal Ion. The smaller stabrhty of the magnesmm chelate IS clearly the 
result of the more endothermal AH reflectmg the increased potential energy m- 
volved m the interactron between the small Mg” and the EG’TA anion. 

A number of studres have been made of the heats of formation of complexes 
of copper with ammo acids”‘; the polyglycme complexes have also received con- 
stderable attention in view of their biological importance Dissociation of the pep- 
tide hydrogen atoms IS facrhtated m reactions which take place in the physiological 
range of pH. Although the structures of the complexes have been charactertsed 
rn the sohd state by X-ray diffraction methods”‘, there has been considerable 
drscussron as to the nature of the hgand atoms involved m coordmation of the 
copper ion in solution 122B123*124*125. There is little doubt that, with the ehmma- 
tron of the peptrde hydrogen atoms at hrgher pH, the peptide nitrogen 1s coor- 
dinated to the metal ion. In the catiomc complex, CuLi, at lower pH, however. 
both peptrde nitrogen and oxygen atom coordmation have been proposed; the 
former by Kim and Marte11’24*L25 and the latter by Datta and Robin”‘. Calort- 
metrtc studies of these systems have been made over a range66*126 of pH and 
thermodynamic data prior to ronizatron of the peptide hydrogen atoms are gtven 
in Table 7 together with those for the correspondmg glycine complex. It can be 
seen that the substanttal decrease m the stabrltty of the polyglycine complexes 
CuGG+, CuGGG+ and GuGGGGf as compared with the monoglycmate, CuG+ 
essentially an entropy effect. The exothermtc enthalpies of formatron are remark- 
ably constant throughout, mdrcatmg that the polyglycme hgand molecules are 
bound in bidentate structures similar to that of glycme and not m the multichelated 
structures which have been proposed 12’ It IS likely that the structures in solutton . 

resemble those m the solid state with the metal ton bound to the terminal NH2 
and the oxygen of the first peptide group 66*126. In such structures, the carboxyl 
groups are unbound and the resulting charge separatton will account for the very 
small AS values for all polyglycine complexes in Table 7 as compared with the 
value for the monoglycine complex. 

Coordm Chem Rev, 5 (1970) 397-415 
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(v) Complexes of the rare earth metal ions 

With the availability of thermodynamic functions for the formation of rare 
earth complexes with a considerable number of ligand molecules, it is instructive 
to examme in more detail trends in the data and their relationships to the well- 
known “gadohnium break”. If interaction of rare-earth ion with the &and were 
purely electrostatic in nature, the strength of the M-L bonds would be expected to 
increase hnearly with ionic potential. It has been shown, however, that instead of 
the expected umform increase of associatton constant with decreasmg ionic radius 
along the lanthanide series, a break occurs in the regton of gadohmum. Moreover, 
this behaviour appears to be common for most of the ligands investigated from 
the simpler iminodiacetateslz7, acetates, glycolates’28 and other monocarboxyla- 
tes12* to the more stable complexes formed with ligands such as NTA, EDTA, 
PDTA and DCTA13’. In an attempt to explain these results, Wheebvright, Sped- 
dmg and Schwarzenbach’31 suggested that a change occurred in the number of 
ligand atoms coordinated as the metal ion became smaller. For this interpretation 
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Fig. 9. Enthalpies of formation of some 1 :l rare-earth complexes plotted as a function of atomic 
number. 
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to be correct, however, the critical ion size at which the strain introduced into the 
chelate would be sufficient to change the number of atoms coordmated would have 
to be the same for a wide variety of coordinated ligand molecules of differing 
denticity. It would be unexpected if this were the case, and more recently attention 
has been focussed on possible changes in the hydration structure of the metal ions 
as the cause of the gadolinium break. Irvmg and Conesa13’ studied the rare earth 
complexes of propylenediaminetetraacetic acid (PDTA) which contains one more 
C-methyl group in the central methylene chain of the EDTA molecule. In spite of 
the fact that the resulting rare earth complexes are less stramed than the corre- 
sponding EDTA complexes, the dlscontinmty m the measured K values stdl oc- 
curred at gadolinium. An excellent linear relationship between log K (MJ?DTA-) 
and log K (MEDTA-) constituted convincing evidence that the two ligands coor- 
dinate with all the rare earth ions through the same donor atoms, forming com- 
plexes very sirmlar in their steric reqmrements. It was clear that the source of the 
gadolinium break could not be determined solely on the basis of free energy chang- 
es and, with the availabihty of a number of calonmetric enthalpy data, it is of 

60- 

70- 

FIN. 10. Entropies of formation of some 1.1 rare-earth complexes plotted as a fimctron of 
atomic number. 
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interest to enquire more closely mto the reasons for such a discontinuity in the K 
values. In Frg. 9 thermodynamrcfunctrons for the formation of 1: 1 NTA’32*L33*‘34 
and EDTA’31s’35 complexes are plotted against atomrc number. It is seen that 
the trends in AH values are the same for both Iigands and similar results have been 
obtamed with drglycolate and drpicolinate complexes’36. Simple electrostatic 
theory would predrct a linear relationship between AN and r-r and it is therefore 
clear that other factors are involved in these association reactions. 

Modification of the sample electrostatrc model could be made in order to 
include the mfluence of possible ligand-field stabihsation on the 4f electrons’3 ‘. 
These effects would be absent for La3+, Gd3+ and Lu3 f and the heats of forma- 
tion of complexes with these metal Ions would be expected to vary monotonically. 
The enthalpy values in Fig. 9 do not conform with this requirement. Ifit is assumed 
that a smooth curve through the points for La3+, Gd3* and Lu3+ represents 
solely the effect of the lanthanide contraction on AH, then for both hgands, the 
complexes from Ce3+ to Eu3 + have added stabrhsation whdst those from Tb3 + 
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Fig 11 Enthalples of formation of 1: 3 rare-earth dipicolinate and diglycolate complexes plotted 
as a function of atomic number. 
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to Yb3 i are considerably destabdised. It IS not possrble to reconcrle such a reversal 
of stabilisation with ligand-field theory. 

It can be seen in Fig. 10 that the entropy changes for the formation of the 
rare earth complexes fall into two drstmct groups each of approximately constant 
AS. The changes occur in the region Sm3+ to Tb3 c for EDTA and Gd3 i to Dy3 + 
for NTA and are accompamed by corresponding Increases m endothermicity. 
This general pattern of behaviour for a number of complexes with drfferent 
ligand molecules provides stnkmg support for the suggested decrease m the 
effectrve hydration-number of the rare earth catron around the middle of the 
series’32. The release of the addrtional water molecules would require energy 
reflected in the increased endothermrcrty and would lead to a greater entropy of 
associatron. Recently, thermodynamic studres have been made of the free lanthan- 
ide eons by measuring the heats of solution of the iodate salts’3s. It was found that 
the entropies of hydration fall into two groups with values of 76 fl caldeg-‘. 
mole-’ for La3+ to Pr3+ and 91 fl cal.deg-l.mole-l in the range Dy3+ to Lu3+. 
The difference IS approximately the same as the difference between the two en- 
tropy plateaux in fig. 10. These results are again consistent with a change in the 
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Fig 12 Enthalpy changes for reactions 7 and 8 as a function of atomic number. 
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size of the hydration sphere around the rare-earth ion being the principal factor 
reflected in the entropies of association. In the sohd state, X-ray diffractlon analy- 
ses have been made of three dimensional data from smgle crystals of a number of 
EDTA complexes by Hoard and his associates 13g*140*141. In lanthanum EDTA, 

the rare earth bonds three additronal water molecules in the mne-coordinate com- 
plex ion [La(OH,), EDTA]-. The replacement of La3+ by successively smaller 
rare earth ions will be accompanied by a gradual shrinkage of the complex and, at 
some stage, an additional water molecule wrll be ejected in the formation of the 
complex. If rt is assumed that the complex species in solution have the same geo- 
metry as those in the crystal, the results provide additional support for the validity 
of the thermodynamic interpretations outlined above. 

Staveley and his co-workers142*‘43 have produced convincing evidence for 
two effects inlhrencing the enthalpies of formation of these rare earth complexes ; 
(1) the change in hydration noted above and (u) the interactron of the crystal field 
of tbe hgands with the 4f electrons of the lanthanide ions. Measurements were 
made of the integral heats of solution of the lanthanide ethylsulphate and bromate 
salts. The results were used to calcuIate the heats of formation of the 1: S-digly- 
colate and 1 :3-drpicolmate complexes starting with the rare earth as the solid 
ethylsulphate or bromate in the reactions 

Ln(Br03)39H,0(c) + 3L2-(as> --, LnL33-(aq) + 3BrO,-(aq) +9H,O(aq) 

and 

(7) 

Ln(C,H,S04),9H,0(c)+3LZ-(aq) + LnL33-(a)+3C,H,S04-(aq)+ 
+ 9HzO(aq) (8) 

A recent crystal structure of Nd(diglycolate),6H,O has shown the coordma- 
tion number of the neodymmm eon to be nine wrth all three coordmatron centres 
of the drglycolate ton bound to the rare earth ion’44. By assuming sumlar struc- 
tures for the 1 : 3-drprcohnate and 1 p 3-drglycolate complexes in solutron, Staveley’43 
suggested that thermodynamrc functrons for reactrons (7) and (8) would reflect the 
behaviour of these systems when comphcations from varying degrees of hydratron 
of both simple and complex ions had been eliminated. In Figs. 11 and 12 are plotted 
the experimental enthalpies of formation of these complexes both from the sample 
rons and from the sohd ethylsulphate and bromate salts. The data for the latter 
systems show particularly interestmg trends wrth increasing atomic number, and 
therefore decreasing ionic size of the lanthanide ion. Compared with the values of 
AN interpolated from a smooth curve through the points for lanthanum, gadoli- 
nium and lutetium, it IS seen that the remammg complexes are stabrhsed by slightly 
more exothermic enthalpxes of formation. The drfferences are in accord with the 
expected crystal stabrlisation effects known to be consrderably smaller for 4felec- 
tron systems as compared with the well-known effects for the 3d transition metals 
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