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in Table IV. At the same time, the entropy change is 
negative due to the ordering of ionic charges without a 
compensatory disordering due to extensive disruption 
of the hydration sphere. The more negative entropy 
for NdSCN2+ formation is probably due to loss of rota- 
tional entropy by the thiocyanate ion. 
In the inner-sphere complexes, the hydration zone is 

disrupted to a greater extent which results in a net endo- 
thermic enthalpy term. The elimination of water 
molecules from the inner hydration zone to the thawed 
middle zone also results in a net positive entropy 
effect. 

A test of the suggestion that the outer-sphere com- 
plexes involve little disruption in the inner hydration 
zone is possible. We would expect that the free energy 
changes upon ion-pair formation would reflect changes 
in ionic attraction and, hence, vary linearly as the 
radius of hydrated ions. While such radii are un- 
known, it is possible to assume that the ionic con- 
ductances, A+,  a t  infinite dilution are proportional to 
these hydrated radii. These conductances have been 
calculated previously24 from data of Spedding and co- 
workers (values for Pm and Tb were interpolated). 
Figure 2 shows the expected linear relationship be- 
tween log K1 and A+ except for cerium. We can offer 
no explanation for the behavior of cerium but it seems 

(24) I< A Robinson and R H Stokes, “Electiolyte Solutions,” Academic 
P i e s  Inc , Kew Yolk, Y , 1959, p 483 
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Figure 2.-The relation between log K I  for MS0327- and the 
ionic conductance a t  infinite dilution of M a + .  
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unlikely that either log K1 or the IJ- valuc could be 
sufficiently in error to account for this. 
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The stability constants and thermodynamic parameters for the first and second steps in the formation of the lanthanide 
propionate and isobutprate complexes have been determined a t  25.0’ and an ionic strength of 2.00 Af SaC104. The stability 
constants mere obtained by direct pH titrations and the enthalpy changes by calorimetric titrations. hn interpretation of 
the data is ofered in terms of the effect of conplexing on the hydration sphere about the cation. 

Introduction 
In the preceding publication, the thermodynamic 

parameters for the formation of complexes between 
lanthanide ions and inorganic anions were reported.2 
In this paper, we report on a study of the complexes 
between lanthanide ions and simple organic anions. 
Previous reports (see ref. 1-6 of the preceding paper) 
have been concerned with polydentate organic ligands 
with the exception of a recent paper by Grenthe3 in 
which data on acetate and thioglycolate are presented. 

(1) Abstracted in part from a Master’s Thesis by A. J. G.,  Florida State 

(2) G .  R. Choppin and W. F. Strazik, Inoug. Ciiem., 4, 1250 (1965). 
(3) I. Grenthe, A c f e  Chein. S c m w . ,  18, 283 (1964). 

University, 1964. 

Experimental 
Reagents and Apparatus.-Stock solutions of the lanthanide 

perchlorates were prepared as described ~ a r l i e r . ~  The working 
solutions were prepared from thesc by dilution. Buffer solutions 
were prepared from the acids by the “half-neutralization’’ method 
also described in the previous publication. The ionic strength 
of all solutions was adjusted to 2.00 M by the addition o€ solid 
sodium perchlorate (anhydrous reagent grade). 

The calorimeter used in these determinations was designed in 
our laboratories and is similar to that used by Sch1yter.j It con- 
tained a pH measuring system, a heater, and a thermistor making 
possible the simultaneous determination of both the stability 

(4) G. R. Choppin and J. A. Chooporian, J. Inovg. Nucl. Chem., 22, 97 

( 5 )  K. Schlyter, Tvans. Roy .  Insi. Techwol., Stockholm, No. 132 (1059). 
(1961). 
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constants and the heats of formation of a given complex. The 
pH measuring system consisted of a Beckman Model G pH meter, 
a Beckman Type “42” glass electrode, and a silver-silver chloride 
reference electrode. The remainder of the apparatus was used 
for the determination of the heats of complexation. The calorim- 
eter was calibrated by a heater circuit consisting of an epoxy- 
coated nichrome heater and a Leeds and Northrup Type K-3 
potentiometer. The detection system was composed of a Sarge- 
ant thermistor (S-81620), a Sargeant thermistor bridge, a Leeds 
and Northrup microvolt amplifier, and a Sargeant variable range 
potentiometric recorder. This system translated heat changes in 
the calorimeter to measurable recorder deflections. A more 
complete description of the calorimeter is to  be published in a 
future paper from this laboratory in which data from chelate 
complexes of lanthanide ions will be presented.6 

Calculations.-The method of Bjerrum’ was used to  calculate 
the stability constants. Values of i i, the average ligand number, 
and [L], the free ligand concentration, are used to calculate 
values of the functions %/(l - R)[L] and (2 - %)[L]/(l  - 8).  
A graph with these functions as the axes yields a straight line 
when the ligand concentration is such that no third complex is 
formed. The intercept of this straight line is PI, the first stability 
constant, and the limiting slope is p 2 ,  the second over-all stability 
constant .s 

Values of Ti and [L] were determined by direct pH titration and 
treatment of the pH data in a manner similar to that described 
previ~us ly .~  

The treatment of the calorimetric data to determine heats of 
complex formation essentially followed that of Schlyter.6 A 
nonlinear least-squares treatment was applied to the equation 

i = O  

where pi is the over-all stability constant determined separately 
by the pH titration and AHi is the over-all heat of formation of 
the ith complex. Z is defined by 

with I representing the total relative molal enthalpy of the solu- 
tion in the calorimeter and CM the total metal ion concentration 
of this solution. The method of treatment of the raw data to  
obtain i will be described elsewhere.6 All computations were 
performed using an IBM 709 computer. 

Data and Results 
All studies were carried out in an ionic medium con- 

sisting primarily of 2.00 144 sodium perchlorate and 
dilute with respect to the reacting species. The values 
obtained in this way are related to those a t  infinite dilu- 
tion by the equations 

AH = AH” - RT22yib (In ri)/dT (3b) 

A S  = A s ”  - R[TZ:y,b (In ?i)/dT - 27, In ri] (3c) 

where the thermodynamic changes at  infinite dilution 
are denoted by the superscript degree sign. By main- 
taining a high concentration of neutral salt the ac- 
tivity coefficients remain approximately constant for 
small changes in the solution composition. The ac- 

(6) G. R. Choppin and H. G. Friedman, to be published. 
(7) J. Bjerrum, “Metal Ammine Formation in Aqueous Solution,” P. 

(8) F. J. C. Rossotti and H. S. Rossotti, Acta Chem. Scand., 9, 1166 
Haase and Son, Copenhagen, 1941. 

(1955). 

tivity-dependent terms in the above equations are thus 
constant and changes in the “concentration” con- 
stants reflect the same trends as do the true thermo- 
dynamic constants. 

Sample sets of data for the pH and enthalpy titrations 
are given in Tables I and II.9 The logarithms of the 

T A B L E  I 
PRASEODYMIUM-PROPIONATE SYSTEM pH DATA“ 

VOl. of 
titrant, ml. P H  LLl,m n 

- 

1.50 3.820 5.449 x 10-3 0.276 
1.75 3.810 6.148 X 0.305 
2.00 3.870 8.162 X 0.382 
2.25 3.890 9.373 x 10-3 0.426 
2.50 3.900 1.061 X 0.467 
2 .75  3.930 1.270 X 0.531 
3.00 3.980 1.547 X lo-’ 0.608 
3.25 4.020 1.829 X 0.677 
3.50 4.070 2.201 x 1 0 - 2  0.758 
4.00 4.070 2.491 X 0.813 
C d  = 28.29 mM, CHO = 0.6041 mM, CLO = 1002.8 mM, 

CHLO = 1002.8 mM, initial volume = 50.00 ml., T = 25.0”, 
pH’ 4.550. 

TABLE I1 
PRASEODYMIUM-PROPIONATE SYSTEM CALORIMETRIC DATA“ 

Dd’ 
-627.8 

-44.47 
-95.45 
-38.61 
-28.81 
-25.40 

7.18 
50.33 

112.6 
105.2 

Dcnlc 

320.1 
315.1 
309.8 
298.6 
275.0 
266.6 
250.1 
244.3 
240.6 
252.1 

Time, 
sec. 

25.10 
25.03 
24.77 
23.65 
20.51 
18.50 
16.23 
14.01 
13.56 
15.14 

10 - 2 Q , d  

cal. 

-55.80 
-4.004 
-8.652 
-3.467 
-2.436 
-1.998 

5.283 
3.272 
7.191 
7.158 

102[L],e 
m 

0.5449 
0.6147 
0.8162 
0.9373 
1 061 
1.270 
1.547 
1.829 
2 201 
2.491 

10 -1,f 
cal./mole 

4.050 
& ,  334 
4 ,945  
5.190 
5.363 
5,504 
5.466 
5.235 
4.727 
4,221 

a p = 2.00 M NaC104, CMO = 0.00142 M ,  heater resistance = 
17.09 ohms, heater e.m.f. = 0.9006 v., T = 25.0’. Recorder 
deflection caused by the complexation. Recorder deflection 
caused by calorimeter heater. The heat change upon complexa- 
tion. The molal concentration of the ligand. 1 Defined as 
l/CM. 

stability constants are listed in Table 111. The en- 
thalpy and entropy values are shown in Table IV. 
Since i t  is not possible to determine the change in the 
number of interacting particles we cannot assess the 
relative magnitudes of the unitary and cratic parts of 
the A F  and A S  values. lD 

An analysis of the determinate errors present in the 
experimental methods used leads to an expected max- 
imum deviation of *2% and =t5% in the first and 
second over-all stability constants and corresponding 
deviations of 53% and k8% in the over-all enthalpy 
changes reported. Calculation of the standard devia- 
tions of a number of the systems studied bears out 

(9) The data supplementary to this article have been deposited as Docu- 
ment No. 8480 with the A.D.I. Auxiliary publications Project, Photoduplica- 
tion Service, Library of Congress, Washington 25, D. C A copy may be 
obtained by citing the document number and by remitting $7.50 for photo- 
prints or $2.75 for 35-mm. microfilm. Make 
checks or money orders payable to: Chief, Photoduplication Service, Li. 
brary of Congress. 

(IO) R. W. Gurney, “Ionic Processes in Solution,’’ McGraw-Hill Book Co., 
New York, N. Y., 1953. 

Advance payment is required. 
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TABLE I11 
STEPWISE STABILITY COKSTASTS OF THE PROPIONATE AXD 

ISOBUTYRATE COMPLEXES 
25’ and p = 2.00 ikf 

-Propionates----- -1sobutyrates- 
Ion log Ki log K1 log K I  log K2 
La 1.53 0.89 1.57 0.90 
Ce 1.67 1.00 1.62 1.10 
Pr 1.78 1.08 1.80 1.11 
Nd 1.93 1 .15  1.91 1.18 
Sm 2.02 1.22 2.00 1.25 
Eu 1.98 1.30 1.98 1.31 
Gd 1.84 1.33 1.86 1.34 
T b  1.73 1.37 1.73 1.39 
DY 1.63 1.34 1.65 1.32 
Ho 1.62 1.23 1.63 1.21 
Er 1.60 1 . 1 2  1 .61 1.11 
Tm 1.61 1 .05  1.61 1.06 
Yb 1.63 1.07 1.62 1.05 
Lu 1.66 1.12 1.65 1.12 
71’ 1.61 1.20 1.64 1.15 

TABLE IV 

AT 250 AND 2.00 nir IONIC STRENGTH 

THERMODYNAMIC PARAMETERS FOR LANTHANIDE COMPLEXES 

-Propionates- ----Isobutyrates-- 
A H i ,  AH?, A S i ?  ASS, A H , ,  AHz,  ASi ,  AS?,  
kcal. kcal. e.u. e.u. kcal. kcal. e.u. e.u. 

La 2.47 1.66 15.3 9 .6  3.47 2.50 18.8 12 .5  
Ce 2.16 1.77 14.9 10.5 3.33 2.55 18.6 13.6 
Pr 1.89 1.68 14.5 10.6 3.02 2.51 18.4 13.5 
Nd 1.78 1.47 14 .8  10.2 2.84 2.36 18.3 13.3 
Sm 1.56 1.33 14.5 10.0 2.66 2.08 18.1 12.7 
Eu 1.76 0.99 15.0 9 . 3  2.91 1.85 18.8 12.2 
Gd 2.22 0.86 15.9 8 .9  3.45 1.66 20.1 11.7 
T b  3.03 0.65 18.1 8.5 4.38 1.46 22.6 11.3 
Dy 3.67 0.83 19.8 8 . 9  5.04 1.79 24.5 12.0 
Ho 3.90 1.63 20.5 11.1 5.31 2.55 25.3 14.1 
Er 3.96 2.32 20.6 12.9 5.49 3.43 25.8 16.6 
Tm 3.98 2.83 20.7 14.2 5.39 4.10 25.5 18.6 
Yb 3.77 2.73 20.1 14.0 5.35 3.97 25.4 18.1 
Lu 3.82 2.50 20.4 13 .5  5.35 3.65 25.5 17.4 
Y 3.88 2.02 20.4 12.2 5.36 3.22 25.5 16.0 

these estimates. These errors lead to an estimated 
error of approximately 1 e.u. in the A S  values. We 
have included a third significant figure as the relative 
errors in log K1, AH, and A S  between lanthanide ions 
are less than these estimates. 

Discussion 
The data in Table I1 show that the stability of the 

propionate and isobutyrate complexes of the lan- 
thanides is due to the positive entropy change since the 
endothermic enthalpy opposes complexation. This is 
just the reverse situation from the outer-sphere com- 
plexes formed by these ions with chloride,ll thio- 
cyanate,12 and nitrate anions2 As described in the 
preceding paper, we suggest that these trends can be 
explained in terms of the effects on the hydration 
sphere about the metal cation. The energy release in 
the combination of the cation and anion in the complex 
is less than the total energy loss in the disruption of 
water molecules from the ordered hydration structure 

(11) G. R. Choppin and P. J. Unrein, J. Inorg. Nucl .  Chem., ‘26, 387 

(12) G. R. Choppin and J. Ketels, ibid., 27, 1335 (1965). 
(1963). 

about the cation. This decrease in the hydration 
sphere is a result of the steric effect of the placement 
of the anion immediately adjacent to the cation as well 
as the decrease in the net charge attracting the hydra- 
tion sphere from f 3  to +X. It would seem reasonable 
that the formation of the first complex would have a 
greater effect on the hydration sphere than m7ould suc- 
ceeding complexes. The fact that AH2 is less endo- 
thermic than A H l  is in agreement with this expectation, 

The combination of the two ions causes a decrease 
in entropy while the release of water molecules from the 
ordered hydration zone causes an increase in entropy. 
The inner hydration zone about the lanthanide ions is 
large13 so that these cations are order producers ( L e . ,  
their solutions have more structure than the bulk sol- 
vent, 2.00 Jf! NaC104). Upon complexation, the net 
entropy change is positive because the disruption of the 
large hydration zone is the more important factor. 
The larger positive values of A S  and AH for the com- 
plex formation with the bulkier isobutyrate ion are in 
agreement with this model as this ligand should disrupt 
the hydration sphere more than propionate would. 
Also, the lower values of AS, compared to AS1 for both 
ligands are consistent with the explanation of the dif- 
ference between AH, and AH,. 

While this manuscript was in preparation, Grenthet4 
and de la Praudiere and Staveley15 have proposed the 
same model to explain the thermodynamics of complex 
formation in chelate systems. \Ye have abridged our 
discussion to minimize repetition with these authors. 
The ability to explain AH and A S  values for outer- 
sphere as well as inner-sphere monodentate and chelate 
complexes in terms of the effect on the hydration layer 
adds considerable weight t o  this model. 

Now let us consider the variation of the enthalpy and 
entropy values as a function of atomic number of the 
cation as shown in Table IV.  \\‘e believe that these 
trends can be interpreted in terms of a relatively more 
rapid increase in the size of the hydration zone between 
Nd(II1) and Dy(1II). Data on such a change can be 
obtained from the trend in the ionic conductances at  
infinite dilution of the lanthanide ions as a function of 
the crystallographic radii. The conductanceslG have 
been calculated from data of Spedding and co-workers. 
The lanthanide ions seemingly fall into three groups : 
La to Nd, in which the conductance decreases slowly 
due to a slowly increasing size of the hydration zone; 
Pm to Tb, in which the conductance decreases rapidly, 
indicating more rapid increase in the size of the hy- 
dration sphere with atomic number; Dy to Lu, in 
which the conductance again decreases slowly and is 
smaller than for La to E d ,  indicating a larger hydration 
sphere. In  terms of the enthalpy changes on complex 
formation, the smaller hydration zone about La to  Nd 
should result in a less endothermic effect than for 

(13) G. R. Choppin and K. Buijs, J .  Chem. Phys., 39, 2042 (1963). 
(14) I. Grenthe, Acta Chem. Sceizd., 18, 293 (1964). 
(15) P.  L. E. de la Praudiere and L. A. K. Staveley, J .  Inovg. Nucl. C h e m  

(16) R. A. Robinson and R. H. Stokes, “Electrolyte Solutions,’’ Academic 
26, 1713 (1964). 

Press Inc., New York, N. Y . ,  1939, p. 463. 
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the Dy to Lu region with an intermediate effect be- 
tween these two groups. This is precisely the effect 
observed in Table IV. MX2+ could be hydrated in a 
different trend through the lanthanide series than 
would MS+, which would explain the shift of the mini- 
mum in the curves of AH1 and AH2 to higher 2. 

The entropy changes in Table IV are in agreement 
with this idea of three groups of hydrated lanthanide 
ions. The A& terms are lower for La to Nd than for 
Dy to Lu, reflecting a release of fewer water molecules 
from the smaller hydration sphere of the lighter lan- 
thanides. Spedding, et a1.,17 first suggested such a model 
of different size hydration spheres for the lanthanide 
ions. 

We have used the approach proposed by Nightin- 
galels to estimate hydration numbers for the lanthanide 
ions from conductance data. Little reliance can be 
placed on such a technique in terms of the absolute 
values calculated, but the values should have a validity 
relative to  each other. The ions from La(II1) to 
Nd(II1) have a value of 12.8 f 0.1, those from Dy(II1) 
to  Yb(II1) of 13.9 f 0.1, while the other values are 
13.1 (Sm), 13.3 (Eu), and 13.4 (Gd). In  Figure 1, the 
relation between these ion hydration numbers and the 
ASl values for propionate complexing is shown. The 
grouping of La, Ce, Pr, and Nd ions and of Dy, Ho, 
Er, Tm, and Yb indicates that within each group there 
is a correlation between AS1 and metal ion hydration. 
It has been suggested frequently that the heavier 
lanthanide ions have a lower coordination number 
than the lighter ions.l9 This is in contrast to  the pro- 
posal that  the heavier ions have a larger hydration 
number, but it seems probable that there is a direct 
correlation between these two trends.20 The effect of 
this lower coordination number in formation of the 
MX2+ ion could be to cause a larger fraction of the 
total hydration sphere to be freed. This would ac- 
count for the larger AS1 value of the second (heavier) 
group. 

There has also been speculation on the possibility of 
ligand field effectsZ1az2 and of covalent bonding effects 
(the nephelauxetic effect) .23-25 In lanthanide com- 
plexing the favored evidence for ligand field effects 

(17) F. H. Spedding, P.  E. Porter, and J, M. Wright, J A m .  Chem. Soc., 

(18) E. R. Nightingale, J. Phys.  Chem., 63, 1381 (1959). 
(19) E.g., R. H. Betts and 0. F. Dahlinger, Can. J .  Chem., 87, 91 (1959); 

L. 0. Morgan, J .  Chem. Phys. ,  38, 2788 (1963); L. B. Asprey, T. K. Keenan, 
and F. H. Kruse, Inorg. Chem., 8, 1137 (1964). 

(20) F. H. Spedding and G. Atkinson, “The Structure of Electrolytic 
Solutions,” W. J. Hamer, Ed., John Wiley and Sons, Inc., New York, N.  Y.,  
1959, Chapter 22 

(21) L. A. K. Staveley and T. Randall, Discussions Faraday Soc., 26, 157 
(1958). 

(22) P.  George, D. S. McClure, J. S. Gi-iffith, and L. E. Orgel, J .  Chem. 
Phys., 24, 1269 (1956). 

74, 2055 (1942). 
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Figure 1.-Calculated hydration numbers of lanthanide ions 
as a function of the entropy of formation of lanthanide mono- 
propionate. 

was the “gadolinium break” in many properties (such as 
stability constants) which were related to the free 
energy. That this is insufficient evidence has been 
discussed previously, 4t 26 and comparison of enthalpy 
and entropy data shows that the “gadolinium break” 
is a result of addition of opposite trends. Although 
our enthalpy data do not provide evidence for the 
presence of either ligand field or nephelauxetic effects, 
neither do they necessarily provide evidence for the 
absence of such effects. Such effects would be rela- 
tively small, and we would only observe changes in 
these effects due to substitution of ligand for water 
molecules about the cation. Our data indicate that 
such effects must have a secondary role in the thermo- 
dynamic changes although they may have primary 
roles in the heats of hydration and of complex formation. 
It is not unlikely that the explanation of the trends in 
Figure 1 is associated with one or both of these effects. 
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