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Abstract 

The study of a wide variety of reversible reactions in solution indicates that the enthalpy, AH,,, which controls the 
temperature variation of the equilibrium constant for a reaction, can seldom, if ever, be taken to be independent of the 
temperature. It is also found in most cases that the values for AH,,, properly evaluated as varying with the temperature, 
differ significantly from the values for the enthalpy, AH,,,, determined by direct calorimetry under the same experimental 
conditions. In a continuing search for reactions which show agreement between AH,, and AH,,,, we have studied by 
isothermal titration calorimetry the reactions of heptylamine with heptanoic acid in dodecane solution and of cu-cyclodexttin 
with sodium heptanoate in aqueous solution. 
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1. Introduction 

A large proportion of the enthalpy values that 
have appeared in the scientific literature through the 
years has been derived from data on the temperature 
variation of equilibrium constants interpreted by 
means of the van’t Hoff equation 

dln K AHVH 
___=- 
41/T) R 

(1) 

where T is the absolute temperature and R is the gas 
constant. In the great majority of these applications it 
has been assumed that the so-called van’t Hoff en- 
thalpy is independent of temperature, and it has been 
evaluated as the slope of the plot of In K as a 
function of 1/T divided by R. 

Recent development has made available an excel- 
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lent instrument for isothermal titration calorimetry 
(ITC) [l] with which one can obtain quite accurate 
values for both equilibrium constants and enthalpies. 
Such data permit direct comparisons of van’t Hoff 
and calorimetric enthalpies obtained under identical 
experimental conditions. Recent studies [2,3] on a 
variety of systems have shown that the assumption 
of linear van’t Hoff plots is frequently incorrect, 
even in cases where linear least squaring has yielded 
a correlation coefficient sufficiently close to unity to 
appear to validate the assumption. It is advisable that 
in all cases equilibrium data be analyzed in terms of 
the integrated van’t Hoff equation containing at least 
a temperature-independent heat capacity change, AC,, 

In K 
-= 
Ko 

(2) 
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Table 1 
Titration of n-heptanoic acid with n-heptylamine in dodecane solution 

Temp. N lo-’ K (M-l) A HVH A f&a, 

(“0 Obsd. Calcd. (kcal mol- ’ ) (kcal mol- ’ ) 
5.5 0.877 + 0.003 4.82 f 0.10 4.85 -4.05 - 17.72 + 0.09 

10.0 0.872 + 0.004 4.44+0.12 4.26 -4.85 - 17.42 + 0.12 
15.0 0.869 + 0.004 3.50 + 0.08 3.62 -5.75 -17.68+0.11 
15.0 0.882 + 0.005 3.73 *0.12 3.62 - 5.15 - 16.97 f 0.14 
15.0 0.883 + 0.003 3.50 + 0.06 3.62 - 5.75 - 17.46 + 0.09 
15.0 0.870 + 0.004 3.56 * 0.07 3.62 - 5.15 -17.29+0.11 
20.0 0.884 f 0.004 2.96 5 0.06 3.01 - 6.64 -16.81 +O.ll 
20.0 0.899 f 0.006 3.09 f 0.10 3.01 - 6.64 - 16.41 + 0.15 
21.0 0.895 f 0.005 2.82 f 0.07 2.90 -6.82 - 16.42 + 0.14 
25.0 0.918 f 0.007 2.39 f 0.08 2.46 -7.53 - 15.85 f 0.19 
25.0 0.915 f 0.010 2.52 f 0.12 2.46 -7.53 - 15.69 k 0.24 
25.0 0.912 f 0.010 2.62 f 0.13 2.46 -7.53 - 15.64 + 0.25 
25.0 0.923 f 0.005 2.47 + 0.06 2.46 -7.53 - 15.86 f 0.13 
30.0 0.954 + 0.009 2.00 f 0.07 I .97 - 8.43 - 14.98 f 0.21 
30.0 0.937 * 0.006 I .88 + 0.04 1.97 - 8.43 - 15.17 f 0.15 
35.0 1.030 f 0.010 1.56 + 0.05 1.55 - 9.32 - 13.09 f 0.20 
35.0 1.030 + 0.009 1.54 + 0.04 1.55 - 9.32 - 13.21 +0.18 

AH,,, = - 17.402 - O.O733t+ O.O054r* (kcal mol-’ ) (where t is in degrees Centigrade); the standard deviation is dzO.22 kcal mot- ’ 
Standard deviation in K is +99 M-’ 

where To is an arbitrary reference temperature, and 
K, and AH, are the assumed values at that temper- 
ature which then serve, along with AC,,, as ad- 
justable parameters in the non-linear least squaring 
of the data. In cases where an unusually large tem- 
perature range is involved, it may be necessary to 
include the temperature variation of ACp. We have 
not as yet found a system for which AH,, , properly 
evaluated, and the directly observed calorimetric en- 
thalpy, A Heal, agree. In most cases, the disagreement 
is well beyond experimental uncertainty. In the pre- 
sent paper we briefly review certain features of our 
earlier work and include reports of ITC data on two 
apparently simple reactions, i.e. the interaction of 
n-heptanoic acid with n-heptylamine in dodecane 
solution, and of sodium heptanoate with CL-cyclo- 
dextrin in aqueous solution with no added buffer. 

2. Materials and methods 

n-Heptylamine (99 + % pure), n-heptanoic acid 
(99% pure), and dodecane (99 + % pure; water con- 
tent less than 0.005%) were purchased from Aldrich 

Chemical Co. Sodium hydroxide was of analytical 
grade from Mallinkrodt. Sodium heptanoate was pre- 
pared by titrating sodium hydroxide solution into 
heptanoic acid to pH 8. 

All calorimetric titrations were performed using 
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Fig. I. The calorimetric enthalpies ( ??) and the van’t Hoff en- 
thalpies (0) for the reaction of n-heptanoic acid with n-heptyla- 
mine in dodecane solution plotted as functions of the temperature. 
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the Omega calorimeter manufactured by Microcal, 
Inc., Northampton, MA, and the data were evaluated 
by the Origin software supplied with the calorimeter. 

The observed values of In K were fitted to the 
integrated van’t Hoff equation, as briefly noted 
above, using a program written in GW-BASIC. 

3. Results 

The binding of BaCl, by l&crown-6 was studied 
in the temperature range 7-40°C in aqueous solution 
with no buffer present [3]. The standard deviation 
between the calculated and observed values for the 
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Fig. 2. Plots against temperature of the percentage fractional difference between the observed and calculated values of the binding constant. 
Panel A, the cyclodextrin-heptanoate system; panel B, the heptoic acid-heptylamine system. 
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equilibrium constant was 111 M- ‘, which is 5% of 
the smallest value for the equilibrium constant. In 
this case, linear least squaring of In K vs. l/T gave 
a correlation coefficient of 0.998, but even so, AH,., 
became more positive by 3.4% over the studied 
temperature range. 

Titrations of RNase A with 2’-CMP [2] in 0.20 M 
potassium acetate buffer, pH 5.5, with added 0.20 M 
potassium chloride in the presence of 0.50 M sucrose 
gave values of AH,,/A Heal varying from 0.68 at 
15°C to 0.95 at 40°C with ACp (vH) = -287 cal 
K-’ mol-’ and AC, (Cal) = - 198 cal K-’ mol-‘. 

Table 1 lists the results of a calorimetric titration 
of heptanoic acid into heptylamine in dodecane solu- 
tion, and of the van’t Hoff analysis of the variation 
with temperature of the apparent binding constants. 
The calculated values of K listed in the fourth 
column of the table and the van’t Hoff enthalpies in 
the fifth column were obtained by fitting the data to 
the integrated van’t Hoff equation. 

The reaction 

CH,(CH,),COOH + H,N(CH,),CH3 

+ CH3(CH,),COO-N+H3(CHz&CH3 I . 
in an anhydrous solvent was selected in the expecta- 
tion that it would prove to be a simple reaction 
leading to agreement between AH,, and AH,.,,. 
Actually it turned out to be a rather complicated 
reaction, showing the largest differences between 
A HVH and A Heal that we have so far encountered. 

The values for the calorimetrically observed en- 
thalpies show considerably more curvature as a func- 
tion of temperature than is usual. They are ade- 
quately fitted by the quadratic equation given at the 
bottom of the table. 

The natural logarithms of the observed values for 
K, listed in the third column of the table, fit the 
usually assumed linear plot vs. l/T with a correla- 
tion coefficient of 0.978, leading to an apparent 
value of - 6.79 kcal rnol~’ for AH,, . As seen in 
the fifth column of the table, the values obtained 
from our non-linear treatment range in magnitude 
from 0.60 to 1.37 times this value. Even more 
striking is the fact that AH,,, becomes less negative 
with increasing temperature while AH,, becomes 
more negative. The enthalpies are plotted as func- 
tions of the temperature in Fig. 1. The fractional 
differences between the observed and calculated val- 
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Fig. 3. Experimental data for a titration of 160.4 mM sodium 
n-heptanoate into 9.76 mM o-cyclodextrin in aqueous solution. 
Upper panel: 22 injections, each 8 ~1, of n-heptanoate at 5 min 
intervals. Lower panel: data points obtained by the integration of 
injection peaks. and the titration curve obtained by fitting the data 
points with the Omega software. The first injection peak was 
discarded because of diffusion from the injection syringe during 
thermal equilibration before the start of the titration. 

ues of the binding constant, expressed as percent- 
ages, are shown in panel B of Fig. 2. It is evident 
that a fairly good fit was obtained in the non-linear 
regression, with an average difference of 2.5%. 

Fig. 3 shows the experimental data for a titration 
of 160.4 mM sodium n-heptanoate into 9.76 mM 
ct-cyclodextrin in aqueous solution with no buffer 
present. Table 2 lists the data obtained in nine titra- 

Table 2 
Titration of c-u-cyclodextrin with sodium n-hepanoate in aqueous 
solution 

Temp. 

(“C) 

10 
15 
20 
25 
30 
35 
40 
45 
50 

Obsd. Calcd. 

1 .Ol f 0.004 968 * 20 958 - 2.29 -2.72*0.01 
1.00~0.004 870* 18 887 -2.70 -3.2OkO.02 
1.01 f0.003 813* 13 813 -3.11 -3.59+0.02 
1.01 f0.003 742i 11 739 - 3.5 1 - 3.95 f 0.02 
1 .Ol f 0.003 675 + 9 667 - 3.92 -4.35*0.02 
l.Ol+O.O03 6Oli8 597 -4.33 -4.73f0.02 
0.988 + 0.003 526 f. 7 530 - 4.73 -5.12kO.03 
0.983 k 0.004 461 i 7 468 -5.14 - 5.53 f 0.03 
0.983*0.007 415+11 411 - 5.55 -5.86*0.06 

(kcal (kcal 
mol-‘) mol-‘) 

AC, (for AH,,,)= -81.4+ 11.2 cal K-’ mol-‘. 
AC, (for AH,,,)= -78.0f2.3 cal K-’ mol-‘. 
Standard deviation in K is + 11.6 M-‘. 
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Fig. 4. The calorimetric enthalpies (W ) and the van’t Hoff en- 
thalpies (0) for the reaction of cY-cyclodextrin with n-sodium 
heptanoate in aqueous solution plotted as functions of the temper- 
ature. 

tions of sodium n-heptanoate with o-cyclodextrin. 
Calorimetric titrations of sodium n-heptanoate with 
o-cyclodextrin at three temperatures have been pre- 
viously reported by Gomez-Orellana et al. [4] with 
values for AH,,, agreeing closely with our values. 
With this system, we found as good an agreement 
between calorimetric and van’t Hoff data as we have 
so far observed. The observed and calculated binding 
constants agree with a standard deviation of + 8.4 
M-’ and the van’t Hoff and calorimetric enthalpies, 
shown in Fig. 4, agree with a standard deviation of 
f0.45 kcal mol-‘. In this case, the correlation 
coefficient of the linear In K, vs. l/T plot was 
about the same as in the heptanoic acid-heptylamine 
case, although here, the van’t Hoff and calorimetric 
AC, values differ by only 4.3%. We are unable to 
explain the nearly “normal” behavior of this sys- 
tem. It is seen in Fig. 2 that in this case, a good fit 
was obtained by non-linear least squaring, with an 
average difference of only 1.0%. 

4. Discussion 

It has been pointed out by Weber [5,6] that the 
usual form of the van’t Hoff equation is, strictly 
speaking, incorrect in that it overlooks the contribu- 
tion to the total entropy of the system, S = Sj + S,, 
of the entropy, S, , of the surroundings of the chemi- 
cal system of reacting species. This source of error is 
probably negligible in all chemical processes taking 

place at constant temperature and constant pressure, 
at least at pressures not far from atmospheric pres- 
sure. 

It seems unlikely that deviations of reactants from 
unit activity coefficients can be a significant cause of 
discrepancies between AH,, and AH,,,. For exam- 
ple, in the binding of BaCl, to 18-crown-6 [3] 
discussed above, the inclusion of activity coefficients 
for BaCl, at 0.009 M, the concentration at the 
equivalence point in the titration, ranging from 0.739 
at 7°C to 0.728 at 40°C [7], made the values for 
AH,, uniformly more negative by only 1%. 

In the case of complex systems such as the bind- 
ing of a ligand, L, to a protein, P, in a buffered 
aqueous solution, several processes not explicitly 
indicated by the simple equation P + L Ft: PL, might 
make significant contributions to the observed reac- 
tion [8]. Suppose for example, that buffer component 
A is to some extent taken up by PL, buffer compo- 
nent B is released from P on complex formation, and 
that water molecules are released on complex forma- 
tion. The overall process is then 

AaA+P+LPPL(+AhA-AwH~O-APB) 

+ APB + AwH,O 

and the equilibrium constant is 

aPP 

K, 

where yA and ~a are the activity coefficients of A 
and B and aHzO is the activity of water. The van’t 
Hoff plot only includes In K,,,; the term In K’ may 
well make a significant contribution. The term AH,,, 
of course includes all enthalpic contributions from 
the undetected reactions. 

Similarly, there may well be significant changes 
in the extents of hydration of both BaCl, and 18- 
crown-6 when these species interact, or of sodium 
heptanoate and a-cyclodextrin in that interaction. It 
would obviously be very difficult to pursue these 
possibilities in any quantitative manner. The case of 
the reaction of heptanoic acid with heptylamine in 
dodecane is even more puzzling. 

There can be no question, of course, concerning 
the fundamental correctness of the full van’t Hoff 
equation under ordinary circumstances. The discrep- 
ancies outlined here, and the numerous others we 
have encountered, seem to leave us with the discour- 
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aging conclusion that chemical reactions, at least in 
solution, are quite generally more complex than indi- 
cated by the simple chemical equations. It seems we 
have no basis for deciding which enthalpy value, 
AH,, or A H,,,, is the better value in any particular 
case. 
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