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INTRODUCTION 

Equilibrium and rate constants are conveniently 
standard free energy change and the free energy of 

R T  In K = -AFO - 

expressed in terms of the 
activation, respectively. 

Equation 1 

KkT RT in k = -AF* + RT in __ 
h 

Equation 2 (62a) (152) 

Free energies themselves are functions of the absolute temperature, the en- 
thalpy and the entropy. 

AF” AH - TASO 
AF* = AH* - T A P  Equations 3 

The latter two quantities may be considered to be independent of the tempera- 
ture over the ranges used for most practical purposes. The effect of a change in 
structure or solvent on free energies is usually accompanied by an effect on both 
the enthalpy and the entropy. The way in which the structural or solvent change 
affects the free energy is therefore itself a function of the temperature. Unless the 
entropy is the same for two reactions, one of them may be the faster a t  one tem- 
perature but the slower at  another temperature. Similarly for equilibria, one 
reaction may be the more complete at one temperature but the less complete a t  
another temperature. 

In a series of related reactions involving moderate changes in structure or sol- 
vent the enthalpies and entropies vary, but usually not independently. A large 
entropy usually goes with a large enthalpy and a small entropy with a small 
enthalpy. This is true whether the quantities are descriptive of equilibria or of 
rates. At times the correlation of enthalpy with entropy approaches the pre- 
cision of a linear relationship characteri8tic of that particular reaction series. The 
purpose of this review is to discuss the scope and consequences of such relation- 
ships. 

Although free energy, enthalpy, and entropy are fundamental quant,ities for 
those whose view of nature is a macroscopic one, from the point of viebv of sta- 
tistical and quantum mechanics these are derivable quantities. Since relation- 
ships among derivable quantities are in principle themselves derivable, it is 
appropriate to justify our concern with such apparently secondary relationships 
in general before proceeding to a consideration of the enthalpy-entropy rela- 
tionship itself. The logical status of organic chemistry is, in a way, similar to 
that of the life sciences from which i t  derives its name. Although it is widely 
believed that the laws of living organisms are derivable from the laws of chem- 
istry and physics, in practice these biological laws are sought for directly rather 

1202 



SEPT. 1955 THE ENTHALPY-ENTROPY RELATIONSHIP 1203 

than left for eventual derivation. There is a lesser, but still important, gap be- 
tween organic chemistry and the fundamental ideas of potential energy and 
quantum statistics. The connecting link is experimentally the measurement of 
heat capacities from absolute zero to the reaction temperature or theoretically 
the calculation of partition functions. Neither of these is at  present a practical 
undertaking for the reactions of complex organic molecules, especially for reac- 
tions in solution. Theories of organic chemistry must therefore be constructed 
from the experimentally accessible quantities of organic chemistry: the free 
energies of activation or equilibrium, available from experiments a t  a single 
temperature, or better, the enthalpies and entropies of activation or equilibrium 
available from experiments done at  several temperatures. Only in special and 
relatively rare cases can it be shown that rate or equilibrium constants (free 
energies) change with structure or solvent in a way that is a precise function of 
changes in potential energies (64). There is therefore no simple and accurate 
connection between effects on rate and equilibrium constants and effects on 
potential energy quantities such as resonance energy and the energy of electron 
displacements. It should perhaps be emphasized that changes in enthalpy or 
enthalpy of activation are likewise not simple functions of potential energy quan- 
tities. The enthalpy and the free energy depend just as much on the kinetic 
energy of the molecule as does the entropy (64). 

In  spite of the lack of direct connection between the more fundamental but 
less observable potential energies and the observable thermodynamic quantities, 
there are simple relationships between variations in the latter and variations in 
the structure of organic molecules. One of the most important of these, a linear 
free energy relationship, is the well-known Hammett equation (64). The Ham- 
mett equation is deriva,ble from a linear potential energy relationship if the 
entropy of activation is constant (64, page 119). On the other hand it is 
known empirically to apply to reactions that contravene the constant-entropy 
conditions of that derivation. That is, it works for reactions in which the effects 
of structural changes on the free energy are not due entirely to potential energy 
changes. In practice, then, the Hammett equation is partly empirical and its 
success justifies the search for other relationships among thermodynamic 
quantities and between thermodynamic quantities and structural parameters. 
In  fact, the Hammett equation seems to apply to reactions in which the en- 
tropy is variable only in those cases where the enthalpy is a linear function 
of the entropy (79). The converse is not true since the linear relationship be- 
tween enthalpy and entropy is also encountered in reactions to which the 
Hammett equation does not apply, for example in aliphatic reactions. The en- 
thalpy-entropy relationship should be of help in the eventual resolution of an 
important difficulty of free-energy relationships applied to systems of vari- 
able entropy: the free energies of such systems are functions of the temperature 
and so, therefore, are the relationships themselves. This is a problem that must 
be considered seriously in generalizing about the effect of structure or solvent 
on reactivity, because such effects can change not only in relative magnitude but 
even in sign as the temperature is changed. 
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THE ISOKINETIC TEMPERATURE 

It has long been realized that changes in structure or solvent usually change 
both the enthalpy and the entropy of activation and that large values of AH* 
tend to accompany large values of AS*; similarly for AH and AS (60, 143, 36, 
85a, 16,741. At times this tendency attains the precision of a linear relationship 
between AH* and AS* or AHo and ASo (60, 143, 36,74). Not all reaction series er- 
hibit the linear relationship even approximately and one of the purposes of this re- 
view i s  to show the scope of application of the relationship insofar as the current 
available data allow. A number of examples show only a trend, yet there are 
enough such trends to make coincidence unlikely and to suggest that they rep- 
resent the linear relationship partly obscured by some superimposed indepen- 
dent variation of the enthalpy or entropy. For purposes of discussion the re- 
lationship may be defined by the linear equation: 

AH" = AH$ 4- bAS*. Equation 4 

In  equation 4, AH$ is simply the intercept or value of AH* corresponding to 
AS* = 0. It will usually have no physical meaning. The slope of the relationship 
is 0, a quantity having the dimensions of absolute temperature. The free energy 
of activation, which determines the rate a t  any temperature, is given by 

AF* = AH" - TAS" Equation 5 

Combination of equations 4 and 5 gives: 
aFf  AH^* - fl - P)AS* Equation 6 

When T = p, AF* = AHo* and all the rate or equilibrium constants are the same 
within the precision of the relationship. Hence p is called the isokinetic or iso- 
equilibrium temperature and equation 4 the isokinetic relationship. Of course if 

is extremely far from the usual working temperature the relationship may be 
invalidated by changes in AH* with temperature. In  that case is merely a slope 
and has no physical meaning. 

It is clear from the possible existence of an isokinetic temperature that certain 
precautions should be taken in the interpretation of the effect of structure or 
solvent changes on the rate of a reaction. Because the temperature chosen might 
be close to the isokinetic temperature it is not safe to conclude from the constancy 
of the rates that the changed structure or nature of the solvent has no effect. 
An example is the impression that solvation is of no importance in free radical 
reactions. While this seems to be true for some radical reactions it is not true in 
general. The decomposition of phenylazotriphenylmethane in a series of sol- 
vents goes at  nearly the same rate in all of them at  about 36'. But experiments 
a t  a number of temperatures reveal a statistically significant 4 to 5 kilocalorie 
change in AH*, sufficient to cause a 1600-fold change in rate were it not for the 
compensating entropy change (92). 

THE HAMMETT EQUATION AND THE ISOKINETIC TEMPERATURE 

The Hammett equation (equation 7) relates the logarithms of the rate con- 
stants of aromatic side chain reactions to structural parameters. It is therefore 
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a linear relationship between free energies of activation and structural para- 
meters. 

log k/ko = pa Equation 7 (64, 79) 

In  the Hammett equntion u is a constant characteristic of the meta or para 
substituent on the benzene ring while p is a constant characteristic of the reac- 
tion a t  the side chain. The Hammett equation is also a linear relationship of 
potential energies if the kinetic energy and entropy contributions to the free 
energy change cancel out or can be neglected. If the entropies of activation are 
the same for both reagents, it can be assumed that the kinetic energies are also 
the same. The requirement for the applicability of the Hammett equation as a 
potential energy relationship is therefore that the entropies of activation of the 
reactions be the same (64). In  most of the reactions for which the Hammett re- 
lationship is successful the entropies of activation are not in fact known. In  the 
few cases where the entropy is known it usually varies and in such a way that 
the enthalpy and entropy are linearly related. By combining equations 4 and 5 
it follows that 

AF* = (T/p)AHo* 4- (1 - T/p)aH* Equation 8 

The Hammett equation can therefore be regarded as a linear enthalpy rela- 
tionship even in those cases where the entropy is variable. It is possible, but it 
must be emphasized, not proven, that in such cases the enthalpies are propor- 
tional to potential energies which would make even the extended Hammett 
equation a linear potential energy relationship. From equation 8 it can be seen 
that a t  temperatures above p, increments in AH* produce decrements in AF* 
while a t  temperatures below p the reverse is true. Hence p must reach zero and 
change its sign at  T = p. This being the case it is inadvisable to draw mechanistic 
conclusions from the sign of p unless p itself is very large. 

An example of the approach of p to zero as the temperature approaches the 
isokinetic temperature is given by the p values for the decomposition of para- 
substituted tert-butyl perbenzoates in diphenyl ether (1 1).  Although the extra- 
polation is of insufficient precision for a prediction of the isokinetic temperature 
from the observed change in p ,  the value of the isokinetic temperature taken 
from the AH* versus AS* plot is consistent with the trend in p values. The p 
values increase non-linearly from -0.90 to -0.52 as the temperature is raised 
from 100" to 131" (79). The isokinetic temperature is about 210'. 

Near the isokinetic temperature there will still be variations in rate constant, 
but these will be due more to the apparently random deviations from a perfect 
isokinetic relationship than to the distance of the experimental temperature 
from the actual isokinetic temperature. Such variations in rate constant as do 
persist near the isokinetic temperature will usually not be well correlated by the 
Hammett equation. A correlation coefficient closer to unity then is obtained if 
AH* rather than AF* is plotted against sigma in such cases. In different statisti- 
cal tferms the connection between the scatter about the Hammett equation line 
and the scatter about the isokinetic relationship line may be stated as follows: 
the standard deviation of the experimental enthalpy of activation from that pre- 
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dicted by the isokinetic relationship is about the same number of calories per 
mole &s the free energy difference corresponding to the standard deviation of 
the experimental log k from that predicted by the Hammett equation. It may 
therefore be that the same factors, other than experimental error, are to blame 
for deviations from both relationships. 

THE CORRELATION OF REACTIONS BY MEANS OF THE 
ISOKINETIC RELATIONSHIP 

One of the limitations and yet one of the useful features of the isokinetic rela- 
tionship is that it can be expected to  apply only to a series of reactions in which 
the solvent or structural change does not change the mechanism of the reaction 
or the nature of the transition state. The existence of the relationship is evidence 
favoring a constant mechanism for the related series of reactions. 

It is frequently considered that a striking change in activation energy or en- 
thalpy necessarily means a change in mechanism. This can be a mistake. Equally 
unreliable is the idea that identity of activation enthalpy or identity of activa- 

11 
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FIQ. 1. ACID-CATALYZED OXIYATION OF ALKYL CARVACRYL KETONES (lower line) AND 
ALKYL THYMYL KETONES (upper line). THE ISOLATED POINT IS METHYL THYMYL KETONE. 
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tion entropy (although not both at  the same time) means that the mechanism is 
unchanged. It is probably not significant to compare the activation enthalpies 
of individual reactions as a criterion of mechanism: what is significant is any 
deviation from the isokinetic line. The range of activation enthalpies and en- 
tropies covered by a single isokinetic relationship is frequently quite large. A 
reaction of entirely different mechanism may well have an activation enthalpy 
corresponding to that of a point on the line but an activation entropy correspond- 
ing to that of an entirely different point on the line. 

In Figure 1, for example, the upper line shows a linear relationship between 
the activation energy and log PZ (corresponding to activation enthalpy and 
entropy) for the addition of hydroxylamine to a series of alkyl thymyl ketones 
(37). Markedly displaced below and to the right of the line is the point for methyl 
thymyl ketone, the only member of the series with a significantly reduced steric 
hindrance and very likely a qualitatively different ground or transition state. 
Note, however, that neither the energy nor the log PZ of this compound is in 
any way abnormal. The energy of activation is like that of the n-heptyl com- 
pound while the entropy is like that of the n-butyl compound. The points re- 
lated by the lower line of Figure 1 are for the oximation of alkyl carvacryl ke- 
tones; since they are less hindered their behavior is like that of methyl thymyl 
ketone. 

CHa-CH-CH, CEI, 
I I 0-"" \ O  
I 
CI4 

Thymyl ketones 

@-" 
I 

C&-CH-C& 
Carvacryl ketones 

Another example is furnished by the well-known division of cia-trans olefin 
isomerizations into high entropy and low entropy categories, the latter presum- 
ably having a non-adiabatic mechanism and hence a lower "entropy" (96). This 
interpretation is an attractive one in general but seems unlikely to be true for 
the particular case of substituted stilbenes (31). The activation entropies for 
the latter reaction (Figure 2) are spread out over a nicely graded series and are 
linearly related to the activation energies. This indicates a single mechanism for 
the series. 

The isokinetic relationship for structural changes is predicted by theory, al- 
though only with the aid of limiting assumptions. One such cme, discussed by 
Hammett, is that of a reaction in which the only important change in free energy 
is electrostatic (64, page 84). The free energy then is expected to be proportional 
to the reciprocal of the dielectric constant and the enthalpy and entropy are 
linearly related. Other special cues  in which structural changes, by influencing 
the solvation, might lead to the linear relationship are similar to those discussed 
below in which the solvent rather than the structure is the variable. 
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6 8 10 12 
Log PZ 

FIQ. 2. EFFECT OF SOLVENT AND STRUCTURAL CHANGES ON THE STILBENE cis-trans 
ISOMERIZATION. THE SHADED POINT IS FOR THE UNSUBSTITUTED COMPOUND IN THE GAS. 

STERIC HINDRANCE 

Moderate changes in the degree of steric hindrance often do not remove a re- 
action from its isokinetic line but merely move it to a new location on the same 
line, as illustrated by the reaction of Figure 1. With a considerable increase 
in steric hindrance in the transition state a combined increase in enthalpy of 
activation and decrease in entropy of activation is to be expected. Such points 
lie above and to the left of the isokinetic line for the other reactions. Similarly, 
an unusually low degree of steric hindrance in the transition state may displace 
the point below and to the right of the line. Although a continuous series of 
lines corresponding to continuously varying degrees of steric hindrance might be 
expected, it is usually not observed. Apparently a critical degree of steric hin- 
drance once surpassed initiates a new isokinetic series corresponding to a quali- 
tatively different transition or ground state. An exception is the reaction of 
alkyl pyridines with ethyl iodide (24a). If desolvation of the ground state is a 
feature of the activation process, steric hindrance in the ground state might 
produce a series displaced towards lower enthalpies of activation for a given 
entropy. This may be the explanation of the dual lines in the case of the uni- 
molecular decomposition of meta and para substituted benzoyl peroxides (upper 
line) and ortho substituted benzoyl peroxides (lower line, Figure 3) (12). 

A possible explanation of discontinuous effects of steric hindrance may be the 
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FIG, 3.  DECOMPOSITION OF SUBSTITUTED BENZOYL PEROXIDES I N  ACETOPHENONE. Upper 
line, meta and para substituted. Lower line, ortho substituted. 

existence of double potential energy minima. Applied to the ground state this 
explanation says that there are two preferred molecular configurations and that 
a critical degree of steric hindrance makes the one that is ordinarily the more 
stable the less stable instead. In  the case of an aromatic ketone the configura- 
tions might consist of the carbon-oxygen double bond oriented in the plane of the 
aromatic ring and, with steric hindrance, oriented perpendicular to the plane of 
the aromatic ring. Applied to the transition state, the two potential minima might 
consist of one in which the new bond is largely covalent and short and one in 
which the new bond is largely ionic and long, the latter being of lower potential 
energy only in the presence of a critical degree of steric hindrance to the forma- 
tion of a short bond. 

Other examples oflthe ortho effect are reactions 4 (note 4), 9a, 10, 12 (note 111, 
48, and 49 of Table I. 

SOLVENT CHANGES 

Solvent changes often alter the enthalpy and entropy of activation of a reac- 
tion. If the solvents in a series perform closely similar roles in the reaction, it is 
expected, and often found, that the enthalpy of activation is a linear function of 
the entropy of activation. In  some reactions solvents fall into two qualitatively 
different classes and the activation parameters fall on two lines rather than on a 
single one. An example is the decomposition of triethylsulfonium bromide in 
hydroxylic solvents (upper line of Figure 4) and in non-hydroxylic solvents 
(lower line) (100, page 278). The point mid-way between the two lines is for a 
mixture of toluene and benzyl alcohol, but mixtures with smaller amounts of 
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FIQ. 4. DECOMPOSITION OF TRIETHYLSULFONIUM BROMIDE IN HYDROXYLIC SOLVENTS 
(upper line) AND NON-HYDROXYLIC SOLVENTS (lower line). The point nearly mid-way be- 
tween the two lines is for a mixture of toluene and benzyl alcohol. 

toluene fall on the line for hydroxylic solvents. The explanation for this dis- 
continuous solvent effect may be similar to that advanced for the discontinuous 
effect of steric hindrance: either the ground or transition state has a double po- 
tential energy minimum. In some cases the correlation persists even when the 
structure and the solvent are both varied, while in others structural changes ap- 
parently alter the role of the solvent in the reaction. An example is found in 
Figure 5 in which the saponification of ethyl benzoate and ethyl m-nitrobenzoate 
in aqueous-organic media require separate lines. On the other hand the points 
for the saponification of valerolactone, phthalide, and 5-aminophthalide in al- 
cohol-water mixtures are accommodated very nicely by a single line. 

One source of the variation in both enthalpy and entropy of activation as the 
solvent is changed is the fact that the dielectric constant is a function of the 
temperature, important in reactions where dipoles or charges are generated or 
destroyed (64, page 84; 62b, page 15). As in the case of structural variation, it 
is expected that the purely electrostatic differences in solvents will lead to a 
linear relationship between the electrostatic part of the enthalpy and that part 
of the entropy. On the other hand there is completely convincing evidence that 
ionizing power is not entirely equivalent to dielectric constant but is a specific 
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FIQ. 5 .  THE SAPONIFICATION OF ETHYL BENZOATE IN AQUEOUS-ACETONE, AQUEOUS- 
ALCOHOL, ACETONE-ALCOHOL-WATER, AQUEOUS-DIOXANE (upper line). The saponifica- 
tion of ethyl p-nitrobenzoate in aqueoua-acetone and aqueous-alcohol (lower line). 

chemical effect. Thus the solvent ability of HCN for salts is not a t  all that to be 
expected from its high dielectric constant. Numerous polar reactions go a t  dif- 
ferent rates in different solvent mixtures of equal dielectric constant. However, 
other solvation effects than those describable in terms of the dielectric constant 
can also be expected to contribute to the linear relationship. Statistical mechani- 
cal t,reatments indicate that the energies and entropies due to the mutual orienta- 
tion of solute and solvent molecules will be linearly related (121, 105, 104). 
Finally, it is known empirically that heats and entropies of solution often are 
linearly related as well as heats and entropies of reaction. 

Other theories predict the correlation on the basis of reaction rates determined 
by the quasi-crystalline vibrations of the solvent (36, 143) and the fact that the 
corresponding fluidity parameters are themselves correlated. Against the latter 
interpretation is the fact that correlations between reaction rate and fluidity seem 
to be limited to glasses or to nearly rigid solvents as demanded by the Rabino- 
witch-Wood theory (118). 
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Hydrogen bonding and similar specific solvent effects are probably of more 
importance than the dielectric constant or other macroscopic properties of the 
solvent. Thus we find that the predictions of the dielectric constant theory of 
medium effects, in the simplest form a t  least, sometimes fit and sometimes fail 
to fit the actual behavior of polar reactions. In  considering solvent effects it is 
important to  distinguish between the process of generating a charge on an ob- 
ject in a dielectric medium and the process of transferring an object already 
charged from a vacuum or medium of low dielectric constant to  a medium of 
high dielectric constant (62b). It is the latter process that is pertinent here. A 
reaction that produces a polar transition state may be considered analogous to 
the process of charging a sphere. The following equations show the processes in- 
volved. 

non-polar reagent AFT* , polar transition state 
i n  vacuo in vacuo 

AFS 
/ 

A F ~ ’  
/ 

Non-polar reagent AF8* , polar transition state 
in polar solvent in polar solvent 

It is clear from the diagram that AFI + AFv* = AF~* + AF2. Assuming the ab- 
sence of any but dielectric constant effects, AFI is equal to zero whence AFs* - 
AFv* = -AFz. The reduction in free energy of activation, and the changes in the 
other thermodynamic quantities of activation, would therefore be the same as 
the corresponding changes for the process of transferring the polar transition 
state from a vacuum to the polar solvent. For the common organic solvents the 
thermodynamic quantities for the latter process may be estimated from data 
on the dielectric constant and its temperature dependence (62b, page 19). The 
predictions on that basis are that the free energy, enthalpy, and entropy of ac- 
tivation are all lowered and that the change in free energy is largely due to the 
change in enthalpy. 

Since the Menschutkin reaction between an amine and an alkyl halide de- 
velops a dipole, the prediction on a purely electrostatic basis is that the reaction 
will be faster in a more polar solvent, and largely because of a lower enthalpy 
of activation. Some Menschutkin reactions at  least are in fact faster in more 
polar solvents a t  ordinary temperatures, as for example reaction number 18 of 
Table I. But, again referring to reaction 18, the purely electrostatic prediction of 
the effect on activation enthalpy and entropy is wrong. In  this example rates are 
higher in more polar solvents not because of a lower enthalpy of activation but 
because of a less negative entropy of activation and in spite of an actual increase 
in enthalpy of activation. Thus the energy of activation is 6 kcal higher in ethanol 
than in benzene but the entropy of activation is 28 calories per mole per degree 
less negative in alcohol than in benzene (36a). 

Possibly the difficulty comes not only from using the dielectric constant as a 
criterion of ionizing power but also from ignoring the solvation of the amine in 
the ground state. This will be greater in more polar solvents and some solvent 
will have to be removed from the amine in order to allow it to  interact with the 
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alkyl halide. If the liberated solvent is less constrained in the solvent structure 
than in the amine solvate both the higher energy of activation and less negative 
entropy of activation can be accounted for. 

EVALUATION OF THE DATA 

Table I contains all of the real or apparent isokinetic relationships known to 
the author up to the end of 1953. Some of the data are available as energies of 
activation (E) and logarithms of frequency factors (log PZ) while other data are 
available in the form of enthalpies of reaction or of activation (AH*) and en- 
tropies of reaction or of activation (AS*). A linear relationship between AH* 
and AS* implies a linear relationship between log PZ and E, and vice versa. In 
order to have a single basis for comparison, the slope, 0, of only AH* versus 
AS* has been tabulated. It is readily calculated from the slope of the log PZ 
versus E relationship in cases in which the data are presented in that form. Again 
in order to have a single basis for comparison, the measure of precision tabulated 
is the correlation coefficient r, since r is independent of the units of the quantities 
correlated. 

Equation 9 

In equation 9, x and y are the correlated variables and s? is the mean value of 
x2, etc. For the perfect correlation, r = 1. 

Another column in Table I is the mid-point of the absolute temperature range 
within which the experiments were carried out. In  evaluating the significance 
of the relationships it is necessary to compare the isokinetic temperature 0 with 
the experimental temperature before interpreting the value of r. It is possible to 
have an excellent correlation for a trivial mathematical reason. This may readily 
be seen by considering a hypothetical case in which all of the reaction rates at a 
single temperature are nearly the same. That might be because the temperature 
chosen happens to be the isokinetic temperature or it might be that the effect 
of the independent variable (structure or solvent) is actually negligible at all 
temperatures. Let us assume a case in which the latter is true. Then AF* S a 
constant = AH* - Tmperi-tal AS* Equation 10. It is clear that AH* as de- 
termined from the small, random variations in the rate constants will be a linear 
function of AS* and that the slope, 0, will be equal to the average of the experi- 
mental temperature range. Furthermore the correlation coefficient will neces- 
sarily be very close to 1. Those examples in Table I in which /3 S FeXp. are there- 
fore suspect, although there very likely are many cases in which the variation 
inAH* andAS* is real but 6 happens to fall in the experimental temperature range. 
Such cases are more likely to be significant when the data are accompanied by 
probable error figures for AH* and AS* and when the probable errors are small 
compared to the reported range of variation. 

As might be expected, there is no sharp division between the possibly trivial 
cases discussed in the preceding paragraph and cases where 0 is different, but 
not very different, from Texp.. The closer 0 is to T,,,., the closer r should be to 



TABLE I1 
REACTIONS OF INSUFFICIENT RANQB IN ENTHALPY OR IN ENTROPY OR INSUFFICIENT POINTS 

Reaction 

Saponification of saturated alkyl ace- 

Saponification of substituted benzyl 

Saponification of substituted phenyl 

Saponification of ethyl esters of ali- 

Saponification of m- and p-subst’d 

tates in water. 

acetates in 56% acetone. 

acetates in 56% acetone. 

phatic acids in 70% acetone. 

benzoic esters in 56yo acetone. 

Saponification of substituted benzoic 
esters in 85% alcohol. 

Saponification of 2-menthyl benzoates 
in methanol. 

Acid hydrolysis of aliphatic esters in 
70% acetone. 

Acid hydrolysis of a series of benzyl 
and phenyl acetates in 53% acetone. 

Electrophilic aromatic substitution. 

Decomposition of p-substituted diazo- 
acetophenones in acetic acid. 

Base-catalyzed bromination of ace- 
tone in aqueous acetic acidmixtures. 

Base-catalyzed bromination of aceto- 
phenone in aqueous acetic acid mix- 
tures. 

Acid-catalyzed bromination of ace- 
tone in aqueous acetic acid mixtures. 

Acid-catalyzed bromination of aceto- 
phenone in aqueous acetic acid mix- 
tures. 

Iodination of acetone, various cata- 
lysts. 

Acid-catlyzed bromination of alkyl 

phenyl ketones in 75% acetic acid. 

Ref. 

100, P. 
124 

139 

139 

132,45 

139 

117 
78, 65 

137 

45 

132 

139 

100, P. 
140;80, 
135, 62 

86 

13 

13 

13 

13 

128 

54 

Remarks 

Constant E 

Constant log PZ, nearly constant E. 

Constant log PZ, nearly constant E. 

Nearly constant AS* 

Log PZ essentially constant except for 

Trend, but AH* range only 1 kcal. 
p-Compounds essentially alike except 

for NO*, but ortho-nitro, chloro, and 
methyl are linear. 

Two tightly bunched groups of points, 
one for 0-  and one for p-substituents. 
The p-NOn, m-NO,, and p-CN fall 
outside of these groups and form a 
line. 

Esters of normal acids have constant 
E and nearly constant log PX. The 
ethyl esters of three hindered acids 
form a line. 

Series +(CH&.rCOOEt forms a line, 
but the range of E is only 0.5 kcal. 

Forms two lines. Range of E only 0.5 
kcal. 

Log PZ insufficiently variable. 

p-NOn ; 

Range of AH* is only 0.8 kcal. 

Roughly linear, but range of log PZ 

Linear, but range of log PZ only 1.4. 
only 1.1. 

Only three points. 

Scatters, but range of E only 0.6 kcal, 

Range of E only 0.7 kcal. 
log PZ only 0.6. 

Nearly constant E, so in this case the 
Brprnsted relationship is largely an 
entropy relationship. 

Rather small change in both E and log 

PZ. Linear for series +-C(CH*)l.r 
CH,. Methyl (too little hindrance?) 
is below the line, and isopropyl (too 
much hindrance?) is above it. 

0 
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Reaction 

Isomerization of substituted benzene 
diazocyanides in benzene. 

Saponification of ethyl thiolacetate in 
three aqueous-acetone mixtures. 

H+-cat. esterification of straight chain 

H+-cat. esterification of straight chain 

Methyl iodide with p-alkyldimethyl- 

Methyl iodide with amines in nitro- 

aliphatic acids with ethanol. 

aliphatic acids with methanol. 

anilines in 10% acetone. 

benzene. 

para-Alkyl and 2,4-dinitrobenzyl bro- 
mides with pyridine in dry acetone. 

Para-substituted ortho-nitrophenyl 
bromides in piperidine as solvent. 

Hydrolysis of p-alkylbenzhydryl chlo- 
rides in 80% acetone. 

Solvolysis of diisopropyl phosphoro- 
chloridate in aqueous alcohol mix- 
tures. 

Acid-catalyzed hydrolysis of peptides. 

Decomposition of di-tert-butyl per- 
oxide. 

Rate of mutarotation of glucose in 
water with different catalysts. 

Tetrafluorenylhydrazine dissociation 
equilibrium in five solvents. 

Ref. 

30 

125 

132 

57, 94, 

46 

55 

130 

6 

10 

77 

50 

88 

1208 

129 

36b 

A linear trend with data that are only 
approximate. Range in E, 2.5 kcal; 
range in log PZ, 3.5. 

Apparent linear relationship. Range 
of E 13.0 to 14.4, range of log PZ 
10.2 to 10.9. 

Essentially constant E. 

Essentially constant E. Branched 

Essentially constant E and log PZ. 
acids scatter. 

Two groups of essentially constant log 
PZ, para-substituted dimethylani- 
lines and heterocyclic amines. 

Essentially constant E and log PZ. 

Scatters, but range of log PZ is small. 

Good linear relationship of 4 points 
but only if the unsubstituted com- 
pound is left out. E from 18.9 to 
20.1, log PZ from 11.1 to  11.6. 

Rough correlation. E from 12.5 to 
14.5, log PZ from 5.2 to 8.5. 

Rough correlation but AH* varies 
only from 19.8 to 21.6. An enzymatic 
point is nowhere near the line. 

Almost independent of solvent in 
cumene, tri-n-butylamine, and tert- 
butylbenzene. Small, but significant 
difference in vapor phase. Small 
solvent effect may be due to steric 
hindrance to solvation. 

Roughly linear for water, acetic acid, 
chloroacetic acid, HPO,' but not 
for H+. Points for base catalysis 
scatter. Range in E, 1.6 kcal. Range 
in log PZ, 8. See reaction 63 of Table 
I for the behavior of the equilibrium 
constant. 

Range in AHo, 1.2 kcal, is considered 
to be comparable to the probable 
error. Data group into essentially 
two points, one for heterocyclic sol- 
vents, the other for hydrocarbons. 
See reaction 69 of Table I. 



SEW. 1955 THE ENTHALPY-ENTROPY RELATIONSHIP 1225 

TABLE 11-ConcZuded - 
Reaction 

Dissociation of hyrogen-bonded di- 
mers of carboxylic acids in the gas 
phase and in benzene. 

Oxidation of substituted azobenzenes 
with perbenzoic acid in benzene - 

Ref. Remarks 

Range in AHo in the gase phase is about 
12.4 to 15.2 kcal. A P  is nearly con- 
stant at about 33 to 36. This is about 
the entropy increase to be expected 
on converting one molecule into two 
molecules. Note that in solution in 
benzene the range of ASo is 20.6 to 
27.8 (for the same standard state) 
while AHo varies from 7.8 to 9.4. 
There is a trend in the latter data. 
The difference in entropy between 
the gas phase and solution indicates 
considerable solvation of the acid 
monomer by benzene. 

Rough correlation, AH* varies by 
about 3 kcal, AS* by about 2. 

1 before the correlation is convincing. The examples for which theoretical ex- 
planations should be sought are those in which a large difference between @ 
and Tap. is coupled with a high degree of correlation or for which the range in 
AH* and AS* is large compared to the probable errors of these quantities. 

Each rate constant defines a set of compatible combinations of AH* and AS* 
that could possibily produce that rate constant. Each such set of possible AH* 
and AS* values forms a straight line in the AH*, AS* plane and the slope of each 
line is Tsp.. A set of rate constants thus produces a sheaf of parallel lines in the 
AH:&, AS* plane. The isokinetic line must intersect that bundle of lines. When 
fl  and TexP. are nearly the same, the isokinetic line and the bundle of lines inter- 
sect a t  an acute angle and every point on a line of the bundle is necessarily close 
to the isokinetic line. This is the reason for demanding not only a good r value 
when Tap. and @ are not very far apart but also a significant range in AH* and 
AS* before concluding that the example in question is a genuine isokinetic rela- 
tionship. 

At or near the isokinetic temperature the range of A F f  values will be about the 
same a.a the range of scatter of the AH* values about the isokinetic line. A qual- 
itative statement of such an approximate isokinetic relationship is that the range 
in A F  is very much less than it would be if the changes in AH* and AS* did not 
tend to counteract each other. Near the isokinetic temperature the small dif- 
ferences in rate are more the result of scatter of the activation parameters about 
the isokinetic line than they are the result of the difference between the tempera- 
ture and the isokinetic temperature. Perhaps because they are largely the result 
of such scatter they rarely fall into any simple theoretical relationship such as 
the Hammett equation, while data whose spread is greater than that of the scatter 
about the isokinetic relationship usually do fall into some simple, explicable 
order. 



1226 JOHN E. LEFF'LER VOL. 20 

E 
9 to 17 

TABLE I11 
REACTIONS OF APPABENTLY RANDOM VARIATION 

log PZ 
5.4 t o  7.2 

Reaction 

E 
8 to  18 

Menschutkin reaction in 
nitrobenzene with al- 
kyl iodides. 

Mensohutkin reaction in 
benzene. 

log PZ 
3.5 to 5.5 

Menschutkin reaction of 
methyl iodide with 
pyridine in mixed non- 
hydroxylic solvents. 

Mensohutkin reaction of 
methyl iodide with tri- 
ethylamine, isopropyl 
iodide with pyridine, 
isopropyl iodide with 
triethylamine, methyl 
iodide with pyridine. 

E 

16.5 t o  18.0 
15.5 t o  16.3 
13.6 t o  14.4 

9.6 t o  10.05 

Menschutkin reaction of 
ethyl bromide with tri- 
ethylamine in acetone- 
benzene. 

Menschutkin reaction of 
methyl iodide with 
pyridine in non-polar 
solvents. 

Solvolysis of tosylates 
and brosylates in ace- 
tic acid. 

Solvolysis of alkyl chlo- 
rides in 80% alcohol. 

Solvolysis of cycloalkyl 
chlorides in 80% alco- 
hol. 

Nucleophilic displace- 
ment by ions scatters 
in general. Only one 
case of a good correla- 
tion of more than three 
points is known. (Re- 
action 26, Table I) 
Example of scatter: 

RX + KI in acetone 

log P Z  
4.3 to 5.8 
5.3 to 6.7 
3.9 to 5.7 
5.3 to 7.0 

Acid-catalyzed decompo- 
sition of rteodicarbon- 
ate in aqueous dioxane. 

Variable 

Three alkyl io- 
dides and five 
amines. 

Six alkyl halides 
and three 
amines. 

Composition of 
two-component 
solvents. 

Composition of 
benzene-nitro- 
benzene mix- 
ture. 

Acetone, ben- 
zene and three 
mixtures. 

Solvent. 

Wide variation 
in structure. 

Structure. 

Ring size. 

Most of the data 
concern varia- 
tion of struc- 
ture. 

R and X 

Composition of 
the solvent. 

Ref. 

23, 
25 

149 

59 

119 

152 

115 

150, 

52, 

151 

2% 
24 

24 

52 

83 

- 

AH orE I AS or log1o F% 

E 
13.5 to 14.5 

log PZ 
4.5 to 7 

- 
centration. 

AH" 
11.7 to 12.2 (pure 

benzene is 
11.19) 

E 
13.2 to 14.9 

AH* 
22 to  31.5 

AH* 
18 to 30 

E 
20 to 25 

AH* 
16 t o  25 
E/RT at 25" 
6.8 t o  7.6 

AS* 
-40.3 to -42.4 
(pure benzene 
- 48.09) 
log P Z  
4.3 to 7.6 

AS* 
-21 to +8 

A s A  
-18 to 0 

log P Z  
14.9 to 16.3 

AS* 
-24 to -6 
AS*/2.3 R 
2.8 to 5.5 
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- 
Reaction 

Formation or neutraliza- 
tion of carbanions. 
Trends only. 

Decomposition of tri- 
nitrobenzoic acid. 

Diels-Adler reaction. 

Dehydrohalogenation of 
N-chloroaldimines by 
base. 

Elimination of HCl in 
alcoholic alkali from 
para-substituted 
DDT's and DDD's. 

Decomposition of hy- 
droxamic acids in 0.1 
N ammonia 

Decomposition of 0-eth 
yldithiocarbonate in di 
oxane - water mixture! 
gives an N-shaped plot 

Gas phase dissociatior 
equilibrium for tri 
methylboron-amine 
complexes. 

Ionization of aliphatic 
acids in dioxane-wate: 
mixtures. 

Ionization of benzoic 
acids with meta anc 
para electron-releasinl 
substituents. 

Ionization of amines vary 
ing structure in water 
- 

TABLE 111-Continued 

Variable 

Mostly struc- 
tural. 

Solvent. 

Rather large 
changes in 
structure. 

Simultaneous 
changes in 
structure, sol. 
vent and base 
but only six 
points. 

Two types of 
structural 
change. The 
changes in E 
and in Asi are 
nearly con- 
stant when a 
DDT is com- 
pared with the 
corresponding 
DDD . 

Structure of 
both parts of 
the molecule. 

Solvent dioxane- 
water. 

Structure of thf 
amine. 

Solvent. 

Substituent. 

Wide structural 
variation. 

- 
Ref. 

61 
(9 131. 
112: 
97, 
113 
101 

70, 
14f 

81 

41 

19 

35, 
14 
14: 

26 1 

21 

66 

18 

17 

- 

AJiorE 

E 
9 to 21 

E 
25 to 35 
E 
11 to 31 

E 
12 to 21 

E 
18 to 23 

E 
24 t o  28. One 

point a t  11 
E 
17 to 21 

AH" 
13 to  19 

AHo 
-1.4 t o  0 

AHO 
- .05 t o  $ -55 

AH" 
-6 to $14 

1227 

AS or logla PZ 

As 
6 to 15 

In PZ 
24 to 35 
log PZ 
4 to  12 

AS' 
-44 to -2 

As*  
-7 to 0 

log PZ 
14 to 18.5 One 

point a t  6.7 
Asi  
3.8 to 23.9 

As" 
39 t o  45 

ASo 
-50 to -22 

A s o  
-19.2 to -17.2 

T A P  (at 25') 
-5 t o  +5 
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The eighty-one examples of the isokinetic relationship in Table I have a mean 
r value of 0.979. In  20 % of these examples j3 is within 20' of T, the mid-point of 
the experimentally used range of temperatures. In  55% of the examples j3 ex- 
ceeds 'I' by 20" or more, while in only 27% of the examples does T exceed j3 by 
20" or more. In  32% of the examples j3 exceeds T by at least loo", while in only 
9 % of the cases does T exceed j3 by 100" or more. Thus j3 tends to be larger than 
T. This means that for the majority of the reactions studied a change in solvent 
or structure that increases the activation energy decreases the rate a t  tempera- 
tures in the range used. Such reactions may be said to be governed by their 
enthalpies of activation in that temperature range. On the other hand in a t  least 
27 % of the examples studied the reverse is true, the rate definitely being governed 
by the entropy of activation. And in another 38% of the examples, an increase 
in temperature of 60" or less would put them in the entropy-controlled category. 

It is a frequent observation that organic reactions are cleaneri.e., that the 
desired reaction is very much faater than competing reactions leading to isomers 
-at lower temperatures. A more general rule would be that a reaction is cleaner 
the further the experimental temperature is from the isokinetic temperature. 
At the isokinetic temperature the rates of formation of isomers (by the same 
mechanism) would be equal. Since j3 - T has more often been positive than 
negative, most reactions will be made cleaner by the use of lower temperatures. 

Table I1 contains examples for which the data are inadequate in either number 
or range to test the existence of an isokinetic relationship. A number of trends 
are observable in these data, however. The enthalpy is approximately constant 
about as often BS the entropy is. 

Table I11 contains twenty-two examplas in which the relationship between 
AH* and ASf appears to be random and the range appears to be beyond the 
limits of experimental error. Some of these examples involve rather drastic 
changes in structure, others are borderline cases that might well have been placed 
in Table I1 due to an insufficiently variable AI3? or AS', still others are suspected 
of being partly inhomogeneous (51, Ma). The only conspicuous correlation of 
reaction type with a tendency to scatter is that about half of the examples in 
Table I11 either start with or produce ions. This is interesting in view of the pre- 
diction of the relationship by classical electrostatic theory for those reactions 
in which non-electrostatic interactions can be neglected (64). 
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