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The rates of the acid hydrolysis of potassium ethyl malonate in presence of
KCl, NaCl, Li;SO, and MgS0O, in water and in 50%, by weight of dioxane—water
mixture were measured. The concentration of the added salts covered the range
0-1 M. A negative salt effect on the rate of the half-ester hydrolysis was
observed. The applicability of Brensted’s equation was tested and deviations
found were explained as due among other reasons, to the operation of an ion-
dipole type of interaction. The correlation between the hydration numbers as
well as the radii of the cations of the added electrolytes and the reaction rate
were discussed. The activation energy was found to increase with an increase of
the concentration of electrolyte due to the relative changes in solvation of the
transition state as a result of hydration of the electrolytes added. The
thermodynamic properties of the activated complex were calculated and
discussed as functions of the salt concentration. A remarkable linear compensa-
tion between AH* and AS ¥ was found.
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Der kinetische Salz-Effekt bei der sauren Hydrolyse von Kaliumethylmalonat in
Wasser und in 50%, Dioxan—Wasser

Es wurde die Kinetik der Hydrolyse von Kaliumethylmalonat in Ge-
genwart von KCI, NaCl, Li;SO, und MgS0O, (jeweils 0—1 M) in Wasser und in
50%, (w/w) Dioxan—Wasser untersucht. Es wurde ein negativer Salz-Effekt
beziiglich der Hydrolysegeschwindigkeit des Halbesters beobachtet. Es werden
sowohl Korrelationen zwischen Hydratationszahlen bzw. Jonenradien und der
Reaktionsgeschwindigkeit, als auch zwischen Aktivierungsenergie und Elek-
trolytkonzentration diskutiert. Die thermodynamischen Parameter werden als
Funktion der Salzkonzentration untersucht.
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Introduction

Although an extensive study has been made on the kinetic salt
effects on many reactions, only little work has been done on the effect of
added electrolytes on the acid hydrolysis of dicarboxylic esters and
almost no study was made on the acid hydrolysis of half-esters. To gain
more insight into the medium effects on the latter type of reaction it is
of interest to study the kinetic salt effects on the hydrolysis of
potassium ethyl malonate by adding different types of electrolytes
(covering wide ranges of concentration) to the reaction medium in
which the relative quantities of the solvent components are kept
constant. The measurements have been made both in pure water and
507, dioxane (w/w) in order to gather more information on the primary
kinetic salt effects on the reaction rate, activation energy, activity of
hydronium ions and other factors controlling the reaction in presence of
salts.

Experimental

Materials. Potassium ethyl malonate was prepared according to the method
deseribed by Nielsenl. The ester was estimated to be 999 pure by complete
hydrolysis with excess of potassium hydroxide and back titration with
hydrochloric acid. The purification of dioxane was made using standard
method?. AnalaR (May and Baker) inorganic salts were used without further
purification.

Rate Measurements. The kinetic runs in presence of inorganic salts were
followed in glass-stoppered flasks. Different amounts of the salts were weighed
in several measuring flasks, then 25 ml of the acid mixed solvent (0.05 M-HCl)
were added. The flasks were thoroughly shaken until the salts dissolved, then
placed in a thermostat adjusted to 4 0.05° of the desired temperature. The rate
was traced by titrating samples at different time intervals against a standard
sodium hydroxide solution using a screened indicator consisting of 0.1%
solution of methylene blue and neutral red in absolute ethanol. The infinity
values were determined by titrating samples which had been heated at 65 °C in
sealed ampoules for several days, until constant readings were obtained. The
values were almost equal to the theoretical ones calculated on the basis of the
concentrations of ester and sodium hydroxide used3.

Results and Discussion

The first-order rate constants, k', in water as well as in a 50.05%,
(wjw) dioxane-water mixture at 30-45°C in presence of different
concentrations of potassium chloride covering the range 0-1 were
measured. The effect of changing the type of salt was studied also by
measuring the rate using NaCl, LipSO, and MgSO,. The rate constants
at different temperatures and salt concentrations are collected in Tab. 1
and 2.
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Table 1. Observed raie constants for the acid hydrolysis of potassium ethyl
malonate in presence of KCl in water and dioxane-water mixture

[KCH \/ ; k' x 106/min—1
M total Aqueous medium 50.05% (w/w) dioxane
30°C 40°C 45°C 35°C 40°C 45°C

0.00 0.25 84 171 272 55 85 126
0.04 0.32 66 166 257 48 77 118
0.10 0.40 56 155 251 46 72 114
0.30 0.60 47 143 244 41 68 110
0.40 0.68 — -— — 32 56 97
0.70 0.87 38 115 192 — — —
1.00 1.03 32 105 168 — — —

Table 2. Observed rate constants for the acid hydrolysis of potassium
ethyl malonate in presence of different electrolytes in water at 40 °C

[salt] k' x 108/min—1
M NaCl LiSO,4 MgS0,
0.00 171 171 171
0.04 171 115 108
0.08 — — 91
0.10 171 100 88
0.20 — — 56
0.30 167 62 43
0.40 — 54 33
0.50 160 35 —
0.70 155 — —
0.80 145 — —

Effect of Ionic Strength on Rate

The Brgnsted equation? necessitates that the plot of log k' against

ﬁ (the square root of ionic strength) should give a straight line whose
slope equals to Z,ZgA’, where Z, and Zp are the charges on the reactants
Aand Band A" = 2 4/2.303 where 4 is the Debye-Hiickel constant. The
equation is valid only for dilute solutions where the ionic strength is
small. Deviations are known to be observed as the ionic strength of the
medium is increased, especially if ions of high valences are used, In the
present work, comprising higher ionic concentration of salts (0-1 M),
the plots of log k" against \/Q give straight lines at different tempera-
tures with slopes that are less than the limiting ones predicted by the
Brgmsted formula. The values of these slopes amount to 0.3 and 0.4 for
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KOl in water and 50.05%, (w/w) dioxane, respectively, and 0.1, 0.6 and
0.7 for NaCl, Li;SO, and MgSO, in water, respectively. Similar de-
viations were observed before in the case of the alkaline hydrolysis of half-
esters of dicarboxylic acids!:® as well as some acid-catalyzed hydrolysis
reactions”. Examination of Tab. 1 and 2 shows that the rate decreases with
an increase of the salt concentration. The effect is, however, more
evident in purely aqueous media than in organic solvent-water mix-
tures which is attributable to the large difference in the dielectric
constants of the two media. The hydration number of the cation
involved plays also an important role in the rate decrease. Since
electrolyte hadration decreases the availability of “free” water mo-
lecules necessary for the reaction8.?, the rate should decrease with
increasing salt concentration and also with increasing hydration num-
ber of the respective cation. The order of increasing hydration number
is K+ < Nat+ < Lit < Mg**, and it may be useful to mention the well-
known values reported by Harned and Owen!9, namely, 4, 4, 6 and 15.5
for the hydration numbers of the above cations in respective order. It is
to be concluded, therefore, that the effect of the magnesium salt is
largest due to the highest hydration number of this ion. The rate-
decreasing effect of ionic strength runs almost parallel to the increase in
the value of the hydration number.

The above discussion deals with the applicability of the Brgnsted

equation in the sense that a linear relationship of log &’ against \/- ,
with a negative slope, is still preserved. However, the reason why the
values of such slopes diverge from the limiting slopes predicted by the
equation can be attributed to several factors. Firstly, the validity of the
Brénsted equation is maintained only in dilute solutions®. not exceeding
0.01 M. The slopes obtained in the present study give, therefore, the
limiting values of the exponential decrease from the expected values.
Moreover, the rate decrease at higher ionie strengths is also due to the
decrease in the activity coefficients of the reactant ions (specially the
H;0+) not taken into account by the Debye-Hiickel theory. The latter
effect will be dealt with later on. Secondly, the cation of the added
electrolyte will have a diminishing effect on the negative charge of the
COO- group of the half-ester through formation of ion-pairs. However,
this effect would be exerted only in solvent mixtures of low dielectric
constants!1-13 and would increase with increasing concentration of the
cation and decrease with increasing cation radius, as observed in the
present investigation. Thus, at 40 °C in the presence of 0.7 ¥ -NaCl and
KC1, the rate constants are 155 x 106 min-1 and 115 x 10-¢ min-!, and
the radii of Na* and K+ ions are 0.95A and 1.33 4, respectivelyl4. The
radii of the other ions under investigation are 0.60 and 0.65 A for Lit
and Mg+*? cations, respectively14, following the same trend. Thirdly, the
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rate decrease due to the added salts is not precisely the one to be
expected from an ionic strength effect since the same concentrations of,
e.g.. different uni-uni electrolytes produce different effects. Further-
more, if the present salt effect study conforms strictly to the Brgnsted
equation, a profound effect should have been observed at lower ionic
strengths. with salt concentrations of NaCl below 0.01 M, which is not
the case. As evident from Tab.2 there is no effect of increasing salt
concentration up to 0.1 M-NaCl.

The above observations firmly establish that the reaction con-
sidered differs largely from other typical ion—ion reactions in which
more remarkable salt effects of uni-uni electrolytes are normally
exhibited. The present reaction is, therefore, essentially an ion—dipole
rather than an ion—ion interaction, although the half-ester anion has a
charge center which would affect the ratel3.15.

Effect of Tonic Strength on Activation Energy

The Arrhenius equation is strictly followed in this system, where
linear plots of log & against 1/7" were obtained. The activation energy
shown in Tab.3 ranges from 15.4kcal/mol in aqueous medium to
21.5kcal/mol in 50.05%, (w/w) dioxane in the range of salt studied. The
point of interest is the variation of the activation energy in isocompo-
sition media with change of added electrolyte concentration (Fig.1).

Table 3. Activation energies for the acid hydrolysis of potassium ethyl malonate at
different concentrations of KCI
(a) aqueous medium

[KCl], M 0.00 0.04 0.10 0.30 0.70 1.00
E. keal/mol 15.36 17.28 18.97 20.47 20.73 21.43

(b) 50.05% (wjw) dioxane

[KCI], M 0.00 0.04 0.10 0.30 0.40
E, keal/mol 15.63 17.28 17.95 20.19 21.50

The E value increases first sharply then gradually until it reaches a
more or less constant value at higher salt concentrations. The trend is
indicative of profound golvation changes in reactants and transition
state, specially the latter, since it is the more polar entityl6. The salt
present, being relatively highly charged and therefore much more polar
than the transition state, will be preferentially hydrated by water
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necessary for solvation of the latter. This effect will lead to a
progressive elevation in the energy barrier of the reaction and hence the
activation energy will increase. The process in which the activated
complex is deprived of its water of solvation will continue until a point
is reached in which the salt concentration is so high as to capture most
of the free water molecules in the medium through solvation sheaths,
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Fig. 1. Activation energy vs. electrolyte concentration

then further addition of salt will not have a noticeable effect. Hence the
activation energy will remain more or less constant with increasing salt
concentration, as found experimentally. A similar trend, but lower in
maghnitude, was reported for the hydrolysis of sodium ethyl succinate
and sodium ethyl glutarate in aqueous medium in a narrow range of salt
concentration (0.01-0.1 )17,

Tonic Strength and the Activity of Hydrontum Ions

The effect of ionic strength on rate can also be discussed by
considering the influence of concentration of the electrolytes added on
the activity of HgO+ in the reaction medium. Since the values of such
activities were not measured experimentally, they were obtained by
estimating the corresponding activity coefficients fy - by the aid of the
Debye-Hiickel first approximation4:
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Table 4. Experimental values of rate constants as a function of ionic strength,
activity  coefficients and pH at 40°C. A =1.21256, { = 3323 x 104,
[ester] = 0.01 M and [HCI] =0.05 M

[salt] " Ju g
Salt M salt total Sr,00 CH,0+ JH,0+ pH 6 +logk
KCl 0.00 0.00 0.25 0.798 0.040 1.398 2.232
0.04 0.04 0.32 0.763 0.038 1.418 2.220
0.10 0.10 040 0.731 0.037 1.437 2.190
0.30 0.30 0.60 0.670 0.034 1.475 2.155
0.70 0.70 0.87 0.617 0.031 1.511 2.060
1.00 1.00 1.03 0.595 0.030 1.527 2.020
’é 2.2 M‘L | | E
s MO
“f 2:0
« |
2 6_04)\1&—43-)?0 NaCl
T 21
I
“w 2.2 J!’\
g -
& 18
] ~
e 22 . |
o o eSO
9S50,
‘:[‘5 18 . Q\;\L

140 1-44 1-48 152 1.56
—— pH(-CH30™ FHa0™)

Fig. 2. logk' vs. pH for different electrolytes

The details of these data are listed in Tab.4, where 4 and 3 are the
Debye-Hiickel constants, calculated according to the theory+, the ionic
strength p being based on all ionic species present including the half-
ester ion, and r«, the distance of closest approach, was taken equal to
the radius of the activated complex (4.1A) which was, in turn,
evaluated from the slopes of the plots of log ¥’ against 1/D (D being the
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dielectric constant) for the acid hydrolysis of potassium ethyl malonate
in dioxane-water and acetone-water mixtures!8. The concentration of
hydronium ion ¢y ., was taken as the stoichiometric concentration of
added HCI. The table shows that the negative logarithm of the activity
of the hydronium ion (i.e. pH) increases with the inerease of the salt
concentration. These results are supported by the findings of Amisl?
and Harned?® in conjunction to rate measurements of the acid hy-
drolysis of methyl propionate and ethyl acetate. The reaction rate, as
given in Tab. 4, shows an inverse trend to that of the change in pH of
the medium. The plots of log &' against pH gave straight lines with
negative slopes conforming in general to the theories of acid-base
catalysis reported by Euler and Olander?! (Fig. 2).

Ionic Strength and the Thermodynamic Parameters

The thermodynamic data of activation are calculated in the whole
range of KCl concentration studied in water and 50.05%; (w/w) dioxane.
The values are compiled in Tab. 5. The free energy of activation, A F T,
shows very poor dependence on the salt concentration. This is attri-
buted to a large linear compensation between AHt and A ST, which
shows a strong dependence on the salt concentration, where both
parameters become more positive as the ionic strength is increased. The
increasing value of the activation enthalpy shows that an additional
amount of energy is expended in order to overcome the hydration
energy of the salt present. Since the latter energy increases with

Table 5. Thermodynamic parameters of activation at 40 °C
(a) aqueous medium

Parameter [salt] M
0.00 0.04 0.10 0.30 0.70 - 1.00

AF?T kealimol 2620 2622 2626 2631 2644  26.51
AHT kecal/mol 1474  16.66 1835  19.85  20.11  20.81
—AST cal/(mol deg) 36.62  30.55 2527  20.64 2022 1822

(b) 50.05%, (wjw) dioxane

Parameter [salt] M
0.00 0.04 0.10 0.30 0.40
AF* keal/mol 26.63 26.70 26.73 26.77 26.89
AH?F, keal/mol 15.01 16.66 17.33 19.57 20.88

—AS*T, calj(mol deg) 37.14 32.07 30.03 23.00 19.21
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increase of the salt concentration, a consequent increase in A H ¥ should
be expected, as observed experimentally. The plot of AH * against
A8 * is a straight line whose slope gives an isokinetic temperature? of
333 K.
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