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can be prepared and determined in this way,* but deguelin
either does not form solvates or they are decomposed by
water. The acids tried were dichloroacetic, a-bromo-
propionic, a-chloropropionic, a-bromobutyric, and lactic.
Crystallization induced with petrolem ether instead of
water also gave no solvate,

Summary
Seven stable solvates of inactive deguelin are
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reported. Deguelin crystallizes from carbon tet-
rachloride, chloroform, bromofotm, and ethylene
bromide with 1 mole of solvent to 1 mole of de-
guelin, and from bromobenzene, chlorobenzene,
and benzaldehyde with 1 mole of solvent to 2
moles of deguelin.

WasHINGTON, D, C. RECEIVED DECEMBER 15, 1938
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Kinetics of the Reactions of Ethyl Iodide with Bases in Ethyl Alcohol-Water Mixtures!

By Sam EAGLE AND J. C. WARNER

In beginning an investigation of the reactions
of alkyl halides which occur in solution, we have
made an extensive study of the reactions of ethyl
iodide with sodium hydroxide, triethylamine,
sodium acetate and with the solvent in ethyl al-
cohol and aqueous alcohol mixtures at 50 and 25°.
Sufficient experiments have been carried out with
lithium nitrate to establish the importance of the
role of nitrate ion as a primary reactant exclusive
of the “inert salt catalysis.” The over-all rate
has been corrected successfully for side reaction
of the halide with the solvent and the rate of re-
action with various bases has been correlated with
their base strength. The effect of changing
medium has been partially assigned to the in-
fluence of dielectric constant on the base strength.
Approximate values of the energies of activation
at constant composition and constant dielectric
constant have been obtained for the various re-
actions. Considerable progress has been made
toward an explanation of the ‘‘dilution effect”
without the assumption of reaction of ethyl iodide
with molecules of strong electrolytes.

Many kinetic studies on the reactions of ethyl
iodide and other alkyl halides have been reported
in the literature. The results of these previous
investigations may be summarized briefly as
follows. In the reactions of sodium ethylate
and ethyl iodide in ethyl alcohol, the bimolecular
constants show a pronounced ‘“‘dilution effect,”” the
value of the constant decreases with increased
base concentration,? but is independent of the hal-
ide concentration. The reported temperature
coefficient is 20,650 cal. The velocity constant

(1) Abstracted from a thesis submitted by Sam Eagle to the Com-
mittee on Graduate Instruction in partial fulfillment of the re-
quirements for the degree of Doctor of Science.

(2) Hecht, Conrad and Briickner, Z. physik. Chem., 4, 273 (1889);
5, 589 (1890).

decreases in aqueous alcohol solutions with ad-
dition of water, and the existence of an equilib-
rium

OC.H;~ + H,0 T2 OH- + CH;OH

is well established.® The rate increases with
pressure.’® The calculated constants for many
of the reactions of this type show a downward
drift with time which is traceable to loss of halide,
side reactions, or to the magnifying of errors when
using the analytical method for obtaining velocity
constants.

Menschutkin® measured the velocity of forma-
tion of tetraethylammonium iodide in a number
of solvents and found a pronounced dependence
of the rate on the medium in which the chemical
change was produced. Many attempts to cor-
relate the measured velocity constants with
various properties of the solvent have been
made,?~7 but the specific influence of the medium
has been poorly understood. The energies of
activation for the amine-halide reactions vary
markedly with the solvent and generally fall below
the normal range of around 20,000 cal., commonly
found for bimolecular reactions in solution.® That
a part of the conversion of ethyl iodide to inor-
ganic iodide arises from reaction with the solvent
has frequently been suggested, but a thotough
investigation of this side reaction has not been re-
ported. The recent work of Taylor® and Hughes
and Shapiro! on the alcoholysis of ethyl and hy-

(3) (a) De Bruyn and Steger, Rec. irgv. chim., 18, 311 (1899);
(b) Gibson, Fawcett and Perrin, Proc. Roy. Soc. (London), A1§0,
233 (1935).

(4) Menschutkin, Z. physik. Chem., 6, 41 (1890),

(3) Grimm, Ruf and Wolff, Z. physik. Chem., B18, 301 (1931).

(6) Soper and Williams, J. Chem, Soc., 2297 (1931).

(7) Walden, Chem. Z., 81, 904 (1807).

(8) Moelwyn-Hughes, Chem. Rev., 10, 241 (1932).

(9) Taylor, J. Chém, Soc., 992 (1937).

(10) Hughes and Shapiro, ébid., 1177 (1937),
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drogen bromides seems to establish the nature
of the reaction of alkyl halides with absolute and
aqueous alcohols in the absence of added bases
or salts. Their experiments indicate the reactions
that may be expected in an alcoholic solution of
ethyl iodide
C.Hl + C.H,OH = C,H;OC,H;s + HI
HI 4 GHOH = CHI 4+ H.0

The primary reaction of ethyl iodide with the al-

cohol is particularly important in the silver ni-'

trate reaction studies by Burke and Donnan!!
but the complete mechanism has not been estab-
lished definitely.'* The addition of other ni-
trates gave an increase in rate which led Burke
and Donnan to the hypothesis that silver nitrate
molecules were the primary reactants.

Materials and Experimental Method

Eastman ¢, P. ethyl iodide was purified by the method
of Gibson, Fawcett and Perrin.?® The product boiled at
72.2-72.3° at 760 mm. When a weighed sample was per-
mitted to react to completion with an excess of sodium
hydroxide in alcoholic solution, the theoretical amount
of iodide ion was obtained. Baker analytical sodium
hydroxide (NaOH assay 98.7%, Na.CO; 0.8%,) was used
without further purification and the concentration of
hydroxide in any experiment was determined by titrating
with standard acid. Eastman ¢. P. triethylamine was
dried carefully and fractionated as required, precautions
being taken to exclude carbon dioxide. The portions used
in various experimental studies distilled at 88.7-89° at
760 mm. The molecular weight of the quaternary am-
monium salt prepared by permitting a slight excess of tri-
ethylamine to react with ethyl iodide was calculated from
the iodide determinations by the Volhard method with
several weighed samples of the product. The molecular
weight calculated was 257.4 = 0.9. The theoretical
value for quaternary ethylammonium iodide is 257.1.
Mallinckrodt lithium nitrate and sodium acetate analytical
reagents were freed of water of crystallization by heating
and were used without further purification. Water solu-
tions of the sodium acetate were shown to be at the phenol-
phthalein end-point and water solutions of the lithium
nitrate were neutral. Absolute alcohol was prepared by
refluxing 959, ethyl alcohol over calcium oxide and dis-
tilling, followed by a subsequent treatment with calcium
oxide and silver oxide. The distilled water used in pre-
paring reagents and reaction mixtures was boiled under
reduced pressure to remove dissolved gases, cooled, and
stored under an atmosphere of nitrogen. The standard
solutions of silver nitrate, ammonium thiocyanate, hydro-
chloric acid, and sodium hydroxide used in the Volhard
and acid-base titrations were made up from analytical
grade chemicals.

Reaction mix{ures were prepared by dissolving weighed
amounts of ethyl iodide in a measured volume of ethyl

(11) Burke and Donnan, (a) J, Chem. Soc. 85, 555 (1904); (b) Z.

physik. Chem., 69, 148 (1909).
(12) Tian and Gand, Comp!. rend., 204, 1811 (1937).
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alcohol and diluting with the required volume of water
to produce the desired dielectric constant as calculated
from the data of Akerl5f.!8 The usual procedure was to
prepare a stock solution of ethyl iodide under an atmos-
phere of nitrogen. A measured volume of this solution
was added to a calibrated flask of special design containing
the basic reactant: sodium hydroxide, triethylamine,
sodium acetate, or lithium nitrate. Part of the reaction
mixture so prepared was poured into constricted tubes
which were sealed off immediately and placed in the 25°
thermostat. The remainder of this solution was trans-
ferred by nitrogen pressure to a specially designed re-
action flask in the thermostat at 50°. A special buret
provided with a water jacket in which water at room tem-
perature circulated was attached to the reaction flask
through ground glass connections, whenever a sample of
the reaction mixture was desired for analysis.

Parallel measurements were made at 25 and 50° in sev-
eral cases for reaction mixtures containing sodium
hydroxide, triethylamine, or sodium acetate prepared
from the same stock solution of ethyl iodide. Since the
solutions were made up with a weighed amount of ethyl
iodide diluted to a definite volume at room temperature,
the starting concentration was calculated taking into ac-
count the change in the volume of the solution when the
reaction was carried out at 50°. Concentrations of sodium
acetate and lithium nitrate were calculated in the same
manner. The starting concentration of sodium hydroxide
or triethylamine was obtained by analyzing parallel sam-
ples of reaction mixture for basicity and iodide content.
The sum of the base concentration found by titration with
standard acid and of the iodide ion concentration as de-
termined by the Volhard method was taken as the start-
ing concentration of base. Inmitial concentrations calcu-
lated in this manner at several different times during the
course of the reaction showed maximum variations on the
order of 0.59,. The concentration of ethyl iodide and of
base at any time during the course of the reaction were
taken as the differences of their respective starting concen-
trations and of the iodide ion concentration found at that
time.

In a few experiments where the water content was high,
ethyl iodide apparently was lost during the preparation
and transfer of solutions. The iodide ion concentration
determined after the reaction had gone to completion was
then taken as a measure of the starting concentration of
ethyl iodide. Velocity constants determined in this man-
ner were in agreement with those found using an im-
proved technique which eliminated possibility of loss.
Before this loss had been established, our calculated con-
stants in the high water range showed the same sort of
behavior noted by Moelwyn-Hughes!¢ that led him to the
conclusion that a side reaction resulted in the formation
of a complex organic iodide which resisted the usual ana-
lytical methods. Greenspan, Liotta and La Mer®
showed that ethyl iodide, in contradiction to the ideas of
Moelwyn-Hughes, was hydrolyzed to yield one mole of
inorganic iodide per mole of ethyl iodide used. Our later
experiments using a sealed tube technique to guard care-

(13) Akerlsf, Tris JOURNAL, 54, 4125 (1932).

(14) Moelwyn-Hughes, J. Chem. Soc., 1576 (1933).

(15) Greenspan, Liotta and La Mer, 7rans, Faraday Soc., 81, 824
(1935).
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fully against the loss of ethyl iodide support the evidence
of the latter investigators!® and indicate that the discrep-
ancies reported by Moelwyn-Hughes arose from loss of
ethyl iodide in preparing his reaction samples.
Temperature as determined by Beckmann thermometers
checked against a B, S. resistance thermometer to 0.01°,
was maintained during the experiments to within 0.03°.

Experimental Results and Discussion

All of our constants have been obtained by
graphical methods to eliminate the errors arising
from the use of a single concentration determina-
tion at a particular time in evaluating the inte-
gration constant of a differential equation. The
notation used in this section of the paper follows:
starting concentration ethyl iodide in moles per
liter
starting concentration of base in moles per liter
bimolecular constant for EtI-EtOH
concentration of iodide ion at time ¢ (in minutes)
bimolecular constant for EtI-H,O reaction
effective bimolecular constant for EtI-solvent
reaction

pseudo-first order constant for EtI-solvent re-
action

ordinary experimental bimolecular velocity con-
stant for EtI-base reaction

bimolecular velocity constant peculiar to base
corrected for solvent reaction

pseudo-first order constant for base at high con-
centration

slope of log [(b — x)/(¢ — x)] plotted against ¢

slope of log [(6' — x)/(e — x)] plotted against ¢

b + (ks/kv)

F=(0-x)/-x

The Solvolysis Reactions of Ethyl Iodide in
Alcohol-Water Mixtures.—The reaction of ethyl
iodide with absolute alcohol produces ethyl ether
and hydriodic acid, and the acid so produced
reacts with the alcohol to reproduce ethyl iodide.

EtI + EtOH = EtOEt 4 HI (A)

HI + EtOH = EtI + H,0 (B)
At the start of the reaction, the influence of the
hydriodic acid is slight so that the velocity con-
stant for reaction (A) may be determined from
the limiting slope at zero time of the function
log (@ — x) plotted against ¢. This follows from
equation (2)
dx/dt = k. [EtOH]{EtI] = k[EtI] = k(e — x) (1)

kit = 2.303 log 2
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When aqueous alcohol is used as solvent the sub-
sidiary reaction (B) is reversed and the plot of
log (@ — x) against time is linear to high per-
centage conversions. The value of %k in an al-
cohol-water mixture represents the sum of the
alcoholysis and hydrolysis effects in that particu-

lar solution.
bk = ka[EtOH] + kw [HEO] (3)
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These alcoholysis constants %k, and %, are con-
stants only in a given alcohol-water mixture
and may be regarded as functions of the dielec-
tric constant. Since it would be very difficult
to split the contribution of the water from that
of the alcohol in a given solvent, an effective
bimolecular constant %, has been defined by equa-
tion (4). This constant k. is the effective bi-
molecular constant for all types of hydroxylic
molecules in the alcohol-water mixture and is
ks = k([EtOH] + [H:0]) = k.[ROH] 4)

comparable to the values of k., given for the
various bases investigated. Values of %, ob-
tained from experiments in alcohol and alcohol-
water mixtures are given in Table I with the cor-
responding values of Z.

TaBLE I
%
Expt. EtOH D a kg k.

At 50°
9a 100 20.85 0.,0100 1.3 X 10~ 7.8 X 1077
14 100 20.83 .0131 1.3 X 10-% 7.8 X 10°¢
1 92.6 23 .0123 2,2 X108 12 X 10-7
12 75.8 30 L0173 5.1 X 10-% 21 X 10-7
13 55.5 40 .0152 8.3 X 10-% 25 X 10-7
6 36.9 50 .0102 14.0 X 1085 35 X 107
164 18.4 60 .0153 23.0 X 10-% 49 X 10-7

At 25°
e 100 24.3 .0102 4.9 X 107 2.9 X 10-8
16e 18.4 67.9 L0153 77 X 10-7 17.2 X 108

Rate Equations for Reaction of Ethyl Iodide
with Bases.—When a base is added to a solution
of ethyl iodide in absolute or aqueous alcohol, the
subsidiary reproduction of ethyl iodide as in equa-
tion (B) is prevented and the reaction becomes
second order with respect to the ethyl iodide and
added base

Etl + B~ = EtB < I~ (Anion bases)

Etl + B = EtB* + I~ (Amine bases)
The usual bimolecular form, when the base con-
centration is the greater, yields

dz/dt = E[B][EtI] = k(b — x)(a — %) (5)

2.303 alb — x
kt = b —a) log bEa -—x; ()
A plot of log (b — x)/(a — x) against ¢ thus
gives a straight line of slope .S and the bimolecular
constant may be obtained from
k(b — a) = 2.303S 7

If we are interested in getting a measure of the
reactivity peculiar to a given base, we should take
into account that part of the chemical change
which is produced by reaction of ethyl iodide witli
the solvent. Since we are dealing only with hy-
droxylic solvents, we have

©
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EtI 4+~ ROH = EtOR +I- + H* (D)
H+* + B~ = HB, or H* + B = BH™ (rapid reaction)
(E)
We have developed the following equation to take
into account the solvent effect.
dx/d¢ = &k, [B][EtI] 4 2. [ROH][EtI] = k[B]{EtI] (8)
dx/dt = ky(b — x)(a — x) + k(e — x) = k(b — x)(a — x)

)]

dx/dt = k(b + ko/Be — %)@ — %) = ko(d’ — x)(a — x)
(10)
SR = = B

The velocity constant &, peculiar to a given base
B can be obtained from the slope S’ from the
plot of log (4" — x)/(e¢ — ) vs. t as indicated by
the equations

Bo(d' — @) = By (b +:—s - a) = 2.3035" (12)
b
_ 23038 ke

PT T —a b—a

(13)

When b is somewhat larger than ks/k, and @, S’
becomes equal to S within the limits of experi-
mental error and the correction for the side re-
action with the solvent takes the form

ky

kb:k—b—a

(14)

k, is evaluated from the independent study of the
solvent reaction, & is{determined from (7); and
finally %k, from (14). This latter equation leads
to considerable error when 0 approaches a in
value. In such cases, the correction is better
made from (9), which yields

ke

kb:k—b—x

(1)

Equation (15) reduces to (16) when & is much
greater than x.

ks

kb=k—z (16)

Most of our experiments have been made with
base concentrations around 0.05 M and ethyl
iodide 0.01 /. TUnder these conditions, the cor-
rection for the solvent reaction by (14) is justi-
fied.

Reaction with Sodium Hydroxide.—When so-
dium hydroxide is dissolved in absolute or
aqueous ethyl alcohol, a significant concentra-
tion of ethylate ions is produced in establishing
the equilibrium represented in (F)

OH- + EtOH > EtO- + H,0 (F)
Since no precise data are available on this equilib-

brium, we have merely calculated the constants
k and &, which represent composites of the individ-
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ual velocity constants for hydroxyl and ethylate

ions. We then have
b = [OR™] = [OH~] + [EtO~] 17
and the over-all reactions are
EtI + OR- = EtOR + I~ (<)
Etl + ROH = EtOR + I~ + H* (D)
H+* 4+ OR- = ROH (rapid) (Ey)

The ordinary bimolecular constants 2 and the
constants peculiar to the sodium hydroxide %, are
given in Table II.

TABLE II
ReactioN oF EtI witH NaOH 1N EtOH-H,0 MIXTURES
Expt. % EtOH D b a k kp
At 50°
11a 100 20.85 0.0568 0.01100 0.0826 0.082
13a 75.8 30.0 .0522 .01118  .085 ,084
7a 75.4 30.2 .00697  .00996 114 .097
7b 75.4 30.2 .0288 .00996  .0835 .081
7e 75.4 30.2 .0407 .00996  .082 .080
14a 53.5  40.0 .0606 .01000  .0505 .049
15a 36.9 50.0 ,0383 .00837  .048 .043
16a 18.4 60.0 .0314 .01533  .0393 .025
8a 18.1 60.2 ,0095 0174 .065 .036
6a 18.1 60.2 .01038  .00397  .075 .023
4a 18.1 60.2 .0278 006826  .0351 .024
6b 18.1 60.2 .0461 .00672  .0294 .0236
8b 18.1 60.2 L0557 .0179 .0322 L0261
5a 18.1 60.2 .1875 .00608  .0232 .0219
At 25°
11b 100 24.3 .0382 .01024  .0062 .0062
13b 75.8 35.0 .0536 .01148  .0036 .0056
14c 66.3  40.0 .0582 .01019  .0046 .0046
15b 36.9 56.9 ,0395 00854 00336 0032

Reaction with Triethylamine.—When triethyla-
mine is dissolved in hydroxylic solvents, some
ionization occurs which produces the strougly
basic solvent anions.

EtN + ROH T~ RO~ + EtxNH'Y  (F)

Reaction of ethyl iodide with these anions is
negligible because of their low concentrations.
The ionization constant!® is 5.65 X 1073 in ethyl
alcohol and 5.69 X 10—* in pure water at 25°.
Experiments with the nitrate salt of triethyla-

mine showed that Et;NHT is not active. The
essential reaction is
EtaN + EtI = Et4N+ + I- (G)

Since the constant for reaction with the amine
was generally lower than for the sodium hydrox-
ide, the correction for the solvent reaction was of
greater importance. The limitations of Eq.
(14) under the conditions of Expt. 12a necessitated
the calculation of &, by Eq. (16) but all other con-
stants in Table III were calculated in the usual
manner.
(16) Li and Stewart, Tuis JoURNAL, 59, 2596 (1937).
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TaBLE III

REeacTION OF Et]l wiTH Et;N 1IN EtOH-H,;O MIXTURES
Expt. EZ‘Z))H D b a 10% 102k,

At 50°
12a 100 20.85 0.0153 0.01000 3.3¢4 2.5
12b 100 20.85 .0394 .01000 2.74 2.3
16b 100 20.85 .0682 .00984 2.28 2.06
13¢  75.8 30.0 .0548 .01100 7.62 6.5
14d 55.5 40.0 .0589 .01000 14.4 12.7
15¢  36.9 50.0 .0458 .00850 32.7 29

4b 18.1 60.2 .0194 .00671 55.0 37

At 25°
16¢c 100 24.3 0.0692 0.01007 0.168 0.160
14f 66.3 40.0 .0600 ,01019 0.425 0.377
14¢ 55.5 45.7 .0600 .01019 1.31 1.25
15d 36.9 36.9 .0468 .00867 3.08 2.95

Reaction with Sodium Acetate.—Interaction
of acetate ions with the solvent produces solvent
anions, but these are negligible as far as reaction
with ethyl iodide is concerned. The equilibrium
constant for reaction (H) is of the order 10~1
over the complete range of alcohol-water com-
position.

Ac™ 4+ ROH T~ RO~ + HAc (H)

The essential reaction with the ethyl iodide is
(I), although the solvent reaction is even more

Ac™ + EtI = EtAc + I~ @O
important in this case than it is for triethyl-
amine. The constants given in Table IV were
calculated as previously described.

TaABLE IV
REeAcTION OF NaAc wiTH Etl iIN EtOH-H,0 MIXTURES
Expt. Et%H D b a 10% 10%ky,
At 50°
12¢ 100 20.85 0.0586 0.01000 1.50 1.23
13d 75.8 30 .0585 .01118 2.56 1.48
14g 55.5 40 L1178  .01000 1.89 1.12
15¢ 36.9 50 .1163 .00823 2.51 1.22
At 25°
12d 100 24.3 0.0600 0.01024 0.070 0.060
141 66.3 40 .1200 .01019 .087 .065
14h 55.5 45.7 .1200 .01019 .090  .063

Reaction with Lithium Nitrate.—The reaction
of lithium nitrate was so slow at the temperature
investigated that we limited our kinetic studies
to high concentrations of salt and to low per-
centage conversions. Pseudo-first order con-
stants k, were obtained readily by plotting log
(¢« — x) against time. The experiments were
originally carried out to determine the ‘‘neutral
salt effect’”” on the solveut reaction, but our ob-

(17) Kilpi and Wansila, Z. physik. Chem., A17T, 427 (1937).

Sam EAGLE AND J. C. WARNER

Yol. 61

servations soon led us to the conclusion that the
most important effect was due to the nitrate
ion as a primary reactant. We found that sam-
ples of ethyl iodide in anhydrous ethyl alcohol
reached an equilibrium at 96-97° when about
309 of the halide had been converted to iodide
ion. This was checked by both the Volhard and
acidity determinations. An exact evaluation
of the equilibrium concentrations was impossible
because of the slow oxidation of iodide to free
iodine. Quite different results were obtained in
the presence of 0.5 A/ lithium nitrate in which
case 94-96%, of the original ethyl iodide was
accounted for by the Volhard method, and only
one to two per cent. could be accounted for by
acidity determinations after equilibrium was at-
tained. The sweet odor associated with ethyl
nitrate was noted, which is in agreement with
the products observed by Burke and Donnan!!
in the reaction with silver nitrate. The forma-
tion of ethyl nitrate accounts for the difference
between the hydrogen and iodide ion concentra-
tions. Further evidence for reaction with the
salt is the linear relation found between the con-
stants &, and the nitrate ion concentrations.
From Equation 16 it is evident that

ko = kob + ke (18)

Table V summarizes the experiments with lithium
nitrate.

TaBLE V
ReEactioN oF LiNQO; witH Etl 1IN ALCOHOL-WATER
MIXTURES
At 50°, 100% EtOH, D = 20.85, a = 0.01059, kp, = 7.8 X
10-8
b 0 0.0611 0.122 0.224 0.489
10%%, 1.3 1.8 2.3 4.0 5.0
92.6% EtOH, D = 23, a = 00105, k» = 88 X 107%
b 0 0.058 0.144 0.38
10%. 2.22 2.79 3.45 4.14
36.9% EtOH, D = 50, ¢ = 0.01021,k, = 86 X 1073
b 0 0.099 0.248 0.398 0.497
10%, 14.0 14.6 16.2 17.2 19.1
At 25°, 100% EtOH, D = 24.3, ¢ = 0.01024, &, =2.0 X
10-¢
b 0 0.061 0.244 0.488
107, 4.9 5.9 10.5 14.9

The graphical method was used in obtaining
ky, from Eq. (18) because of the high experimental
error itherent in measurements to small con-
versions. The runs at 25° were studied over a
period of two months, at the end of which time
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from 3-109, of the ethyl iodide was converted to
inorganic iodide. Our experiments indicate the
following mechanism for the reaction with lithium
nitrate

Etl 4 NOs~ = EtNO; + I~ M
EtI 4+ EtOH = EtOEt 4+ H* 4 I~ (A)
H+* 4+ I- 4+ EtOH = EtlI + H;0 (B)

In the presence of added salt, the alcoholysis of
ethyl iodide does not produce an equivalent
amount of hydrogen and iodide ions because the
nitrate ion produces ethyl nitrate (J). In 0.5
molar solution, over three times as many mole-
cules of ethyl iodide are reacting with nitrate ions
as are reacting with the alcohol molecules.
(kxo,- = 7.8 X 1078, kg 1.3 X 107%) Ethyl
iodide which has reacted in (A) and has been
regenerated in (B) again has an opportunity to
choose between nitrate ions and alco-
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of the various bases is in accord with the theory of
acidity developed by Bronsted, Hammett and
others.®® This theory predicts a decrease in acidity
for cation acids such as Et;NH* and ROH,* with
increases in the dielectric constant and ionic
strength. Et;N and ROH moleculesshould then be
more active as bases at high dielectric constants
and high ionic strengths. We find a pronounced in-
crease in k, for these molecular bases as the di-
electric constant is increased. The theory like-
wise predicts that the acidity of unchanged acids
such as ROH, HAc, and HNQ; in basic solvents
will be only slightly influenced by changes in di-
electric constant and ionic strength. Only a
slight dependence of the base strength for the
conjugate anions OR~, Ac~, and NO;~ would be
expected, and our constants for anion bases seem

T
hol molecules so that finally a steady gl ] s (Rm‘ ! E M—Q
state is reached wherein practically —o~ E — 7
all the ethyl iodide has been con- | o i o
verted to ethyl nitrate and inorganic E ine -6
iodide. The isolation of nitrate ion g L op Lino, , 'E i N
as a primary reactant throws some = |~ E 5%
light on the results of Burke and ! =
Donnan!! for the ethyl iodide reac- 33 < s o | oty 1, w
tion with silver nitrate. The in- ! :: 4»—?
creased rate which they observed in 2} EnN | ° EnN
the presence of ammonium and cal- i | BE
cium nitrates undoubtedly was due {[. NaoH E e
to ificreasing the concentration of l | ! | ] ] ! [
nitrate ions and does not support 20 3 40 5 60 3 40 50 60
their argument for reaction with Dice. Fig. 1 Die.

stlver mitrate molecules, The silver
ion plays an important role in their reaction by
removing the iodide ion as silver iodide, thus
minimizing the importance of reaction (B).
Correlation of Results with Modern Acid-
Base Theory.—The magnitude of the velocity
constants kg, for sodium hydroxide, triethylamine,
sodium acetate, lithium nitrate, and the solvent
molecules seems to be related very closely to the
basic strengths of these reactants. Figure 1 shows
that triethylamine and solvent molecules exhibit
pronounced increases in reactivity with increas-
ing dielectric constant of solvent whereas con-
stants for the anion bases (hydroxide, acetate, and
nitrate) either decrease slightly or show little
change with changing medium. The decrease
in the sodium hydroxide constants may be de-
pendent on the shifting equilibrium between hy-
droxyl and ethylate ions, but the general behavior

to be influenced but slightly with changing media.
Figure 2 is the typical Bronsted plot showing the
relation of the velocity constants for OR-,
Et;N, Ac—, and ROA to the dissociation con-
stants of the conjugate acids ROH, Et;NH,
HAc, and ROH;*. The dissociation constant
of acetic acid and the ion product of the sol-
vent have been determined at 20° by Kilpi and
Wansila¥ over the complete range of composition
for alcohol-water solutions. The constants for
triethylamine have been reported at 25° by Li
and Stewart!® and Ablard.® The various dis-
sociation constants for the conjugate acids plotted
in Fig. 2 were calculated by combining the data
of these investigations at 20 and 25°. The values

(18) Bronsted, J. Phys. Chem., 80, 777 (1926); Chem. Rev., 5,
45 (1928); Hammett, THis JOURNAL, §0, 2666 (1928).

(19) Ablard, Thesis, Carnegie Institute of Technology, June,
1937.
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for all points in the figure should be accurate
within better than a logarithmic unit. Figure 2
suggests that the reactivity of the various bases
with ethyl iodide is closely related to the ability of
the base to act as a proton acceptor. This suggests
that the rate determining step in the reaction may
involve the production of an intermediate basic
ion by the removal of a proton from the ethyl
iodide molecule. The basicity of the solvent

Sam EacLe anD J. C. WARNER

Vol. 61

noted by Conrad! and his workers may be elimi-
nated. Since salt effects are usually more im-
portant at low dielectric constants and since
Bronsted’s theory predicts greater basicity for
the solvent in the presence of electrolytes, it
seems likely that A, values determined at zero
ionic strength are not true measures of the solvent
reaction at low dielectric constants in the presence
of added electrolytes.
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=T Influence of Temperature.—Ap-
proximate values of the energies of
activation for %, are given in Table
VI. Constants have been determined
at only the two temperatures and
the investigation has been extensive

-6= &8 —] rather than intensive in scope, so the
-2 ~| values given should not be used for
—3l EE”‘ —| any quantitative calculations. It is
% —4 . A, 184% ErOH evident that the energy of activation

Jie - O 369% ELOH ) . . .
s s G 55.5% cron at constant dielectric constant is much
";o ) 5 S orem : greater than at constant composition
S O eron for the triethylamine and solvent re-
-7 ‘i“'“"’ — actions, while little difference is found

R Y T Y S N s ! L1 1 ! for the anion bases.
-8 4 0 1 4 v (208250) 12 16 20 24 It is interesting to note that the
ogF.a 9 ' energy of activation for the triethyl-
ig. 2.

would then have a great influence on the con-
centration of the active intermediary ion and the
wide differences in rate in different solvents which
Menschutkin? found for the ethyl iodide-triethyla-
mine reaction are readily explained.

The “Dilution Effect.”’—We note that Bron-
sted’s theory predicts an increased basicity for
ROH molecules at high ionic strengths. This
would argue for a higher value of the solvent
constant kg in the presence of added electrolytes
than was obtained in the absence of added salts.
We would then expect that the solvent correc-
tion which we have made using the k5 values
determined at zero ionic strength would not be
sufficient with higher concentrations of added
base. A comparison of the values of £ and &, for
the sodium hydroxide reaction in 18.19, alcohol
(Table II) shows that the correction for the sol-
vent reaction eliminates the “‘dilution effect” for
base concentrations from 0.01 to 0.2 molar. We
have not yet studied the reaction in absolute al-
cohol sufficiently to report on the nature of the
correction there. The magnitude of & for this
solvent allows such a small correction that it is
doubtful whether the large ‘“dilution effect”

amine-ethyl iodide reaction in sol-
vents of constant composition is lower than
is normally found for reactions in solution.
That this in general is true for the amine-halide
reactions has been emphasized by Moelwyn-

TABLE VI

APPROXIMATE ENERGIES OF ACTIVATION IN THE ETHYL
IoDIDE REACTIONS

The solvolysis constants used in correcting for the solvent
reaction at 25°, for compositions other than 100 and 18.49%,
alcohol, were obtained by dividing the value of the con-
stant at 25° by 28. This correction follows from the mag-
nitude of the energy of activation for the solvolysis re-

action in 100 and 18.49, alcohol.
Approx. energy of

Base Solvent activation, cal.

NaOH 1009, EtOH 19800
75.8%, 20700

55.5% 18800

36.99, 19800

D =40 18100

Et;N 1009, 19600
55.5% 17800

36.99, 17500

D = 40 26900

NaAc 100% 23200
55.5% 22000

D = 40 21800

LiNO; 1009, 28000
ROH 1009, 25100
18.49, 26000
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Hughes.?® The energy of activation for this
reaction in solvents of constant dielectric con-
stant appears to be ‘“normal.”” However, the
values reported in this paper are not sufficiently
precise for use in testing modern theories.

Summary

Experimental velocity measurements have been
made for the reactions of ethyl iodide with the
solvent, sodium hydroxide, triethylamine, sodium
acetate, and lithium nitrate in aqueous alcohol
mixtures at 25 and 50°.

Velocity constants have been calculated by

(20) Moelwyn-Hughes, “Kinetics of Reactions in Solution,”
Oxford University Press, London, 1935, p. 1122.
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graphical methods which correct for the solvent
reaction and have been correlated with modern
acid-base theories.

An explanation of the “dilution effect” has
been suggested and evidence has been presented
which indicates that the nitrate ion is a direct
reactant with ethyl iodide so that the influence
of lithium nitrate is not primarily ‘‘inert salt
catalysis.”

Approximate values of the energies of activation
for the reaction of ethyl iodide with the various
bases have been calculated.

SCHENLEY PARK

PITTSBURGH, PENNA. RECEIVED AuGusTt 1, 1938

[CONTRIBUTION FROM THE DEPARTMENT OF CHEMISTRY OF YALE UNIVERSITY]

The Thermodynamics of Aqueous Sodium Chloride Solutions from 0 to 40° from
Electromotive Force Measurements

By HERBERT S. HARNED AND MELVIN A. Coox

This communication contains a brief summary
of the thermodynamic properties of aqueous
sodium chloride solutions from 0 to 40° derived
principally from the measurements of cells with-
out liquid junction containing a dilute sodium
amalgam. Our recent studies of solutions of
sodium! and potassium hydroxides? and potassium
chloride® have shown that reasonable agreement
between the results derived from electromotive
forces with those derived from calorimetric or
vapor pressure data is obtained if certain pre-
cautions regarding extrapolation and the numeri-
cal treatment of the data be observed. In the
present communication, we have subjected the
earlier data of Harned and Nims* to a more re-
cently developed technique of calculation with
the result that better agreement with results of
other measurements is obtained.

Activity Coefficients.—The electromotive force
data of Harned and Nims were extrapolated by
the use of the equation

/¢
1+ 4v%
Only the results in the region of concentration of
0.1 to 1 M were employed. As shown by us,?
this method leads to an accurate extrapolation

(1) Harned and Hecker, THIS JOURNAL, 55, 4838 (1933).
(2) Harned and Cook, ibid., 89, 496 (1937),

(8) Harned and Cook, ¢bid., 59, 1290 (1937).

(4) Harned and Nims, ibid., B4, 423 (1932),

log v = — + Bc — log (1 + 0.086m) (1)

whereas if the equation is applied over a wider
concentration range, for example 0.1 to 3 M, low
values of A and v are obtained. Using the pre-
cise evaluation of v in dilute solution by Brown
and Maclnnes® from cells with liquid junction
and the accurate determination of the relative
partial molal heat content, Z,, from 10 to 25°
by Gulbransen and Robinson,® we are able to
obtain an entirely independent check of our ex-
trapolation. The values of L; at 0.1 M deter-
mined by the latter are given as a function of
temperature by

Lan) = — 1277 + 4.62T 2)

Upon substitution in the equation for the varia-
tion of the activity coefficient with temperature,
integration, and evaluation of the integration
constant by employing Brown and Maclnnes’
value of 0.7784 for v at 0.1 M and 25°

—log Yo = E%ie’ +1.1625log T — 3.2358 (3)

is obtained from which v4; may be computed as a
function of temperature. A comparison of the
two methods of extrapolation is illustrated in
Table I.

The value of the apparent ionic diameter, q,
was found equal to 4.0 = 0.1 A, at all tempera-
tures. In the computations by equation (1),

(8) Brown and Maclnnes, ibid., §7, 1356 (1935).
(6) Gulbransen and Robinson, ¢bid., 6, 2637 (1934).



