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Cyanamide hydrolyzes, in an aqueous acid 
solution, to give urea; the identity of the prod
uct was established by Hetherington and Bra-
ham,3 who also showed the reaction to be of the 
first order with respect to cyanamide. The only 
extensive investigation of the effect of acids, 
prior to the present one, is that of Grube. Grube 
and Motz,4 and Grube and Schmid,6 studied the 
reaction in nitric acid solution, the acid concen
tration ranging from 0.05 to 5 N. They found the 
rate to increase steadily with increase in acid con
centration, their results conforming to the equation 

log (*ob../iVHNOl) - A + SiVHNO 

where ifeobs. is the first-order constant, IVHNOI the 
normality of the nitric acid, and A and B are con
stants. At the lowest acid concentrations Grube 
and Motz detected a decrease in k0hs. with time. 
This they attributed to the fact that urea is a 
stronger base than cyanamide, in consequence of 
which the hydrogen-ion concentration would de
crease as the reaction progresses. They deter
mined the equilibrium constant 

K1 = [NH2CN^H+]/[NH2CN] [H+] 

(the symbol H + is used throughout this paper, for 
brevity, to denote the solvated hydrogen ion) and 
as they expected, found it smaller than the equilib
rium constant 

K3 = [(NHs)2CO-H+]/[(NHs)2CO] [H+] 
With acid in excess over cyanamide, Grube and 
Motz detected no trend in &obs.. Grube and 
Schmid studied the effect of various nitrates, the 
acid concentration being kept constant at 0.25 N. 
In every case, the salt accelerated the reaction. 

Grube concluded from these findings that the 
hydrolysis of cyanamide is an example of hydro
gen-ion catalysis, with a large linear salt effect. 
This conclusion was accepted by Hammett and 
Paul,6 who used the hydrolysis of cyanamide as 
an illustration of specific hydrogen-ion catalysis, 
their criterion being conformity to the relationship 

Ho + log &0b>. = constant 

where Ho is the acidity function of Hammett. 
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Our results indicate that the hydrolysis of cy
anamide in acid solution is a two-stage protolysis, 
the rate-determining step being the reaction be
tween the cation of cyanamide, NH2CN-H+, and 
any bases present. Before the experimental work 
is presented, it should be mentioned that our prog
ress was retarded by the specificity of action of 
the halogen acids, which appear to form unhy-
drolyzable, or difficultly hydrolyzable, complexes 
with cyanamide. 

Experimental 
The hydrolysis of cyanamide to urea is accompanied 

by a contraction (ca. 9 cc. per mole of cyanamide) which 
we made use of to follow the reaction dilatometrically. 

Cyanamide.—Through the courtesy of the American 
Cyanamid Company a carefully purified sample of cyan
amide was obtained for which the following analysis was 
reported: 

Anal. Calcd. for NH2CN: N, 66.64. Found: N (ti
tration), 65.38, N (Kjeldahl), 64.95, N (dicyanodiamide), 
0.09. 

Since experiments performed with the above sample, 
and with a sample prepared by us, gave consistent results, 
the above sample was used without further purification. 
During the course of the work the m. p. remained 43-44°, 
and checks upon the analysis by the silver titration con
tinued in good agreement. 

Dilatometers.—The experiments with a low initial con
centration of cyanamide (0.045 M or less) were performed 
in dilatometers like that described by Bronsted, kilpatrick 
and Kilpatrick.7 These are called the "large" dilatome
ters. All other experiments were carried out in sealed7 

dilatometers. 

Nitric Acid as Catalyst 
In these experiments the initial cyanamide con

centration was 0.25 M, twice that used by Grube, 
and at low acid concentrations &0bs. decreased as 
the reaction progressed. To utilize the results 
at the low acid concentrations, it was necessary 
to consider the effect upon the rate of reaction of 
the basic nature of cyanamide and urea. 

Calculation of Rate.—Let it be assumed the 
activity-coefficient ratios/NH,CN.H+//NH,CN/H+ and 
/(NHO>CO-H+//(NHI)!CO/H+ remain unity over the 
range of acid concentration employed. Let it be 
assumed that equilibrium is maintained between 
NH8CN and NH2CN-H+, and between (NH2),-
CO and (NH2)2CO-H+. 

If NH2CN is the reactive species, and the rate-
determining step is the reaction between NH2CN 
and H + , one has 

v = *'[NH2CN][H+]-^HiCiLV _ ^[NH2CN][H+] (1) 
/NHjCN.H + 

since the ionic strength remains constant during 
an experiment. Setting 

« = [ N H J C N ] + [NH.CN-H+] (2) 

(7) BrOnsted, Kilpatrick and Kilpatrick, ibid., BO, 428 (1928). 
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(3) 

equation (1) becomes 
_ Az k[H+}z 

At 1 + Jf1[H
+] 

Let a be the initial stoichiometric concentration 
of cyanamide, b, that of nitric acid, in moles per 
liter. Provided a is not too high relative to b, 
[H] + may be represented, with sufficient accuracy, 
as a linear function of the fraction of substrate re
maining 
IH+J = [H+U + 1[H+Io- [H+]„| z/a = 

D + [C - D]z/a (4) 
and (3) may be integrated, yielding 
k = (2.303/i) [A', log a/z + (I/D) log [(1/C)[Da/z + 

C-D]]] (5a) 
If the acid concentration is so high that the rela
tive change in [H+] during the course of the reac
tion is slight, and a satisfactory first-order con
stant is obtained, one may write [H+]av = (1/2) 
[[H+]O + [ H + ] J = constant, and from (3) it 
follows that 
k = {(1 + if1[H

+]sy)/[H
+]av|(2.303A) log a/z = 

{(1 +JC1[H
+UV[H+I (5b) 

If NH2CN-H+ is the reactive species, and the 
rate-determining step is the reaction between 
NH2CN-H+ and a water molecule, one has in 
place of (1) 

v = P[NH2CNH+] [HSO]/NH,CN.H+/HK)//NH»CN.H+.H,O = 
JJ[NH2CN-H+] (6) 

and upon proceeding as before, obtains equations 
identical with (5a) and (5b) except that k is re
placed by kK\. 

Experimental Results.—The results of all the 
experiments at 25 and 30° are collected in Table 
I. For nitric acid concentrations above 0.5 Ar, 
the cyanamide concentration remaining ca. 
0.25 M, feobs. was computed from the dilatometer 
readings by Guggenheim's method, and k was 
obtained from k0t,s. by (5b). For the lower acid 
concentrations, k was computed by (5a), with a/z 
= (V0 - VJ)S(V, - Vm). ' The values8 0.244 
and 1.31 were employed for Ki and K%, respec
tively. The unit of time is the minute. 

To illustrate the need for using (5a), the ex
periment with 0.1220 N acid, at 25°, will serve. 
As the reaction progressed from 10 to 91% of com
pletion, jfeobs. decreased steadily from 21.8 X 10 -6 

to 19.7 X 10 -6; on the other hand, k computed 
from (5a) showed no trend, and it" average de
viation was 0.6%. 

It is of interest to compare the dilatometric 
(8) Grube and Motz4 determined Ki a t 25° by measurement of the 

rate of hydrolysis of methyl acetate in 0.5 iV hydrochloric or sulfuric 
acid solution, with and without added cyanamide; the average of 
their results is 0.227, and if the experiments with sulfuric acid are 
omitted, 0.244. The figure for Kt was selected after comparing the 
values reported by Walker, Z. physik. Chem., 4, 321 (1889). Walker 
and Wood, J. Chem. Soc, S3, 484 (1903), and Grube and Motz, ' with 
values obtained by the authors. All were determined by a kinetic 
method. The effect of temperature upon Ki, over the range from 
25 to 40° , appears to He within the experimental error of the meas
urements. 

TABLE I 

T H E EFFECT OF NITRIC ACID UPON THE RATE OF 

HYDROLYSIS OF CYANAMIDE 
105 k by 

HNOi1JV [H+J»v IO iota. (5b) (5a) 

Temperature, 25.00°; cyanamide, 0.254 M 

0.1220 0.1048 196.3 
.2507" .2221 204.0 
.594711 .5320 111.9 237.0 239.9 
.9994" .9216 216.4 287.6 291.6 

1.490" 1.394 376.3 361.7 
1.977 1.848 582.6 457.5 
2.512 2.370 899.6 599.1 
3.003 2.850 1262° 750.7 
3.486 3.326 1736c 945.4 
3.881 3.715 2215 1137 

Temperature, 30.00°; cyanamide, 0.254 M 

0.1220 0.1048 332.4 
.2507 .1983 354.2 
.9994" .9216 375.3 497.5 

1.490" 1.394 651.6 626.4 
1.977 1.848 1004° 788.3 
2.512 2.370 1531 1020 
3.003 2.850 2145" 1276 
3.486 3.326 2966c 1615 
3.881 3.715 3776 1938 
0 Cyanamide, 0.214 Af. b 0.243 M. ' Average of two 

experiments. 

velocity constants at 25° with the analytic con
stants of Grube and Schmid. Over the range of 
acid concentration of the experiments of Table I, 
the difference in &0bs. runs from + 6 % (the dilato
metric being greater) at the lowest concentration, 
to — 3% at the highest. At the two lowest acid 
concentrations, the dilatometric first-order con
stant was taken as £[H+]av/(l + Ki[K+]av) 
where k is from the last column of Table I. 

In Fig. 1 the logarithm of k is plotted against 
JVHNOI 

at 25°, log k = 3.2586 + 0.2056 iVHNO,, (7a) 

at 30°, log Jt = 3.4927 + 0.2042 /VHNO, (7b) 

The electrolyte effect of nitric acid upon the rate 
of hydrolysis of cyanamide is about the same as 
that of hydrochloric acid upon the rate of inver
sion of sucrose. 

In Table II is shown the energy of activation 

EK -
2.303 RT1 T2 

T1 - T2 
log ( A T I A T I ) 

computed from the second-order constants given 
in columns 4 and 5 of Table I. It will be seen 
that any systematic variation of £ A with acid 
concentration lies within the experimental error. 
If the ratio of first-order constants, rather than 
second-order, is employed to determine EA very 
similar values are found. 

To test the effect of temperature upon EA, ad
ditional experiments were carried out, at three 
convenient acid concentrations, at 25, 30, 35 
(34.17), and 40°, and EK at the mid-point of each 
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1.0 2.0 
Norm. HNO3 . 

Fig. 1.—The effect of nitric acid. 

five-degree interval was computed from the ratio 
of first-order constants for a given solution. Be
low are listed the average value of EA. 

at 27.50°, 19,670 cal. 
at 32.08°, 19,287 cal. 
at 37.08°, 19,617 cal. 

Any change of E\ with temperature, over this 
range, lies within the experimental error. 

TABLE II 

T H E EFFECT OF NITRIC ACID UPON THE ENERGY OF 

ACTIVATION 

^HNO1 

0.1220 
.2507 
.9994 

1.490 
1.977 

Ex. cal., at 
27.50° 

18,900 
19,800 
19,760 
19,710 
19,530 

EK, cal., at 
^HNO) 27.50° 

2.512 19,100 
3.003 19,040 
3.486 19,220 
3.881 19,140 

Mean 19,356 =* 
306 cal. 

Hydrochloric Acid as Catalyst.—With hydro
chloric acid it was possible to use the large dila-

TABLE II I 

T H E EFFECT OF HCl UPON THE RATE OF HYDROLYSIS OK 

CYANAMIDE 
N H J C N , 
0.045 M, 
N acid 

0.0959 
.2474 
.6010 
.9820 

1.330 
1.613 
1.822 
2.066 
2.246 
2.665 
2.935 

. 25 

10s *ob>. 

44.21 
117.0 
199.6 
267.S 
296.6 
296.4 
269.4 

155.0 
108.7 

00° . 
10» koto./ 

178.7 
194.7 
203.3 
201.4 
183.9 
162.7 
130.4 

58.2 
37.0 

— 30.00° . 
10« kob,./ 

10» *obs. JV«cM 
28.41 
76.91 

203.3 
340.1 
468.6 
518.2 
521.4 
474.8 
432.7 
289.2 
200.6 

296.4 
310.9 
338.3 
346.3 
352.3 
321.3 
286.2 
229.8 
192.7 
108.5 
68.3 

T H E EFFECT OF HClO4 UPON THE RATE OF HYDROLYSIS OF 

CYANAMIDE 

0.4844° 149.0 307.6 
.4979 152.2 305.7 

Ur) Cyanamide, 0.036 M. 

tometers, and to reduce the cyanamide concentra
tion to 0.045 M. Good conformity to the first-
order law was found when the data were plotted 
by Guggenheim's method. Table III gives the 
results obtained; it also gives the results of two 
experiments in perchloric acid. The change in 
&obs. with NHCI is shown by the upper curve of 
Fig. 2. 
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Fig. 2.—The effect of HCl at 30°, upper curve, HCl solu
tion; lower curve, HCl-NaCl solutions. 

At high concentrations the effect of hydro
chloric acid is very different from that of nitric. 
Thus, at 30°: 
For 1.00 JVacid, k0M. = 375 X 10"° withHNOa, 340 X 10"» 

with HCl 
For 1.98 JV acid, *„„,. = 1004 X 10"° with HNO3, 496 X 

10-» with HCl 
For 3.00 JV acid, *„„.. = 2145 X IO"5 with HNO3, 201 X 

10-° with HCl 
The great difference in rate suggests that perhaps 
a side reaction, with formation of a different prod
uct than urea, is going on in solutions of hydro
chloric acid. The volume changes observed with 
nitric and with hydrochloric acid were, however, 
almost the same over the whole range of concen
tration, which makes the occurrence of a side re
action improbable. 

A number of experiments were next carried out 
to determine the effect of change in concentration 
of cyanamide, and of addition of sodium chloride. 
With 0.25 M cyanamide somewhat higher rates 
were obtained than with 0.045, but the same gen
eral behavior was observed. The addition of 1 
mole of sodium chloride, at 1 N acid, caused an 
increase in rate, but the addition of a second mole 
caused a decrease, and at higher acid concentra
tions, a decrease accompanied each addition. 
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These, findings suggested the set of experiments a t 
constant chloride concentration given in Table IV. 

TABLE IV 

THE EFFECT OF HYDROCHLORIC ACID UPON THE RATE OF 
HYDROLYSIS OF CYANAMIDE AT CONSTANT CHLORIDE 

CONCENTRATION 
0.254 

IVHCl 

0.3965" 
.500 
.600 
.800 

1.000 
2.0006 

3.000 
4.0006 

M cyanamide 

30.00" 40.00° 

208.5 
210.5 604.7 
232.0 681.1 
265.0 789.6 
268.5 658.9 
192.5 589.5 
115.8 352.2 
54.11 187.7 

VHCI + .VN 
• 10» AoW 

30.00° 

525.9 
421.0 
387.1 
331.2 
268.5 

96.25 
38.60 
13.53 

aOl - 4.0 

40.00° 

1209 
1135 
987.0 
858.9 
294.8 
117.4 
46.92 

° Cyanamide, 0.040 M. b 0.214 M. 

The first-order constant in the salt-acid mix
tures is shown as the lower curve of Fig. 2. The 
maximum occurs a t a lower acid concentration 
than in the case of the pure acid solutions (upper 
curve, Fig. 2). In the salt-acid mixtures the 
ratio kohs/NYic\ decreases steadily, and its loga
ri thm changes linearly with iV"Hci (c/. Fig. 3). 

At 30°, log (WATHCI) = 3.860 

At 40°, log ( W A H C I ) = 2.298 

0.432 iVHCl (8a) 
0.407 iVHci (8b) 
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Fig. 3.—Experiments with constant halide concentration. 

Like the velocity constants, the energy of ac
tivation shows a marked difference in concen
trated solutions of nitric and hydrochloric acid. 
The first-order constants from Table I I I were used 
in computing the values of EA given in Table V 

TABLE V 

THE EFFECT OF HCl UPON THE ENERGY OF ACTIVATION 

HCl, Ar 

0.2474 
.6010 
.9820 

1.330 
I .61H 

EA, cal., at 
27.50° 
19,870 
19,830 
19,370 
20,080 
20.030 

HCl, .V 
1.822 
2.066 
2.665 
2 . 9 3 5 

EA, cal., at 
27.50° 
20,110 
20,340 
22,390 
21,990 

EA thus increases from ca. 19,700 cal. below 1 N 
acid to ca. 22,000 cal. a t 3 N. 

Hydrobromic Acid as Catalyst.—The results 
obtained with hydrobromic acid are in general 
similar to those with hydrochloric, as may be 
seen by comparing Fig. 4 below with Fig. 2 
(upper curve). In hydrobromic acid solution 
the maximum in £0bs. occurs a t 3.2 N, while in 
hydrochloric it occurs a t 1.7 N acid. 

1400 

1000 
Ja 
O 

600 

200 

1.0 3.0 
Norm. HBr 

Fig. 4.—The effect of HBr at 30°. 

In Table VI are given the velocity constants ob
tained with hydrobromic acid as catalyst, together 
with the corresponding values of the energy of 
activation. 

TABLE VI 

THE EFFECT OF HYDROBROMIC ACID UPON THE RATE OF 
HYDROLYSIS OF CYANAMIDE AND UPON THE ENERGY OF 

ACTIVATION 
Cyanamide, 0.254 $ 

HBr, A' 

1.010 
1.499° 
2.097° 
2.534' 

HBr, .V 

0.7492 
2.642 
3.038 
4.027 
5.178 

1 

30.00° 

337.6 
556.4 
926.8 

1207 

40.00° 

639.7 
3514 
4140 
3396 

815.6 

25.00° 

201.7 
333.8 
540.4 
700.0 

30.00° 

239.2 
1254 
1481 
1136 
237.3 

EK, cal. at 
27.50° 

18,450 
18,980 
19,360 
19,560 

£ A , cal. at 
35.00° 

18,540 
19,420 
19,380 
20,640 
23,280 

" Cyanamide, 0.214 M. 

EA thus increases by 5000 cal. over the range of 
acid concentration used. 

Trichloroacetic Acid as Catalyst.—In Table 
VII are given the results obtained a t 30° with 
trichloroacetic acid as catalyst. At the end of 
each run, the solution was tested for chloride 
ion; the test was always negative. 

In Fig. 5 feobs is plotted (as the solid curve) 
against the acid concentration. Although the 
figure shows some erraticalness in the results at 
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TABLB VII 

THE EFFECT OF CCIJCOOH UPON THE RATE OF HYDROLY

SIS OF CYANAMIDE 

Temperature, 30.00°; cyanamide, 0.254 JIf 
CCIiCOOH, N 10« fcob. CCIiCOOH, N 10« kob. 

0.2497 97.2 2.0406 1415 
0.4928 222.9 2.497 1624 
1.022 568.7 2.905 2017 
1.487" 960.2 3.971 2602 

° Cyanamide, 0.214 JIf. h 0.191 JIf. 
the high acid concentrations, good first-order lines 
were obtained. These experiments were carried 
out under the same conditions as the experiments 
with nitric acid, and the volume changes were the 
same. The broken curve of Fig. 5 represents &0bs 
with nitric acid as catalyst. The curves intersect 
just below 3 N; at lower acid concentrations, the 
rate is greater in trichloroacetic, at higher, the rate 
is greater in nitric acid solution. 

Experiments at Low Hydrogen-Ion Concentration 
It appeared that cyanamide hydrolyzed at 

about the same rate in dilute solutions of acid. To 
test this point further, a set of experiments was 
carried out in 0.05 N acid solution, in the sealed 
dilatometers, at 35°. Readings were taken over 
twelve days, or five times the half-time of the re
action, and k was computed by (5a), the same 
values of K\ and K^ being used in the computa
tion of [H+] o and [H+] „, as were used at the 
lower temperatures. The results are shown in 
Part A of Table VIII. In a given experiment, the 
average deviation of the values of k from the 
mean was 0.4%. The figures in the last two col
umns show that the strong acids in 0.05 N solution 
are equally effective catalysts. It may be men
tioned that, as computed from equation (7a) and 
EA, k in 0.05 JV nitric acid solution is 537 X 10-6. 

TABLE VIII 
EXPERIMENTS AT LOW HYDROGEN-ION CONCENTRATION 

A. In 0.05 AT acid solution at 35.00° 
Moles per liter 10» (&obB.) 

Acid Acid NHiCN [H+]o [H + ]» 10»* av. 
HCl 0.05070 0.254 0.0478 0.0385 527 22.5 
HNOi .05028 .254 .0474 .0382 530 22.4 
CtHiSOiH .05111 .107 .0498 .0451 528 24.8 
HBr .05055 .131 .0490 .0435 613 23.4 

B. In buffer solution at 30.00° 
< MoIs per liter * &oba. Aobs./-
Acid Na Salt NHsCN X 10» [H+] [H+] 

92.7 "0.0302° 0.0307 
Acid 

HCCIsCOOH 0.503 0.988 0.044 
HCCIsCOOH .993 .988 .045 1H4.4 .0580° .0283 
CHiCOOH 2.44 .499 .040 2.1 2.9 .00016s .13 .18 

"Calculated' from A: = B.5 X 10"'. » Calculated« from 
K = 3.3 X 10"». 

It may be asked whether the hydrolysis of urea 
affected the determination of the rate of hydroly
sis of cyanamide in the slow experiments of Table 
VIII. No change in volume was observed when 
a solution 0.04 M in urea and 0.03 JV in hydro
chloric acid was allowed to stand for twenty-four 
hours at 30° in the bulb of the large dilatometer. 

0 1.0 2.0 3.0 4.0 
Norm. CCl8COOH. 

Fig. 5.—The effect of trichloroacetic acid at 30°; 
CCl3COOH; HNO3. 

The first two lines of part B of the table give 
the results of two experiments carried out in di-
chloroacetic acid-sodium dichloroacetate buffer 
solution, at 30°. For these experiments excellent 
lines were obtained wheh the data were plotted by 
Guggenheim's method. There was during the re
action in the more alkaline buffer some formation 
of chloride by hydrolysis of the dichloroacetate 
ion; the amount formed was small, however, and 
it appeared to be without effect upon the course 
of the reaction. In order to estimate k it was 
necessary to select values of the dissociation con
stant of the acid in the buffer solutions; these 
were taken9 as 6.5 X 1O-2. Although the esti
mation of the hydrogen-ion concentration is very 
rough, it is unlikely that the true value of the ratio 

A„b. (1 + -STi[H+]V[H+] « W [ H + ] 

is, much less than the value given in the last 
column of the table, i. e., 0.03. In JV nitric acid 
solution k is 0.005, and the six-fold increase upon 
going to the buffer solutions is too large to at
tribute to difference in the effect of the medium. 

j \n even greater increase in the ratio &obs/[H+] 
is exhibited by the experiment in acetic acid-
sodium acetate buffer solution, the last experi
ment in Table VIII. Here &<>bs was estimated 
from dilatometer readings extending over a period 
of a week, and an infinity reading calculated from 
the amount of cyanamide taken. The two values 
of &obs correspond to infinity readings calculated 
from the largest, and the smallest, contraction 
per mole of cyanamide previously observed. The 
dissociation constant of acetic acid was taken as 
3.3 X 10-6, its value10 in 0.5 molal sodium chlo
ride solution. In 0.5 N nitric acid solution, k is 
0.004; in the buffer solution, the ratio kobs,/[B.+] 
is about forty times as large. 

Discussion 
Two questions must be considered in any ex

planation of the experimental results: (1) Why 
does the rate exhibit a maximum in hydrochloric, 

(9) See the values given by Harned and Hawkins (THIS JOURNAL, 
60, 85 (1928)) in sodium chloride and bromide solution. 

(10) Harned and Hickey. ibid.. B*, 1284 (1937) 
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and in hydrobromic, but not in nitric acid solu
tion ? (2) Why is the reaction so fast in solutions of 
trichloroacetic acid, and in the dichloroacetate 
and acetate buffers? 

(1) To achieve practically complete conversion 
to the acid form, for a base with equilibrium con
stant of the order of 10 -1, is not possible in aque
ous solution. Nevertheless, with a halogen acid 
as catalyst, the rate of hydrolysis of cyanamide 
reaches a maximum, which lies at 1.7 N in hydro
chloric, and at 3.2 N in hydrobromic acid solution. 
If one assumes that the rate-determining step is 
the reaction between NH2CN-H+ and a water 
molecule, and attributes the existence of the maxi
mum to change in the classical equilibrium con
stant Ki with change in medium from nitric to 
hydrochloric or hydrobromic acid solution, one 
must accept a thousand-fold increase in Ki. 
Nor does it appear helpful to assume an equilib
rium between amino and imino forms11 of the sub
strate, since it becomes necessary to postulate 
that the effect of the halogen acids upon the posi
tion of equilibrium is quite different from that 
of nitric acid. The suggestion that the decrease 
in rate, beyond the maximum, is due to decrease 
in the activity of water,11 also fails to fit the 
present case, since the decrease in activity occurs 
in nitric acid solution, as well as in hydro
chloric, and hydrobromic. 

The most probable explanation of the 
maximum rate appears to be the formation 
of an unhydrolyzable complex between sub
strate and acid. This explanation was put 
forward by Benrath12 and by Taylor13 to 
account for the maximum rate observed in the acid 
hydrolysis of acetamide. Cyanamide dihydrochlp-
ride, NH2CN-2HC1, or chloroformamidine hydro
chloride,14 is a stable compound in the solid state. 
In dilute solution it must be largely broken up, 
however, since Hantzsch and Vagt16 found the 
molar conductance of a V30 M solution to be prac
tically that of two moles of hydrochloric acid. 

The kinetic data lend support to this hypothe
sis. Let it be assumed that there are present in 
hydrochloric acid solution the unhydrolyzable 
complexes NH8CN-HCl-H+ and NH2CN-HCl; 
possibly higher complexes, such as NH2CNHCl-
2H + + , are also present. Let 

(K,) o = [NH 2 C NHCl -H + ] / 
[NH2CN-H+] [H+] [Cl-]/H + /ci- = AV/2 (9a) 

(Kt)0 - [NH 2 CN-HCl] / [NH 2 CN][H + ] [Cr] / H + /c i - -
K,/P (9b) 

where the activity coefficients of NH2CN-HCl-H + 

and NH2CN-H+, and of NH2CN-HCl and NH2-
CN, are taken as equal. If the concentration of 
acid is high relative to that of cyanamide, so that 
[H+] and [Cl -] may be considered constant dur-

(11) Krieble and Hoist, T H I S JOURNAL, $0, 2976 (1938). 
(12) Benrath, Z. anorg. allgem. Chcm., 1(1, 53 (1926). 
(13) Taylor, J. Chcm. Soc, 2741 (1930). 
'14) Johnson and Spnigue, T H I S JOURNAL, 61, 176 (1939). 

I ->> H j n t 7 « - h a n , l V a t t A nn . 314, 366 (1900). 

ing an experiment, and if one proceeds as in the 
derivation of equations (5), one obtains 

koh, = *[H+] / | l + K1[H+] + K1K1[H+V[Cl-] + 
.ST1[H

+][Cl-]! (10) 
An equation of the same form, but with k re
placed by kKu results if the rate-determining step is 
taken as the reaction between NH2CN-H+ and a 
water molecule, and with this understanding (10) 
may be employed interchangeably. 

Were there no salt effect upon k, it would be 
expected that the ratio fe0bs./[H+] would decrease 
with increasing acid concentration over the whole 
range. The experiments with nitric acid, how
ever, lead one to believe that there exists a posi
tive salt effect of considerable magnitude, and it 
therefore seems reasonable to explain the maxi
mum observed when k<,bs. is plotted vs. Nna by 
saying that below the maximum, the increasing 
concentration of the hydrogen ion and the posi
tive salt effect predominate while above it com
plex formation predominates. 

The extent of complex formation probably de
creases with rise of temperature, and it is not sur
prising that the measured energy of activation 
changes with change in concentration of hydro
chloric acid. One has at a given acid concentration 

d In fe0ba. _ Et, _ 1 dk 
~~5T ~ RT* ~ k VT 

[H" 
QK1 + [H+]HCl-] „ &K, „ ax. + [H+][Cl- DKt 

1 + K1[H+] + K1Kt[K+^[Cl-] + X1[H+][Cl-] 
(H) 

Taking dKt/i>T and bKt/i)T as negative, and 
dKt/bNnci and bKi/dNsci as positive, which will 
be the case when i^nci > 0.5, it can be shown that 
dEk/bNiici will be positive.16 

In pure hydrochloric acid solution k0bS/Nac\ 
first increases, then decreases, with increase in 
A7HCi, while in the acid-salt mixtures it decreases 
steadily (c/. Tables III and IV); fcobs., on the other 
hand, exhibits a maximum in both cases. This is 
readily explained provided one makes certain as
sumptions concerning the salt effects. 

Let it be assumed that in pure acid solution 
the effect of hydrochloric acid upon the second-
order constant is the same as that of nitric acid, 
/. e., let it be assumed that at 30° (7b) is appli
cable. Let it be assumed that in the acid-salt 
mixtures 

log * = 3.8600 + 0.0278 iVHci (12) 
(16) In this connection, it is of interest to consider the decrease 

i n E\ with increase in N H C ! observed in the hydrolysis of propionitrile 
by Ravinovitch, Winkler and Stewart {Can. J. Research, B20, 121 
(1942)), who concluded that "for reactions in which real changes in 
the parameters of the Arrhenius equation occur with change in cata
lyst concentration, apparent relations between reaction rate and 
other factors such as mean ion activity, acidity function, salt effect, 
etc., probably do not represent fundamental analysis of the factors 
influencing the reaction." The constancy of EA. with nitric acid as 
catalyst, in the hydrolysis of cyanamide, and its increase with in
crease in acid concentration with hydrochloric acid, or hydrobromic, 
as catalyst, is an argument against relegating the "other factors" to 
A minor position 
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where 3.8600 is the intercept of the line of Fig. 3, 
and 0.0278 is the slope found by Duboux,17 who 
measured the rate of inversion of sucrose in so
dium chloride-hydrochloric acid mixtures 3.5 JV 
in chloride. When the acid is present in large ex
cess over cyanamide 

[H+] = JVH01 = X 

and one may write 
Ink = a + bx 

where b is larger for the pure acid case, and smaller 
for the case of the mixtures, and positive for both 
cases. Change in Ki with change in medium will 
be neglected; the change in K3 and Kt is deter
mined by the change in the mean activity co
efficient of the ions of hydrochloric acid. Since 

£-*-.±v.('S)«(«£)" 
it follows from (10) that 

(d {kZ/X))x-o
 = k(b ~ Kl) forthepureacid <1 3 a) 

(d ( W * ) \ 
\ d* Jx- = k(b — Ki — AKi) for the mixtures 

(13b) 
For the pure acid case, k is the second-order 

constant at infinite dilution, and is obtained from 
equation (7b); b is the slope from (7b). Putting 
in the numerical values, one has 
/ d (feob./*\ = 

\ dx Jx^o = 

311 X 10"»j 2.303 (0.2042) - 0.2444) = 70 X 10~5 

In Fig. 6, kobs/Nnci for the pure acid solutions, at 
30°, is plotted as a function of JVHQ- The slope 
of the broken line is 75 X 10~8. In drawing the 
curve, the most dilute point was disregarded, 
since here the cyanamide concentration was half 
the acid concentration; however, if the initial 
slope is taken as the slope of the line through the 
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Fig. 6.—The effect of HCl upon fcobS./JVHci in HCl 
solutions a t 30°. 

(17) Duboux, HeIv. Chim. Acta, 21, 236 (1938). 

two most dilute points, it is 95-X 1O-6. The ex
perimental slope is thus of the expected sign and 
magnitude. 

For the mixtures, k and b are obtained from (12). 
Putting in the numerical values, one has 
/ d (kob,/x\ 
\ dx Jx 

725 X 10-'(2.303 (0.0278) - 0.244 - 4 ^ | 

In Fig. 7 £obs/JVHci for the mixtures, at 30°, is 
plotted as a function of JVHCI- The upper broken 
line of Fig. 7 has the slope computed from the 
equation above with Kt set equal to zero, —130 X 
10~s. From the steeper slope of the curve it 

700 
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Fig. 7 — The effect of HCl upon W / J V H C I in HCl-NaCl 
solutions a t 30°. 

follows that, if the assumptions made are good, 
4 Ki cannot be neglected in comparison to K1. 
The curve drawn has an initial slope of — 580 X 
1O-6; introducing this into the equation above, 
and solving for Kit one obtains Ki = 0.16 in 4 JV 
sodium chloride solution, and (X4)0 = Ki/f = 
0.06.18 For the acid-salt mixtures, then, the initial 
slope of the curve is of the expected sign, and its 
magnitude indicates either that KK is not negli
gibly small or that Ki is as large as 3.5 (0.244) in 4 
JV sodium chloride solution. 

Turning now to the first-order constant, one 
obtains from (10) 

' 4 _ ( W \ /d (WN 
V dx 'Jx 

and upon proceeding as before, one finds 

(14) 

•k = 311 X 10 6 for the pure acid solutions and 
k = 725 X 10~5 for the mixtures 

(18) By interpolation of the data of Hawkins (THIS JOURNAL, 54, 
4480 (1932)) it was found that log/ - 0.1958 + 0.03223 NHC1 in solu
tions 4 N in chloride, at 25°. 
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In both cases it is. expected that the initial slope 
of the &obs vs. Nnci curve will be positive; it is also 
expected that the initial slope will be greater in 
the case of the mixtures. The upper broken line 
of Fig. 2 is drawn with a slope of 311 X 1O-5, the 
lower, with a slope of 725 X 10 ~6, and one sees 
that the initial slopes observed agree well with the 
calculated. It is of interest to compare the effect 
of 4 N sodium chloride upon the reaction with the 
effect of 4 N sodium nitrate. Grube and Schmid 
found the following values of kObs/NnN0i at 25° 

159 X 10-' for a solution 0.25 N in HNO8 
383 X 10~5 for a solution 0.25 N in HNO3 and 4 A7 in 

NaNO3 

Thus the increase in rate caused by the presence 
of sodium chloride is of the same magnitude as 
that caused by the presence of sodium nitrate. 

An estimate of the magnitude of K1 may be 
made in the following fashion. By rearrangement 
of (10), one has 
(KJo + K1(K3)VlH+] = 1//WWC1-] -

(1 +Xi[H+])/[H+][Cl-]| = u 
and upon plotting u vs. [H+] expects a line of slope 
Ki(Kt)o and intercept (Kt)0 provided no higher 
complexes are formed, and provided k and Ki are 
correctly taken. The points for the acid-salt 
mixtures, up to 2 N acid, were found to lie on a 
line of slope 0.45 arid intercept 0.04 and, at higher 
acid concentrations, to lie above it. The experi
ments were not designed for the evaluation of 
equilibrium constants, but the results do indicate 
that K3 is larger than Ki, and that higher com
plexes are probably present in the strongly acid 
solutions. 

(2) The hydrolysis of cyanamide in trichloro
acetic acid solution was found to be more rapid 
than expected for a reaction catalyzed specifically 
by the hydrogen ion, since 

[ H + ] HNO3/ [H +] CCIaCOOCH = 

1.7 at 0.5 N, and 2.0 at 1 N acid19 

and 
(&ob«)HN03/(£obs)cClsCOOH < 1 

And as has already been pointed out, greater dis
parity was found in the case of the dichloroacetate 
and acetate buffers. 

On the assumption that the molecular acid HX 
catalyzes the hydrolysis, as well as the hydrogen 
ion, and on the assumption that the rate-deter
mining step is the reaction between the cyan-
amide molecule and the catalyst, one has 

Ku, = [1/(1 + K1[H
+D](MH+] + W H X ] > (15) 

where k is the second-order constant for the hy
drogen-ion catalyzed reaction, kux that for the 
reaction catalyzed by the acetic acid molecule, or 
the di- or trichloroacetic acid molecule. When 
catalytic constants for the molecular acids were 
computed by (15) from the data of Tables VII 

(19) The values of [H+]CCIiCOOH were computed from K as given 
by the formula log K — log (K)o + V M / U + V-C) where n is the 
ionic strength; (K)» was taken as 0.2 (Hall, Chem. Rec.,8, 191 (1931)). 

and VIIIB, the catalytic constant for the tri
chloroacetic acid molecule was found about twice 
as great as that for the hydrogen ion, which at 
once cast doubt upon the mechanism suggested. 
In addition, the stability of an aqueous solution of 
cyanamide argues against the existence of general 
acid catalysis. Buchanan and Barsky20 found 
that solutions of cyanamide prepared from cal
cium cyanamide and sulfuric acid, and just acid 
to methyl red, suffered practically no change in 
concentration over a period of several months, and 
Grube and Kruger21 found no change, over the 
period of observation of five days, in the concen
tration of an aqueous solution of cyanamide kept 
at 50°. 

On the assumption that the anion of the acid 
HX catalyzes the hydrolysis, as does the water 
molecule functioning as a base, and on the as
sumption that the rate-determining step is the 
reaction between the cyanamide cation and the 
catalyst, one has 
k„ha = [£,[H+]/(l + K1[H

+])] (̂ H2O[H2O] + kx- [X-] ] 
(16) 

where kx- is the second-order constant for the 
reaction with the anion of the acid. In nitric 
acid solution the only base present is presumably 
water. It is not possible to decide, from the re
sults in nitric acid solution, whether the hydrolysis 
proceeds via the cation, or via the molecule of 
cyanamide; the latter interpretation yields 
v = MNH2CN][H+] and koh, = *[H+]/(l + K1[H

+]) 
and the former yields 

v = MNH2CN-H+] and kob, = *K,[H+]/(l + K1[H
+]) 

where k — ^H8O [H2O] and kKi = k. In Table 
IX are shown the values of kx- computed by (16) 
from the data of Tables VII and VIIIB. It was 
assumed, in making the calculation, that there 
was no medium effect of the undissociated acid 
upon k. For the buffer solutions k was calculated 
from the equation 

log k = 3.4927 + 0.1021 AT
X- (17a) 

the salt effect being taken as equal to half that of 
nitric acid; for the trichloroacetic acid solutions, 
k was calculated from the equation 

log k = 3.4927 + 0.2042 Nx- (17b) 
the salt effect of the dissociated trichloroacetic 
acid being taken as equal to that of nitric acid. 
In the case of the experiments in trichloroacetic 
acid solution, where the initial cyanamide concen
tration was 0.254 M, it was necessary to compute 
the average values of the hydrogen- and trichloro-
acetate-ion concentrations; this was done by a 
graphic method, with Ki •= 0.244, K2 = 1.31, and 
K as given in the table. 

It will be seen from Table IX that the catalytic 
constants stand in the order of the basic strength 
of the anions, that for the acetate ion being great-

(20) Buchanan and Barsky. THIS JOURNAL, 52, 195 (1930) 
f21) Grube and Kruger. Z. fihysik. rhr.m,, 86, 65 (lflia). 
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TABLE IX 
EFFECT OF ANION BASES UPON THE HYDROLYSIS OF 

CYANAMIDE 
Anion Mcles per liter fcobs X * X 

X - K H + X " 10» 10» * x -
CHiCOO- 3.3 X 10- ' 0.000161 0.499 2.1 2.9 350 1.0 1.4 
HCChCOO- 6 . 5 X 1 0 - ' .0302 1.018 92.7 395 0.109 
HCCbCOO- 6.5 X 1 0 " ! .0580 1.046 164.4 398 .097 

Mean 0.103 

C C I J C O O - 0.39 .154 .179 97.2 338 .0725 
CChCOO- .45 .26« .309 222.9 360 .0696 
CClaCOO- 52 .474 .535 568.7 400 .0719 

Mean 0.0714 

est. In the absence of catalysis by the acetate 
ion, the rate expected for the experiment in the 
acetate buffer would be ' 

*oba = *[H+]/(l + X1[H
+]) = 5.6 X lO-'min."1 

which corresponds to a half-time of 850 days. 
The observed half-time is ca. twenty days. Al
though the experiments were carried out in solu
tions of differing ionic strength, and concentration 
of undissociated acid, the catalytic constants for 
the three anion bases conform roughly to the 
BrSnsted relation, as Table X shows. 

TABLE X 

CONFORMITY TO THE BRSNSTED RELATION 

kB/q * 0.025 (PZqK)O-*1 

Catalyst Pq K (*B)cilod. (AB)OIM. 

CHJCOO- 1 2 1.75 XlO-' 1.2 1.0 1.4 
HCCl2COO- 1 2 3.32X10-2 0.12 .10 
CCIaCOO- 1 2 0.20 .067 .071 
H2O 1 1 55.5 .0073 .00023 

It will be observed that the catalytic constant 
for the water molecule, &HiO = (311 X 1O-6)/ 
(0.244) (55.5) = 2.3 X lO"4, is considerably 
smaller than the value calculated from the Bron-
sted equation to which the constants for the three 
singly charged anions conform. If &HSO is ob
tained from the value of k in 0.5 N nitric acid 
solution, instead of that at infinite dilution, it be
comes 2.9 X 10~4 but remains well below (&H!o)caicd. 
It is probably true that the charge type of the 
basic catalyst is important in the hydrolysis of 
cyanamide, just as it is in the decomposition of 
nitramide. Since the exponent in the Bronsted 

relation for the hydrolysis of cyanamide is small, 
it is to be expected that of two catalysts of the 
same basic strength the one having the fewer 
negative charges will be the less effective,22 and 
consequently it is not surprising that kmo is low. 
It will be of interest to determine &NHI, and 
evaluate the parameters of the Bronsted relation 
for uncharged bases from &H«O and &NH.. It will 
also be of interest to measure the rate in buffer 
systems where the base is a doubly charged anion, 
and when greater catalytic effectiveness may be 
expected. 

Summary 

1. In nitric acid solution, the rate of hydroly
sis of cyanamide increases steadily with increase 
in acid concentration, and the measured energy 
of activation shows no change with change in acid 
concentration. 

2. In hydrochloric and in hydrobromic acid 
solution, the rate increases to a maximum, and 
thereafter drops off, as the acid concentration in
creases. The energy of activation increases by 
2000 cal. with increase in concentration of hydro
chloric acid from 1 to 3 iV, and by 5000 cal. with 
increase in concentration of hydrobromic acid 
from 1 to 5 N. This is believed due to formation 
of unhydrolyzable complexes between substrate 
and acid. Experiments carried out in sodium 
chloride-hydrochloric acid solutions 4 N in chlo
ride can be similarly explained. 

3. In trichloroacetic acid solution, and in di-
chloroacetate and acetate buffers, the hydrolysis 
is more rapid than is anticipated from the hydro
gen-ion concentration. The higher rate is be
lieved due to catalysis by the anion of the acid, 
the reaction being 

NH2CN-H+ + X- —>• 

and concurrently 
NH2CN-H+ + H2O—> 

which is the sole reaction in the solution of a 
strong acid. The same situation may perhaps 
exist in the acid hydrolysis of amides. 

PHILADELPHIA, PA. RECEIVED MARCH 26, 1945 

(22) Pedersen, J. Phys. Chem., 38, 581 (1934). 


