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The hydrolysis kinetics‘ of sulfamatopentaamminecobalt(III) in aqueous acid has been studied. It is found that the com-
plex undergoes an inital reaction with rate constant 2 = 1.1 X 1073 sec™! (25° 1 M LiCl0,), with AH+ = 24.7 kcal mol !

and AS¥F = 10.9 cal mol~! deg~!.

From the spectral change associated with this reaction and the fact that the product

is rapidly hydrolyzed in 0.1 M NaOH it is assumed that this first reaction produces an equilibrium mixture of N- and O-

bonded sulfamato complexes in acid solutions.

Subsequent hydrolysis of this equilibrium mixture yields (NH;);CoOH,%+

and follows the rate law —d In [complex]/dt = k' + k’/[H*] in 1 M LiClO4 over the temperature range 27-59.3°. For
k' AHF = 24.1 kcal mol~! and ASF = 1.4 cal mol~! deg™!, while for 2’/ AHF = 20.5 kcal mol~land AST¥ = —10.5

cal mol~* deg 1.

It has not been possible to associate either k;” or ky’’ with the hydrolysis of a specific species.

The kinetics

of the alkaline hydrolysis/of the proposed O isomer was studied by stopped-flow techniques and found to have the rate law
—d In {complex]/dt = E'[OH"]/(1 + K,{OH™]) with k' = 20 M~1sec™land K, = 5.1 M1 at 25.6°in 1 M NaClO,. The
Ky is associated with removal of an NH; proton from the O-bonded sulfamato complex.

Introduction

In a previous study! of the hydrolysis of sulfamato-
pentaaminecobalt(III) in alkaline solution, it was
concluded that one term in the rate law was due to the
reaction of (NH,;);CoNH,SO;?t with hydroxide ion.
This conclusion rested in part on a comparison of
hydrolysis rates in alkaline and acidic solutions. This
study reports details of the kinetic study in acidic
solution. It was originally supposed that in acid
solution . the reaction proceeded according to the
equation

o+
(NHa)sCONH2S032+ + Hgo —_— (NH3)5C00H8+ + SOsNHz_

However, observations subsequent to the initial work
have revealed that a faster reaction precedes the main
hydrolysis step. For reasons presented in this work,
it is believed that the initial reaction involves an N-
to O-bonded linkage isomerism of the sulfamate ligand
with subsequent and/or parallel hydrolysis to produce
(NH3)5C00H23+.

Experimental Section

Preparation and Analysis of Reagents.—The (NH;):CoNH;-
S05(Cl0,4): was prepared by a somewhat different but not neces-
sarily better method than reported previously.! An aqueous
solution (250 ml) containing sulfamic acid (20 g) and carbonato-
pentaamminecobalt(III) nitrate (4 g) was adjusted to a pH of
2.6 with sodium hydroxide and allowed to stand at ambient tem-
perature for 4 weeks. The crystals which formed from the solu-
tion were collected and carefully washed with enough water to re-
move the reddish coloration and leave a yellow product. This
product was redissolved in the minimum amount of sodium car-
bonate solution, filtered, and then acidified with concentrated per-
chloric acid. The solid product formed immediately and was
collected and washed with water and methanol.

Amnal. Caled for (NH;);CoNH:S0;(ClO4):: N, 19.10; H,
3.90. Found: N, 20.11; H, 3.97. The visible and ultraviolet
spectra of the product agreed with those previously reported:
in both acidic and aqueous solutions.

It has also been found that the sulfamato complex can be pre-
pared from (NH;);CoCl?+ and AgNH:SO; in dimethyl sulfoxide.
The product was precipitated from the anhydrous solvent with
sec-butyl alcohol? and recrystallized as described above. This
method of preparation was attempted in order to prepare the
O-bonded isomer but did not yield the desired product and is
generally less convenient than the methods already described.

(1) L. L. Po and R. B. Jordan, Inorg. Chem., T, 526 (1968).
(2) R.J. Balahura and R. B. Jordan, J. Amer. Chem. Soc., 98, 625 (1971).

Sodium hydroxide and sodium perchlorate solutions were pre-
pared as reported previously.! A standard lithium perchlorate
solution (~2 M) was prepared by dissolving LiClO; (G. R.
Smith Co.) in water and was standardized as described pre-
viously.? Perchloric acid solutions were prepared by dilution of
609 HCIO, and normalized using standard techniques. All re-
agents were prepared in water redistilled from alkaline permanga-
nate in an all-glass apparatus.

Kinetic Measurements.—Most kinetics were studied using
what will be called the continuous method in which the ab-
sorbance change of a solution was followed at 265 nm on either a
Bausch and Lomb 505 or Precision spectrometer. The tempera-
ture was controlled by a water-circulation system described else-
where.? The reaction was initiated by adding the solid complex
to an appropriate mixture of lithium perchlorate and perchloric
acid in a 5-cm path length spectrophotometer cell at the required
temperature. The studies at 40-60° were done using a similar
method in a 1-cm cell. The latter could not be used at 25° be-
cause the complex was too slow to dissolve at the required con-
centration.

In a few runs the first reaction was followed by a quenching
method. In this case the complex (~0.006 g) was dissolved in 1
ml of water and the solution was diluted to 10 ml with 1.0 M
HCIO,. Aliquots (1 ml) of this solution were taken periodically
and added to 1 ml of 1.0 M NaOH and this solution was diluted
to 5.0 ml. The spectra of these alkaline samples were recorded
at 296 nm, a peak in the spectrum of (NH;);CoNHSO;*. At
least eight samples were taken over a time period of 80 min with
the reaction solution at room temperature (24-25°).

The stopped-flow kinetic studies were performed on an Aminco-
Morrow system equipped with a deuterium lamp. A solution
containing ~5 mg of sulfamato complex, 1 ml of 1 M perchloric
acid, and an appropriate volume of 2 M sodium perchlorate was
diluted to 25 ml and allowed to stand for 60-80 min. Then this
solution was mixed with an equal amount of a sodium hydroxide-
sodium perchlorate solution in the stopped-fiow system and the
absorbance change at 260 nm was recorded.  All runs were done
at 25.6° with the final ionic strength adjusted to 1.0 M with so-
dium perchlorate.

Reaction Product Analysis.—The sulfamate complex could
hydrolyze with N-S bond breaking to give Co(INH;)s** or by the
Co-N bond breaking to give Co(NH;);OH,**. It was found
that (NH;)sCoOH,%" is completely decomposed to insoluble co-
balt oxide in 1 hr at 50° in 0.1 M NaOH, while Co(NH;)e3* is
unaffected by this treatment. Blank experiments were carried
out on synthetic mixtures of 4 X 1072 M Co(NH;)s* and 6 X 103
M (NH;)sCoOH;%* treated as described above. The cobalt oxide
was removed by filtration on a Millipore filter and the visible
spectrum of the filtrate was recorded. The results indicated a
quantitative recovery of Co(NH;)s** and that solutions initially
containing 1 X 107% M Co(NH,;)¢3* would yield readily detect-
able amounts of Co(INH;)e3t.

The product of the hydrolysis reaction was determined by al-
lowing a 0.01 M solution of (NH;);CoNH:SO:?* to react in 1.0 M



1888 Inorganic Chemastry, Vol. 11, No. &, 1972

perchloric acid at 50° for about 10 hr. This solution was then
treated with sodium hydroxide, filtered, and tested spectro-
photometrically for Co(NHj;)s** as described in the preceding
paragraph.

Results and Discussion

The hydrolysis of sulfamatopentaamminecobalt(I11)
in acid was studied initially in the temperature range
40-60°. The absorbance decreased at 265 nm as
expected for the production of (NH;);CoOH,3+.
The product analysis indicated that the reaction pro-
ceeded at least 959 to form (NH,;);CoOH,*+, with no
detectable amount of Co(NHj)e*t being formed.
Therefore the reaction appeared to go vi¢ Co~N bond
breaking.

Observation on First Reaction.—When the above-
mentioned study was extended to 25°, it was noticed
that the absorbance at 265 nm underwent an initial
small increase (~0.2 absorbance unit) before decreasing.
A review of the data at 40-60° showed that the effect
was present also but had been overlooked because it
only caused the data at less than 5% reaction to de-
viate from the expected linearity of the semilogarithmic
plot of absorbance change vs. time. A number of ex-
periments and a kinetic study were then carried out
in order to determine the nature of the first reaction
causing the increase in absorbance.

Impurities in the system were first tested. The ad-
dition of sodium sulfamate or sulfamic acid had no
effect on the initial reaction nor did the omission of
lithium perchlorate from the reaction medium. If
some (NH;);CoSO,* was present the absorbance
should decrease, not increase, at 265 nm when the
sulfato complex hydrolyzes. This was confirmed
using an authentic sample of (NH;)sCoSO:(ClO,).13
Samples of the sulfamato complex prepared independen-
tly by each of the three authors, and of ages varying
from 1 week to 6 years, all showed the same initial
absorbance increase.

The possibility that a mixing or temperature effect
might be causing the absorbance rise was checked by
mixing a carefully equilibrated solution of the complex
in lithium perchlorate and the perchloric acid solution.
The same absorbance increase was observed. It was
also found that mixing an initially alkaline (pH 8-9)
solution of complex with excess perchloric acid also
gave the absorbance increase.

An attempt was made to observe the first reaction
using nmr. However, it was found that in dimethyl
sulfoxide, the only solvent suitable for the nmr study,
there was no change in the visible spectrum and of
course no change was observed in the nmr spectrum.*

It was found that the cobalt(III) species, which was
isolated essentially quantitatively by adding sodium
perchlorate after 8-10 half-times of the first reaction,
had the same nmr spectrum as the starting material.
There was no indication of (NH;);CoOH,.%+ in this
product, and when it was dissolved in aqueous acid,
it again showed the initial rise in absorbance at 265
nm. It appears that the first reaction is reversed on
precipitation or that the product is very soluble.

The results described thus far indicate that the

(3) The extinction coefficient of (NHs)sCoSQs(C104) at 357 nm should be
54.8 M-t cm~!, not 34.8 M ! cm ™! as given in ref 1.

(4) The nmr spectrum shows peaks for cis NHs (7 6.47), trans NH; (r
6.77), and sulfamate NH; (r 3.46) relative to DMSO-ds at 7 7.48.
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initial absorbance increase at 265 nm is not due to a
chemical impurity, or an experimental effect, and that
sulfamate ion is not released. Before further experi-
ments in this work are described, it will be useful to
recall the results of the previous alkaline hydrolysis
study. The latter results are summarized by the
reactions

k = 100 3 ~! sec ™
(NH;);CoNH,S0;2* + OH~ —m——>

Tl/pKu =57 "

k=25X1077M1sec!

(NHa)5CONHSOa+ + OH~ —
k=49 % 10"2 M 1gec-!
(NH;);Co080;+ + OH™ —

All rate constants refer to the hydroxide ion catalyzed
hydrolysis at 25° in 1 M NaClO,. The sulfamate
complex exists as the kinetically stable conjugate base
(NH;);CoNHSO;*+ in alkaline solution. The latter
hydrolyzes much more slowly than the sulfato complex
in basic solution. It should also be noted that argu-
ments advanced previously,! plus those of Armor and
Taube® in connection with their preparation of (NHj);-
RuNH,50;%%, all indicate that the starting material
is in the N-bonded form.

The experiments described below were carried out
to test the hypothesis that the initial absorbance rise
in acidic solution is due to the production of the O-
bonded sulfamato complex according to the equilibrium

k1
(NH,3); CoNHS0;2+ 2 (NH;3);CoOSO: NH,2 * (2)
k-1
It was assumed that the O-bonded isomer would be
kinetically similar to the sulfato complex. Thus, in
alkaline solution the O isomer would hydrolyze readily
while the N isomer would only convert to the stable
conjugate base.

In the light of these suppositions, a solution of
(NH;);CoNH,S03%* was allowed to react for 80 min
in 0.1 M HCIO4 at 25°. The solution was then made
0.03 M in sodium hydroxide and allowed to stand for
40 min and then reacidified to 0.10 M in HCIO,. The
absorbance of the reacidified solution was observed
to increase at 265 nm with a half-time of ~10 min.
This behavior is consistent with the proposal that the
acidic solution after 80 min contained an equilibrium
mixture of the O- and N-bonded isomers and that in
0.03 M NaOH the O-bonded form hydrolyzed to
(NH;);CoOH?+*., When the alkaline solution was
reacidified, the (NH;); CoNHzSos” again converted
to the O-bonded isomer.

The series of experiments described above was
repeated, except that the solution was made alkaline
with NayCO; (pH ~9), and was then reacidified im-
mediately. No increase in absorbance at 265 nm
was observed in the reacidified solution. This result
indicates that the O-bonded isomer did not hydrolyze
in the brief period at pH 9 and that the reacidified
solution contains the equilibrium mixture of N- and
O-bonded isomers and therefore shows no absorbance
increase.

These observations are consistent with the original
hypothesis that the reaction described by eq 2 is causing
the absorbance increase at 265 nm. Our explanation

(5) J. N. Armor and H. Taube, Inorg. Chem., 10, 1571 (1971).
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of the behavior of the O isomer in alkaline solution may
be an oversimplification, however. There is also the
possibility that the O-isomer reconverts to the N-
bonded conjugate base in  strongly alkaline solution
perhaps via the reaction sequence

(NH;):CoOSO:NH2* 4+ OH~ _—><
(NH,;);CoOSO,NH* + H:0 (3)

!

(NHa )5CONHSOa +

especially since (NH;);CoNHSO;* is quite stable in
alkaline solution. In order to check this possibility
and to test further the proposed linkage isomerism,
the kinetics of the first reaction were followed by the
quench method described in the Experimental Section.
In this method acidic samples are quenched by the
addition of sodium hydroxide to make them basic.
If the O isomer is destroyed by alkaline hydrolysis in
the quenched kinetic samples, then the characteristic
peak at 296 nm in the spectrum of (NH;);CoNHSO;*
in the quenched solutions should decrease from sample
to sample at the same rate as the initial rise in ab-
sorbance in the acidic medium. However, if the O-
bonded isomer reconverts to the N-bonded isomer in
sodium hydroxide, then no change in the 296-nm
peak should be observed. The results of the quench
method showed that the absorbance at 296 nm in the
quenched solutions does decrease with a half-time of
10~15 min consistent with the kinetic results for the
first reaction to be discussed subsequently. Unfortu-
nately, because of sampling errors and the small ab-
sorbance change (~0.15 absorbance unit) the quench
method did not yield very precise kinetic results but
the observed change does occur over the expected time
period and the absorbance levels off after 60-80 min
as observed by the continuous method. '

The final (after 80 min) and the initial absorbances
in the quenched solutions can be used to calculate an
equilibrium constant for eq 2 of ~0.3 at 24° in 0.90 M/
HCIO,. It must be allowed, however, that the quench
method does not eliminate the possibility that some
but not all of the O-bonded isomer may reisomerize
in sodium hydroxide solution. Therefore the equi-
librium constant is only a lower limit.

All of these results are consistent with the proposed
linkage isomerism. It may also be noted that, if
the analogy of the O-bonded sulfamato and sulfato
complexes is extended to their ultraviolet spectrum,
then the absorbamnce increase at 265 nm is consistent
with formation of the O-bonded isomer; <.e., the ex-
tinction coefficient of sulfato is greater than that of
N-bonded sulfamato at 265 nm. However, it is ad-
mitted that the definitive proof of the O isomer would
be its isolation as a solid product and in this all of our
efforts have failed. Various starting materials and
nonaqueous solvents all yielded the N-bonded sulfa-
mato complex. It was also found that heating
((NH,3)5CoOH;) (NH,S03); at 80° 7n vacuo yielded a
salt of the sulfato complex. It is somewhat dishearten-
ing to note that the perchlorate salt precipitated from
the equilibrium mixture proved to be the N-bonded
isomer. This would indicate that a judicious choice
of anion will be necessary in order to obtain the O-
bonded isomer in the solid state.
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Figure 1.—Variation of Eopsd with hydroxide ion concentration
for the alkgline hydrolysis of O-bonded sulfamatopentaammine-
cobalt(III), 25.6°, » = 0.1 M (NaClO);. The smooth curve is
calculated from eq 2 with 2’ = 20 M ~'sec™land Ky, = 5.1 M1

Stopped-Flow Studies in Alkaline Solutions.—The
proposal for the behavior of the sulfamato complex
described above predicts that the O-bonded isomer will
hydrolyze in moderately strong sodium hydroxide
solution. In order to test this prediction the acidic
equilibrium mixture was made alkaline with sodium
hydroxide in a stopped-flow system. Based on the
assumed similarity of the electronic spectra of the
O-bonded sulfamato and sulfato complexes it was
predicted that the hydrolysis of O-bonded sulfamato in
alkaline solution would be observable at 260 nm. This
wavelength is near the minimum after the peak at
296 nm in the spectrum of (NH;);CoNHSO;™.

Preliminary observations confirmed that an absorb-
ance decrease does occur on mixing an equilibrated
acidic solution of the complex with excess sodium
hydroxide with a half-time of several tenths of 1 sec.
The rate was studied as a function of hydroxide ion
concentration at 25.6° and 1.0 M ionic strength to
give the results shown in Figure 1. These data are
consistent with the rate law

d In [complex] __F'[OH~] 4
T 1 + Ky[OH7] @

A plot of kopea™t 2s. [OH ]! is linear and yields values
for ' and Ky, of 20 M~1sec~!and 5.1 M1, respectively.

The qualitative observation of an absorbance de-
crease at 260 nm is consistent with the predicted
behavior of the O-bonded sulfamato complex. The
form of the rate law for the alkaline hydrolysis is con-
sistent with the reaction scheme

= kobsd =

Ky
(NH);CoOSO,NH,”* + OH~ = (NH,),Co0SO,NH* + H,0

Ry l OH™ kzl (5)

(NH,);CoOH™ + NH,S0, (NH,),CoNHS0,*

The observed rate law indicates that alkaline hydrolysis
of (NH;);CoOSO,NH* is not observed. From eq 5,
with the assumption that Ky is a rapid equilibrium it
is easily shown that

(k) + B.Ky) [OH™] ®)
1 + K,[OH"]

kobad =
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which is consistent with the observed rate law (eq 4).
The value of Ky, (5.1 M~1) may be converted to an
acid dissociation constant (K,) by multiplying by the
self-ionization constant of water (1.7 X 10~ M? in
1 M NaClOy4 at 25°%) to give K, = 85 X 107" M
or pK, = 13.1. "The O-bonded sulfamato complex
is much less acidic than the N-bonded form (pK. =
5.7%), as expected. Unfortunately, it is not possible
to decide if the magnitude of the change in pK, is
reasonable since there are no comparable systems.

The relative contributions of %" and &Ky to &' are
also difficult to assess. The rate constants for hy-
droxide ion catalyzed hydrolysis of N-bonded sulfamato
((NH;3);CoNH,S052*) and the sulfato complex are
~100" and 0.049 M ~! sec™!, respectively, at 25°.
Therefore a value of 20 M ~* sec™?! for %’ would not
seem unreasonable. However, there is no way of
estimating the magnitude of %, in eq 5. The failure
to observe a term in the rate law due to hydrolysis of
(NH;);0SO.NH* is reasonable if its hydrolysis rate
is similar to that of the isoelectronic sulfato complex.

Kinetics of the First Reaction in Acidic Solution.—
This reaction was followed by continuously monitoring
the increase in absorbance at 265 nm in acidic solutions
of (NH;);CoNH,SO;2+ until it had reached a constant
value. The rate of the first reaction is about 20 times
greater than the second (discussed below), in the 20-30°
temperature range, so that the two processes can be
treated independently.

Although the total absorbance change was rather
small (~0.3 unit), linear kinetic plots for >809, reac-
tion were obtained, and the results summarized in
Table I show that the rate is independent of hydrogen

TABLE I

KINETIC RESULTS FOR THE FIRST REACTION IN THE
HyproLysIS OF (NH;);CoNH:S0;2F (u = 1.0 M, LiClO,)

Temp, [HCIO4], 108k0bed, —Av 108%0psd, sec ~I—
°C M sec™! Obsd Caled?®

21.2 0.10 0.679 0.694 0.693

21.2 0.50 0.723

21.2 1.00 0.679

24.6 0.10 1.05 1.07 1.14

24.6 0.50 1.05

24.6 1.00 1.10

29.2 0.10 2.31 2.18 2.18

29.2 0.50 2.31

29.2 1.00 1.92

¢ Calculated from the transition-state theory equation with
AH¥ = 247 kcal mol~'and AS¥ = 10.94 cal mol~! deg~%.

ion concentration. If reaction 2 is the process being
observed, then the observed rate constant is the sum
of the forward and reverse constants.

0.693

half-time ki R @)

kobsd =
The apparent activation energy and entropy for kobsa
are 24.7 kcal mol~* and 10.9 cal mol~! deg™!, respec-
tively. In the absence of a reliable value for the equi-
librium constant K} it is not possible to evaluate #; and

(6) L. G. Sillén and A E. Murtell, Ed., Chem. Soc., Spec. Publ., No. 17
(1964).

(7) The ASF given for the constant £’ in ref 1 should be 40.32, not
—3.5 cal mol~! deg~!, and the value for 2’/ should be 49.6, not 46 cal mol !
deg L
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k_y separately nor to determine their activation pa-
rameters.

Kinetics of the Second Reaction in Acidic Solu-
tion.—The kinetic results for the absorbance decrease
at 265 nm are summarized in Table II. The observed

) TaBLE II
KINETIC RESULTS FOR THE SECOND REACTION IN THE
Hyprovysts oF (NH;);CoNH,SO;2+ (u = 1.0 M, LiClO,)

Temp, [H*], ~—10%obsd, sec™l— Temp, [H~], —10%obsd, sec™i—

°C M Obsd Caled®? °C M Obsd Caled®?
27 0.10 0.398 0.385 49.6 0.40 7.96 8.13
27 0.70 0.641 0.611 49.6 0.50 8.42 8.57
39.4 0.10 2.06 1.95 49.6 0.60 8.88 9.03
39.4 0.30 2.35 2.26 49.6 0.70 9.09 9.48
39.4 0.40 2.50 2.41 496 0.8 9.53 9.93
39.4 0.50 2.64 2.56 49.6 0.90 9.61 10.4
40.0 0.05 1.85 2.02 49.6 1.00 10.5 10.8
40.0 0.05 2.08 2.02 59.3 0.05 20.0 20.1
40.0 0.05 1.94 2.02 59.3 0.10 20.3 20.7
40.0 0.10 2.03 2.10 59.3 0.20 22.0 21.9
40.0 0.10 2,13 2.10 59.3 0.30 23.1 23.1
40.0 0.70 2.93 3.09 59.3 0.40 24.6 24.2
43.6 0.05 6.63 6.5 39.3 0.60 26.9 26.6
49.6 0.10 7.13 6.78 59.3 0.70 28.2 27.8
49.6 0.20 7.21 7.283 59.3 0.80 29.6 28.9
49.6 0.30 7.69 7.68 59.3 0.90 36.0 30.1

@ Calculated from a least-squares fit to eq 6 which gave AH¥ =
24.19 == 1.5 kcal mol~! and AS¥ = 1.4g == 3 cal mol~! deg~!
for ky'; and AH¥ = 20.59 & 2.0 kcal mol~t and ASF = —10.5
=+ 7 cal mol™! deg~! for k', ?® The parameters in footnote ¢
predict values of 2.63 X 1078 sec™' and 2.97 X 107 M~!sec™!
for &y’ and ky'’, respectively, at 25.0°.

rate constant is given by

kobsd = k?./ + k?’/[H+] (8)

Plots of koea vs. [HT] are linear as required by eq &.
However, the apparent rate constants k,’ and k'’ are
actually composite values if the reaction scheme is

K
(NHg);CoNH,S0,"t == (NH,),CoOSO,NH,*

k\ /? : ©

(NH,);CoOH,”* + NH,S0,”

where kx' and ko’ are the apparent rate constants for
hydrolysis of the N- and O-bonded isomers and K;
is taken to be a rapid equilibrium at least relative to
kx and ko. The latter is consistent with the fact
that the first reaction is ~20 times faster than the

second. It can then be shown that
kx' + ko'Ky
kobsd - Kl + 1 (10)

It is further possible that kx’ and ko’ may have acid-
independent and -dependent contributions so that

ky' = kxi + kx2[HT] (11)
kol - k01 + kog[H+:[ (12)

Substitution of (11) and (12) into (10) and comparing
the results to (8) show that

_ ki 4 Kikoy

W= TR (13)
and
k Kk
By = HN;{?LJF 1 L (14)



AQUEOUS COPPER NITRATE SOLUTIONS

Clearly the contributions to ks’ and k'’ cannot be
separated from a study of the hydrolysis of the total
sulfamato complex. It was hoped that studies over a
wide temperature range might yield a nonlinear tem-
perature dependence of k' and k'’ as would occur if
the activation energies for the individual terms were
much different: -However, a nonlinear least-squares
fit® of all the data in Table II to eq '8 with normal
transition-state theory expressions for k' and k.’ did
not indicate any significafit nonlinearity in the tem-
perature dependence as can be seen by comparison of
the calculated and observed values in Table II. Either
the various terms have similar activation enthalpies
or one of them is dominant but it catinot be determined
which one it might be.

In thé previous study! of the hydrolysis of the
sulfamato complex in basic solut1on a term in the rate

(8) L. L.Rinés, J. A. Plambeck, and D. J. Franqs, “ENNLLSQ Re-
programmed,” Program Library, Department of Chemistry, University of
Alberta, 1970.
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law independent of [OH~] was observed. This term
could be assigned either to the reaction of (NHj);-
CoNHSO;* with water or to the reaction of (NHj);Co-
NH,S042+ with hydroxide ion. The latter path was
favored in the earlier work because a comparison of
the ratio of the rate constants for reaction with hy-
drox1de ion and water (results given here) was normal,

, in the range of 104-10° /=1, The detailed results
given here show that the reaction of (NHj);CoNHSO52+
in aquieous acid is more complicated than supposed
before. However, the observed rate constant for
hydroly51s in acidic solution gives an upper limit for
the aquation rate constant of the N-bonded isomer, so
that the ratio of alkaline hydrolysis to aquation rates
is >2100/(2.6 X 10=% or 3.8 X 10° M/~!. Since this
is a much more normal ratio than the value of 0.35
obtained if the alternative reaction path is assumed,
then the arguments in ref 1 are still valid, and the
alkaline hydrolysis of (NH;)sCoNH,SO:2*+ was ob-
served in the previous work.
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Raman spectra of aqueous copper nitrate solutions have been recorded using an argon ion laser.
scattered light by the deeply colored copper solutiors has necessitated corrections to measured Raman intensities.
Raman intensities have been used to calculate concentration equilibrium constants of the species present in solution.

Absorption of Raman
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agreeritent has been obtained between concentration quotients calctilated from intensity variations of the 722- and 1052-

cm~! Raman bands, both originating from the solvated nitrate ion.

The validity of the calculated concentration quotient

for CuNO;*, Kisoe = 0.07 &= 0.02 at 25°,is illustrated in the agreement between measured and calculated Raman intensities

of copper nitrate solutions.

Introdiiction .

The use of Raman spectroscopy to study interactions
in metal hitrate systems is now well established.! = The
Raman spectrum of saturated aqueous copper nitrate
has been reported and noted to be more complex than
that of the alkali metal nitrates.? Mathieu'and Louns-
bury mterpreted Raman spectral results by assuming
that the saturated solution has a structure similar to
that of the hydrated crystal.® Whereas, Hester and
Plane interpreted their results i1 terms of complex ion
formation,? an isopiestic study of aqueous copper 1i-
trate solution led Robinson, et al., to suggest that there
is probably no apprec1able complex formation in aque-
ous copper nitrate.*

A study of the system"by B]errum has detected a
very weak hydroxynitrato species (Cu(OH);.5(NOs)o.5).5
Two authors have studied the uv and visible spectrum
of copper(II) nitrate dissolved in an acetone-water
mixture. Plarie has suggested that thiere is evidernce

(1) D. E. Irish, “Ionic Interactions,” S. Petrucci, Ed., Academic Press,
New Vork, N. V., 1971, p 188.

(2) R.E, Hester and R, A. Plane,Inorg Chem., 8, 769 (1964).

(3) J. P. Mathieu and M. Lounsbury, Dz:cus: Faraday Soc., 9, 196
(1950).

(4) R. A. Robinson, J. M. Wilson, and H. S. Ayling, J. Amer. Chem. Soc.,

64, 1469 (1942).
(5) J. Bjerrum, Kgl. Dan. Vidensk. Selsk., Mat.-Fys. Medd., 11 5 (1931)

for ion pairing.® Gazo has developed 4 photometric
method of determining trace  amounts of nitrate in
dcetone based on the formation of a complex species
among the copper(II) ion, nitrate ion, and acetone.’
The species is considered to be polymeric with the ni-
trate group actmg as a bridge. An esr study of cop-
per(IT) ions in solutions has shown that the line width
of the broad band observed was both concentration and
anion dependent above approxiiately 0.1 M.2 The
reduction in half-width of the copper(II) resonance
with corcentration has been related to the equ1llbr1um
between the solvated copper(II) ions and an ion pair
involving copper(II) and nitrate ions.

There has, in general been reasonable agreement be-
tween equilibrium constants obtained from Raman
spectroscopy and other physical measurements.® Al-
though no formation constants have been measiired for
complex nitrate—copper species, it may be concluded
from measurements made that if the species exist they
will be weak.* An objective of this study is to extend
the previous Raman measurements and measure the
formation constants of complex nitrate-copper species.
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