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The pseudo-first-order rate constants for substitution of HzO in Co(CN)&OH2-- by N3- and SCN- conform to 
the equation k = k I ( X - ) / [ ( X - )  + k z / k 3 ] .  At 40", ionic strength 1.0, and pH 6.4, kl = 1.6 X 10-3 see.-', k2/ka = 
1.9 for N3- and 2.95 for SCN-. At 20' and ionic strength 5 0, kl  = 5.1 X 10-4 see.-', k z / k 3  = 3.0 for N3- and 
5.0 for SCN-. The first-order rate constant for aquation of Co(CN)gN3-3 is 5.5 X see.-' a t  40°, ionic 
strength 1.0, and pH 6.4, and 8.0 X 10" see.-' a t  60', ionic strength 1.0, and pH 6.0 or 0.1 M OH-. The first- 
order rate constant for aquation of CO(CN)~NCS-~ a t  ionic strength 1.0 and 0.1 IV OH- is 3.7 X lo-' see.-' a t  
40' and 7.8 X 10" sec." a t  60'. The equilibrium constants for the formation of C O ( C N ) ~ N ~ - ~  and CO(CN)~-  
NCS-3 from Co(CN)bOHz-- are 1530 and 1460, respectively, at 40" and ionic strength 1.0. The pH and NS- 
dependence of the pseudo-first-order rate constant for reaction of Co( CN)60H2-- and Na- conforms to the equation 
k = [ k l ( H + )  + k l ' K , ] ( N ~ - ) / [ ( k z / k ~ )  + (N3-) + (kz ' /k r ) (OH-)JIKa  + (H+)].  At 40" and ionic strength 1.0, 
K , ,  thedissociationconstant of Co(CN)sOH2--, is2 X 10-Io, ki' = 6.5 X 10-4sec.'1, and kZ'/kQ = 3.0 X lo3. The 
following tentative limits have been set upon k,,, the first-order rate constaat for water exchange between 
Co(CN)bOHp--and solvent: 1.3 X 10-3 see.-' > k,, > 1.0 X 10-3 see.-', a t  40", ionic strength 1.0, and 
pH 6.4. These results yield strong support for a limiting S N 1  mechanism involving the pentacoordinated 
intermediate Co( CN)g--. 

Introduction 

Most of the substitution reactions of complex 
ions in aqueous solution involve the participation 
of water as a reactant (aquation) or as displaced 
ligand (anation and water exchange) . 2  Kinetic 
studies of anation reactions usually indicate a 
first-order dependence on both complex ion and 
substituting anion, but this result alone does not 
distinguish between an S N 1  and an S N ~  mecha- 
n i ~ m . ~  Taube6 has pointed out that in principle 
a distinction could be made since in an S N 1  
process water exchange and complex ion forma- 
tion compete for the same intermediate, whereas 
in SNZ processes the reactions are independent. 
Up to  the present, attempts to distinguish 
between SN1 and S N ~  mechanisms on this basis 
have not been successful because of outer-sphere 

(1) This work was supported by the Atomic Energy Commission. 
It was presented in part at the 138th National Meeting of the 
American Chemical Society, New York. N. Y., September, 1960. 

(2) Based in part on a dissertation submitted by A. Haim to 
the Graduate School of the University of Southern California in 
partial fulfillment of the requirements for the degree of Doctor of 
Philosophy. 

(3) For a recent review of substitution reactions of complex ions 
see the chapter by D. R. Stranks in "Modern Coordination Chemis- 
try,'' J. Lewis and R.  G. Wilkins, Ed., Interscience Publishers Inc., 
New York, N. Y., 1960. 

(4) F. Basolo, Chem. Rev., 52, 459 (1953). 
(5) H. Taube, Ann. Rev. Nucl. Sci., 6 ,  284 (1956). 

association between the reactants6#' or because of 
slow rate of anation as compared to water ex- 
change.8- 

One possible approach to avoid outer-sphere 
association between the reactants prior to re- 
action involves the use of anionic complexes. 
Aquapentacyanocobaltate( 111) , whose prepara- 
tion and properties have been described pre- 
viously, lo seemed to provide an interesting choice 
for a study of anation reactions and exchange of 
water in an H2018-enriched solvent. In  this 
paper we report the rate of the anation reactions 
for the azide and thiocyanate ions, the cor- 
responding equilibrium constants, the rates of 
aquation of Co(CN)E"- and CO(CN)&CS-~, 
and a preliminary study of the rate of the water 
exchange, Subsequent papers in this series will 
deal with the reactions of Co(CN)60H2-- with 
bromide ion, iodide ion, and a variety of other 
nucleophiles and with the acid-catalyzed aquation 
of C O ( C N ) ~ N ~ - ~  (paper 11). The over-all results 
seem to provide strong evidence for a limiting type 

(6) A. C. Rutenberg and H. Taube, J ,  Chem. Phys., 20, 823 

(7) F. A. Posey and H. Taube, J .  Am. Chem. Sac., 79, 255 (1957). 
(8) C. Postmus and E. L. King, J .  Phys. Chem., 69, 1208 (1955). 
(9) 5. F. Below, R. E. Connick, and C. P. Coppel, J. Am. Chem. 

(10) A. Haim and W. IC. Wilmarth, ibid., 88, 509 (1961). 

(1952). 

SOC., 80, 2961 (1958). 
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of S N ~  mechanism in which CO(CN)~--, the 
proposed reactive intermediate, must have a 
lifetime long enough to discriminate between 
various nucleophilic ligands which may be 
present in the solution. It may be noted that 
this behavior is in marked contrast to many 
systems where the assignment of an S N ~  mecha- 
nism is based on data which only imply that bond 
breaking is more important than bond making in 
an activated complex whose lifetime need only 
be of the order of vibrational frequencies. 

Experimental 
Reagents.-Sodium azide was recrystallized twice from 

water. Sodium perchlorate, sodium hydroxide, sodium 
dihydrogen phosphate, sodium thiocyanate, and perchloric 
acid were of analytical reagent quality, Solutions of 
potassium aquapentacyanocobaltate(II1) were obtained 
by acidification of potassium p-peroxodecacpanodicobal- 
tate(II1,III) with the theoretical amount of perchloric 
acid, and the hydrogen peroxide formed was decomposed 
by heating the solutions to 60°.10 Potassium azido- 
pentacyanocobaltate( 111) was prepared in solution by the 
reaction of aquapentacyanocobaltate( I11 j and azide ions, 
and was isolated by precipitation with ethanol. It was 
characterized by comparing its absorption spectrum after 
aquation with that of CO(CK)~OH?--. 

Apparatus.--4bsorbancy measurements were carried 
out with a Carp Model 14 P M  recording spectropho- 
tometer and with a Beckman Model DU quartz spectro- 
photometer. -4 Beckman Model G pH meter equipped 
with a Beckman Type E (blue) glass electrode was used 
for pH measurements. 

Kinetic Measurements of the Anation Reactions .-So- 
lutions of the proper concentrations, pH, and ionic strength 
were prepared and placed in a thermostat a t  the desired 
temperature. At appropriate times, aliquots were with- 
drawn, diluted, and their absorbancies measured. The 
choice of wave lengths a t  which the various react: ions were 
Followed was dictated by the absorption spectra of reactant 
and product. The reaction with azide ion was followed 
a t  280 m l ,  where Co( CN)ST\'Y-~ has an absorption maximum 
with a molar absorbancy index of 7500 and Co( Ci\T)sOHz-- 
has a molar absorbancy index of 140. The reaction 
with thiocyanate ion was followed a t  270 mp, where Co- 
(CN)&TCS-311 has a molar absorbancy index of 11,700 
and Co( CN),OHz-- has a molar absorbancy index of 225.  
In all measurements, the anion concentration was a t  least 
$0 times the concentration of the complex, and all rate 
constants therefore were obtained as pseudo-first-order 
rate constants from the slope of plots of log (D, - D t )  
us. time. D t  is the absorbancy a t  time t and D, is the 
absorbancy after more than 7 half-lives. 

Measurements of Hydrogen Ion Concentrations.-The 
determination of the concentration dissociation constant of 
CO(CK)~OH~--  and the interpretation ol the pH de- 

(11) The complex is formulated as an isothiocyanato complex, 
although i t  is not known whether sulfur or nitrogen is bonded to 
cobalt. The molar absorbancy index of the complex is from optical 
measurements of solutions in which reaction 6 had proceeded to  
completion. 

pendence of the reaction of CO(CL\)~OH~--  with Ka- re- 
quired a knowledge of the hydrogen ion concentvation 
a t  40' and ionic strength 1.0, the experimental conditions 
usually employed in the present work. Because of the 
difficulties in interpreting measured pH values in concen- 
trated ionic solutions,** the following empirical procedure 
was devised to correlate measured pH values a t  25' with 
hydrogen ion concentrations a t  40". The pH of 1.0 X 
10-1 to 1.0 X 10-4 111 perchloric acid solutions and of 
1.0 X 10-1 to 5.0 X -11 sodium hydroxide solutions, 
with the ionic strength adjusted to 1.0 by the use of sodium 
perchlorate, was measured a t  25'. The concentration 
of H+ a t  40" in the acid solutions was known from the 
perchloric acid concentration. The concentration of H+ 
in the alkaline solutions a t  40' was calculated using the 
known hydroxide ion concentrations and, in the absence 
of ionic product data for the alkaline sodium perchlorate, 
assuming that the product of the hydrogen and hydroxide 
ion concentrations was equal to 5.65 X the known 
value for 1 31 sodium chloride a t  40". The plot of 
-log (H') '0'5. pH yielded a straight line described by 
eq. I ,  where (H+) is the hydrogen ion concentration 

-log (H') = 0.5 + 0 94 pH (1) 

at 40', and pH is the measured pH at 25'. 
Measurement of the Concentration Dissociation Con- 

stant of Co(CN);OH2--.-The absorbancies a t  300 mp of 
Co(CN)sOHz-- solutions of pH varying from 3 to 13, 
with sodium perchlorate to adjust the ionic strength to 
1.0, were measured a t  40' in a thermostated cell using a 
Beckman spectrophotometer. The concentration dis- 
sociation constant was obtained from the expression 

Da - D 
log D -__ - Dg = log K, - log (H") (2) 

D is the absorbancy of the solution a t  a given hydrogen 
ion concentration (H+), DA and DB are the absorbancies 
of Co( CN):OH?-- and Co( CN)jOH-3, respectively, a t  
concentrations equal to the total cobalt( 111) concentration 
of the solution under consideration, and K, is the con- 
centration dissociation constant for reaction 3. 

Co(CS)sOHn-- + Co(CS)jOH-3 + H' (3) 

Water Exchange Kinetic Measurements.-Solutions of 
CO(CN)~OH~-- were prepared by treating freshly precipi- 
tated Agz [ Co( CK)jOH?] with the theoretical amount of 
sodium bromide, and separating the silver bromide formed.8 
The solution of Co( CN);OHi-- and a solution containing 
the desired amounts of O'&--enriched water and sodium 
perchlorate were separately placed in a thermostat a t  
40". After temperature equilibrium was reached, the 
two solutions were rapidly mixed, and a t  appropriate 
times aliquots were withdrawn and delivered into a slight 
excess of silver nitrate solution. The Ag, [CO(CX)~OH:!] 
that precipitated was filtered, washed with methanol or 
acetone, and air-dried. I t  then was placed in a de- 
composition flask connected to the high vacuum system 
and evacuated for 45 min. in order to remove the solvent. 
In order to collect the water from A~~[CO(C?\');OHZ], the 
decomposition flask was connected to a calibrated sample 
tube and heated with a Glas-col heating element at  ap- 

(12) R. G. Bates, "Electrometric pH Determinationq," John U'iley 
and Sons, Inc , Nerr Vork, K. Y., 1954. 
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proximately 120°, while the sample tube was cooled to 
liquid nitrogen temperature. Tank carbon dioxide was 
dried by bubbling through concentrated sulfuric acid and 
passing through a trap a t  -80", and then admitted at the 
desired pressure to the sample tube containing the water. 
By using the appropriate high vacuum apparatus the 
carbon dioxide originally trapped in the bore of the stop- 
cock was transferred to the sample tube. The samples 
were equilibrated for one week at room temperature, and 
the carbon dioxide then was analyzed with a mass spec- 
trometer constructed in the Department of Chemistry, 
University of Southern California, under the direction of 
Professor Sidney W. Benson. N ,  the ratio of H2O18 to 
HzOB, was calculated with the formula given by Hunt 
and Taubels 

R is the observed ratio of C01KO*8 to C01B018; K is the 
equilibrium constant for the reaction 

H2018 + CO'KO'B JJ H2O1'01' + CO'6015 

and is equal to 2.078 at 25"; Ro is the ratio of C016018 to 
COIKO1e in the carbon dioxide used for the equilibration; Q 
is the ratio of moles of water to moles of carbon dioxide 
used in the equilibration. The moles of water were ob- 
tained from the weight of the water in the sample tube.'4 
The moles of carbon dioxide were obtained from the 
known volume of the sample tube, the pressure of COZ, 
and the temperature. 

The fraction of exchange F is defined as (Nt - NO)/  
(N, - NO) ,  where Nt is the measured ratio of Hz018 to H201B 
for the sample of Agz[Co(CN)50Hz] precipitated at time t ,  
N, is the calculated ratio of HSO'~ to  HzOl6 for Co( CN)5- 
OHZ-- after isotopic equilibrium with the water in the ex- 
change solution is reached, and NO is the ratio of H2018 to 
H201e for CO(CN)~OH~-- a t  time 0. In all experiments 
NO = 1.98 X 10-3, the ratio of H@ to H201B in water of 
normal isotopic composition. The rate constant k, ,  
for the exchange is related to the fraction of exchange 
by the formula In (1 - F )  = -kkext. 

Up to the present, all attempts to obtain a quantitative 
measurement of the rate of exchange between H20I8 
and CO(CN)~OHZ-- have been unsuccessful. In view of 
the unusual nature and great rapidity of this exchange 
reaction, the experimental results are presented in some 
detail. For all the experiments, plots of log (1 - F )  
vs. time deviated appreciably from linearity, as shown in 
Fig. 1. A systematic investigation of the procedure 
therefore was undertaken in order to isolate the possible 
sources of error. First, it was established that the general 
procedure was free from error by collecting the water from 
the coordination sphere of OIs-enriched [ Co( NHa)jOH.]- 
Bra,' followed by equilibration with CO? and mass spectro- 
metric analysis. The analysis yielded values of ,V 

(13) J P. Hunt and H. Tauhe, .T Chem. Phys , 19, 603 (1951). 
(14) The weight of water collected usually was 15-20% smaller 

than the weight calculated from the AgzCo(CN)a remaining in the 
decomposition flask It was shown beforelo that pumping on 
Agz[Co(CN)sOHz] at room temperature removes the coordination 
water. In view of the limited accuracy of the measurements, any 
isotopic fractionation occurring during the initial loss of water 
would produce only a aegligible error, 

-0  2 O I ,  

2 1  
07  

03 

u9 
04 

A12 

vi7 

VI8 

05 

A I4 

I 
20 40 BO 80 100 120 140 160 

Time, min. 

0 

Fig. 1.-Water exchange between Co( CN)50H2-- and 
solvent water a t  40' and ionic strength 1.0. 

within 1% of the ratio of H2018 to H201K calculated from 
the known 018-enrichmefit of [Co( IL'H3)sOH2]Brs. Identi- 
cal values of N were obtained by drying [ C O ( m 8 ) 5 -  

OH2]Bra by the method of Posey and Taube6 or 
by washing the [eo( NH&0H2]Br3 with methanol, fol- 
lowed by pumping under high vacuum for 45 min. 
prior to collection of the water from the coordination 
sphere of cobalt. Next, i t  was established that washing 
unlabeled Ag2 [ Co( CN)sOHz] with methanol containing 
170 of 0I8-enriched water resulted in contamination of the 
water in A~Z[CO(CN)SOH~] with only 2% of the water in 
the methanol. Since the water content of the methanol 
used to wash Agt[Co(€!N),OH?] in the experiments 
reported in Fig. 1 probably was less than 0.2%, i t  is 
concluded that contamination of the water from Agz- 
[Co(CN)50H2] with water frofn the fnethanol is negligible. 
In a, complefnehtary experiment unlabeled, freshly precip- 
itated A~z[CO(CN)SOHZ] was left in contact with 01*- 
enriched water for 5 nfin., and then subjected to the usual 
procedure. Again the value of N for Agz[Co(CN)50H2] 
indicated less than 2% contamination of the water in 
.4gz [eo( CN)60Ht] with the CWenriched water. Finally, 
it was established that precipitation a t  0" of unlabeled 
Co(CN)&OHz-- with silver nitrate dissolved in 0 ' 8 -  

enriched water resulted in 17% induced exchange during 
precipitation. Furthermore, experiments 1 and 10 in Fig. 
I correspond to 22 and 47% induced exchange, respec- 
tively. Attempts to decrease the induced exchange by 
precipitating Co( CN)aOH2-- with silver nitrate dissolved 
in a water-methanol mixture a t  - 50" were not successful, 
as shown by the experiments numbered 6, 7 ,  8, and 9 in 
Fig. 1. 

Precipitation of Co( CN'JSOHZ-- with Hg2++ did not. 
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seem to decrease the induced exchange, as shown by experi- 
ments 15, 16, 17, and 18 of Fig. 1. When the precipitate 
of H ~ Z [ C O ( C N ) ~ O H ~ ]  was washed with methanol it turned 
black in color, probably because of formation of mercury. 
This method of removing surface water therefore was 
discontinued. Instead, the salt was dried in a vacuum 
desiccator over sulfuric acid during 15 hr., and then the 
water from the coordination sphere of cobalt was removed 
by heating the dry salt a t  80". 

Other possible precipitants for Co( CN)50H2-' were 
explored. Some of the heavy metal ions (FeI", Cox1, 
CuII, Ni") yielded precipitates containing water in the 
coardination sphere of the cation in addition to the 
water in Co( CQOH?--  and therefore were discarded. 
The cations As(CeH&*, Pt(  NH3)4++, Co( NH3)e3+, Co- 
(en)**+, co(  SH&.Cl++, Cr( NH3)0a+, and Cr( NH&Cl++ 
did not yield any precipitate with 0.1 hf Co(CN)&OHz-- 
at 0". Co( NHa)SOa+ yielded a somewhat insoluble 
salt with 0.1 M Co(CN)50Hz-- a t  0", but the salt con- 
tained two molecules of water of crystallization in addition 
to the water in the coordination sphere of cobalt. 

At present attempts to measure the water exchange re- 
action by precipitation of the salt [ C ~ ( e n ) ~ ]  [CO(CN)~OH] 
are in progress. 

An effort was made to detect the possible ion pair asso- 
ciation of Co(CN)60Hz-- with I%- by examining the 
absorption spectra of the complex in 4.0 M NaClO, 
and in 4.0 M NaN3. In the region between 450 and 290 
mp the absorption spectrum of Co( CN)60H~-- was the 
same in 4.0 M NaC104 and in dilute aqueous solution; 
however, between 290 and 250 mp the molar absorbancy 
index in 4.0 M NaClO, was approximately 1.5% higher 
than in the absence of the NaC104. In order to obtain 
the spectrum of Co(CN);OH2-- in 4.0 M NaNs, i t  was 
necessary to follow the absorbancy for a period of 10 min. 
and then to extrapolate the data to zero time, since 
formation of Co( CN)6N3-a is relatively rapid under these 
conditions. To within the limit of error of the measure- 
ments, the molar absorbancy index was the same in the 
4.0 M NaC104 and NaN3 solutions. 

Results 

The kinetics of reaction 4 first were studied a t  
40' and ionic strength 1.0. The pH was adjusted 
to 6.4 with phosphate buffer in order to prevent 
hydrolysis of azide ion. Even a t  the lowest added 

CO(CN)~OH~-- f N3- ---f CO(CN)6xs-3 + HzO (4) 

azide ion concentration the absorption spectrum 
of the solution ultimately approached that of 
C O ( C N ) ~ N ~ - ~  within the limit of error of the 
measurement, indicating that reaction 4 proceeded 
to completion under these conditions. Pseudo- 
first-order rate constants obtained under various 
experimental conditions are listed in column 4 of 
Table I. If the rate of reaction 4 were first-order 
in azide ion concentration, the values of k/(Ns-) 
given in column 3 of Table I should be constant. 
The significance of the continuous decrease in 

TABLE I 

STRENGTH 1.0, AND pH 6.4 
THE R A T E  O F  FORMATION O F  c O (  @ S ) S S ~ - ~  AT 40°, IONIC 

[Co(CN)r- 104 X k /  k X 105, 
OHz--l, (Ka-), (Xs-1, iM-* k X 106, set.-' 
M x 104 M sec. -1 stx-1 (calcd.) 

0.86 0.0355 9.30 3.39 2.95 
1.72 * 071 8.80 6.25 5.78 
6.89 .142 7.89 11.2 11.2 
6.89 .212 7.48 16.1 16.0 
5.32 .45 6.78 30.5 30.6 
2.83 .45 6.82 30.7" 30.6 
1 .oo .45 6.85 30.8" 30.6 
5.67 ,725 6.14 44.5" 44.4 
7.50 .725 6.03 43.7 44.4 
5.68 * 90 5.61 50.5b 51.5 
5.70 1.0 5.48 54.@O 55.2 
In these experiments the Co(CN)&OH$-- was pre- 

pared by hydrolysis of CO(CN)6Br-3. * Unbuffered per- 
chloric acid solutions a t  pH 6.7. ' In this experiment the 
Co( CN)aOH2-- was prepared by acid hydrolysis of 
CO( CN)sNs-'. 

k/(Na-) with increasing azide ion concentration 
will be discussed below. 

In the absence of added azide ion, the reverse of 
reaction 4 does not proceed to completion a t  pH 
6.4 and a t  the concentrations of CO(CN)SN~-~  
necessary to carry out the kinetic measurements. 
However, a t  a CO(CN)&~-~  concentration of 
5 X Af and pH 6.4, more than 70% aqua- 
tion occurs. It therefore was possible to obtain 
the first-order rate constant for aquation from the 
initial slope of a plot of log (Ob - D'-), with 
D', being the absorbancy calculated for com- 
plete reaction. At 40°, pH 6.4, and ionic strength 
1.0, the first-order rate constant for aquation of 
C O ( C N ) ~ N ~ - ~  is 5.5 X lo-' sec.-1.*6 The aqua- 
tion of C O ( C N ) ~ N ~ - ~  also was studied a t  0.10 M 
OH- concentration, a medium in which the 
reaction proceeds to completion because of neu- 
tralization of the Co(CN)sOHz--. At GOo and 
ionic strength 1.0, the rate of aquation of Co(CN6- 
N 3 - 3  is the same a t  pH 6.4 and a t  0.1 M OH- 
concentration, with a first-order rate constant of 
8.0 X sec.-I. The values of AH and AS* 
for the aquation of CO(GN)&N~-~ calculated from 
the equation16 

k = -  kT eAS*/R e-AH*/RT 
h 

are 27.3 kcal. and -0.6 e.u., respectively. 
Although the detailed interpretation of kinetic 
(15) The rate of the acid-catalyzed aquation of Co(CN)sNa-8 at  

pH 6 4 is calculated to be 6.0 X 10-9 set.-' (A .  Haim and W. K 
Wilmarth, to  be published), which is approximately 1% of the rate 
for the non-catalyzed reaction. 

(16) S. Glasstone, R. J. Laidler, and H. Eyring, "The Theory of 
Rate Processes," McGraw-Hill Book Co., New York, N. TI., 1941. 
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Fig. 2.-Pseudo-first-order rate constants vs. anion 
concentration at 20' and ionic strength 5.0: 9, azide; *, thiocyanate, 

studies a t  high concentrations of reactants is 
complicated by uncertainties in medium effects 
as discussed below, the results obtained a t  ionic 
strength 1 .O indicated the desirability of extending 
the studies to higher azide ion concentrations. 
Therefore, a series of measurements was carried 
out at an ionic strength of 5.0, with the pH 
again a t  6.4, but at the lower temperature of 20.0°. 
As shown in Fig. 2, a t  the higher azide ion con- 
centrations the rate approached a zero-order 
dependence upon azide ion concentration. 

The pseudo-first-order rate constants for re- 
action 5 are listed in column 4 of Table 11. 
The conditions employed were entirely compar- 
able to those of Table I, except that the solutions 
Co(CN)$OHt-- + SCN- --.f CO(CN)~NCS-~ + HzO 

( 5 )  

contained perchloric acid at a pH of 3.4. In all 
experiments the spectral evidence again indicated 
that reaction 5 proceeded to completion. The 
values of kI(SCN--) listed in column 3 of Table 
I1 decrease with increasing thiocyanate ion 
coilcentration in a fashion similar to that ob- 
served in Table I. The pseudo-first-order rate 
constants measured a t  an ionic strength of 5.0 and 
a temperature of 20.0° are plotted vs. thiocyanate 
ion concentration in Fig. 2. Again the depend- 
ence of R upon (SCN-) became less than first- 
order a t  high thiocyanate ion concentration. 

Attempts to  isolate the sodium or potassium 
salt of CO(CN)~NCS-~ prepared by the reaction 
of CO(CN)EOH~-- and SCN- were unsuccessful. 
Therefore, the following procedure was devised 
to study the rate of the reverse of reaction 5. The 
reaction of CO(CN)~OH~-- with SCN- was al- 
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TABLE I1 
THE RATE OF FORMATION OF CO(CN)F,NCS-~ AT 40°, 

IONIC STRENGTH 1.0, AND pH 3.4 
[Co(CN)r 104k/ k X 106, 
OH,--], (SCN-), (SCN-), k X 106, sec. -1 
M X 104 M M -1 sec. -1 sec. -1 (calcd.) 

4.00 0.10 5.34 5.34 5.25 
2.65 -18 5.10 9.20 9.20 
4.00 .20 4.60 9.20 10.1 
2.65 -27 4.74 12.8 13.4 
4.00 .40 4.75 19.0 19.1 
2.65 .45 4.85 21.8 21.2 
2.65 -72 4.40 31.6 31.4 
4.00 -80 4.40 35.2 34.1 
2.96 .90 4.14 37.2" 37.5 
2.96 .90 4.34 39.0b 37.5 
2.96 .90 ... 33.8' 30.9 
2.96 .90 ... 17.1d 13.6 

' pH 3.1. * pH 7.1. ' pH 9.11. pH 10.11. 

lowed to proceed to completion. An aliquot of 
the solution then was withdrawn and diluted to a 
known volume with NaOH and NaC104 to give a 
OH- concentration of 0.1 M and an ionic strength 
of 1.0. In  the basic solution the equilibrium 
in reaction 5 was shifted to the left because of 
neuti alization of Co(CN)60Hz--, and the aqua- 
tion of CO(CN)~NCS-~ thus could be studied. 
The first-order rate constants were obtained from 
the initial slopes of log (Dt - D'-) vs. time, 
since these plots deviated from linearity after 20% 
reaction because the aquation of CO(CN)~NCS-~ 
did not proceed to completion under the experi- 
mental conditions used. At  40°, 0.1 M OH- 
concentration, 0.18 M SCN- concentration, 
and ionic strength 1.0, the first-order rate con- 
stant for aquation of CO(CN)~NCS-~  is 3.7 X 
lo-' set.-'. Under the same conditions but a t  
the temperature of G O O ,  the first-order rate con- 
stant is 7.8 X set.-'. The corresponding 
values of AH* and AS* are 31.1 kcal. and 11.5 e.u., 
respectively. The validity of this procedure was 
tested by using i t  to study the reverse of reaction 
4. At 40°, 0.1 M OH- concentration, 0.18 M 
N3- concentration, and ionic strength 1.0, the 
first-order rate constant for aquation of CO(CN)~- 
Na-a is 5.4 X lo-' set.-'. Under the same 
conditions, but a t  the temperature of 60°, the 
first-order rate constant is 8.3 X lows sec."'. 
The last two values are in good agreement with 
the values reported above for the aquation of Co- 

The equilibrium constant for reaction 6 was 
( CN)6Nam8. 

CO( CN)sNa-' + SCN- 
CO( CN)6NCS-' + Na- (6) 
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determined by allowing a solution 0.002 il.I 
in Co(CN)BOH2-- to reach equilibrium with a 
mixture of 0.45 M SCN- and 0.45 M N3-, at  
40°, pH 6.4, and ionic strength 1.0, and measuring 
the optical density of the solution at  wave lengths 
from 430 to 260 m p ,  after the appropriate dilu- 
tions. It can be shown that, a t  equilibrium, 
the optical properties of the system are given by 
equation 7. D is the absorbancy of the solution 

D, - D (SCN-) -K- -- 
D - Db (N3-1 ( 7 )  

under consideration, Da and Db are the absorb- 
ancies of solutions of C O ( C N ) ~ N ~ - ~  and Co(CN)j- 
NCS-3, respectively, a t  the same total cobalt(II1) 
concentration as the solution under consideration, 
and K is the concentration equilibrium constant 
for reaction 6. The results, presented in Table 
111, yield an average value of 0.87 for K. 

TABLE I11 

1.0 FOR REACTION 6 
THE EQUILIBRIUM COIiSTANT AT 40' AND IOSIC STRESGTH 

( c o q  = 2 x 10-3 -IT (s3-) = (scs-) = 0 45 J I  
Wave 

length, 
mp D rCo(CN)aSCS-3 € C a ( C N ) s ? i 2  K 
430 
420 
410 
400 
390 
380 
370 
360 
350 
340 
330 
320 
310 
300 
390 
2 m  
270 
250 
250 

0.140 
,203 
,275 
,358 
.430 
,460 
.441 
,375 
,310 
.290 
.38<5 
.700 
.276 
.55T, 
, 1 $ A i  
.291 
,353 
.SO6 

67 
97 

135 
1 53 
188 
266 
249 
251 
238 
222 
228 
270 
K I O  
!)%i 

:j, I i N l  
7,02,; 

1 1,700 
12, ooo 
5,000 

201 0.84 
296 .88 
408 .95 
536 I 87 
63 6 .85 
666 .88 
601 .83 
481 .86 
388 1.08 
350 .88 
55 1 1 . O f l  

1,020 0.74 
2,176 .85 
4,225 $2 
6,525 . !I2 
7,500 .73 
6,600 .;ti 
:1 ,900 .88 
3 ,320 

The rate of reaction 4 was studied as a function 
of pH. The psetido-first-order rate coiistants 
measured at No, 0.9 -11 Xi - concentration, arid 
ionic strength 1 .()are listed i n  colunui3 of Table IV. 
.-Is the pH is increased above (i.i, the pseudo- 
first-order rate constant first decreases slowly, 
then more rapidly, and finally becomes inversely 
proportional to the OW-concentration above 0.009 
M. The dependence of the pseudo-first-order 
rate constant a t  40' and ionic strength 1.0 upon 
A r 3 -  concentration a t  0.009 .AI OH- concentration 

TABLE IV 
THE RATE OF FORMATION OF C O ( C N ) & ~ - ~  AT 4O0, 

0.9 JW Ns-, ASD p =3 1.0 
[Co(CX)r -  
OHz--l, h X lo5, k X 105, 
M x 104 px" (OH-) see-1 calcd. 

6.68 0.10 0 . w  0.19 
5.68 ,010 1.84 1.84 
6.44 .009 2.05 2.05 
6.44 10.1 19.7 19.5 
5,68 9.88 29.2 25.6 
5.68 9.05 44.5 43 .3  
5.68 8.65 47.4 48.0 
5.68 6 .7  50.5 51.5 

a pH adjusted using phosphate buffers. In this 
experiment the rate constant was obtained from the 
initial slope since the reaction did not proceed to com- 
pletion. 

and a t  pH 10.1 is given in Tables V and VI. 
Column 2 of Table V indicates that a t  0.009 &l 
OH- concentration, the pseudo-first-order rate 
constant increases linearly with the Na- concen- 
tration. 

Column 2 of Table VI indicates that a t  pH 10.1 
the dependence of the pseudo-first-order rate 
constant upon N3- concentration becomes less 
than first-order as the N3- concentration in- 
creases, but the deviation from linearity is not as 
pronounced as that observed at  pH 6.4. The 
significance of these results will be discussed 
later. 

The pseudo-first-order rate constant for re- 
action 3 also decreased with increasing pH. Only 
two experiments were performed in alkaline 

TABLE V 
TIE RKN UF FORMATION 017 C O ( C S ) ~ & - ~  AT 4O0, 

(OH-) &= 0.009 M, A m I  p i= 1.0 
[Co(CN)~OI-I:!'--l = 6.44 x I n - 4  .M 

k x IOJ, 

JI Jf -1 sec. -1 sec. - 1  (calcd.) 

0 .10  3.37 0 ,43  0.42 
.45 2.29 1 .03 1.04 
.90 2.28 2.05 2.05 

(XJ-9 ,  d0U?/(Sa-), k x LO', sec. -1 



Vol, 1, No. 3, August, 1962 

solution, and the results are given in the last 
two rows of Table 11. 

As indicated above, a quantitative measure- 
ment of the rate of water exchange has not 
been obtained because of irreproducible induced 
exchange during separation. The irreproduci- 
bility is illustrated by the scatter of the points 
in Fig. 1, where log [I - ( N t  - No)/ (N,  - NO)] 
is plotted as. time. To avoid confusion in the 
discussion a t  this point, i t  might be noted ex- 
plicitly that N ,  represents a much larger degree 
of exchange than that observed for completely 
induced exchange, because in the medium where 
completely induced exchange occurs the initial 
H2018 content of the solvent has been reduced 
because of dilution by the silver nitrate solution. 
The experiments also indicate that the induced 
exchange is not complete in all the samples since 
some of the points lie above and some below the 
values calculated for complete induced exchange 
represented by the horizontal lines in Fig. 1, a 
circumstance that permits setting lower and higher 
limits on the first-order rate constant for the 
water exchange reaction. Specifically, for point 
12 in Fig. 1 the value of Nt of 4.35 X 
corresponds to a rate constant of 1.0 X 10-3 
sec.-l, Nt being the ratio of HzO1* to H20l6 in 
the Ag, [Co(CN)60H2] precipitated a t  time t .  
Had induced exchange been complete in this 
experiment, Nt would have had the value 3.2% 
X Since the observed value of Nt is larger 
than 3.28 X any induced exchange could 
only have lowered the value of Nt. Therefore, 
the desired value of Nt, free from errors caused by 
induced exchange, must be a t  least as large as 
4.35 X Correspondingly, the desired rate 
constant for the exchange cannot be lower than 
1.0 X set.-', the value calculated with Nt 
= 4.35 X 10-3.17 In a similar manner, a rate 
constant calculated with a value of Nt smaller 
than the value calculated for complete induced 
exchange yields a maximum value for the desired 
rate constant kex.  In Fig. 1 there are three such 
values of Nt. Two of these correspond to ex- 
tremely short reaction times, and the correspond- 
ing rate constants do not have any quantitative 
significance, although they serve to demonstrate 
that neither the homogeneous exchange nor the 
induced exchange is immeasurably fast. From 

(17) The other points in Fig. 1 lying above the complete induced 
exchange value yield minimum values for kex smaller than 1.0 X 
10-8 sec -1. The latter value is therefore the highest minimum 
vnliie for ko  

experiment 6 i t  may be concluded that k,, < 
1.3 X lod3 sec.-I.18 

I t  must be pointed out that the H2018 content 
of the solution where exchange is occurring is 
decreased when silver ni trate dissolved in water 
of normal isotopic composition is added to pre- 
cipitate Agz [Co(CN)60H2]. In calculating the 
labeling expected for complete induced exchange 
during precipitation, i t  was assumed that the 
Hz018 content of Agz[Co(CN)sOHz] would be 
that of the solution where exchange was occurring 
after dilution with the silver nitrate solution. 
Consequently, the limits set on k,, must be 
considered as tentative values. 

Discussion 

The results obtained in the study of the sub- 
stitution of water in CO(CN)~OH~-- by azide and 
thiocyanate ions conform to the predictions of an 
S N 1  mechanism. 

k l  

kz 
CO( CN)60Hz-- CO( CN)6-- + HzO (8) 

ks  
CO(CN)~-- + X- CO(CN)~X-~  (9) 

In  terms of this mechanism the pseudo-first- 
order rate constant k listed in Tables I and I1 
should depend upon (X-), the azide or thiocya- 
nate ion concentration, in the manner indicated 
by eq. 10. 

Numerical values of l/kl and k z l k 3  were obtained 
from the intercept, and the ratio of the slope to 
the intercept of the straight lines defined by the 
points in plots of l/k ZJS. 1/(X-). For substitu- 
tion by azide ion at 40' and ionic strength 1.0, 
k1 = 1.4 =t 0.3 X sec.-l, and for the thio- 
cyanate reaction under the same conditions, 
k1 = 1.8 f 0.4 X sec.-l. Although the 
pseudo-first-order rate constants are reproducible 
to =t3%, the value of kl has a considerably larger 
uncertainty because of the form of eq. 7 and the 
long extrapolation involved in obtaining kl. 
Nevertheless, there is fairly good agreement be- 
tween theory and experiment as seen by compar- 
ing the two values of kl listed above, and also by 
comparing the values of k (calcd.) with the ex- 
perimental values in Tables I and 11. The values 

(18) The rest of the points in Fig. 1 (experiments 2, 7, 8, 11, 
15, and 16) have values of N t  within 2% of the complete induced 
exchange value, and therefore they cannot be used to set any limits 
on kex.  
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of k (calcd.) for the thiocyanate and azide systems 
were obtained from eq. 10 by using the common 
value of kI of 1.6 X set.-', the average of the 
two values listed above, and a value of kJke  of 
1.9 for the azide system, and of 2.95 for the thio- 
cyanate system. From the two latter values, i t  
is concluded that, in terms of capture of the pen- 
tacoordinated intermediate Co(CN)6-- in reac- 
tion 9, azide ion is a better nucleophile than 
thiocyanate ion by a factor of 1.55. In comparing 
the competitive efficiencies of the various X- 
species with water i t  perhaps is desirable to 
divide the ratio k2/k3 by 52, an approximate value 
for the formal concentration of water in 1.0 M 
sodium perchlorate solutions a t  40’. If this 
procedure is adopted, i t  is found that azide and 
thiocyanate ions are better nucleophiles than 
water by the factors 27.4 and 17.6, respectively. 

The results obtained at  an ionic strength of 5.0 
and at  20’ seem to provide additional support 
for the S N 1  mechanism. For both azide and 
thiocyanate ions, plots of l / k  vs. l/(X-) are 
linear and yield the values k1 = 4.7 * 0.5 X 
set.-' and K 1  = 5.4 f 0.5 X l oe4  sec.-l, respec- 
tively. The agreement between theory and ex- 
periment may be seen by comparing the two values 
of kl, and also by coniparing the theoretical 
curves with the experimental values in Fig. 2. 
The theoretical curves for the azide and thio- 
cyanate reactions were calculated from eq. 10 by 
using the common value of k1 of 5.1 X lo-* 
set.-', the average of the two values listed above, 
and a value of k2/k3 of 3.0 for azide ion, and of 
5.0 for thiocyanate ion. Under these conditions 
of temperature and ionic streiigth, azide ion is a 
better nucleophile than thiocyanate ion by a 
factor of 1.7. 

The S N 1  mechanism implies that the rate 
constant k,, for water exchange between Co(CN)&- 
OH2-- and the solvent should equal K1, the limit- 
ing rate constant for anation a t  high anion con- 
centration. As indicated above, a quantitative 
measurement of the first-order rate constant for 
the water exchange has not been obtained. 
Nevertheless, with the assumption that the ratio 
of H2018 to Hz016 for complete induced exchange 
during precipitation corresponds to that of the 
solution where exchange is occurring ujter dilution 
with the silver nitrate solution, i t  has been possible 
to set these tentative limits on k,, at  40’ and ionic 
strength 1.0: 1.3 X set.-' > k,, > 1.0 X 
loa3 sec.-l. The values of kl obtained in the 
azide and thiocyanate studies, 1.4 f 0.3 X 

sec.-l and 1.3 f 0.4 X set.-', respectively, 
are compatible with the limits set on k,,, a result 
which provides further support for the s N 1  
mechanism. 

A mechanism consistent with the azide and 
thiocyanate data could be formulated in terms of 
the seven-coordinate intermediate Co(CN)5- 
(OHz)2--. Generation of this ion by reaction of 
Co(CN)60HZ-- with water would replace re- 
action 3, and reaction 9 would be replaced by a 
process in which the two water ligands in the 
intermediate ultimately would be displaced by a 
single X- anion. If the two water molecules in 
the hypothetical Co (CN)b(OH2) 2-- intermediate 
were equivalent, the predicted rate for water 
exchange would be only one-half kl. The tenta- 
tive rate constants obtained for the water ex- 
change data thus favor the Co(CN)6-- formula- 
tion, but more reliable measurements are ob- 
viously desirable. Such studies are now in prog- 
ress. 

If the mechanism provided by eq. 8 and 9 is 
accepted for the displacement of water in Co(CN)h- 
OHz--, then microscopic reversibility restric- 
tions require that the aquation of C O ( C N ) ~ X - ~  
also proceed by an S N ~  mechanism. The ap- 
propriate reactions for the aquation mechanism 
are given by eq. 11 followed by the competition 
of X- and water for Co(CN)5-- in reaction 9 and 
the reverse of reaction 8. 

kc 
CO( CN)sX-3 + C0( CN)5-- 4- X- (11) 

The mechanism under consideration gains 
further support from the observation that the 
rates of the aquation reactions are pH inde- 
pendent. This behavior is entirely analogous to 
that observed for trityl chloride and other 
organic halides which undergo solvolyis by well 
established S N ~  mec2iani~ms.’~ By contrast, 
it may be noted that the rate of aquation of 
most Co(I1I) complexes increases with increasing 

The internal consistency of the rate and q u i -  
librium data may be verified by calculating the 
equilibrium constants for reactions 4 and 5 using 
the kinetic parameters and the relationship 
Klks/k&4 = K. The numerical values of 1530 
and 1460 are obtained for the equilibrium con- 

pH.20 

(19) C. K. Ingold, “Structure and Mechanisms in Organic 
Chemistry,” Cornell University Press, Ithaca, New York, 1953, p. 
316. 

(20) F. Basolo and R. G. Pearson, “Mechanism of Inorganic 
Reactions,” John Wiley and Sons, Inc  , New York, N. Y., 1868, 
p. 124. 
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stants a t  40’ and unit ionic strength for azide ion 
and thiocyanate ion, respectively, The ratio 
1460/1530 = 0.96 is in good agreement with the 
experimental value of 0.87 for reaction 6. A 
single measurement a t  0.1 M OH- concentration, 
unit ionic strength, and 40’ yielded a value of 
0.55 for the equilibrium constant of reaction 12. 

CO( CN)sOH-a + Ns- CO( C N ) S N ~ - ~  + H - (12) 

The measurement was not of high accuracy, since 
the position of equilibrium in the experiment was 
far to the right. Consequently, the result may 
be considered to be in reasonable agreement with 
the value 0.43 calculated from the relationship 
K12 = KKv/Ka using the numerical values of 
1530, 5.65 X 10-14, and 2 X for K ,  K,, and 
Ka, respectively. 

The observed pH independence of the aquations 
of C O ( C N ) ~ N ~ - ~  combined with microscopic re- 
versibility restrictions requires that there be no 
important S N ~  path for the reaction of Co(CN)b- 
OH-3 and azide ion. This latter reaction, given 
by eq. 12, therefore also must proceed by an 
SN1 mechanism. In  this instance two alternative 
S N 1  mechanisms must be considered. In the 
first alternative it is assumed that CO(CN)~OH-~  
is completely unreactive and that a t  any given pH 
the azide ion reacts only with the fraction of the 
complex present as Co(CN)&OHp--. This mech- 
anism thus involves the pre-equilibrium given by 
eq. 3, 8, and 9. In this formulation the pH and 
azide ion dependence of the pseudo-first-order 
rate constant is given by eq. 13. 

In the second of the alternative S N 1  mechanisms 
the assumption is again made that reactions 3, 
8, and 9 occur, but now the further assumption is 
made that Co(CN)e-- also may be generated 
by reaction 14. 

Co(CN)sOH-a --+ CO(CN)~-- + OH- (14) 

When reaction 14 is included in the niechanisni, 
thc expression for the rate constant is given by 
eq. 15. 

(15) 

The predictions of eq. 13 are not in agreement 
with the experimental results. First, the rate 
constants above pH 10 calculated from eq. 13 
are 15-20% smaller than the experimentally 
determined values. A second and perhaps more 
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compelling point is that  eq. 13 is not consistent 
with the observation that with increasing pH k 
approaches a first-order dependence upon azide 
ion concentration. 

The predictions of eq. 15, unlike those of eq. 
13, are in good agreement with experiment, and 
it therefore is concluded that the mechanism of 
azide ion substitution in alkaline solution is 
adequately represented by eq. 3, 8, 9, and 14. 
It can be seen from inspection of eq. 15 that 
values of [Ka + (H+)]/[kl(H+) + kl’Xa] and of 
(k2/k3) f (h’lk3)(OH-) may be obtained from 
the intercept and the ratio of the slope to the 
intercept in the linear plots of 1 /k  us. 1/(N3-) for 
the data presented in Table IV. Using these 
data and the previously evaluated quantities kl, 
kp/k3, and K,, we obtain kl’ = 6.5 X sec.-l 
and k2’/k3 = 3.0 X lo3. The excellent agreement 
between theory and experiment may be seen by 
referring to Tables 111, IV, and V, where experi- 
mental values of k may be compared with those 
calculated from eq. 15. As an alternate way of 
comparing theory and experiment the value 
kl’/(k&3) = 2.17 X lo-’ sec.-I, obtained by use 
of the numerical values of k1’ and k2’/k3, may be 
compared with the value 2.37 X lo-’ set.-', 
the latter value being obtained by substituting 
appropriate data in the right side of the expression 
kl‘/(k2/k3) = k1Kw/K,(k2/k3) , which results from 
microscopic reversibility considerations. 

To a very good approximation, in strongly 
alkaline solution eq. 15 may be written in the 
simplified form k = k11(N3-)/(k2’/k3) (OH-). 
A t  0.009 M alkali, the condition employed for 
the experiments reported in Table V, the approxi- 
mation is valid, and the quantity k / ( N 3 - )  is 
independent of the azide ion concentration. 
Further, at this and higher alkali concentrations 
the rate constant k is inversely proportional to 
the alkali concentration. In  physical terms this 
limiting behavior arises because of the extreme 
inefficiency with which azide ion competes with 
hydroxide ion for the Co(CN)6-- intermediate, 
the relative competitive efficiencies a t  equal con- 
centrations of the two species being given by 
the quantity k2’/k3 = 3.0 X loa. The decrease 
in rate with increasing hydroxide ion concentra- 
tion is thus an extreme example of what in kinetic 
studies is commonly termed mass law retardation. 

Although the S N 1  mechanism adequately de- 
scribes the kinetics of the substitution of water in 
Co(CN)60H2-- by azide and thiocyanate ions 
and by O1*-enriched water, i t  is necessary, a t  this 
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point, to inquire about alternative formulations. 
In  particular. there is the question whether the 
reaction might not be proceeding by an S N ~  
mechanism, with the decrease in K / ( X - )  with 
increasing (X-) merely representing a medium 
effect arising from the replacement of Clod- 
by X-. Medium effects could be attributed 
either to the usual long range interaction of ions 
or to ion pairs or triplets having the formulas 
CO( CN)BOH~-- .X- or c o (  CN)60HZ--* Na+. 
X-. Driving force for the formation of ion pairs 
presumably would arise from hydrogen bonding 
of the sort CO-OHY.X- or from electrostatic 
interaction of X- with an incompletely shielded 
Co(II1) ion. Long range interaction does not 
seem to provide a plausible explanation. In a 
reaction of two negative ions both theory and 
experiment seem to indicate that the value of the 
rate constant is not sensitive to the nature of the 
negative ions in the solution as long as the positive 
ion environment is held constant.21 It also does 
not seem that ion association can be very impor- 
tant, a t  least in the solutions of unit ionic strength. 
An explanation formulated in these terms would 
require that a very substantial part of the Co(II1) 
be associated with X-  ions. It should be noted, 
first, that appreciable association of X- ions with 
octahedral complex ions has been detectedzz 
only when the complex ion bears an over-all posi- 
tive charge of two or greater. In our system the 
optical studies suggest that there may be a detect- 
able formation of CO(CN)~OH*- - ”a+, although 
the studies were not very extensive or conclusive.23 
In view of the unfavorable electrostatic situation, 
further extensive association with X- or forma- 
tion of ion pairs seems quite improbable, though 
it cannot be conclusively ruled out. Secondly, 
and perhaps most important, i t  has been found in 
unpublished experiments that the decrease in 
k / ’ (X- )  with increasing X- occurs only with the 

(21) See A. R.  Olson and T. R. Simonson, J .  Chem. Phys., 17, 
1167 (19491, and the chapter entitled “Catalysis in Homogeneous 
Reactions in a Liquid Phase,” by E. L. King in P. H. Emmett, 
“Homogeneous Catalysis 11,” Reinhold Publishing Corp., New 
York, N. Y., 1955. 

(22) Recent measurements of the stability of Cr(II1) thiocyanate 
association constants have been reported by A. L. Phipps and 
R. A. Plane, J .  A m .  C h e m  SOL.,  79, 2458 (1957). Association con- 
stants of Co(II1) complexes with N3- and other anions were reported 
by M. G. Evans and G. H. Nancollas, Tuaas. Faraday Soc., 49, 363 
(1953), but later work by E. L. King, 1. H. Espenson, and R.  E 
Visco, J .  Phys. Chem., 63, 755 (1969), indicates that atleastin some 
instances the reported association constants were considerably over- 
estimated. 

(23) It is of interest to note that the changes in absorbancy at  
high sodium ion concentration were opposite in sign to those re- 
ported by s. R.  Cohen and R. A. Plane, J .  Phys. Chem., 61, 1096 
119571, in their study of the association of Fe(CN)6-4 with various 
cbtionrc, 

niore reactive nucleophiles. In studies with the 
less reactive bromide and iodide nucleophiles 
there is no detectable variation in the quantity 
h l ( X - ) .  This behavior and the common value 
of kl found for the more reactive nucleophiles is, 
of course, the natural consequence of an SKI 
mechanism. It could only result by sheer co- 
incidence in an Sh-2 process. Finally, we note 
that paper I1 provides further, very compelling 
support for our proposed mechanism. 

It is of interest to consider whether an S N 1  
mechanism might have been anticipated in the 
present system. In organic systems the presence 
of a highly electronegative cyano substituent 
would tend to favor an S N ~  rather than an S N ~  
mechanism. Presumably the presence of a single 
cyano ligand in a positively charged complex ion 
might have similar mechanistic consequences. 
However, when the number of cyano ligands is 
increased to five, the accumulation of negative 
charge probably produces a relatively high elec- 
tron density a t  the cobalt atom, despite the 
tendency for 7r-bonding to spread the charge 
throughout the ligand sphere.24 Such an accumu- 
lation of negative charge at the cobalt atom should 
lead to a relatively weak Co-OH2 bond, a weakly 
acidic complex, and a favorable S N ~  reaction 
path. The observed pK of the complex and the 
relatively rapid water exchange both are consist- 
ent with this point of view. There is also at  
least one other factor which might facilitate an 
SN1 mechanism. If there is an increase in bond 
angle in going from the hexacoordinate reactant 
to the pentacoordinate intermediate, then a 
stabilization of the intermediate would result 
from the decrease in electrostatic repulsion of 
the negatively charged ligands. Lastly, it might 
be noted that the orientation of the water solvent 
surrounding a negatively charged complex ion 
probably will be very different from that sur- 
rounding a positively charged complex. The 
nature of the solvation sphere obviously will 
be a very important factor in governing the be- 
havior of the Co(CN)h-- intermediate, particu- 
larly if the reaction with water in the reverse of 
reaction 8 is a multimolecular process involving 
the synchronized action of a number of water 
molecules. 

(24) A referee has pointed out that G. W. Chantry and R.  h 
Plane, J .  Ckent. Phys. ,  35, 1027 ( l g e l ) ,  argue on the basis of Raman 
spectra measurements that  ?r-bonding is unimportant in the Co- 
(CW8-a ion. 

(25) For a discussion of the analogous process in the solvolyaii 
of organic halides see section 27A, p. 367 of ref 10.  


