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it is not surprising that Al(acac)3 is most highly hy- 
drated. Also as expected Rh(acac)3 with the greatest 
number of electrons is least hydrated. The ionic radii 
of Co3+ and Cr3f are the same (0.65 A,),  so that the 
complexes differ only in atomic number and the num- 
ber of d-electrons. Since Co(acac)o (d6) has twice as 
many outer shell electrons as C r ( a ~ a c ) ~  (a3) in the octa- 
hedral faces, i t  might be expected that Co(acac), would 
be hydrated to a lesser extent than Cr(acac)3. How- 
ever, the AH" values indicate that the opposite order 
of hydration is true. That C o ( a ~ a c ) ~  should be hy- 
drated more than C r ( a ~ a c ) ~  can be explained by 
reference to the molar electron polarizations (EP) of 
metal acetylacetonates. 24 Although Fe(acac)3 contains 
thirteen more electrons than A l ( a ~ a c ) ~ ,  the molar elec- 
tron polarizations are nearly identical (91.5 and 91.1 
cm3,  respectively). The 3d5-electrons of Fe(acac)r have 
spherical symmetry and are not concentrated in the 
octahedral faces. The added polarization of Co(acac)3 
(99.4 ~ m . ~ )  or Cr(acac)3 (95.3 ~ m . ~ )  might be attributed 
to the nonspherically symmetric d-electrons. As a 
water molecule approaches an octahedral face of the 
complex, these d-electrons are displaced, reducing the 
screening of the cation. Since the molar electron 
polarization of Co(acac), is greater than that for Cr- 
(acac), and the nuclear charge of Co is higher, the Co- 
(acac), becomes more highly hydrated than Cr(acac)3. 

The data for the distributions of Co(prac)3 and Cr- 
  mea^)^ support the assumption that hydration occurs 
through the octahedral faces. Addition of a methyl 

(24) A .  E. Finn, G. C. Hampson, and L. E. Sutton, J .  Chem. Soc., 1254 
(1938). 

group to the 3-carbon of the acetylacetonate ion [as in 
C r ( m e a ~ ) ~ ]  causes a shift in the free energy, AFO, 
of  1.3 kcal./mole toward the CC14 layer, while addition 
of the methyl group to the end of the chain [Co(prac)a] 
causes a shift of 2.2 kcal./mole. The addition of the 
methyl group to the end of the acetylacetonate ion 
increases the shielding of the octahedral face so that 
hydration is less favorable. Addition to the 3-carbon 
would not affect hydration since this methyl group 
would not shield the central ion a t  all; it points di- 
rectly away from the central ion. 

The diffusion coefficients, which were calculated 
from the Ilkovic equation using polarographic data, 
were found to be 6.2 X cm.2 set.-' for Co(acac)a 
and 7.0 X cm.2 see.-' for C r ( a ~ a c ) ~ .  The ELI2 
values (-0.1 and -1.46 v., respectively) are only 
approximate because of irreversibility. The value of n 
(number of electrons involved in the reduction) was 
determined by noting that there was a second wave for 
Co(acac)a a t  about -1.4 v.  which was twice as high 
as the first one, indicating one and two electron reduc- 
tions. These two molecules, which are identical in 
size, have slightly different values of D, indicating that 
the effective radii in solution are different. The more 
highly hydrated Co(acac), would be expected to dif- 
fuse more slowly. 
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The Kinetics of Formation of the Nickel Monooxalate Complex in Solution' 
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The rate of formation of the monooxalate complex of nickcl(I1) both in neutral and in acid solution has been studied by 

the use of a flow technique. The results are interpreted in terms of the reactions Xi2+ + A*- SiA and S i t +  + HA- - XiA + Hf where A*- represents the oxalate ion. At 25.0" and ionic strength 0.10 AI, kif = 7.5 X 104 2 W - l  set.-'. 

kZf = 5 x 103 M-1 set.-1, kld = 3.6 set.-', and k l d  = 1.5 X lo3 M-' set.-'. Studies a t  various temperatures between 
5 arid 35" give 4Hif* = 14 kcal. mole-', 4Hzf* = 14 kcal. mole-', A s i f *  = 12 cal. deg.-I mole-', and AS;.** = i cal. deg. 
mole-'. The  results are consistent with a model in which the rate-determining step is the elimination of a water molecule 
from the inner hydration shell of the nickel ion. 

k i f  

kzi  kid  

k2d 

J 

The question of complex and ion pair formation in data give definite indication of ion pair formation. It 
electrolyte solutions has been much discussed. In cases has been suggested that the derived association con- 
such as the bivalent metal sulfates where the associa- stants are merely artifacts arising from the breakdown 
tion is only moderately strong, conductance and other of the Debye-Huckel t h e ~ r y . ~  Such arguments, 

(1) Research performed under the auspices of the  U. S.  Atomic Energy 

( 2 )  Visiting Scientist from the  Chemistry Department.  T h e  TJniversity, 

disregard the strong kinetic evidence in 
Commission. 

Glasgow. W. 2, Scotland. (3) E. A. Oitmenheim, Di.rr7issio?zs Fnvndny .Tor., 24,  53 (1957). 
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favor of the existence of discrete species or ion pairs 
in the  solution^.^ 

A number of complex-formation reactions have 
now been characterized by the determination both 
of thermodynamic association constants and their 
variation with temperature.6 Studies of nickel oxalate 
yielding free energies, enthalpies] and entropies of as- 
sociation have been made over a range of temperature 
using cells incorporating hydrogen and silver-silver 
chloride electrodes.6 It has been shown that the fol- 
lowing equilibria exist in solutions containing nickel 
ions in the presence of lower concentrations of oxalate 
ions 

NiZ+ + A2- e NiA 

H2A e H +  + HA- 

HA- e H +  f A2- 

Ki 

K1. 

ZZ 

where A2- represents the oxalate ion. The heat of 
formation of NiA has also been obtained with some 
precision by a calorimetric method7 and i t  has been 
shown that temperature coefficient data over a suf- 
ficiently wide range of temperature are capable of 
giving reliable AH values. 

Although the determination of thermodynamic 
properties can give much information about the type of 
ion association, i t  is clearly desirable to have kinetic 
data in order to be able to discuss the mechanism of 
the process. A knowledge of the rate constants en- 
ables comparisons to be made with other similar com- 
plex-formation reactions] and the energies and en- 
tropies of activation are of importance in the elucida- 
tion of the mechanism. 

We have studied the rate of formation of nickel 
monooxalate both in neutral and in acid solutions. 
The rates are compared with those of similar reactions 
and with the rates of exchange of water molecules be- 
tween the bulk of the solution and the inner coordina- 
tion shell of the nickel ion. 

Experimental 

Nickel perchlorate solutions were made by dissolving nickel 
carbonate (Baker Analyzed Reagent) in a solution of perchloric 
acid prepared from the J. T. Baker Chemical Company (70%) 
reagent. Stock solutions were analyzed gravimetrically for 
nickel. Sodium perchlorate was prepared by dissolving sodium 
carbonate (Baker Analyzed Reagent) in concentrated perchloric 
acid and salting out with excess acid. Stock solutions were made 
from this solid with the addition of further sodium carbonate to 
neutralize the excess perchloric acid and were analyzed gravi- 
metrically after evaporation. The sodium oxalate was Mallinck- 
rodt Analyzed Reagent. 

The kinetics was studied at an ionic strength of 0.10 M using 
the rapid-mixing and flow apparatus described previously*; ab- 
sorption spectra were obtained with a Beckman DU spectropho- 
tometer. Two series of experiments were made in which nickel 
perchlorate solutions were mixed with sodium oxalate solutions. 
In the first, sodium perchlorate was added to bring the ionic 

(4) M. Eigen in "Advances in the Chemistry of the Coordination Com- 
pounds," S. Kirschner, Ed., The Macmillan Co., New York, N .  Y., 1961, 
p .  371. 

(5) G .  H. Nancollas, Queut. Ree. (London), 14, 402 (lQ60). 
(6) A. McAuley and G .  H. Nancollas, J .  Chem. Soc., 2215 (1961). 
(7) A. McAuley and G .  H. Nancollss, ibid., 989 (1963). 
(8) G. Dulz and N .  Sutin, Inoug. Chem., 8 ,  917 (1963). 

strength to  the required value, and in the second, part of the 
sodium perchlorate was replaced by perchloric acid. Although 
the addition of oxalate ions produces an appreciable intensifica- 
tion of the color of nickel perchlorate solutions a t  400 mp, the 
effect was too small to be useful a t  the low concentrations of the 
present work. It was required to keep the concentration of 
oxalate ions as small as possible in order to limit complex forma- 
tion to the mono complex. Absorbance changes in the ultraviolet 
in the presence of oxalate were very much larger, and the reac- 
tions were followed a t  wave lengths between 220 and 250 mp and 
a t  temperatures between 5 and 35'. Stopped-flow techniques 
were used to study reactions with half-lives greater than 5-6 
msec., and continuous-flow was used in faster reactions. 

Results 

The kinetic data are consistent with the assumption 
that the formation of NiA occurs via two paths 

ki i 

kid  
Ni2+ + A2- e hTiA 

Ni2+ + HA- 5 S i A  + H +  

(1) 

(2)  
kz i  

kzd 

The rate of formation of NiA is given by 

d(NiA) = klf(Ni2+)(A2-) - kld(SiA) + k2f(Niz+)(HA-) - dt 
k2d( NiA)( H +) 

If i t  is assumed that the protolytic reactions reach 
equilibrium much faster than the metal complex re- 
actions, then the following relations hold throughout 
the course of the reaction 

and 

where K1, and KOa are the dissociation constants of 
oxalic acid a t  an ionic strength of 0.10 M .  At equi- 
librium] d(NiA)/dt = 0 and the corresponding con- 
centrations are expressed by the equation 

kif 
(H+)eq[kdNiA)eq  f kzd(NiA)eq(H+)eq - k ~ r ( N i ~ + ) ~ ~ ( H A - ) ~ , l  

Kz,( Ni2+),q(HA4-)e, 

If (Ni*+) >> TA, where T A  is the total oxalate concen- 
tration, and (H+) is effectively constant, we may 
apply the mass balance condition 

and the rate of complex formation becomes 

where /3 = 1 + Kz,/(H+) + (H+)/K,,. The observed 
first-order rate constant under these conditions is 
therefore given by 
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TABLE I 
TIIE RATE OF FORMATION OF NiA IS NEUTRAL SOLUTIONS 

Ionic strength = 0.10 M 
Temp., (Xi2 +) X T A  X t l / ? ,  kid, 

O C .  104, M 106, M msec. sec. -1 

5 5.22 7.50 85 0.68 
5 13.05 10.0 34 0 .71  

10 5.22 7.50 55 1.1 
10 13 ,05  10.0 20 1 . 2  
15 5.22 7.50 32 1 . 9  
15 13.05 10.0 11 2 . 3  
20 5 . 2 2  7.50 27 2 . 4  
25 2.48 2.50 30 3 . 7  
25 2 .48  3.75 30 3 . 7  
25 2.48 5.00 28 4 . 0  
25 4.95 2.50 17 3 . 6  
25 4.95 3 . 7 5  17 3 . 6  
25 4.95 5 . 0  15 4 . 1  
25 5.22 7.50 17 3 . 4  
25 52.20 5.00 2 .0  3 . 2  
25 52.20 10.0 1 . 9  3 . 3  
25 104.4 5 . 0  1 . o  3 . 2  
25 13.05 10.0 6 . 6  3 . 7  
35 13.05 1 0 . 0  2 . 9  8 . 4  

TABLE I1 
THE RATE OF FORMATIOX OF NiA IN - 4 ~ 1 ~  SOLUTIONS 

Ionic strength = 0.10 A2 

Temp., (Niz +) X 
OC. 108, M 

5 8 . 4 1  
5 8 .74  
5 15.00 

10 8 . 4 1  
10 8 . 7 4  
10 15.00 
10 16.82 
15 8 . 4 1  
1 6 8.74 
15 15.00 
20 8 . 4 1  
20 8.74 
20 15.00 
25 7 . 8 3  
25 7.83 
25 8.41 
25 8.74 
25 10.00 
25 12.40 
25 12.40 
25 12.40 
25 15.00 
25 12.12 

TA X 
108, M 
1 . 0 0  
1.00 
1.00 
1.00 
1 . 0 0  
1 . 0 0  
1 00 
1 .oo 
1.00 
1 .oo 
1 .oo 
1 .oo 
1.00 
1.00 
0.50 
1.00 
1 .oo 
0.10 
0.50 
1 .23  
2.50 
1 .oo 
1 .23  

(H+) X 
102, M 
4 97 
7 40 
5 40 
4 97 
7 40 
5 40 
4 97 
4 97 
7 40 
5 40 
4 97 
7 40 
5 40 
5 00 
5 00 
4 97 
7.40 
5 00 
4 50 
4 40 
4 00 
5 40 
9 97 

1 / z ,  
msec 

35 
35 
29 
21 
24 
20 
18 
15 
12 
12 
10 
9 4  
7 0  
6 G  
6 . 6  
6 . 5  
5 5  
5 8  
5 5  
5 s  
5 r, 
5 0  
5 5  

kzd X IOw2, 
I mole-' 

sec. -1  

2 . 7  
2 1  
2 6  
4 3  
3 1  
3 9  
4 3  
6 5  
6 3  
A 6  

8 .8  
10 

11 
15 
15 
15 
14 
16 
17 
17 
17 
16 
1 t j  

where K1 is the association constant for reaction 1 a t  
I = 0.10 M .  Experiments in which sodium oxalate 
solutions were mixed with perchloric acid in the flow 
apparatus confirmed the validity of the assumpt on 
that the protolytic equilibria were maintained through- 
out the reaction. 

In neutral solutions, calculation of the concentrations 
of ionic species from the measured pH values shows 
(HA-) to be only about 1% of (A2-), and eq. 3 be- 
comes 

(4)  -- 0'6g3 - k l d [ l  + K1(Ni2+)] 
t '/? 

The results are summarized in Table I in which t l / ,  
values were obtained fr m the excellent first-order 

TABLE I11 
KINETIC PARAMETERS FOR THE FORMATIOX O F  NiA AT 25.0' 

A S D  IONIC STREXGTH 0.10 
S i z +  + A2- 

F! XiA 
N P +  + H A -  + NiA + H +  

k f a  7 . 5  x 104 5 x 103 
1. mole-' 1. mole-' 

sec.-l sec. -1 

k d a  3.6sec . - l  1 . 5  X IO3 
1. mole-' 

sec. -l 

Ef, kcal. mole-' 15 15 
Ed, kcal. mole-l 12 13 
AGr*, kcal. mole-' 11 12 
AHr*, kcal. mole-1 14 14 
AS**, cal. deg.-l mole-' 12 
KO,  1. mole-' 13 2 . 0  
klO, set.-* 6 X 10" 3 x 103 
AGO, kcal. mole-' - 1 . 5  - 0 . 4  
A&, cal. deg. --I m0.e-l 15 7 . 8  
AHo, kcal. mole-' 3.1 1 . 9  
AHin*, kcal. mole-' 11 12 
ASlo*, cal. deg.-l mole-' -3  -0 .8  

- 
I 

a Subscripts f and d refer to formation and decomposition 
reactions, respectively. 

rate plots of the experimental data. Activity coef- 
ficients, fz, of z-valent ions a t  I = 0.10 M were cal- 
culated from the Davies equationg 

logf, = -AzZ[I1/2/(1 + 1'/2) - 0.211 

with the appropriate Debye-Hiickel constant A and 
were used to correct the thermodynamic equilibrium 
constants K1,, Kz,, and K1 a t  each temperature. Values 
of the rate constant kld are given in Table I and it is 
seen that eq. 4 is closely obeyed over a range of (Ni2+), 
the rate being independent of T.4 under these condi- 
tions. 

A number of experiments were also made in the pres- 
ence of perchloric acid and the results are summarized 
in Table 11. Potentiometric measurements showed 
the pH to be constant to within 0.01 unit during the 
reactions, and under these conditions the results were 
analyzed using eq. 3 and the JZld values of Table I. 
t l / ,  values were obtained from first-order rate plots, 
and in Table I1 k2d  is probably accurate to = t l O ~ o .  
The last experiment of Table I1 a t  25' refers to a rate 
of dissociation in which the nickel oxalate solution was 
mixed with a perchloric acid-sodium perchlorate solu- 
tion and, once again, the k 2 d  value is in good agreement. 
The concentration range available for these experi- 
ments was limited by the high rate of the reaction. 

Values of E,, AG", AH", and AS" calculated from the 
slopes of plots of log k l d  and log k p d  against 1/T,  and the 
equations 

k = R T e - A G * / R T  and AG* = A H *  - T A S *  
N h  

are shown in Table 111. k i f  and k2f were obtained from 
the relationships k l f  = K I ~ I ( I  and k2f = KIK2,k2d. 
The net heat change for reaction 2 is given by AH, - 
AH2, where AH1 is the heat of association [reaction 
1 ] and AH2, that  of the second dissociation step of oxalic 
(9) C.  W navies, J .  Che?n. Soc , 2003 (1038). 
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acid a t  I = 0.10 M. AHl (3.0 kcal. mole-') was cal- 
culated from that a t  zero ionic strength, 0.15 kcal. 

using the expression 
1 bD 1 A H i  = AHo - 3RT2 dT + In fi 

The value of 1/D bD/bT where D is the dielectric 
constant of the solvent was obtairred from the data of 
Akerlof.10 AHza  (1.0 kcal. mole-') was obtained from 
a plot of log Kza against 1/T using the data of Pinching 
and Bates" corrected to an ionic strength of 0.10 M .  

Discussion 

There is considerable evidence supporting the view 
that the rates of complex-formation reactions are con- 
trolled primarily by the rate of loss of a water molecule 
from the inner coordination shell of the c a t i ~ n . ~ , ' ~  
For example, Hamm and co-workets13 have shown that 
the activation energies for complex formation of Cr- 
(H20)63+ with acetate, oxalate, malonate, citrate, and 
o-phthalate were all similar a.nd not too different from 
the activation energy for water exchange on Cr- 
( H ~ 0 ) 6 ~ + . ' ~  They proposed that the common slow 
step in these reactions was the loss of a water mole- 
cule from the inner coordination shell of the chromium- 
(111) and that in the case of the bidentate ligands 
the subsequent steps lzading to the chelated structures 
were relatively rapid. I t  has also been found that the 
rates at which F e ( H ~ 0 ) 6 ~ +  forms complexes with a 
number of inorganic ligands are similar, and i t  has 
been proposed that in these systems, too, the common 
slow step involved the loss of a coordinated water 
m~lecule . '~  Very striking evidence for this model 
of complex formation has been presented by Connick 
and co-workers.16 They have shown that the rates of 
exchange of water molecules between the bulk of the 
solution and the inner coordination shells of Mnz+, 
Fez+, Co2+, and Ni2+ correlated well with the rates of 
formation of the sulfate complexes of the cations 
determined by Eigen and Tamm. l7 

For purposes of discussing our results we shall adopt 
the reaction scheme used by Hammes and Steinfeld18a19 
in their studies of the complex formation of Ni(I1) 
and Co(I1) with ligands containing nitrogen atoms. 
The reaction of Ni(1I) with oxalate may be considered 
to occur in the following steps 

Xi(HzO)e2f + A2- e (H20)&J"(HZO)A 

(HzO)sh+i(HzO)A e (H20)sNiA + H20 

KO 

Klo 
kio 

koi 

(10) G.  Akerlof. J .  A m .  C h e m .  SOL.,  54, 4125 (1932). 
(11) G. D. Pinching and R.  G. Bates, J .  Res.  Null. BUY. Sld. ,  40, 405 

(12) F. Basolo and R. G. Pearson, "Mechanisms of Inorganic Reactions," 

(13) R. E.  Hamm, I<. L. Johnson, R. H. Perkins, and R.  E. Davis, J .  A m .  

(14) J. P. Hun t  and R. A. Plane, ib id . ,  76, 5960 (1984). 
(15) D. Seewald and N. Sutin,  Inovg.  C h e m . ,  2 ,  643 (1968). 
(16) T. J. Swift and R.  E.  Connick, J .  C h e m .  P h y s . ,  37, 307 (1962). 
(17) M .  Eigen and K. Tamm,  Z .  El ik!rochrm. ,  66, 93, 107 (1962). 
(18) G. G. Hammes and J. I. Steinfeld, J .  Am.  C h e m .  Soc., 84, 4639 

(1962). 
(19) J. I. Steinfeld and G. G. Hammes, J .  P h y s .  Chem., 67, 528 (1963). 

(1948). 

John Wiley and Sons, Inc., New York, N. Y., 1958. 

C h e m .  Soc., 80, 4469 (1958) 

kzo 

koi 
(HzO)&NiA e (H20)4NiA + HzO 

where (Hz0)bNiA represents a half-bonded intermedi- 
ate, the hydration of A2- is omitted, and i t  is assumed 
that equilibrium in the first step is attained rapidly. 
The rate of formation of (HzO)dNiA is given by 

Kzo 

d [ ( H Z O ) ~ N ~ A ]  
dt = ~ZO[(HZO)&J"AI - koz[(H~O)rNiA] 

If the steady-state assumption for the concentration of 
(H2O)sNiA is made, i t  follows that 

If K Z O  >> kol, then k l f  = ~ I O K O  and k l d  = k01/K20. 
It is seen that under these conditions the formation of 
(Hz0)4NiA is determined primarily by the loss of a co- 
ordinated water molecule. Following Hammes and 
Steinfeldlsplg we have calculated values of KO using the 
Debye-Huckel interaction potential, and these values 
together with the derived parameters for the nickel 
oxalate reactions are presented in Table 111. AS0 
was assumed equal to - 19.4zlzz/a with a,  the distance 
of closest approach of the ion-pair partners, equal to  
5 i%.; the other parameters are defined by AH0 = AGO 
- TASo, AHlo* = AHr* - AHo, and Aslo* = A S f *  - 

The values of klo determined in this work are com- 
pared with other estimates in Table IV. It will be 
seen that the various determinations of klo agree within 
one order of magnitude, which is rather remarkable in 
view of the large differences in the natures of the ligands 
and the assumptions made in calculating KO. 

The heats and entropies of activation may be com- 
pared with the corresponding quantities for water 
exchange on Niz+ determined by Swift and Connick.16 
These workers established that the rate constant for 
the exchange of water molecules between the bulk 
of the solution and the inner coordination shell of Ni2+ 
is 2.7 X lo4 sec.-l a t  25.0' and that the heats and en- 
tropies of activation for the exchange are 11.6 kcal. 
mole-' and 0.6 cal. deg.-' mole-', respectively. It 

AS0 . 

TABLE IV 
CALCULATED FIRST-ORDER RATE CONSTANTS FOR THE FORMATION 

OF MONO COMPLEXES OF NICKEL(IT) AT 25.0" 
Ionic streiigth = 0.10-0.18 M 

lO-akio,  
Ligands sec. -1 

Monodentate 
Imidazolea 16 
Thiocyanatebvc -6 
Sulfated 10 

Bidentate 
Oxalate ti 
Bioxalate 3 
Glycinea 9 
Diglycinea 12 
Triglycine" 4 .6  

A. G. Davies and W. M. Smith, Proc. Chew. 
Sac., 380 (1961). Ionic strength = 0.5 M. The lalue of klo 
is uncertain because of the large ionic strcngth correction made 
in the calculation of K;o. Reference 17. Reference 19. 

a Reference 18. 
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can be seen that these values are very similar to K I O ,  rates of complex formation are controlled primarily 
AHlo*, and Aslo*,  respectively, given in Table 111, by the rate of loss of a coordinated water molecule 
providing additional evidence for the view that the from the cati0n.~s~*>~6 

CONTRIBUTION FROM THE DEPARTMENT OF CHEMISTRY, 
BOSTON UXIVERSITY, BOSTON, MASSACHUSETTS 

Oxalate Exchange in the Bisoxalatoplatinate(I1) Ion 
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The kinetics of the exchange between bisoxalatoplatinate( 11) ion and free oxalate have been examined in weakly acidic 
aqueous medium. Under the conditions employed (25", pH 3.6-6.8, ionic strength = 0.17-0.55) the exchange proceeds 
very slowly according to the two-term rate law: oxalate exchange rate = kl[Pt( C204)2-*] + kz[Pt( C20&-2] [oxalate], 
Both rate constants are essentially independent of hydrogen ion concentration; k~ is also independent of ionic strength 
while kz increases with increasing ionic strength. Typical values for the constants at 25' are: pH 4.7 (oxalate buffer), 
ionic strength = 0.170, kl = 1.6 ( f0 .2)  X M-' set.-'. The results are interpreted 
in terms of a mechanism involving intermediates containing monodentate oxalate ligands. 

sec. -I, k2 = 4.6 ( h 0 . 3 )  X 

Many workers3 have investigated substitution re- 
actions of monodentate ligands in square complexes. 
In  general these reactions have been found to exhibit 
a combination of first- and second-order rate behavior, 
considerable evidence existing to imply that the first- 
order term involves solvent participation. Also, 
exchange reactions between free and coordinated oxa- 
late have been reported for various metal complexes.4-9 
To the best of our knowledge, however, this is the first 
reported kinetic study of oxalate exchange in a square 
complex. 

Experimental 

(A)  Materials.-Potassium bisoxalatoplatinate( 11) dihydrate 
was prepared by the reaction of potassium hexachloroplatinate- 
(IT') (J. Bishop and Co.) with excess oxalate.10 The resultant 
salt was recrystallized three times from distilled water, washed 
with absolute alcohol, and dried a t  i o " .  Portions of the salt 
were analyzed for carbon and hydrogen by  the usual procedure, 
the residue being heated in a stream of carbon dioxide and 
m-eighed as platinum plus potassium carbonate." The potassium 
content of a solution of the salt was estimated by passing meas- 
ured volumes through Domex 50W-X8 ion-exchange resin in the 
H+ form and titrating the effluent solution with standard sodium 
hydroxide using methyl red as an indicator. A typical analysis 
is given. Anal. Calcd. for K ~ P ~ ( C ~ O ~ ) ~ . ~ H Z O :  K,  16.11; 
Pt, 40.20; C, 9.89; H, 0.82. Found: K, 15.89; Pt, 40.6; 
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C, 10.12; H, 0.94. For the exchange experiments the potassium 
salt was quantitatively converted into the more soluble sodium 
salt by treatment of an aqueous solution a t  80" with Doivex 50W- 
X8 cation-exchange resin in the sodium form. 

Sodium oxalate with a carbon-14 activity of -1.7 pcuries per 
mg. was obtained from International Chemical and Nuclear Cor- 
poration. Water was obtained by heating ordinary distilled 
water with KMn04 and NaOH and redistilling in a Barnstead S-1 
apparatus. All other materials employed mere of reagent grade. 
(B) Preparation of Exchange Solutions.-Reactant solutions 

were prepared by  mixing appropriate volumes of sodium bisoxala- 
toplatinate(I1) solution, 0.050 AT oxalate solution12 with a car- 
bon-14 activity of -0.5 pcurie per ml., sodium nitrate solution 
(for ionic strength adjustment), and distilled water. In  some 
cases inactive oxalate solution and/or a phosphate buffer solution 
was also added. The reaction was studied at three different pH 
values, namely, 3.6, 4.7, and 6.8. In the first two cases it was 
possible to  use the active oxalate solution as a buffer, and it was 
ascertained by pH measurements on similar but  inactive solutions 
that  variation of the uncomplexed oxalate concentration (from 
1 X 10-3 to 2 X M )  in the various exchange solutions did 
not change the pH by more than k 0 . 1  unit. For the highest pH 
it was necessary to buffer the exchange solutions by the addition 
of an appropriate phosphate solution. For more strongly 
acidic conditions (pH <3) we were unable to obtain consistent 
kinetic results, and i t  was also visually apparent that  a reaction 
other than oxalate exchange was taking place; possibly polpm- 
erization of the bisoxalatoplatinate( 11) ion.I3 Reactant solu- 
tions were stored in the dark a t  a temperature of 25.00 & 0.05". 

Exchange Procedure and Calculations.-In a given ex- 
perimental run the amount of exchange was determined by dupli- 
cate determinations after three periods of time, usually -100, 
200, and 306 hr. Quenching was achieved by adding an aliquot 
of the reactant solution to an equal volume of l0ojO potassium 
chloride solution and cooling to  0'. Under these Conditions 
potassium bisoxalatoplatinate(I1) dihydrate is precipitated in 
2-3 hr.14 The precipitate was filtered and washed with ice-cold 

(C) 

(12) Oxalate concentrations refer to  the total concentrations of all uncom- 
plexed oxalate species in solution. 

(13) K. Krogmann and P H. Dodel, Proceedings of the  7th International 
Conference on Coordination Chemistry, 1962, p. 67. 

(14) Analysis of a carefully dried precipitate confirmed the  formula 
K~Pt(CzOd)r2Hz0.  This result and observations tha t  spectra of solutions 
of the  platinum complex remain essentially constant for 1 or 2 weeks, both 
in the  presence and absence of phosphate buffer, support the view t h a t  aqua. 
tion is unimportant and tha t  no significant amounts of phosphate become 
incorporated in the  coordination sphere of the  platinum. 


