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Values of AH® for the reactions Co?* 4 5CN~ = Co(CN);*~ and 2Co(CN);*~ + HsO " = Co(CN);(H0)2~ 4+ Co(CN);H~

have been calorimetrically determined to be —61.5 &= 0.5 and —32.0 &= 0.5 kcal/mol of Co(CN);%~, respectively.

The

AH® values are examined and discussed in terms of the oxidation of Co(CN);*~ and of the reaction of Co(CN);*~ with Ha(g).
The increase in AH® of approximately 20 kcal/mol per step in going from Fe(CN)¢*~ to Co(CN):4~ to Ni(CN)~ is dis-
cussed in light of the increase in the number of electrons in the eg subshell and the change in AH° per metal-cyanide bond in

this series.

Introduction
The reaction between Co(CN);3~ and Hx(g)?™* (eq 1)
and the reaction of Co(CN);®~ with water*% (eq 2) have

2Co(CN)33~ + Ha(g) = 2Co(CN);H~ (1)
2Co(CN)#~ + H,O = Co(CN);H?~ + Co(CN);OH!}" (2)

recently been studied. These studies have established
the kinetic and thermodynamic relationships for re-
action 1 and the stoichiometry and spectral properties
for the products of reaction 2.

To the best of our knowledge no thermodynamic
studies dealing with the reaction of Co(CN)s*~ with
water (eq 2) have been reported, probably because the
nature of the reaction was poorly understood. A AH
value of —74.4 kcal/mol has been reported® for the
formation of Co(CN);*~ from its constituent aqueous
ions (eq 3), but the results of this study are questionable

Cot* + 50N~ = Co(CN);~ 3)

since other reactions (see Results and Discussion sec-
tions) were probably occurring in the calorimeter under
the given experimental conditions.

In this paper are reported AH® values for reactions 3
and 4. Reaction 4 is a modification of reaction 2 with

2Co(CN)*" + H30+ = Co(CN);H.0*~ + Co(CN)H*~ (4)
the protonation of Co(CN);OH?~ included.

Experimental Section

Materials.—A stock solution of Co(ClO4): was prepared by dis-
solving recrystallized reagent grade Co(Cl0O,); (Amend Drug and
Chemical Co.) in oxygen-free, glass-distilled water and was stan-
dardized using sodium anthranilate. Subsequent Co(ClO4)
solutions used in this study were prepared by diluting portions
of this stock solution with deoxygenated, glass-distilled water.

The NaCN solutions were prepared just prior to use with re-
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agent grade NaCN (Baker) and glass-distilled, deoxygenated
water and were standardized by a modified Liebig procedure.”

Procedures. (1) General.—The calorimetric equipment
used in this study has been described.® The procedure was
essentially that used previously® with the additional precaution of
flushing the calorimeter with oxygen-free nitrogen for several
minutes prior to introducing the solutions.

In most of the calorimetric determinations, a 10-ml volume
of an NaCN solution (0.5-0.05 M) was added to 200 ml of a
Co(ClO.)s solution (3 X 1073 to 8 X 1074 M). This procedure
required that the over-all measured heat be corrected for the
heat of dilution of the NaCXN solution. These corrections were
taken from previously determined values.® In those cases where
a 10-ml volume of Co(ClO,), solution was added to 200 ml of a
NaCXN solution, separate determinations were made to correct
for the heat of dilution of Co(ClO.);. The heat of dilution of the
200-ml solution of either NaCN or Co(ClO,); was measured and
found to be negligible. The AH values at a given Co(CN);%~
concentration were found to be independent of the order of mixing.

The calorimetric determinations were corrected for thermal
effects due to HCN formation using literature® pX and AH®
values for HCN dissociation.

(2) Reaction of CN~ with Co?*.—The reaction of CN ™~ with
Co?" was studied calorimetrically under four different sets of
conditions: (a)ata CN~/Co?* molar ratio of 5/1, (b)ata CN~/
Co?* molar ratia of 10/1, (¢) at CN~/Co?* and OH ~/Co?* molar
ratios of 5/1, and (d) at a CN ~/Co?* molar ratio of 5/1 with 1 mol
of HC1O, added per mole of Co?t.

It was found experimentally that following the initial forma-
tion of Co(CN);%~ the presence of NaOH, condition ¢, significantly
retarded the subsequent reaction of Co(CN);3~ with water {eq 2),
making meaningful and reproducible calorimetric measurements
possible for the formation of Co(CN);3~ from Co?* and CN-.
The NaOH was added to the 10 ml of NaCN solution in a con-
centration such that the NaOH concentration was about 1 X
1073 M in the final 210 ml of solution in the calorimeter. Correc-
tions were applied for the heat of dilution! of the NaOH solution
as well as for thermal effects!® arising from the change in HCN
concentration due to the presence of NaOH.

(3) Reaction of Co(CN);*~ with H.0.—A spectrophotometric
study at 970 mu of Co(CN)s3~ kinetics carried out in this labora-
tory indicates that the addition of HCIQ, to a Co{CXN ;¢ solution
results in a marked increase in the rate of disappearance of the
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Co(CN)s*~. Thus, addition of HCIO4 made it possible to make
calorimetric measurements with equilibrium times of less than 3
min for the reaction of Co(CN);*~ with water. This reaction,
described above under condition d, was carried out by mixing 200
ml of an NaCN solution with a 10-ml volume of Co(ClOy), con-
taining 1 equiv of HCIO,. The added HCIO, ensured that the
Co(CN);OH?*~ species was completely protonated.}?

Thus, when the solutions were mixed in the calorimeter, two
chemical reactions occurred. First, Co(CN);3~ formed rapidly
from its constituent ions, and, second, the Co(CN);3™ reacted at
a slower rate with water, the rate depending upon the pH. The
over-all reaction which occurred in the calorimeter with 1 equiv
of HC10, added was the sum of eq 3 and 4 and can be represented
by eq 5. The over-all heat change measured in the calorimeter

Co?+ “+ S5CN- + 1/2Hao+ = l/2(:0((:1\”51‘1202— + 1/2CO(CN)DI‘%35;

also corresponds to the AH value for reaction 5. The absorbance,
measured using a Beckman DU spectrophotometer at 380 and
970 mpu, of solutions similar to those used in the calorimetric
measurements indicated that reaction 5 was completed in less
than 3 min, the time interval for the calorimetric measurements.

The decomposition!3 of Co(CN);*~ by HCIOsto form Co?* and
HCN was precluded by using only small amounts of acid (such that
the final solution pH was never less than 6) to catalyze the reaction
of Co(CN);3~ with HyO, reaction 4. The increase in absorption
with time at 380 mu corresponding to an increase in the con-
centration of Co(CN);OH?~ 3514 provided evidence that reaction
4 was indeed occurring. However, it was observed that increas-
ing the initial amount of HCIO, or buffering the solution at a pH
<6 caused decomposition of Co(CN)#~ to occur with evolution
of HCN in agreement with the observation of Espenson and
Pipal.t?

The possibility that some of the Co(CN);H?~ decomposed by
the reverse path of reaction 1 during the calorimetric measure-
ments was ruled out in view of the rate data of Burnett, Con-
nolly, and Kemball3 and those of DeVries* which indicate that no
significant amount of Co(CN);H?~ would have decomposed under
the experimental conditions existing in the calorimetric deter-
minations.

Results

The calorimetric data for runs under conditions a-d
discussed in the Experimental Section are presented in
Table I. In each case, except d, the initial Co(ClO,).
concentration was varied from 3 X 107%to 4 X 10~* M.

Formation of Co(CN);%~.—In Figure 1 is presented a
plot of the AH values in Table I for the reaction of Co®*
with CN— »s. the initial Co(ClO,); concentration. The
data plotted in Figure 1 show that at initial Co(II) con-
centrations below 1.5 X 1072 A/ the AH value becomes
significantly more negative as the total cobalt concen-
tration decreases for conditions a and b. Under condi-
tion ¢, however, this effect is removed by the presence
of excess NaOH, which inhibits the further exothermic
reaction of the newly formed Co(CN);*—, reaction 4.
If the best line defining the lower curve in Figure
1 between initial Co(ClO,); concentrations of 3 X 103
and 0.7 X 1073 M is extrapolated (dashed line, Figure
1) to zero Co(CN);*~ concentration, a AH® value of
—61.5 = 0.5 kcal/mol is obtained for the formation of
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Kkinetic data to be 9.7: A, Haim, R. J. Grassi, and W. K. Wilmarth, Advances
in Chemistry Series, No. 49, American Chemical Society, Washington, D, C.,
1965, p 31. This value has also been determined at 25° in this laboratory
from spectrophotometric and pH measurements to be 9.7, in good agreement
with the value calculated from kinetic data.
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TABLE I
CALORIMETRIC DATA FOR THE
InTERACTION OF CN~ wiTH Co?*
Initial
[Co2+], Op1, Qeor,
mmol cal® cal

AH, keal/mol of
initial Co(1D)°

(a) Initial Molar Ratio CN~/Co?* = 5/1

0.5651 —0.131 —34.420 —60.68 &= 0.09
0.4462 —0.180 —27.520 —61.27 = 0.05
0.3718 —0.185 —22.6805 —60.30 = 0.05
0.2972 —0.191 —18.548 —81.77 == 0.10
0.2231 —0.180 —14.356 —63.54 +=0.13
0.1487 —0.147 -9.768 —64.70 = 0.14
0.1189 —0.050 —8.244 —68.92 3= 0.17
0.08919 —0.070 —6.510 —72.21 == 0.18
0.07431 —0.050 —5.552 ~74.04 % 1.37
0.08538 +0.010 —4,858 —74.46 = 0.20
0.06241 +0.010 —~4.649 —74.65 = 0.46
0.05943 +0.010 —4.302 ~72.56 = 1.30
0.03571 +0.040 —2.552 —72.58 = 0.55
(b) Initial Molar Ratio CN~/Co?* = 10/1
0.5950 +0.660 ~36.372 —62.24 = 0.03
0.4463 —0.040 —28.004 —62.86 = 0.01
0.2075 —0.135 —19.461 —64.96 &= 0.08
0.2232 —0.040 —14.884 —668.51 &= 0.65
0.1487 —0.191 —10.633 —-70.22 4= 0.03
0.07434 —0.147 —-5.756 ~75.45 += 0.15
0.06547 —0.040 —5.063 —76.72 &= 0.28
0.05943 —0.030 —4.531 —75.74 = 0.56
0.02970 +0.030 -2.177 —74.31 = 0.35
(¢) Initial Molar Ratios: CN—/Co?+ = OH—/CO?*+ = 5/1
0.4462 —0.35 —27.440 —60.71 &= 0.09
0.2230 —0.05 —13.762 —61.49 + 0.44
0.1487 0.00 —9.174 —61.69 +1.35
0.1189 —0.200 —~7.244 —59.24 4= 0.16
0.08925 —0.090 -~5.071 —55.81 + 1.02
0.07436 -0.080 -4.075 —53.72 = 1.05
0.05947 —0.060 —-3.261 —53.83 & 0.67
(d) Initial Molar Ratios: CN~/Co?* = 5/1, H*/Co?* = 1/1
0.1832 —0.030 —17.236 —~93.92 4= 0.12
0.09182 +0.010 —8.533 —93.04 £ 0.05

@ Qpi is the heat resulting from the dilution of the NaCN solu-
tion and the interaction of CN~ with H*. ? Q.. is the total
heat liberated in the calorimeter corrected for all extraneous
energy terms (i.e., heat of stirring, etc.). The values given are
in each case averages of at least three determinations. ¢ The
uncertainties are standard deviations based on at least three
determinations.

Co(CN);*~ by reaction 3. The reason for the decrease
in the — AH values at Co(ClO,), concentrations below
7 X 10~* M is unknown.

The presence of excess CN ™, condition b, has an in-
teresting effect on the AH value for the formation of
Co(CN)s®~ as seen in the upper curve of Figure 1 which
parallels that obtained under condition a but with the
AH values more negative by approximately 2 kcal/mol.
Possible reasons for this effect are presented in the Dis-
cussion.

The calorimetric runs carried out under condition d
involving addition of HCIO;, resulted in a large exo-
thermic AH value of —93.5 = 0.5 keal/mol which can
be assigned to reaction 5. Since the enthalpy change
for this reaction is the sum of the AH values for the for-
mation of Co(CN):*~ and the reaction of Co(CN);3—
with H;O07*, one obtains AH, = AH; — AH; =
(—93.5 4+ 61.5) kcal/mol = —32.0 kcal/mol of Co-
(CN)g*~ for the reaction of Co(CN)s3~ with H;O™, re-
action 4,
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Figure 1.—Plot of initial molar Co(ClO4), concentration wvs.
—AH for the Co?™CN~ interaction. Conditions: (a) initial
molar CN—/Co?* ratio = 5/1, O; (b) initial molar CN~/Co?™*
ratio = 10/1, {; (c) initial molar ratios: CN~/Co?* = OH~/
Co?* = 5/1, A; (d) initial molar ratios: CN~/Co** = 5/1,
H*/Cott = 1, 0.

Discussion

The results from the earlier calorimetric study of the
Co?t-CN~ system by Guzzetta and Hadley® cannot be
usefully compared to those of the present study because
these workers used excess KCN (1.0 M) and did not
specify the initial acid concentration in their 0.4 M Co-
SOy solution.  Also, their results were obtained in much
more concentrated solutions than those used in the
present study.

The fact that the upper curve in Figure 1 which is
drawn through data points obtained under condition b
parallels that drawn through data points obtained un-
der condition a suggests an interaction between Co-
(CN);3~ and the excess NaCN present under condition
b. Any appreciable interaction of Co(CN);*~ with
CN~— appears unlikely in view of the low equilibrium
constant values, 107! to 107* 1% and <<1, estimated
for the reaction Co(CN)s*~ 4+ CN— = Co(CN)g*~
On the other hand, Pratt and Williams!® report weak
interactions between M+t (M = Rb, K, Na, Li) and
Co(CN)s*~. A K value of 3.5 is reported by these
authors for the reaction Rb+ 4+ Co(CN);*~ = RbCo-
(CN);2~. No K wvalues are given in the case of Nat,
but interactions somewhat weaker than in the case of
Rb* are indicated. Also, log K values of 2.35 £ 0.02
and 1,46 = 0.02 and AH values of 1.0 = 0.3 and 0.5 &=
0.5 kcal/mol have been reported!” for the interaction
of K+ with Fe(CN)s*~ and Fe(CN)g®~, respectively.
Thus, it appears likely that the upper curve in Figure 1
is the result of an interaction between Na¥* and
Co(CN);*~; however, further experimentation is desir-
able to resolve the question.

Recently, a AH® value of —11.2 keal/mol of Hy(g) was
reported? for reaction 1. The combination of half
this AH° value with that for reaction 4 gives an inter-
esting thermochemical result, reaction 6. Reaction 6
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CO(CN‘);)S'" -+ H;O0F = 1/2Hg(g) -+ CO(CN)S}IQOQ—
(AH® = —58.4 kcal/mol of Co(CN)#) (6)

is simply the oxidation of Co(CN);*~ by an acidic solu-
tion to form Hy(g) and Co(CN);H,02~. It is now in-
formative to compare the AH® value for reaction 6 with
that’® for reaction 7. The oxidation of Co(CN);*~ is

Fe(CN)¢#™ + Hy0T = Fe(CN)*~ + /,H,(g) + H.O
(AH® = +26.7 kcal/mol of Fe(CN)t~) (7)

seen to be a much more favorable process enthalpy-
wise than is the oxidation of Fe(CN)s*~. This can he
understood by considering the change in ligand field
stabilization energy (ALFSE = LFSE, roquets
LFSE caotants) in going from the +2 to the 43 metal
ion complexes. Using available 10Dg values for Fe-
(CN)e*~ (33,800 cm™),"? Fe(CN)s?~ (35,000 cm™1),19
and Co(CN);*~ (33,000 cm~!)% and calculating a 10Dg
value of 32,100 em~! for Co(CN);H,0%~ by assuming it
to be the weighted average of the 10Dg value of Co-
(CN)*~ (34,800 cm™)™ and Co(HuO)s?+ (18,600
cm™Y)2 (average environment rule), the values of
ALFSE for reactions 6 and 7 are found to be —50 and
+32 kcal/mol, respectively, compared with measured
AH® values of —58.4 and +26.7 kcal/mol for these
same reactions. Thus, the powerful reducing ability of
the Co(CN);*~ ion parallels the large negative enthalpy
change when the antibonding a; (d,.) electron is lost
from the Cyy Co(CN);3~ ion* thereby forming the more
stable Co(CN);H,0?~ jon.

Combination of the AH® value for reaction 6 with
half of that for the reverse of reaction 1, 5.6 kecal/mol,
results in a AH® value for reaction 8 of —52.8 kcal/mol.

Co(CN):H?*~ + Hs0t = Co(CN);H,O~ + H, (8)

If the Co(CN);H?~ ion is considered to be a hydrido-
pentacyanocobaltate(III) ion,'* then the AH® value
for reaction & can be visualized as the sum of the AH°
values for a hypothetical two-step reaction. The
first step is the replacement of a hydride ion by a water
molecule and the second step is the subsequent reaction
of the hydride ion with a hydrogen ion to form H,(g).
Since the AH value for the aquation reaction of a sub-
stituted Co(CN);X?*~ complex is likely to be small, the
AH® value for reaction 8 should reflect primarily the
reaction between the hydride ion and the proton to form
Ha(g).

Earlier papers from this laboratory have reported
AH? values for the formation of Fe(CN)g*~ 2 and Ni-
(CN)4~ 28 from their respective aqueous ions. These
complex ions together with Co(CN);*~ form an inter-
esting series in which the Fe(CN)g*~ ion is octahedral,
the Co(CN)z*~ ion is likelys quare-pyramidal with a
water molecule occupying the axial position,'® and the

(18) G. 1. H. Hanania, D. H. Irvine, W, A, Eaton, and P, George, ibid., T1,
2022 (1967).
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Ni(CN)4*~ion is square planar. The relationship in this
series between the change in structure and the appear-
ance of electrons in the e, subshell has been discussed.®
It is now of interest to examine the effect of these elec-
trons on the AH° values for the formation of these com-
plexes from their respective aqueous ions. The AH°
values of —85.77, —61.5, and —43.2 kcal/mol show an
increase of 24.3 kcal/mol between Fe(CN)g¢~ and Co-
(CN)s*~ and 18.3 kcal/mol between Co(CN);*~ and
Ni(CN)2—. These successive increases in AH° cannot
be accounted for by the decreased number of CN~ per
M2+ bonds alone. This is seen by dividing the AH®
value in each case by the number of CN— per M?*.
One thus obtains —14.3, —12.3, and —10.8 kcal per
metal-cyanide bond for Fe(CN)g=, Co(CN);#~, and
Ni(CN).2—, respectively. Two questions now arise.

ForMATION AND DISSOCIATION OF TETRACYANONICKELATE(II) Jon 2239

First, why does the AH® value per bond decrease in the
series and, second, why are the AH° values per bond
only approximately half the differences in the AH®
values per mole in the series? The decrease in the
— AH?® value per bond suggests that the successive addi-
tion of electrons to the e; subshell has a labilizing effect
on the metal-cyanide bonds as suggested by Pratt and
Williams.!® The second question indicates that addi-
tional factors play a role in increasing the AH® values
per mole in the series. Such energy quantities as ligand
field stabilization energies of the complexes and metal
ions involved, pairing energies of the metal ions, = bond-
ing, and relative hydration energies are undoubtedly
important. Since the magnitudes of most of these
terms are unknown for these species in aqueous solu-
tion, further interpretation is not attempted here.
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The raté of formation of Ni(CN)?~ is a fifth-order reaction, first order in nickel and fourth order in total cyanide; HCN is a

reactant as well as CN .
M~tsec™tat 25.0°, u = 0.1 M (NaClO,).

From pH 5.5 to 7.5 the rate expression is kg,2[Ni2*}[CN ~]2[HCN]? where k2,5 equals 1.6 X 101
Above pH 7.5 the reaction order in CN ~ is greater than 2 and the reaction order
in HCN is less than 2, but the total cyanide dependence remains fourth order.

The kinetics of dissociation of Ni(CN )2~ in

acid (10-% to 2 M HCIO,) indicate the presence of several protonated species including HNi(CN),~, HoNi(CN),, and H;Ni-

(CN)s.

is 30.5.

Introduction

Stepwise stability constants for cyanide complexes of
nickel are not known because the tetracyano complex is
so stable that it forms preferentially when nickel(II)
and cyanide ion are mixed. Even solid Ni(CN), has
been shown to consist of Ni?* and Ni{CN),*~ ions.2—*
The log 8. value is approximately 30 rather than the
often quoted estimate of 22.° The magnitude of the
constant is well established from a wide variety of
determinations which have included toxicity,® spectro-
photometric,” kinetic,® and potentiometric studies.®
There are some variations in the 8, value because of
differences in ionic strength but there are additional
disagreements which we believe can be attributed to

(1) Correspondence to be addressed to this author.

(2) D.N. Hume and I. M, Kolthoff, J. Am. Chem. Soc., T2, 4423 (1950).

(8) F. Feigl, V. Demant, and O. E. deOliveira, Anais Assoc. Quim. Brasil,
3, 72 (1944).

(4) F. A. Long, J. Am. Chem. Soc., T8, 537 (1951).

(5) W. H. Latimer, ‘“Oxidation Potentials,”” 2nd ed, Prentice-Hall, Inc.,
New York, N. Y,, 1952, p 200.

(6) P. Duodoroff, Sewage Ind. Wastes, 28, 1020 (1956).

(7) H. Freund and C. R, Schneider, J. Am. Chem. Soc., 81, 4780 (1959).

(8) D. W. Margerum, T. J. Bydalek, and J. J. Bishop, #bid., 88, 1791
(1961).

(9) J.J. Christensen, R. M. Izatt, J. D. Hale, R. T. Pack, and G. D. Watt,
Inorg. Chem., 2, 337 (19683).

Equilibrium studies from pH 4 to 5 confirm the first two acid species with protonation constants Kg = 2.5 X 10°
M~tand Keg = 3.0 X 10* M~1; Kug is estimated to be 400 M ~! from the kinetic data.

The log Bs value for Ni{CN),2~

the presence of protoriated forms of the complex in some
studies.

The overwhelming stability of the diamagnetic Ni-
(CN)42~ complex compared to lesser cyanide ion com-
plexes with nickel accounts in good measure for the
kinetic behavior reported in this work. Four cyanide
ions are needed both thermodynamically and kinetically
to give the stable diamagnetic square-planar complex.
Intermediate species such as NiCN+, Ni(CN),, and
Ni(CN);~ are not observed, although they can be as-
sumed to be present as reaction intermediates. An
unusually high reaction order results—fifth order over-
all. Despite the high reaction order the speed of the
reaction is great even at low concentrations and stopped-
flow methods were used to follow the rate of formation.
The kinetics of the formation reaction are extremely
interesting for another reason, namely, that hydro-
cyanic acid is a reactant as well as cyanideion. FEarlier
work has shown the important kinetic role of HCN in
the formation of mixed cyanide complexes of amino-
carboxylate complexes of nickel.’ The importance

(10) D. W. Margerum and L. I. Simé4ndi, “Proceedings of the 9th Inter-
national Conference on Coordination Chemistry,” W. Schneider, Ed., Ver-
lag Helvetica Chimica Acta, Basel, Switzerland, 1966, p 371.



