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Effects of Electrolytic Dissociation upon Rates of Reactions. Part 11.7
Metal lon Catalysed Rates of Aquation of Penta-ammineoxalatocobalt(ii)

Pauzi B. Abdullah and Cecil B. Monk

Edward Davies Chemical Laboratories, University College of Wales, Aberystwyth, Dyfed SY23 1NE

Association constants (Ku.) of ion pairs formed between a series of divalent metal ions [including
magnesium, and also lanthanum(i) ions] (M"*) and the divalent anion (L2-) of the complex
penta-ammineoxalatocobalt(ii) have been calculated from spectrophotometric u.v. absorbance
measurements under virtually static conditions at 50 and 60 °C with ionic strength / = 0.5 mol dm~3.
Some of these constants have also been estimated from e.m.f. measurements of a glass electrode/
calomel electrode cell under the same conditions. Rate coefficients of aquation (k.s.) of the cobalt(in)
species in the metal salt solutions at 60 °C and / = 0.5 mol dm~3 were determined from timed u.v.
absorbance changes. From the k... and Ky, data, rate coefficients (k3) of the metal-oxalato ion pairs
were estimated. The figures for the transition metals of the first series (manganese, cobalt, nickel,
copper, and zinc) and for magnesium indicate an approximate linear relationship between the K. and
k3 values; in terms of this, the k3 values for cadmium, lead, and lanthanum are of a lower order. There
is a broad similarity between these features and those reported by others for various metal ion catalysed
reactions, such as the rates of decarboxylation of 3-oxoglutaric acid.

The aquation of penta-amminecarboxylatocobalt(in) ions
is subject to catalysis by both hydrogen ions and many metal
ions. Studies such as those of Dash and Nanda ?* show that
ion pairing between unprotonated forms of the cobalt(i)
species and metal ions can account for increased sensitivity to
aquation, so the pK values of the protonated cobalt(in) ions
are an important factor. This arises from a need to suppress
the self hydrolysis of metal ions by using slightly acidic media.
Thus with the dicarboxylato types the pKp, (first dissociation
constant) value of the monoprotonated oxalato form is about
2, so that useful concentrations of the unprotonated complex
can be realised in dilute acidic solutions. This is not so with
other known dicarboxylato complexes of cobalt(i), which
have pKp,; values of about 4.*

Dash and Nanda ? utilised this feature of the oxalato com-
plex to make extensive studies of its metal ion catalysed rates
of aquation and of the corresponding association equilibria
of the metal-oxalato complex ion pairs (both by spectro-
photometry). Their analysis of the kinetic data was based on
the expression (i), where &, is the rate coefficient of aquation of

kohs. =
koKpi/[H*] + ki + k%[H*] + ksKm Kon[M"*]/[H*]
1 4+ Kpy/f[H*1+ Kpi K [M"*]/[H*]

()

the unprotonated complex, k, is that of the singly protonated
complex, k’; is described as that of an activated complex
formed between the singly protonated complex and the H*
ion, k; is that of the metal ion-oxalato complex ion pair,
Ky, is the dissociation constant of the hydrogenoxalato
complex, Ky is the association constant of the metal ion—
oxalato (L?7) ion pair, and [H*] and [M"*] represent con-
centrations of these two cations at zero time of reaction.
The expression (i) was treated as a two-parameter equation
in k3:Ky and Ky. These were computed from linear plots of
1/(kops. — k’obs.) against 1/[M"+]. The term k’,ps, refers to the
value of k,,,. when [M"*] = 0. Nanda and Dash ? also used
M"*] = [M"*]otar and [H*] = [HCIO,] + [complex]. The
derived "parameters were then refined by linear least mean
squares analysis to get the minimum value of k... — kobs.-
Since Ky, and k; are interdependent, improved precision
would result from independent assessments of Ky, and in a
later paper Nanda and Dash 3 did this by obtaining absorb-

ance changes at a low enough temperature to provide almost
static conditions. Some of their Ky results, even allowing for
temperature differences, are markedly different from those
deduced from the kinetic data,? and there is some scatter
among the Ky, values from different runs with the same metal
ion.

We have therefore repeated some of the work, and have also
extended it to other metal ions so that comparisons could be
made with other metal ion catalysed reaction rates where
general relationships between &3 and Ky or M"* concen-
trations have been noted. Also on the practical side, we have
used the more convenient method of measuring timed absorb-
ance decreases to obtain ks, whereas Nanda and Dash?
transferred timed samples to cold acid, treated these samples
with cation exchange resin, and titrated the freed oxalate in
the filtrates from this with KMnQO,. In addition, estimates of
some Ky values and that of K, [the association constant of
penta-ammine(hydrogenoxalato)cobalt(i)] have been derived
from e.m.f. measurements of a cell containing glass and
calomel electrodes.

Experimental
Penta-ammineoxalatocobalt(ir) perchlorate was prepared by
a published method.!'® Perchlorates of metal ions (including
lithium for maintaining constant ionic strength) were made
from the corresponding carbonates or oxides and perchloric
acid. The concentrations (apart from the lithium perchlorate)
were found by titrations with ethylenediaminetetra-acetate
(edta); ¢ those of the lithium stock solutions were deter-
mined by treatment with hydrogen ion exchange resin and
titration with standard sodium hydroxide.

Spectrophotometric measurements were obtained with a
Pye-Unicam SP 8-200 instrument fitted with temperature
control and probe, programme control unit, and printer. For
rate studies, readings were taken at 5—30 min intervals
according to the speed of reaction. A 50 cm?® sample of each
solution was taken, and after the cells had been filled the
rest was kept at 70—80 °C until the final readings were con-
stant. This took account of any absorbance by the metal ions.
The reference cells contained water.

The e.m.f. cell for obtaining pK,: and pKy, values can be
represented as: glass electrode/[Co(NH;)s(Hox)][ClO,]. (CY),
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Table 1. Example of the determination of the association constants
of monoprotonated penta-ammineoxalatocobalt(in) from e.m.f.
measurements; I = 0.5 mol dm™; 2.303RT/F at 50 °C = 0.064 116
V; correction to C; values to obtain constant E°(cell) was — 64 x
1073 mol dm™3; E°(cell) = —0.373 54 4 0.00004 V; Kay = 122 +
2 dm? mol™

10°C,y/ 10°C,/ —10%E(cell)l —10°E°(cell)/

moldm™ moldm™ v \Y Ka,

196 18 887 37 349

287 20 356 37 358

374 21272 37 356

457 21928 37 352
181 457 22 629 123
396 457 23 202 120
661 457 23 703 120
935 457 24 070 125

HCIO, (C;), M(ClIO)» (C3), LiClO4 to 1= 0.5 mol dm™3/
calomel electrode (ox = oxalate, n = 2 or 3).

The calomel electrode contained 0.1 mol dm™ KCIO,
instead of a saturated solution, to prevent KClO, crystal
formation at the calomel electrode liquid junction, The start-
ing solution was 0.5 mol dm™ LiClO, (200 cm?®) containing
HCIO;, (ca. 0.005 mol dm™). E.m.f. measurements were made
with a digital voltmeter system described elsewhere.”® The
ensuing procedures are described in the Results section.

Results and Discussion

Association Constants.—Cation association with the oxalato
complex decreases u.v. absorbance at a specific wavelength.
If such absorbances are measured before changes due to
aquation occur, these decreases can be used to calculate the
association constants of the ion pairs formed between the
metal ions and penta-ammineoxalatocobalt(i).* We have
used this method of calculation here, and the results are
summarised in Table 1, together with those of Nanda and
Dash ? and those which Dash and Nanda ? deduced from their
kinetic studies. The two sets of results for nickel and copper
given by these authors differ considerably. An examination
of their ‘ static’ figures for nickel(11) (for which they cite 139
dm?® mol™ at 28 °C) gives 75 + 1 dm?® mol™! for the second
of their two runs. This is in closer accord with 51.5 dm? mol™
at 55 °Cwhich they derived from kinetics, and with theanswers
obtained from the present work. On the other hand a wide dif-
ference between the Ky, value (148 dm?® mol™ at 55 °C) which
they obtained from kinetic runs with copper(i) and their
¢ static * average of 473 dm® mol™ at 28 °C is not resolved by
inspection of their three runs carried out by the latter method.
Our own work suggests that their figure from the kinetics is
much too small,

As to the other metal ions we have used in common with the
above authors, namely zinc(ir), cobalt(ir), and manganese(i1),
there is good general agreement in the results. Other sources
of data are required for comparisons with our studies using
lead(n1), cadmium(ir), lanthanum(ur), and magnesium(ii).
These are referred to later.

E.m.f. measurements with our cell have given independent
answers for K,, [the association constant of penta-ammine-
(hydrogenoxalato)cobalt(ur)] and for Ky of the zinc(m),
nickel(m), cobalt(i), and lead(u) ion pairs. To calculate

E(cell) = E°(cell) — (RT/F)In [H*] (ii)
Kay = x/[(Cy — xNCy + C; — x)] (iii)
x=C;+ C, — [H*] (iv)
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K1, the expressions used were (ii)—(iv), in which C; and C,
are stoicheiometric concentrations of the complex salt and
perchloric acid, respectively, and x is the concentration of
hydrogenoxalato complex.

Values of E°(cell) were calculated from the e.m.f.s of dilute
perchloric acid and lithium perchlorate ( = 0.5 mol dm™),
using [H*] = C, in equation (ii). Several additions of acid
were made but the corresponding E°(cell) values changed
systematically with increases in C,. This is attributed to H+
ion exchange and/or adsorption by the glass of the cell and
electrodes. A similar feature was observed by Hills and
Ives ® in their work with the mercury(1) chloride electrode in
the same acid concentrations as we used, namely 0.001—0.005
mol dm™. We found that by subtracting a small fixed con-
centration for the C, values of a particular run the average
deviation in the E°(cell) values was reduced to a reasonable
level.

After the last addition of perchloric acid, several successive
amounts of complex were stirred into solution. From the
e.m.f. values and the average E°(cell) value, [H*] was found
from equation (ii), x from (iv), and hence K,, from (iii). A
sample run is shown in Table 1. The average K,, values from
several runs are 120 + 2 dm?® mol™ at 50 °C, and 132 + 4 at
60 °C (both at I = 0.5 mol dm™). These agree well ! with
125 4+ 5 from * static ’ spectrophotometric shifts and 115 + 5
from spectrophotometric studies of rates of aquation (both
answers are for 60 °C and 7 = 0.5 mol dm™),

For a Ky, determination the initial solution consisted of
complex (Cy) and perchloric acid (C) in 0.5 mol dm lithium
perchlorate. The values of E(cell) and K,,; were used to cal-
culate x of equation (iii) (in its quadratic form) and hence
E°(cell) was found by way of equations (ii) and (iv). Several
successive additions of stock solution of metal perchlorate
(concentration equivalent to 7 = 0.5 mol dm™) were made and
theresulting E(cell) values yielded a set of Ky, figures. For this
purpose equations (ii) and (iv) gave [H*] and x for applic-
ations in equations (v)—(viii).

[Co(NHa)s(0x)*] = x/([H*]1K41) )
[Co(NH3)s(0x)*, M"*] = Ci — x — [Co(NHj)s(0x)*] (vi)
M**] = C; — [Co(NHy)s(ox)*, M"*]  (vii)

Ky =
[Co(NH3)s(ox)*, M"*)/[Co(NHz)s(0x)*JIM"*]  (viii)

The average Ky, values are shown in Table 2, They agree
well with those obtained in the present work by the ° static’
spectrophotometric method (Table 2).

Rate Coefficients.—Values of ks were calculated by means
of the linear least mean squares method in which Y = In
(Aops. — As) and X = time. The rate coefficients of aquation
(k3) of the [Co(NH,)s(ox)]*, M"* ion pairs were calculated
from equation (ix) and the ky, k,;, and k’, values given in a

kobs.C1 = ko[Co(NHa)s(0x)*] + k;[Co(NH;)s(Hox)**] +
k"2[H*] + ks[Co(NHa)s(ox)*, M"*]  (ix)

previous study.! The concentrations of the three complex
species at zero time were found by use of equations (v)—(viii).
The values of Ky and of k; for the first series of transition
metal ions, as noted previously,? follow the Irving-Williams
order 1° for the stability constants of many metal ion asso-
ciation complexes involving chelating ligands. A wider
comparison which covers all the metal ions in the present
work [except lead(i)] is provided by the figures of Prue !* for
the metal ion catalysed decarboxylation of 3-oxoglutarate.
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Table 2. Association constants of ion pairs formed between metal(ir)
ions and penta-ammineoxalatocobalt(ir) from measurements under
almost static conditions; concentrations in mol dm=3; I = 0.5 mol
dm™

Metalion T7/°C 10‘°C, 10°C, 10*C; Ko
Spectrophotometry at 300 or 310 nm
Zinc 50 482 483 0.45t04.50 46 + 2
Zinc 60 4.82 4.86 0.45t0 4.50 49+ 3
Nickel 50 4.56 433 0.79t09.83 66 + 3
Nickel 60 4.65 423 0.49t03.70 65+ 3
Cobalt 50 495 423 0.67to08.35 48 + 3
Cobalt 60 4.69 4.86 2.00to 6.68 38+5
Manganese 50 4.82 4.23  0.86 to 6.45 14+3
Manganese 60 4.82 423 0.861t010.76 144+ 2
Copper 50 5.2 423 0.08to1.18 508 + 6
Copper 60 4.65 4.23  0.06t0 0.60 380 £+ 20
Lead 50 4.42 3,78 0.10t01.97 165 + 17
Lead 60 495 412 0.99t07.46 129+ 9
Cadmium 60 4.57 486 0.94t09.42 21+ 4
Magnesium 60 6.25 473 340to13.60 6.1 +0.3
Lanthanum(i) 60  6.11 473  0.25t02.52 169 + 9
E.m.f. measurements
Zinc 50 111.0 542 0.19t0 1.84 51+ 3
Zinc 60 164.0 507 0.54t02.87 54 + 1
Nickel 50 71.9 472 0.82t02.55 60+ 3
Cobalt 60 164.0 254 0.19t01.92 3541
Manganese 50 100.3 4.72  1.56to0 3.50 11 £0.2
Lead 50 106.0 380 048t01.80 164 + 5
Lead 60 165.0 5.07 0.48to01.80 132+ 4
Cadmium 60 81.0 473  1.56to 3.96 14 + 0.5

Prue’s version of the mechanism of decarboxylation in the
presence of metal ions is as follows. 3-Oxoglutarate loses
CO, in two stages. The first results from bond rearrangement
and this leads to loss of CO, and formation of an enolate
anion. If the activated complex (from which the second
molecule of CO, is lost) closely resembles this anion it might
be expected to form metal chelates with association constants
similar to those of the corresponding malonates. Prue !
obtained values of k; by application of equation (x), where

kovs.C1 = KalA?"] + ki[HA™] + k[A?7]IM™] (%)

A2~ represents 3-oxoglutarate and [A2~][M"*]is proportional
to [MA]. He showed that a plot of log k; against log Kya
(malonate chelates) is almost linear for the first series of
transition metals together with magnesium and cadmium,
while the point for lanthanum lies well below this plot. The
present results (summarised in Table 4) give a similar picture.
Our figures for cadmium and lead lie below the main line of a
log ki/log Ku. plot (the cadmium point in Prue’s plot is also
slightly low). This may arise from the relatively larger sizes
of these two cations, resulting in slightly less weakening of the
bond where aquation occurs. The low effect of lanthanum in
both reactions may be related to the chelate or ion pair
having a charge of +1 whereas the divalent metal series are
electrically neutral.

An alternative view of the mechanism is that metal chelates
are formed with 3-oxoglutarate and for an analogous reaction,
the decarboxylation of oxalacetic acid which also loses car-
bon dioxide in two stages, Gelles et al.'?!3 attempted to dis-
tinguish between the possible forms of the activated complex
generated in the presence of calcium, manganese, nickel, and
copper(tt) ions. The first possibility is that there is interaction
between metal ion and oxalacetate before the first stage of
decarboxylation, and the second is that the interaction is with

Table 3. Metal(1) ion catalysed rates of penta-ammineoxalato-
cobalt(u) at 60 °C and I = 0.5 mol dm™3; concentrations in
mol dm™

10*C, 10°C, 10°C, 10%ons. /st 10%k,/s™*
Zinc
4.43 10.80 43.9 8.55 1.4
4.43 10.80 65.8 10.15 1.5
4.43 10.80 87.7 10.95 1.5
25.9 22.00 87.7 10.30 1.7
Nickel
325 10.60 12.7 7.55 2.15
325 10.60 25.4 9.65 1.95
325 10.60 38.0 11.25 1.95
32.5 10.60 50.7 12.2 1.9
4.05 10.80 11.0 8.05 2.25
Cobalt
4.03 5.40 66.8 9.20 1.5
322 10.60 334 7.35 1.55
32.2 10.60 50.1 8.35 1.5
322 10.60 66.8 8.55 1.4
Manganese
28.2 7.56 50.0 5.85 1.2
28.2 7.56 65.0 6.20 1.2
28.2 7.56 75.0 6.55 1.25
28.2 7.56 90.0 6.75 1.2
Copper
38.4 10.80 21.1 86.5 10.2
38.4 10.80 30.2 92.0 10.4
384 10.80 45.3 98.5 10.5
32.2 21.20 21.1 70.0 9.8
322 21.20 30.2 79.0 9.9
Lead
29.6 7.56 39.5 13.9 1.85
29.6 7.56 59.2 15.9 1.95
11.53 5.67 9.85 8.05 1.9
11.53 5.67 68.1 16.4 1.95
Cadmium
24.6 7.56 50.0 5.35 0.85
24.6 7.56 65.0 5.60 0.85
24.6 7.56 75.0 5.80 0.90
24.6 7.56 90.0 6.25 0.90
Magnesium
9.95 4.73 424 4.08 0.65
9.95 4.73 84.8 4,73 0.62
9.95 4.73 106.0 5.06 0.71
9.95 4,73 127.0 5.42 0.79
Lanthanum(i)
10.53 4.73 2.52 5.80 1.25
10.53 4.73 5.03 7.48 1.4
10.53 4.73 7.51 8.42 1.45
10.53 4.73 10.05 8.95 1.4

the species left after this first stage. If the latter interaction
is the one which actually occurs, it should be similar to that
in metal oxalate complexes. Gelles ez al. attempted to
resolve the issue by determining the association constants
Kwm and Kuu, of the metal ion oxalacetate chelates, and
plotted the Ky, values and published figures for the cor-
responding oxalates against log k3 values. The plot involving
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Table 4. Average values of association constants of metal(tr) ion-
penta-ammineoxalatocobalt(ir) ion pairs, and their rate coefficients
of aquation

Metal ion Ky /dm® mol™ 10%k;/s™!
Zinc 50,7 39> 64 ¢ 1.5°0.71°
Nickel 62,° 52,139,761 2.0,91.54"
Cobalt 37,252 48 ¢ 1.571.46°%
Manganese 12,46 15°¢ 1.27046°%
Copper 380,% 148,473 ¢ 10.2, 8.38 ¢
Lead 130° 1.9°
Cadmium 18¢ 0.9¢

2 Present work at 60 °C, / = 0.5 mol dm 2. ? Ref. 2, 55°C, [ = 0.3
mol dm™. € Ref. 3, 28 °C, I = 0.3 mol dm™3, ¢ Ref. 3, recalculated.

Ky, (oxalates) is approximately linear, while that involving
KL (oxalacetates) shows that the reactivities of the nickel
and copper(n) activated complexes are lower than expected
from a linear free energy relationship.

However several factorsrender thisinterpretation uncertain.
Thus the Ky, and Ky, determinations of the oxalacetates
were made at varying ionic strengths in order to establish the
values at zeroionic strength, whereas the rate coefficients, ks,
were obtained in media of 7 = 0.1 mol dm™3. Conversion of
Ky and Ky to 7 = 0.1 mol dm™ involves significant activity
coefficient expressions. The existence of Kyy, chelates and
of enolic and ketonic forms, both of which can form chelates,
also obscures a precise analysis. Later work by others,™
particularly on metal-enzyme catalysis of the decarboxylation
of oxalacetate, is considered to favour the view that activation
arises from the formation of 1:1 M : oxalacetate chelates.
This is in line with the generally held view that ion pair or
chelate formation between metal ions and the original
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reactant(s) accounts for enhanced reaction rates. It is clearly
desirable, as in the present work, to obtain independent
assessments of the ion pairs or chelates formed by the re-
actants under conditions as close as possible to those used in
obtaining the kinetic data.
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