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The rates of the reactions Co3* 4+ Cl—=CoCl2+ have been studied-in the concentration ranges [Co(III)] = 3.0to 5.0 X 10—
M,[Co(II)] = 5.0t033.0 X 1072 M,(Cl™) = 4.8t0 105X 1073 M,(H™*) = 0.4 t0 3.0 M, ionic strength = 3.0 . Theapproach
to equilibrium is given by kopsd = £/(Cl™) + &’/ where &' = [k H*+) + kaeKin + kst Ki(Co?H)(H )] /[(H*) + K] and b’/ =
[Bra(H*) + EgaKon + ksa(CoT)H )] /(H™). The values of the constants are kit € 2 M~1sec.™ ! kyy = (2 £ 1) X 102 M1
sec.™} Kin = 0.22 &= 0.06 M, ks Ky = 26 &= 5 M~2sec.”], kg € 0.05sec.™!, kegKop = 1.5 £ 0.5 M sec.™!, k3 = 1.0 £ 0.2
M~ sec.”! at 25.0° and ionic strength = 3.0 M. The measurements suggest that Co(H:0)** undergoes water exchange

relatively slowly and thus that the stable state of Co(HzQ)e3* is the low-spin form.

Although numerous studies of substitution reactions
have been reported in recent years, very few have
dealt with reactions of cobalt(II1).? The paucity of
data on such reactions is probably related to the.in-
stability of free cobaltic ions in solution.*® This in-
stability precludes precise equilibrium measurements
of its complexing with anions. The problem, however,
appears somewhat more tractable by kinetic measure-
ments and we have studied the reactions of cobalt(III)
with chloride using a flow technique. A preliminary
report of these studies has appeared elsewhere.® We
wish to present here a more detailed account of these
investigations and to report the forward and reverse
rate constants for the reaction

Cos* + Cl~ > CoCli+
at 25.0°.

Experimental Section

Solutions of cobalt(1I) perchlorate were prepared by dissolving
cobalt carbonate (Baker and Adamson) in perchloric acid (Baker
Analyzed Reagent). Cobalt(III) solutions were prepared by
electrooxidation of the cobalt(II) at 0° and a current density of

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

(2) Visiting Scientist from the Chemistry Department, The University,
Glasgow, W.2, Scotland.

(3) M. Eigen and R. G. Wilkins, Advances in Chemistry Series, American
Chemical Society, Washington, D. C., to be published.

(4) L. H. Sutcliffe and J. R. Weber, J. Inorg. Nucl. Chem., 13, 281 (1960).

(5) J. H. Baxendale and C. F, Wells, Trans. Faraday Sac., §8, 800.(1957),

(6) T.J. Conocchioli, G. H, Nancollas, and N, Sutin, Proc. Chem. Soc., 113
(1964).

about 20 ma. cm.”2. Sodium perchlorate was prepared from
sodium carbonate and perchloric acid. The perchloric acid
(709%) and hydrochloric acid (37.89,) were obtained from the
J. T. Baker Chemical Co. The cobalt(II) and cobalt(III) solu-
tions were standardized spectrophotometrically (emax[cobalt-
(III)] = 37.0 at 605 mu and emax[cobalt(II)] = 4.84 at 509 mu).
The concentration of cobalt(III) was also checked by adding an
excess of standardized iron(II) solution to an aliquot of the
electrolyzed solution and titrating the excess iron(II) with
cerium(IV).

The kinetics were studied at 25.0° and an ionic strength of 3.0
M using the flow techniques and apparatus described pre-
viously.”® On mixing solutions of cobalt(III) and hydrochloric
acid, each adjusted to the same acidity and ionic strength with
perchloric acid and sodium perchlorate, two distinct changes in
absorbance are observed in the wave length range 280 to 330 muy.
A photograph of an oscilloscope trace showing these changes is
reproduced in Figure 1. The initial increase in ahsorbance is
associated with the formation of the monochloro complex of
cobalt(III) and the subsequent slow decrease with the reduc-
tion of cobalt(III) by chloride. In order to study the complex-
formation step, the reduction can be slowed down markedly by
decreasing the chloride and increasing the cobalt(II) and per-
chloric acid concentrations of the solutions. The following
concentration ranges were used: [Co(III)] = 3.0t0 5.0 X 104
M, [Co(1I)] = 5.0 to 33.0 X 10~% M, (Cl7) = 4.8 to 105 X
1073 M, (HCIOs) = 0.4 to 3.0 M. Under these conditions (pro-
vided the higher chloride concentrations were used with the
higher cobalt(II) and perchloric acid concentrations) the oxida-
tion-reduction reaction is relatively slow and the formation of
CoCl2* is essentially complete before any significant reduction of
cobalt(III) takes place. Another factor which limited the acidity
range that could be used in this work is the high hydrolysis con-

_ stant of Co?*+.

(7) G. Dulz and N, Sutin, I'norg. Chem., 2, 917 (1963),
(8) G. H. Nancollas and N. Sutin, bid., 8, 360 (1964).
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Figure 1.—The absorbance of the cobalt(III)-chloride system
as a function of time at 25.0°; [Co(III)] = 7.5 X 107514,
[Co(ID)] = 2.4 X 107+ M, (C17) = 5.0 X 1072 I, (HCIO) =
1.0 M, » = 280 mu. The abscissa scale is 300 msec. per major
division and the ordinate scale is in arbitrary units of absorbance.
The bottom trace corresponds to the absorbance of the solution
at “infinite’” time.

Results

The kinetic data are consistent with the assumption
that at the higher acidities the formation and dis-
sociation of CoCl?+ involves the reactions

k
Co(H;0)¢* + Cl1- k,—_>f (H,0)CoCl2+ + H,0 X,
1d
Co(H0)e?* === (H:0);:CoOH?* + HT K

k2
(H;0),CoOH?*+ + CI- k,é (H;0)CoOHCI* + H,O K,
2d

Co(H,0);C1?* —= (H,0);CoOHCI* 4+ H* K

Co(H:0)s* + (H:0),CoCl* % Co(H:0)e2t 4
(H:0);CoCl2+ Kj;
Co(H,0)e?t + Cl~ === (H:0);CoCl* 4+ H,0 K,
Provided the hydrolysis reactions and the formation

and dissociation of CoCl* are sufficiently rapid, the
rate of formation of CoCl?* is given by

2+

@d(;l—) = k1 (Co3T)(Cl7) — ka(CoCl2t) +
kaiK1n _ koo Kon
Eﬁ (CO3+)(C1 ) —_ (H+) (COCI“‘) —|—

3K (Co?T)(Co3+)(Cl™) — ksa(Co2+)(CoCl¥t) (1)
At equilibrium, d(CoCI**)/df = 0 and the concentra-

tions are related by the equation

keaKon
(H*)

(CoClP*H)eq
(Co)ea(Cl7)
kath}
wr ] @
where (H) = (H%)eq, (C17) = (Cl7)eq, and (Co?T) =
(Co?*t)eq. The mass balance equation for Co(III) gives

(Co®t) + (CoCl2t) 4 (CoOH2+) = (Co®*)eq +
(CoCl2T)eq + (CoQH2t)eq (3)

klf = I:kld + + k3d<C02+)}

[kng4(C02+) +

where the concentrations of CoOHCI+ and of more
highly hydrolyzed species of cobalt(III) have been
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Figure 2.—Plots of kgnea vs. (C17) at 25.0° and ionic strength
3.0M: (a) 040 M H*; (b) 0.50 M H*; (c) 0.70 M H*; (d)
1.00 M H*; (e) 1.30 M H*; (f) 2.00 7 H*; (g) 3.00 M H*.
[Co(IT)] = 5.0 X 1072 4, [Co(II1)] = 3.0 X 10~* to 50 X
104 M.

neglected. Upon substitution for ks and (Co®t) eq. 1
becomes

d(CoCl??)
da
{I:k1f(H+) + BoeKin + kafK4(C02+) (H+)
H*) + Kn
I:k1d(H+) + koaKon + ksa(Co?H)(HT)
(H)

Jeery +

}} [(CoCl2t)eq —
(CoC2)] (4)

The observed first-order rate constant is therefore given
by

0.693
kobsa = = k/'(CI7) + &" (5)
1/2
where
b = [k1f(H+) + RaKin + kst4<C02+)<H+):|
HY) 4+ Kn

B — [km(Hﬂ + kaaKon + kad(CO“’)(H"")]
(HY)
In Figure 2 values of konsa are plotted vs. (C17) at

constant (Co?*) and at various (H™) concentrations.
Values of k&’ and &'’ calculated from the slopes and inter-

cepts of these plots are presented in Table I. It fol-
lows from eq. 6 that
k'’ K 1
@)

EOK(HY) K
and, therefore, that Ki, and K; can be evaluated from
the slope and intercept of a plot of k’’/k" vs. 1/(HT).
This plot gives K1 = 26 = 3 Mt and K = 0.22 +
0.05 M at 25.0° and ionic strength 3.0 M.

In Figure 3, #'/ and k'[14+ Ku/(HT)] are plotted
against 1/(H*). It will be seen that the rates of the
reaction at lower acidities are faster than predicted by
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Figure 3.—Plots of &’/ and £’[1 + Ku/(HH)] vs. 1/(H*) at 25.0°
and ionic strength 3.0 M.

TaABLE 1

VALUES OF £’ AND %'’ As A FunctioN OF (H ™) AT 25.0° AND IONIC
STRENGTH 3.0 M, [Cobalt(II)] = 5.0 X 1072 )/

(H*, k’, k', k' /R,

M M -1 see, 71 sec, 1 M1
0.40 62.5 3.75 16.7
0.50 57.0 2.84 20.0
0.70 38.5 2.03 19.0
1.00 30.5 1.36 22.4
1.30 20.5 1.04 19.7
2.00 17.5 0.69 25.4
3.00 9.0 0.35 25.7

eq. 6. This deviation may be due to contributions of
reaction paths involving species which are more highly
hydrolyzed than CoOH?+. The values of ky:Kin esti-
mated from the initial slopes of the plotsin Figure 3 are
36 = 4 sec.mrand 1.5 = 0.5 M~! sec.”}, respectively,
at 25.0° and ionic strength 3.0 3. Substituting K, =
0.22 = 0.05 M gives kyy = (2 = 1) X 102 M1 sec.™,
The upper limits of [kir + ks:K4(Co?*)] and [ka +
k3a(Co?t)] estimated from the intercepts are 3 M~!
sec.”! and 0.1 sec.™!, respectively. Unfortunately, a
more precise determination of ki; and kg cannot be
made because ki (HT) <<kyKin and kra(HT) << kaaKon
even at the highest acidity used in this work.

In order to set more definite limits on ki and kg,
it is necessary to determine the effect of Co?* on the
complex formation and dissociation. The rate law
may be rearranged to give

_ ku(HT) + kzith:l .
fo = | '+ Kn 0T

kua(HY) + kaaKon + ksa(HT)
] (H) E
[kafK4(H +)(Cl17)
(H*) + Kn

Provided (H+) and (Cl~) are constant, a plot of Eobea
vs. (Co?t) should yield a straight line. Such plots are
shown in Figure 4. The values of kq and %K, ob-
tained from these plots are 1.0 = 0.2 M~ sec.™" and
26 £ 5 M~? sec.”?, respectively, at 25.0° and ionic
strength 3.0 M. If these values of ks, ks, and K

+ kw]@om ®)

MoNocHLORO CoMPLEX OF CoBALT(III) 3
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Figure 4.—Plots of Zobsa vs. (Co?*) at 25.0° and ionic strength
3.0 M: (a) 0.105 M Cl—; (b) 0.053 M Cl—; (c) 0.012 M Cl—;
(H*) = 2.0 M.

TaBLE 11

THE REDUCTION OF CoBALT(III) BY CHLORIDE IoNs IN 3.0 M
PERCHLORIC ACID AT 25.0°

[Co(IIT)] X 105,  (Cl-) X 102, (Co2™) X 103, t1/s,
Mo Mo M min?
1.06 0.51 2.86 10.4
0.95 0,51 13.0 65
1.03 0.68 2.89 7.7
1.06 1.02 2.86 4.2
1.12 1.02 3.78 5.5
1.18 1.02 6.22 7.6
1.14 1.02 8.76 12.4
1.14 1.02 10.3 14.5
1.14 1.02 13.8 32
1.05 2.04 2.87 2.0
1.12 2.04 3.78 2.7

¢ Initial concentrations of reactants. ® The #/, values arc
approximate only and were obtained from the initial slopes of
plots of log (absorbance) against time,

are substituted into the equation for 2" and %'/, we find
that ks < 2 M1sec.~! and kg € 0.05 sec. 71

The Reduction of Cobalt(III) by Chloride.—The re-
duction of cobalt(III) by chloride was studied by fol-
lowing the decrease in the absorbance at 605 mu as a
function of time. Plots of log (absorbance) vs. time
were not linear; the slopes decreased with time. Values
of t., estimated from the initial slopes, are presented
in Table I1. It will be seen that the rate of the oxida-
tion-reduction reaction decreases as the cobalt(II)
concentration is increased and that it is more than first
order in the total chloride concentration, at least in the
concentration ranges used. These data are not suf-
ficiently extensive to justify a detailed kinetic analysis
of the oxidation-reduction reaction at the present
time.

. Discussion
" The extent of hydrolysis of cobalt(III) ions in solu-
tion has been debated for some time. From a spectro-
photometric study of cobalt(III) perchlorate solutions,
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Hargreaves and Sutcliffe? concluded that no appreci-
able hydrolysis occurs above an acidity of 1 M. Earl-
ier, Bawn and White' had explained the kinetics of
decomposition of cobalt(III) sulfate solutions at an
acidity below about 1 M in terms of reactions involving
both a hydrolyzed species, (H;0);CoOH?*T, and a di-
meric species, (Hy0);CoOCo(H:0);*t, resulting from
the association of two CoOH?* ions. After a study of
the effect of acidity on the reaction between cobalt(I1I)
and cerium(I1I), Sutcliffe and Weber! revised their
previous findings and concluded that a hydrolyzed
species must be present at 1 M acidity; the hydrolysis
constant of cobalt(III) was given as 1.75 X 1072 M
at 25.0°. More recently, Baxendale and Wells® have
shown that cobalt(III) is present mainly in a dimeric
form in such solutions. In the light of this evidence,
Sutcliffe and Weber* made a spectrophotometric re-
examination of cobalt(III) perchlorate solutions at
acidities up to 1 M and suggested that rapid hydrolysis
of the cation is followed by slow formation of a dimer.
Since dimerization was ignored in their previous work,
their estimate of K1y, is probably in error. The value of
K = 0.22 £+ 0.05 M found in the present work from
measurements over a much wider range of acidity is
considered to be more reliable than the previous esti-
mates. The high hydrolysis constant of Co?* is
similar to that of Mn?t and recalls the powerful oxidiz-
ing properties of these ions in solution.!?:13 It has been
suggested that because these oxidizing agents attract
electrons so strongly they polarize the coordinated
water molecules to such an extent that dissociation of a
proton can readily occur.!?

There is also considerable uncertainty concerning the
rate of water exchange of Co(H:0)¢**. Friedman,
Taube, and Hunt!* have observed a rapid water ex-
change. However they suggested that the exchange
might be catalyzed by the Co*T ions present in their
solutions. Since Co?T undergoes rapid water exchange,
electron exchange between Co?T and Co®f could ac-
count for the fast apparent water exchange of Co-
(H,0)¢**+. Our studies allow an indirect estimate of the
rate of water exchange of Co(H;0)s*+. In order to do
this it is necessary to assume that, in common with
many other complex-formation reactions, the forma-
tion of (Hy0);CoCl2t from Co(H:0)e*™ and CIl— pro-
ceeds in two steps

CO<H20)33+ + ClI- i (H20)5C0H20C12+ Ko

R
(H,0)sCoH,OC12* - (H:0)5CoCle™ + H,0

with ks = Kk The value of K,, the outer-sphere
association constant, cannot readily be calculated from
first principles particularly at the ionic strengths used
in this work. We will therefore assume that K, is
the same in the cobalt(III) and iron(III) systems.

(9) G. Hargreaves and L. H. Sutcliffe, Trans. Faraday Soc., 61, 786 (1855).

(10) C.E. H. Bawn and A, G. White, J. Chem. Soc., 331 (1951).

(11) L. H. Sutcliffe and J. R, Weber, Trans. Faraday Soc., 52, 1225 (1956).

(12) H. Diebler and N. Sutin, J. Phys. Chem., 68, 174 (1964).

(13) C.F. Wells, Nature, 208, 692 (1965).

(14) H. L. Friedman, H. Taube, and J. P. Hunt, J. Chem. Phys., 18, 759
(1930).
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TaBLE III
CoMmPARISON OF THE CoBALT(III)-CHLORIDE AND IRON(III)—
CHLORIDE SYSTEMS AT 25.0°; IoNic STRENGTH 3.0 M
Co(III) system Fe(III) system?

Ky, M1 26 = 3 8.2

kg, M1 sec.”! £2 9 4 2

k14, sec. ™! £0.05 1.1 =02

kog, M~1sec.™t (2 £ 1) X 102 (2.1£0.3) X 10¢
k2aKon, M sec.™? 1.540.5 3.4 4+0.6
kotK1n, sec, ™t 40 = 1.5 28 £ 5

ksa, M1 sec, ™1 1.0 &= 0.2 12,1 £ 1.6

kyi Ky, M—* sec,1 26 + 5 96 + 12

@ R, J. Campion, T. J. Conocchioli, and N. Sutin, J. Am. Chem.
Soc., 86,4591 (1964).

Moreover k;, the first-order rate constant for water
exchange of the outer-sphere complex, is probably not
too different from k.., the rate constant for water ex-
change of Co(H:0)s**.8 TUsing the data presented in
Table III an approximate value of the water exchange
rate of Co(H:0)e*t can now be estimated from the
relation

kex,Co3 A klf,Co3+

kex,Fe3+ klf,}?eH <9)
provided the water exchange rate of Fe(H;0)¢* is
known. According to Connick and Stover’ this rate
constant is 3 X 108 sec.”! at 25.0°. Substitution in
eq. 9 gives k.x for Co(H:0)e?+t < 1 X 103 sec.™?! at
25.0°.  The rate constant for water exchange of (H,0);-
FeOH?* is, very roughly, 3 X 107 sec.~%,* substitution
of this value and the appropriate kinetic data in eq. 9
gives kex for (H20);CoOH?2T ~ 3 X 103 sec.~ ! at 25.0°,
The water exchange of (H:0);CoOH?* thus appears to
be about one hundred times slower than the exchange
of (H;0);FeOH?*+. This conclusion is very tentative
for although the value of kyKiy, is known with some con-
fidence the value of k;; depends on Ky,. As mentioned
above, the value of K1y is by no means well-established.
However even if Ky, were as low as 1.8 X 1072 M (the
value determined by Sutcliffe and Weber?) the rate of
water exchange of (H;0);CoOH2t would still be some
ten times slower than water exchange of (H,0);FeOH?2*,
Moreover, as in the corresponding iron(III) system,
it is likely that water exchange of (H,0);CoOH2* is
much faster than water exchange of Co(HyO)s*t and
therefore that k.. for the latter ion is much lower than
1 X 10%sec.”!. The slow exchange rates suggested by
these comparisons are not unreasonable in view of the
evidence that Co(H;O)¢** has a low spin configura-
tion. "7
Finally it should be noted that the cobalt(IT)-cata-
lyzed reactions provide a path for the chloride-catalyzed
cobalt(II)-cobalt(III) electron exchange. It is ap-
parent from Table III that electron transfer between
CoCl1?* and Co?t is about ten times slower than the

(15) R. E. Connick and E. D, Stover, J. Phys. Chem., 65, 2075 (1961).

(16) E. E. Genser, Ph.D. Thesis, University of California, Berkeley, 1962.

(17) H. L. Friedman, J. P. Hunt, R. A. Plane, and H. Taube, J. Am. Chem.
Soc., 78, 4028 (1951). It is unlikely that dimerization of CoOH2™* is suf-
ficiently large under the conditions used in these studies to account for the
diamagnetism of the solutions.



Vol. 5, No. 1, January 1966

corresponding FeCl?+-Fe?+ reaction. This difference
in rates is small and may be due to differences in the
standard free energy changes of the reactions. This

CRYSTAL STRUCTURE oF K,MnCly 5

suggests that spin multiplicity restrictions have, at
most, a small effect on the rate of the CoCl2+t—Co2+
electron-transfer reaction.

CONTRIBUTION FROM THE DEPARTMENT OF CHEMISTRY,
WESTERN RESERVE UNIVERSITY, CLEVELAND, OHIO 44106

The Crystal Structure, Visible, and Ultraviolet Spectra

of Potassium Hexachloromanganate(IV)!

By P. C. MOEWS, Jr.

Received July 26, 1965

Powder diffraction patterns of potassium hexachloromanganate(IV) can be indexed on the basis of a cubic cell with gy =
9.6445 & 0.0020 A. Systematic extinctions indicate that potassium hexachloromanganate(IV) is isostructural with po-
- tassium hexachloroplatinate(IV) and has the antifluorite structure [space group No. 225, Fm3m-0:°; with four Mn in (a)
000 + F.C.; eight K in (¢) = (1/«/41/s) + F.C.; and 24 Clin (e) =(x00, 0x0, 00x). F.C.]. Intensity data were col-
lected, and the structure was refined by the method of least squares. Individual temperature parameters Bya, Bx, and
Be) were determined to be 1.9 £ 0.3, 3.0 &= 0.4, and 2.55 &= 0.1 A2, respectively, and the single structural parameter, x,
was determined to be 0.2360 = 0.0004. The Mn-CI bond distanceis2.276 :I:"0.004‘A,, and-the K—~Cl bond distance is
3.412 & 0.004 A. The ammonium(ag = 9.80 == 0.02 A.), rubidium (ao. = 9.82 = 0.02 A.), cesium (a = 10.17 == 0.02 A.),
and tetramethylammonium (¢ = 12.70 =+ 0.02 A.) hexachloromanganate(IV) salts were also prepared and have similar
structures. The visible and ultraviolet spectra of potassium hexachloromanganate(IV) were determined and are discussed.

Introduction

Potassium hexachloromanganate(1V), K,MnCls, was
first prepared by Meyer and Best? in 1899. Weinland
and Dinkelacker? later prepared the compound by the
reaction of potassium permanganate with fuming hydro-
chloric acid

2KMnOq(s) + 16HCl —>
K,MnCly(s) + 4Cly(g) + 8H.0 + Mn?+ + 2C1~

and also reported the preparation of the ammonium
and rubidium salts. The hexachloromanganate(IV)
salts are described as black solids which rapidly decom-
pose on standing. Individual crystals appear “deep
dark red” under a microscope. The magnetic suscepti-
bility of K,;MnCls has been determined,* but apart
from this the hexachloromanganate(IV) salts have not
been studied.

Very few manganese compounds in which the man-
ganese atom has an oxidation number of 4-4 are known.
It is therefore of interest to characterize these com-
pounds further. Although the hexachloromanganate-
(IV) salts are not stable for long periods, it was possible
to determine the structure of K;MnClg by X-ray pow-
der techniques. The visible and ultraviolet spectra of
K:MnClg, as well as the unit cell dimensions of the am-
monium, rubidium, cesium, and tetramethylammonium
salts, were also obtained.

(1) Presented at the 150th National Meeting of the American Chemical
Society, Atlantic City, N. J., Sept. 1965.

(2) R.J. Meyer and H. Best, Z. gnorg. allgem. Chem., 23, 169 (1899).

(3) R. F. Weinland and P, Dinkelacker, ibid., 80, 173 (1908).

(4) S.S. Bhatnagar, B. Prakash, and J. C. Maheshwari, Proc. Indian Acad.
Sei., A10, 150 (1939).

Experimental Section

Analyses.—Auvailable chlorine, the chlorine liberated when the
manganese in higher oxidation states is reduced to manganous
ion by chloride ion, was determined by an iodometric titration.
An acidic potassium iodide solution was added to a sample of
the hexachloromanganate(IV) salt, and the liberated iodine was
titrated with a standard sodium thiosulfate solution. The solu-
tion remaining from the available chlorine analysis was analyzed
for manganese by adjusting the pH to 10 and titrating with a
standard ethylenediaminetetraacetic acid solution using the
““‘copper—PAN system’’ as an indicator.5

Preparation of Compounds.—Potassium hexafluoromanganate-
(IV) was prepared by the reduction of potassium permanganate
with ether in a solution of hydrofiuoric acid.®

Potassium hexachloromanganate(IV) was prepared by the
method of Weinland .and Dinkelacker.? The following detailed
procedure gives good results.

Concentrated hydrochloric acid (50 ml.) was cooled to 0° and
saturated with hydrogen chloride gas. Finely powdered po-
tassium permanganate (5 g.) was added; a vigorous reaction
occurred, and the temperature rose to 15°. The solution was
allowed to stand for 15 min. at 15° and then was poured into a
sintered-glass funnel. The black solid which collected was
thoroughly washed with glacial acetic acid and dried by drawing air
through it for 30 min. The yield of potassium hexachloroman-
ganate(IV) was 4.5 g., 829 based on potassium permanganate.

Anal. Caled. for KoMnClg:  available CI, 20.5; Mn, 15.9;
mole ratio available Cl/Mn, 2.00. Found 1 hr. after prepara-
tion: available Cl, 20.1; Mn, 15.7; mole ratio of available Cl/
Mmn, 1.98. Found 16 hr. after preparation: available Cl, 19.3;
Mn, 15.3; mole ratio of available Cl/Mn, 1.96. Found 96 hr.
after preparation: available Cl, 19.1; Mn, 15.9; mole ratio of
available C1/Mn, 1.87.

The ammonium, rubidium, cesium, and tetramethylammonium
salts of hexachloromanganate(IV) were prepared by adding the

(5) H. Flaschka and H. Abdine, Chemist-Analyst, 48, 58 (1956).
(8) W. G. Palmer, “Experimental Inorganic Chemistry,”” Cambridge
University Press, London, 1954, p. 484.



