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temperatures. Unfortunately this possibility was not
tested by us in detail. However, some preliminary experi-
ments at 40° (above the temperature of stability of the
decahydrate) made by Mr. Robert L.. Altman of these labora-
tories indicate that HCI will add to Na,SO, in the presence
of H,O vapor at about 0.8 relative humidity.

The second possibility, namely, that water acts merely to
enhance the surface concentration of sorbed HCI was tested
by studying the interaction of HCI at high pressures and thus
high relative partial pressures where we might expect to sat-
urate the surface layers of the solid. The tubes used for
these experiments were made of 2 mm. i.d. Pyrex capillary
tubing bent into the shape of aun S and mounted vertically.
One end of the S was sealed off, the other open. \ery fine
(90 mesh) powders of anhydrous Na,SO, were poured into
the open end and ‘‘tapped’’ down into the sealed end.
Sample sizes were about 150 mg. The capillaries were then
sealed at the open, vertical end to a vacuum line and pumped
for several hours at 150° in a block oven to less than 1073
inm. pressure to ensure outgassing of sorbed water. The
tube was then allowed to cool, some HCI gas was condensed
in liquid N; in the U-shaped bend of the vertical S and the
capillary slowly sealed off while pumping. Tlie tubes were
then permitted to warm to 20 where thev were kept for

TaBLE 1
Reaction or HCl Gas -+ Axwvprous NasS0, ar 20°
Duration
Pressure of of run Ol S04, AMole ratia
HCI (atm.) (hr.) < ‘0 C1/S04
2-25 24 2,31 62,4 0,10
3342 16 3.8y 62.53 17
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several hours. The HCI was then recondensed into the U-
bend and this section was sealed off from the dead end corn-
taining the Na,SO4 powder. Finally this latter section was
opened and the powder analyzed for Cl and $SO;. The re-
sults of these experiments are shown in Table I.

As can be seen, there is an extremely slow reac-
tion of HC], the rate of which appears to increase
with increasing partial pressure. It is not, of course,
possible to say that there are no traces of water in
these systems so that trace catalysis by H.O is not
excluded. However, these rates are at least 10°
times slower than the rates with the decahydrate
so that if there is a direct reaction of HCl gas with
the anhydrous salt its rate must be verv much
slower than the rate of reaction with the decahy-
drate and the effect cannot be ascribed to low sorp-
tion concentration of HCL.?

We therefore conclude that the HCI cither reacts
directly with the decahydrate or else that sorbed
H,O is a true catalyst in the system. These twa
possibilities should be easily distinguishable experi-
mentally and it appears that this systemn might
then be a very useful one in which to explore quan-
titatively the heterogeneous catalysis by water.

{9) At the partial pressures used, one wanld eslimuate wWmeost com-
plete coverage of the surfuce.
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Kinetics of the Thermal Decomposition of Nitric Acid Vapor.

III. Low Pressure

Results

By HaroLD S. JounsToN, LOUISE FOERING AND JAMES R, WHITE
REeCEIVED FEBRUARY 14, 1955

The decomposition of nitric acid vapor has been studied at low pressures (0.5 to 20 mm.) in two Vycor bulbs at tempera-
tures between 375 and 425° without and with the addition of argon, carbon dioxide, oxygen, water, nitrogen dioxide or

a

nitric oxide. The broad important features of the mechanism are the same as found before HNO; (__’ HO 4+ NO.,

c
HO + HNO; —> H,0 + NOs, (NO; + NOs = 2NO; + 1/,0, as with NoO,).

b
However, an attempt to separate out the

unimolecular decomposition, step a, at low pressures revealed the preseiice of a side reaction (or side reactions) involving

water, nitrogen dioxide and nitric oxide.

might be due to nitrous acid acting as a reactive intermediate.

From known kinetic and thermodynamic data it is concluded that these effects

However, the reaction is so complex under tliese conditions

that the secondary processes could not be clearly separated, nor is the reaction a suitable one for unimolecular reaction rate

studies.
Introduction
A preliminary study of the reaction
9HNQ; = 2NO; + H:0 + 1/20: (1)

in the presence of nitrogen at one atm. total pres-
sure gave first-order kinetics and indicated that an
important step in the mechanism is*

a

Working at low pressures of reactants in the ab-
sence of foreign gases, Frejacques found reaction (1)
to he second order.? An additional study, still at
one atm. total pressure, showed inhibition of the
first-order rate by nitrogen dioxide and results
fuilowed the further mechanism®

/1) H. 8. Johnston, L. Faering, Y. 8. Tao aml (i, H. Messerly,
‘I'urs JourNaL, T3, 2319 (1951).

(23 C. Frejacyues, Compt, rend., 232, 2206 11451).

3y H. 8. Johustou. L. Foeting and R. J. Thompsen, J. Fhye. Chenr,
BT, AUl {1053y

b
HO + NO; —> HNO;

[
(NO; + NO, —> 2NO; + /.0, as with N,05) (2)
(NO; + NO —> 2NO,, as with added NO) (3)

Over a wide range of temperature, additives such
as carbon monoxide, hydrogen, methane and ben-
zene were oxidized at about the same rate as the
rate of decomposition of nitric acid alone, which
gave support to this mechanism since hydroxyl
radicals would attack these molecules. This mech-
anism reconciled most of the disagreement between
ref. 1 and ref. 2 upon the assumption that Fre-
jacques was working close to the second-order
region of the unimolecular decomposition a. How-
ever, the values of activation energy and the effects
af aitric oxide were uot completely reennetled !

(4) C. Frejacunes, Thesis, University of Poris, 14153,
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The present study was carried out at very low pres-
surcs, both in order to resolve differences between
the different investigations and in the hope of sep-
arating out the low pressure limit of the unimolec-
ular decomposition, step a.

Experimental

Apparatus.—Two reaction bulbs were used, a 2-liter Vycor
flask and a 14.5-liter Vycor flask. The 14.5-liter flask was
enclosed in two hemispheres of silver, set inside a can
fabricated of heavy 2 S alloy aluminum sheeting, and set
iniside a larger can of the same material. Heating wires
were wrapped uniformly on all sides of the inner aluminum
can. Voltage was regulated by a Stabiline Automatic
Electromechanical Regulator (Superior Electric Co., Bristol,
Conn.) and controlled by a Powerstat variable transformer.
The space between the silver shell and the inner can was
air filled, and the space on all sides between the inner can
and outer can was filled with 6 inches of Santocel-A (Mon-
santo Chemical Co.) insulation. Light paths were pro-
vided through the flask to a photocell (RCA 1P28) mounted
outside the furnace. The phototube connected electrically
to an electronic voltmeter for slow rates or to an oscillo-
scope and camera for fasterrates. A system of calibrated gas
pipets led into the reaction bulb. Pressure inside the
reaction bulb could be followed by a very sensitive bourdon
gage, read with a microscope with a scale engraved in the
eyepiece.

The 2-liter bulb was mounted somewhat similarly. The
inner can was nickel-plated copper and the outer can was
steel.

Halocarbon (polychlorotrifluorocarbon) stopcock grease
was used.

Materials.—Nitric acid was prepared from sodium ni-
trate and sulfuric acid. Tank nitric oxide and nitrogen
dioxide (Matheson Co.) were purified and fractionated.
Argon, carbon dioxide and oxygen were obtained from com-
mercial tanks and passed through or liquefied by liquid nitro-
gen. Distilled water was used as the source of water vapor.

Calibration.—Relative volumes of the pipets were ob-
tained by expanding samples of dry air at known pressures
into the various volumes, both at room temperature and at
reaction temperature. Thermocouples, which were in-
serted at various points between the silver shell and the
Vycor bulb, were calibrated at the freezing points of tin,
lead and zinc. The colorimetric analysis for nitrogen di-
oxide, using either 436 mu line of a mercury arc or a band
430-460 mu from d.c. tungsten lamp, was calibrated by two
methods. In one case a measured volume of nitrogen di-
oxide at room temperature was suddenly expanded into the
furnace and the maximum optical density noted. By the
other method a sample of nitrogen dioxide was admitted
to the furnace and connected to the bourdon gage. The
system was left until equilibrium was attained for the re-

action
2NO; = 2NO + O, (4)

and then optical density and total pressure were read. At
low furnace temperatures (300°) the first method is better,
the second method is the only one suitable at high tempera-
tures (500°), but both methods were used at 400°, and they
gave the same result.

Stoichiometry.—The observed data were appearance of
nitrogen dioxide as a function of time, and most runs were
allowed to go until nitrogen dioxide reached a maximum as
reaction (4) became important. For nitric acid alone, or
for nitric acid in the presence of argon, carbon dioxide, oxy-
gen or water vapor, the final concentration of nitrogen di-
oxide was equal (=39%) to the initial concentration of nitric
acid as computed from initial pressures and volumes. This
observation is in agreement with the stoichiometry of equa-
tion 1. However, if one integrates the effect of equation 4
over the course of the reaction the final nitrogen dioxide
should be substantially less than the observed amount. It
appears, therefore, that the reaction follows the stoichiome-
try of (1) essentially to completion, and only then is reac-
tion (4) allowed to proceed.

In the presence of excess nitric oxide the final concentra-
tion of nitrogen dioxide was 1509% (£3%) that of the in-
itial nitric acid (the statement of stoichiometry in ref. 3 is in
error). The indicated stoichiometry is

2HNO; + NO = 3NO; 4+ H.0 (5)
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With excess nitric acid it appeared that essentially all of the
uitric oxide disappeared according to (5), and the residual
1itric acid disappeared according to (1).

For nitric acid alone and for nitric acid in the presence of
gases other than nitrogen dioxide and nitric oxide, the con-
centration of nitric acid at any time was calculated as [HNOs])
= [HNO;]o — [NOs]ops. For runs with nitric oxide it was
impossible to get an exact estimate of nitric acid. It was
assumed to be proportional to D, — D, where D is optical
density due to nitrogen dioxide. For excess nitric oxide this
procedure appears valid, but for excess nitric acid it appears
to be very uncertain.

Results

Nitric Acid Alone.—In the 2-liter Vycor bulb a
series of runs was made at 375, 400 and 425° with
nitric acid alone at pressures from 0.5 to 20 mun.
Below 5 mm. the rate was first order in nitric acid

throughout a given run, Fig. 1. Above 5 mm.
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Fig. 1.—Order over the course of a single experiment, The

empirical first-order rate constant.

inhibition by nitrogen dioxide could be detected,
and corrected for by the method of ref. 3. How-
ever, the straight line relation, Fig. 5 of ref. 3, was
followed for only one or two half-lives, and then
anomalous positive curvature set in. Even so,
these plots could be extrapolated to zero to give an
estimate of the initial first-order rate constant,
The empirical first-order rate constants increase
with initial concentration of nitric acid as can be
seen in Fig. 2. Over a wide range of initial concen-
tration the first-order rate constant is directly pro-
portional to initial concentration. This propor-
tionality constant is an empirical second-order rate
constant; and at 375, 400 and 425° these second-
order rate constants are, respectively, 0.64 X 10%,
2.0 X 105 5.8 X 10° cc./mole sec. The energy of
activation is 38.3 kcal.,, and the pre-exponential
factor is 5.6 X 10% cc./mole sec.?

In the 14.5-liter flask numerous runs were made
with 2.15 X 107 mole/cc. of nitric acid, and also a
short series was made with various amounts of ni-
tric acid alone at 400°. Once again the rate was first
order in nitric acid during the run, and the first-
order constant was proportional to initial nitric
acid concentration. This second order rate con-
stant was 3.0 X 10° cc./mole sec. at 400° in poor
agreement with the value found in the 2-liter bulb.

Most of the runs made in the 14.5-liter bulb were
with constant nitric acid, 2.15 X 10—%* mole/cc.,
and with varied added gas. In order to make the

(6) H. S. Johuston, D. Herschbach and J. R. White, Meeting of the
American Chemical Society, Los Angeles, Calif., Spring, 1953.
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Fig. 2.—Order of the empirical first-order rate constant with
respect to varied initial concentration of reactant.

runs with nitric acid alone comparable to those with
added gases, the results are plotted as nitric acid in
excess of 2,15 X 108 mole/cc. This plot is shown
in Fig. 4.

Nitric Acid in Presence of Various Added Gases.
—1In the 14.5-liter bulb, the initial nitric acid con-
centration was held constant at 2,15 X 10—% mole/
cc.,, and various amounts of other gases were
added. In the case of water it was added to the
reaction bulb first and nitric acid added afterwards.
For nitric oxide runs, the nitric acid was run in first
and nitric oxide was quickly added afterwards. For
argon, carbon dioxide, oxygen and nitrogen dioxide,
the foreign gas was mixed with nitric acid at room
temperature, and they were passed into the furnace
together. All successful runs were made at 400°
(see section on “‘Self-Cooling”’ below).

During a given run in the presence of argon, car-
bon dioxide or oxygen, the rate was first order in
nitric acid for at least two half-lives. At higher pres-
sures of these gases and at later times, some posi-
tive curvature in the plot of log [HNO;] vs. time
was noticed, but the initial slope was taken as the
empirical first-order rate constant for these cases.
During a given run in the presence of nitric oxide
the rate was first order in nitric acid for 3 to 5 half-
lives. In the presence of water, the plots of log
[HNO;} os. time were linear for 3 or 4 half-lives.
In the presence of nitrogen dioxide the plots of log
[HNO,] vs. time were linear for at most one half-
life and showed positive curvature after that.
Empirical first-order rate constants reported here
are the initial slopes of these plots. For these runs
an attempt was made to correct for inhibition by
nitrogen dioxide by the method of Fig. 5, ref. 3.
However, the plots were not linear nor were the
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slopes the same from one plot to another as they
should be.

The empirical first-order rate constants for the
various gases were averaged in groups of 2 to 7, and
these averaged values are plotted against gas con-
centration in Figs. 3 and 4. In all cases the first-
order rate constant is increased by added gases, but
the manner of this increase varies markedly from
one case to another, These data are available in
tabular form.*
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Fig. 3.—Effect of added gases on the empirical first-order
rate constant. Initial concentration of nitric acid vapor is
2.2 X 107* mole/cc. in every case.
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rate constant. Initial concentration of nitric acid vapor is
2.2 X 1078 mole/cc. in every case.

Discussion

It was shown previously that the rate-determin-
ing step in this system is the unimolecular decom-
position of nitric acid, reaction a. At these low pres-
sures the effect of argon, for example, indicates that
the reaction is within the ‘‘pressure sensitive’’ re-
gion of the unimolecular decomposition. As such,
the analysis of mechanism, especially the detection
of fine points, is extremely difficult. Every added

(6) These data have been deposited as Document number 4543 with
the ADI Auxiliary Publications Project, Photoduplication Service,
Library of Congress, Washington 25, D, C. A copy may be secured
by citing the Document number and by remitting $1.25 for photo-
prints, or $1.25 for 356 mm. microfilm, in advance by check or money
order payable to: Chief, Photoduplication Service, Library of Con-
gress,
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gas shows greater or less physical catalysis or activa-
tion by collision, and the separation of these physi-
cal effects from minor chemical effects may be very
difficult. However, from the very general form of
the Lindemann mechanism (the form with no
models or assumptions about the nature of the
detailed functions) one can make several general
statements about the signs of certain slopes and
curvatures and the values of certain dimension-
less ratios.” When any effect is found in this sys-
tem which contradicts these general statements, it
will be interpreted as proof of a chemical effect over
and above the elementary unimolecular reaction,

In Fig. 3 it can be seen that a plot of concentra-
tion of argon wvs. empirical first-order rate constant
is a line with negative curvature. If the only ef-
fect of argon is to provide physical activation and
deactivation of nitric acid according to a Linde-
mann mechanism, then one concludes from the rate
of curvature that at 2 X 10~ mole/cc. of nitric
acid, one is not within the second-order low-pres-
sure region of the unimolecular decomposition. The
data for carbon dioxide are in qualitative agree-
ment with those for argon, except that the relative
efficiency for energy transfer appears to be about
three times as great. The curve for oxygen is inter-
mediate between those of argon and carbon dioxide,
and it shows the same qualitative features.

The plots for water, nitric oxide and nitric acid
in Figs. 3 and 4 are of a different shape from that for
argon, for example. These added gases are linear to
much higher values of 2 than is the case for argon.
Also water and nitric acid alone seem to show a
slight positive curvature. When these results were
first obtained we were tempted to speculate about
why these polar gases were so much more efficient
in energy transfer than the other added gases.
However from consideration of our theorems’ about
what is possible and impossible for plots of this
kind, we were quickly convinced that water and
nitric oxide exert a chemical effect in this system in
addition to the energy-transfer effect. One is
forced to assume that water vapor is chemically
active in this system, that is, it chemically cata-
lyzes the decomposition of nitric acid at very low
pressure. Since water is a molecular product of the
over-all reaction (1), the reaction itself must be
autocatalytic (it may be recalled that catalytic ef-
fects of water were looked for but not found when
nitric acid decomposes in the presence of one atmi.
of nitrogen), and thus the results with nitric acid
alone are also anomalous.

According to Fig. 4 nitrogen dioxide is not an ef-
fective additive in this system. It was found before?
that nitrogen dioxide inhibits the decomposition of
nitric acid vapor in the presence of one atm, of
nitrogen, but under the present conditions of one
mm. of reactant the inhibition does not follow the
simple linear relationship with [NO.]/[HNO;] that
was found before. Apparently nitrogen dioxide
also has some slight effect different from that of the
previous mechanism,?

Mechanism.—The primary step in all reactions
of nitric acid vapor which have been examined in

(7) J. R. White and H. S. Johnston, J. Chem. Phys., 22, 1969
(1954).
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this series of studies?? is the unimolecular decompo-
sition of nitric acid into hydroxyl free radical and
nitrogen dioxide, step a. However, at very low pres-
sures, unlike the case at one atm. total pressure
which led to much faster rates, there exists a chemi-
cal effect due to water and to nitric oxide, and the
effect of nitrogen dioxide differs from that at higher
pressures. It could be that several different proc-
esses are beginning to be competitive at these low
pressures, but the simultaneous appearance of
trouble by water, nitric oxide and nitrogen dioxide
suggests an examination of nitrous acid as a reac-
tive intermediate. Wayne and Yost® have shown
this reaction to be extremely fast in both directions
at room temperature

NO + NO: + H,0 = 2HNO, (6)

If one proposes a reaction closely analogous to the
reverse of (6), one gets

HNO; + HNO; —> H,0 + 2NO, )

Using the known thermodynamic properties of
nitrous acid® one can estimate roughly the equilib-
rium constant K to be about 107 atm. ! at 400°.
If reaction (6) is fast enough essentially to main-
tain equilibrium, then (7) could compete with step a
under conditions of these experiments if (7) has a
preéxponential factor of 10'% cc./mole sec. and en-
ergy of activation below 7 or 8 kcal.

Other hypothetical sources of nitrous acid include

HO + NO —> HNO, (8)

HNO; + NO —> HNO, + NO; (9)

H,0 + NO, —> HNO; + OH (10)

Reaction (9) has been proposed by Frejacques,* but
it is excluded because at constant total pressure it
does not lead to a saturation of the nitric oxide ef-
fect which has been observed.? Step (8) on the
other hand, coupled with (7), explains exactly how
nitric oxide sustains? the initial rate against inhibi-
tion by nitrogen dioxide. Step (10) could have a rate
comparable to reaction a at 1 mm. total pressure
even if (10) has an energy of activation as high as 30
keal.

In Table I are listed the proposed mechanisms for
the decomposition of nitric acid under various con-
ditions. The first entry in the table is regarded as
fairly well substantiated.® The other entries are
not proposed in the sense that these steps have been
proven to be important for these cases, but rather
these mechanisms are proposed in the sense that
the actual mechanism cannot be any simpler,

TaBLE I

PROPOSED IMPORTANT STEPS IN THE MECHANISM OF THE
DECOMPOSITION OF NITRIC ACID VAPOR AT 400°

Total Added
pressure nitric oxide Proposed mechanism
1 atm. No a, b, ¢, (2)
1 atm. Yes a, b, c, (9), (8)
1 mm. No a, ¢, (2), (8), (7) or (11), (8)
1 mm. Yes a, ¢, (3), (6), (7) or (11), (8)

Self Cooling.—Reaction (1) is about 25 kecal.
endothermic at 400°, and thus under conditions of
rapid rate (especially in large reaction bulbs),

(8) L. G. Wayne and D. M. Yost, ¢bid., 19, 41 (1951).

(8) L. H. Jones, R. M. Badger and G. E. Moore, #bid., 19, 1599
(1951),
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temperature drops due to the cooling effect of the
reaction must be guarded against. Using Ben-
son’s!® method of calculating the average tempera-
ture drop across a reaction bulb and extending the

TaBLE I

CALCULATED AVERAGE TEMPERATURE DROP IN REACTION
BuLeBs DUE TO SELP-COOLING EFFECT OF ENDOTHERMIC

REeAcCTION
[HNO:} Av.
Reaction molescc. I, temp. drop,
cell X 108 °C. °C.
2-1. hulb 3 375 0,113

30 373 3

3 400 1.1
3l 400 i

3 425 [N
30 425 30

14.5-1. bulb 215 400 0.4
2.6 cm. dia. cylinder 100 395 2
100 475 60

(10) S. W. Benson, J, Chem. Phys., 22, 46 (1954).

James AL HaAPPE AND DoN S. MARTIN, JR.

Vol. 77

treatment in an obvious manner to cylinders, one
finds the values in Table II. In the 14.5-liter bulb
reactants were kept at such a low pressure that the
temperature drop did not exceed 1°. However in the
2-liter flask the runs at high pressures and high tem-
perature, Fig. 2, are severely distorted by this ef-
fect. For severe temperature gradients such as
these, the treatment!® is oversimplified, and for en-
dothermic reactions it represents the worst possible
temperature drop, rather than the expected actual
one.

The last two entries are based on Frejacques’ val-
ues, pp. 49-30 in ref. 4. Reactant pressures were
chosen so high that very severe temperature drops
occurred even in the small cylinders. This effect
of self-cooling is believed to account for the remain-
ing disagreement between our work and Frejacques,
especially his low energy of activation.
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Isotopic Exchange of Manganese during the Reaction between Manganese(II) and
Permanganate!?
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Isotopic exchange experiments with Mn% have been performed which involved various chemical forms of manganese
existing during the reaction of Mn** with MnO,~ in acid solutions to give a hydrous oxide containing manganese(IV). A

rapid 30 to 409 exchange occurred between Mn** and a freshly formed precipitate.
was unavailable for rapid exchange within 1 to 2 miinutes of formation.

However, 60-709%, of the precipitate
Isotopic equilibrium during the over-all reaction

between Mn**+* and MnO,~ required that MnO,;~ be completely reduced to Mn!Y before the formation or growth of pre-

cipitate grains.

Tetraphenylarsonium perimanganate was precipitated from solutions of MnO,~ and Mn**+in 1 to 2 molar
HNO; before the onset of the precipitation of MnO; which occurred at ca. 10 hours.
enough activity to correspond to an exchange half-time of 10 to 15 hours.

The permanganate fraction had gained
Spectrophotometric studies showed that before

a precipitate appeared at least 409, of the MnO,~ was reduced by a reaction approximately first order in MnO,~ and without

an induction period.
Mn** may not be real.

Introduction

The rate and the products of the reaction be-
tween manganese(II1) and permanganate in aqueous
solutions are strongly influenced by the content of
the solution. Noyes® has reviewed the abundant
evidence that in the familiar oxalate reduction of
AMnO,—, Mn*+ effects an initial rapid reduction of
the MnO,~ to oxalato-complexes of Mn!! which
slowly yield the products. In the autocatalytic
periodate oxidation of Mn*+, Waterbury, Hayes
and Martin® showed that MnO,~ oxidizes Mn*+ to
iodato complexes of Mn!! which are in turn oxi-
dized by periodate. However, in the presence of only
dilute nitric or perchloric acids Mn=*+ reduces
MnO,~ to form a hydrous oxide precipitate con-

(1) Work was performed in the Ames Laboratory of the United
States Atomic Energy Commission,

(2) Presented before the Division of Physical and Inorganic Chemis-
try at the 127th National Meeting of the American Chemical Society,
Cincinnati, Ohio, April 4, 1955.

(3) R. M. Noyes, Transactions N. Y. Acad. Sci., 13, 314 (1951).

(4) G. R. Waterbury, A. M. Hayes and 1}, S. Martin, Jr., THis
Journar, T4, 15 (1952),

In the presence of such large amounts of intermediate species, the exchange between MnO,~ and

taining Mn!V. The reaction between these ions in
homogeneous solutions is very slow. Tompkins?
demonstrated quantitatively the autocatalytic nu-
ture of the formation of the precipitate. This reac-
tion has been named the Guyard Reaction for which
the equation is frequently written

3Mn*+* 4 2MnO,~ 4 2H,0 —> 5MnO,; + 4H* (1)

In excess MnO,~ the MnO,~/Mn** ratio to react
is 2/3; however, the indefinite nature of the precipi-
tate is in part indicated by ratios as low as 0.56
which are commonly observed in excess Mn*+,
Freshly formed precipitates are very finely dis-
persed, but in a few minutes their color darkens
and they are separable by centrifugation and fil-
tration.

The possibility of isotopic exchange between
Mn*+ and MnO,~ was originally investigated by
Polissar® who found that negligible exchange oc-
curred at room temperature in the 15 minutes before

(3) ¥. C. Tompkins, Trans. Faraday Soc., 38, 131 (1942).
{6) M. J. Polissar, THis JoURNAL, 58, 1372 (1936).



