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ABSTRACT

Differential scanning calorimetry (DSC) has been used to determine the
enthalpy of dehydration of manganese(lI) oxalate dihydrate and the enthalpies of
decomposition in nitrogen and in oxygen of the anhydrous oxalate. The thermo-
dynamic data have been related to the activation energies reported in kinetic studies

and to the mechanisms proposed for the thermal decomposition and oxidation
processes.

INTRODUCTION

There is a considerable literature devoted to the investigation of reactions which
occur on heating manganese(11) oxalate dihydrate (MOD). Kinetic studies have been
concerned with both dehydration!-? and the subsequent decomposition of the
anhydrous oxalate in various atmospheres®—°. Recently, detailed reaction mecha-
nisms for the latter reaction in inert and in oxidizing atmospheres (referred to hence-
forth as the oxidizing reaction) have been proposed’®. This work included the
investigation by electron microscopy of the texturai changes which accompanies
dehydration, decomposition and oxidation.

An important feature of the dehydration is a characteristic dependence of the
rate of water loss upon the prevailing water vapour pressure®, a pattern of behaviour
which has become known as the Smith-Topley Effect. The conditions of dehydration
influence the structure of the anhydrous oxalate and such variations, in turn, exert
some control upon the kinetics of subsequent decomposition or oxidation!®. Values
of the activation energy reported in the literature®- ' ' range between 70-100 kJ mol—!
for the dehydration, and from 140 to 185 kJ mol™* for decomposition. These varia-
tions have been attributed to differences in the defect structure of the anhydrous
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oxalate as the solid product of the dehydration reaction and reactant for decomposi-
tion. The activation energy for the oxidation reaction is 100 kJ mol—* and the value
for the decomposition of the oxalate jon in KBr!2- '3 is 250-265 kJ mol—*.

It is predicted from thermodynamic considerations'! that the solid products of
pyrolysis of manganese(II) oxalate are oxides and possible stoichiometric reactions,
which may participate in salt decomposition and oxidation, are given in Table I,
cach is numbered for reference. Thermodynamic data for the reactants and products
listed in Table 1 are given in Table 2. The predicted standard enthalpies of reactions
(1) to (9) are listed in Table 3, together with the corresponding calculated percentage
mass losses. Although there have been DTA studies of the dehydration, decomposition
in nitrogen and oxidation of MOD*: %, no estimates of the enthalpies of these
processes have been made. The present article reports measured enthalpies of reaction,
results are compared with the predictions of Table 3 and consnden:d with reference to
both the structure of the anhydrous salt and the composition of the mdual oxide.
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EXPERIMENTAL

Manganese (I11) oxalate dihydrate

The samples of salt used throughout the present work were from the same
preparation of reactant as studied previously®: 19 and were subjected to an identical
dehydration procedure where appropriate. The vacuum-dehydrated salt (MOV) was
evacuated to ~ 10— Torr, slowly heated (~ 30 min) to 460K and held for 2 h at this
temperature with maintained pumping. The air-dehydrated salt (MOA) was keld at
460K for 2h, in the atmosphere, then evacuated 1 h, while heating was continued.

X-ray diffraction patterns for MOD and for the anydrous salt were in agreement
with published data’*. As expected®® the degree of crystallinity, adjudged from X-ray
diffraction photographs, was greater for MOA than for MOV. On exposure to water
vapour the anhydrous material was completely converted to the dihydrate.

Apparatus

Enthalpies of reaction were measuored using a Perkin-Elmer DSC-2 differential
scanning calorimeter, calibrated in the usual way, by melting known masses of pure
metals. Decomposition reactions in nitrogen were studied using samples in uncrimped
gold pans, while for the lower temperature oxidation reactions the usual crimped
and pierced aluminium pans were used.

RESULTS AND DISCUSSION

The DSC curve for MOD in nitrogen, heated at 20K min—! {Fig. 1) shows the
occurrence of two distinct endothermic processes, identified as dehydration (onset

Denydration

ﬂ

Decomposition

Endotherm

Fig. 1. A representative DSC response trace for the dehydration and decomposition reactions

detected on heating (at 20K min—*) a 5.21 mg sample of mangancse (If) oxalate dihydrate in nitrogen -
using a gold sample pan. Water loss and anion breakdown are distinct and separate processes. The

Iatter reaction is complex, the three areas marked arein the ratio63 : 8:29for1:2:3, re:spectwely'f
the dotted line indicates the baseline trace during sample rexun. ~
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Fig. 2. A repacsentative DSC response trace for the dchydration and oxidation reactions of
manganese{IT) oxalate on heating (at 20K min-1) a 3.93 mg sample of salt in oxygen. As with the
reaction in nitrogen (Fig. 1) water loss and anion breakdown proceed as separate reactions; here,
however, the latter step occurs at a somewhat lower temperature, is exothermic and there is no
evidence of subsidiary processes.

380K, main peak maximum at 420K, followed by a small shoulder) and decomposition
(onset 630K, main peak maximum 715K, followed by at least two further small
overlapping responses). Under these conditions the solid product has been identified®
as MnO of high surface area. No evidence was apparent in the DSC response trace
of any sharp recrystallization process between dehydration and decomposition.

DSC curves for vacuum (MOV) and air (MOA) prepared anhydrous oxalate
showed that small quantities of water were retained or readsorbed by the dehydrated
salt. X-ray powder photographs showed that removal of this residual water did not
improve the crystallinity of MOYV. ‘

Salt (MOD) heated in oxygen (also at 20K min™—?) gave a dehydration endo-
therm which was essentially identical with that on heating in nitrogen. The subsequent
reaction, corresponding to the oxidation process, was exothermic and occurred at a
somewhat lower temperature (onset 530K, maximum 605K) (Fig. 2).

DEHYDRATION

The enthaipy of dehydration, both in nitrogen and in oxygen, was determined

~as 1304 5kJ (mol MOD) ™!, or, on average, 65+ 5kJ (mol H,O)!. There was no

evidence to suggest that the two water molecules were released through distinct
successive steps, though the last traces of water were relatively more difficult to remove. -

The low observed values for the activation energy of dehydration (70-100kJ mol—')
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TABLE 2

LITERATURE VALUES OF STANDARD ENTHALPIES OF FORMATION AT 298K OF REACTANTS AND PRODUCTS
OF REACTIONS OF MANGANESE(]) OXALATE DIHYDRATE

All values from ref. 16 except that of MnCzQ4(s) which was from ref. 17.

AHL (kT mol-1)

MnCzO4 - 2ZH20(5) — 1626

MnC:20u4(s) ~ 1080
MnO(s) - 385
Mn2Oafs) - 959
MnsOs(s) ~1388
MnOx(s) - 520
CO() — 110
CO«2) — 394
H20(g) - 242
H20(M) — 285

confirms the suggestion by Smith and Topley'® that a single water molecule participates
in the activated complex for dehydration. It is expected, therefore, that the activation
energy for the rehydration reaction is in the range 5 to 35kJ mol—'.

The value of the standard enthalpy of dehydration of MOD calculated from
published data (Table 2) is 62kJ (mol MOD) . The most probable reason for the
difference between this value and our measared magnitude is the uncertainty in the
valuc of 4H for the anhydrous oxalate. Some of this discrepancy could arise from
variation of the physical form of the samples compared, there is also the problem of
ensuring complete dehydration has been achieved and that no rehydration has occur-
red. Taking the reported value of AH7 for MOD with our measured enthalpy of
dehydration in nitrogen or oxygen, we find that AH7 for the anhydrous oxalate is
—1012 kJ mol™* which represents a variation of some ~ 7% from the magnitude
listed in Table 2 (— 1080kJ mol—!, Le Van and Perinet! 7 quote an expected impreci-
sion of -+ 40kJ moi—?!).

OXIDATION

The solid product of MOD oxidation was identified as 7-Mn,O; from powder
X-ray diffraction measurements, but the production, in small yields, of other oxides
cannot be excluded. Dollimore et al.'* found that the course of thermal decomposi-
tion in air depended on the heating rate. When the temperature increase was rapid,
as in the nitial period of heating prior to an isothermal experiment, reaction yielded
7-Mn,0; or Mn;O, whereas production of the more stable structure x-Mn,O; was
favoured during thermal analysis at a slow heating rate. The conversion of Mn,O;

_to Mn,;O, occurs'® only above 1220K which is above the range of the DSC-2.
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TABLE 3

ENTHALPIES OF REACTIONS LISTED IN TABLE | CALCULATED FROM LITERATURE DATA GIVEN IN TABLE 2

s A, s i o s e e wm mem w4 e e s m— = . - - e f— - e =

Reaction  Type Solid AHKI(mol MnC204-2H=0}-} Mass loss

product (based on
diliydrate)

(1) Dechyd. MnC20; 61.9 20.11

(4] Decomp. MnO 191 60.3

3) Decomp. MnaOs 208 574

) Decomp. Mn=0a 2329 559

(5 MnxOa -5

() Mny0; -72.7

M Mn=02 —16.8

(8) Oxid. Mn=03 ~188 55.9

) Oxid. MnO- ~228 51.4

— —— —— - P 1 it | i o s St it {8 it g ¢ W e - ——

The enthalpy of the oxidation reaction was determined, from the single pcak
(Fig. 2), as —300::. 10kJ (mol MOD)! compared with the predicted value of
— 188kJ (mol MOD)™ ! (sce Table 3) for reaction (8) yielding Mn,O,(s). This lack of
agreement is improved if the lower value (see above) of — 1012 (mol MOD)™ ! is
used for 4117 of the anhydrous oxalate: on this basis the cxpected 4 H¢ for reaction (8)
is —256kJ (mol MOD)—!._ It is also possible that contributions to the overall enthalpy
change may result from non-stoichiometry of the residual oxide or the production of
minor amounts of phases other than Mn,0,. Morecover, no information is available
conceming the enthalpy of the transition

7-Mn,04(5) = 2-Mn,0;(s)-
DECOMPOSITION

Determination of the enthalpy of decompaosition of mangancsc(ll) oxalate in
nitrogen is complicated by the occurrence of successive overlapping endotherms and
uncertainties in the baseline. Attempts to climinate the latter contribution to error
were madce by a second heating of the decomposed material under the same conditions
and are indicated as the dotted line in Fig. 1. Specific procedures for the establishment
of the baseline'®' 2° were not applicd here since it is obvious that the reactions
occurring are complex.

The enthalpy of decomposition of anhydrous manganese(Il) oxalate, as
determined from the total endothermic response (i.e., area 1+24-3) in Fig 1, was
250-1-25kJ (mol MOD). Values obtained for the same reaction of itwo different
preparations of the anhydrous oxalate, MOV and MOA, did not vary beyond these
error limits. At lower heating rates the region marked 3 was less distinct so that the
baseciine bounded regions 1.2 only, with a reduction of some 29%; in the response
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TABLE 4

EXPERIMENTALLY MEASURED DATA 1OR REACTIONS D} MANGANESE(1]) OXALATE DUIYDRATE: ENTHALPIES
(FROM DSC DATA) AND WEIGHT 1.0SS

Ak I(mal AfOD) 1) Percentage mass-loss
(ref. to MOD)

Dehydration 130 -5 19.5 0.2
Decomposition 250 :-25 58.5:0.5
Oxidation -~ 300 : 10 520-05

area or an enthalpy value of 178kJ (mol MOD) ™', Arca I (only) corresponded to an
enthalpy of 138kJ (mol MOD)™}.

The standard enthalpy of decomposition of the anhydrous oxalate. predicted
for reaction(2) of Table 1. using the data in Table 2. is 191k} (mol MOD)~'. Using
the lower value of the enthalpy of formation of anhydrous oxalate from the dehydra-
tion measurements reported above, the enthalpy of decomposition is reduced to
123kJ (mol MOD)™".

While peak area 1 corresponds approximately with thermodynamic expectation
for the decomposition reaction, it is clear that the overall process is not quantitatively
representied by eqn (2) Table 1. Thermochemical measurements indicate the occurrence
of three contributory steps in the overall change and cvolved gas analyses'® show
progressive variation in the [CO}/[CO,]} ratio during the course of the reaction.
Previously ' ® we have attributed the evolution of a small excess of carbon dioxide to
some reduction of MnQ; the thermochemical consequences of such deviation from
stoichiometry cannol be assessed, however, since the necessary enthalpic measure-
ments are not available. The considerable reactivity of the residual manganous oxide
product, which is pyrophoric, makes its characterization difficult. The measured
mass-loss, 58.5:t- 0.5, (Table 4) provides experimental support for the formation of
some reduced oxide.

The suggestion referred to in the previous paragraph, that there is some
reduction of the MnO, is based on the observation that the CO,/CO product ratio
for the overall rcaction is greater than unity. There is, however. the alternative
possibility that not afl the carbon is volatilized as oxides and some oxygen is in-
corporated into the residue. High temperature (1500K ) studies®’- *2 of the oxidation-
reduction kinetics of single crystals of MnQ in CO-:-CO, atmospheres have shown
that excess oxygen (up to 27,) may be incorporaied in manganese(lI) oxide. Although
these studies refer to temperatures very much higher than those required to decompose
MOD, the finely divided product of the pyrolysis reaction is expected 1o be very
much more reactive than the large single crystals of the oxidation-reduction work.

It has been proposed'® that Mn>* is an intermediate in the decomposition of
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anhydrous manganese(Il) oxalate. Any oocurrence of the reaction

MnO (s) + 1 CO; (g) — § Mn,05(s) + 3$CO(g)
which has an enthalpy of 48kJ, would add to the endothermic nature of decomposition.
Thus we conclude that this thermochemical evidence supports the earlier
observations'® that the residue from decomposition of manganese(I) oxalate in
nitrogen is non-stoichiometric, but the constiiuent in excess or in deficit is not
identified. The overall change is not quantitatively represented by eqn (2) of Table 1.
. The wide range of enthalpy values, 123kJ (mol MOD) ! estimated for reaction
(2) to the measured value (2504 25 kJ (mol MOD)™!), when compared with the
range of reported activation energies (140 to 265 kJ mol—?!), still allows for one
oxalate ion in the activated complex or decomposition configuration, subject to the
reservations expressed by Gamn?3. Boldyrev et al.*>* have identified the aclivation
energy for decomposition with the energy required to break the C-C bond in the
oxalate ion.
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