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Differential scanning calorimetry (DSC) has been used to determine the 
enthatpy of dehydration of manganese(II) oxalate dihydrate and the enthalpies of 
decomposition in nitrogen and in oxygen of the anhydrous oxaiate_ 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_ 

There is a considerable literature devoted to the investigation of reactions wl~ich 
occur on heating manganese(I1) oxalate dihydrate (MOD)_ Kise& studies have been 
concerned with both dehydration*- * and the subsequent decomposition of the 
anhydrous oxa!ate in various atmospheres E-9- 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 loI This work included the 
investigation by electron microscopy of the textural 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 SmirkTopley E#ixf_ The conditions of dehydration 
influence the structure of the anhydrous o&ate 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’- I1 range between 70400 kJ mol-’ 
for the dehydration, and from. 140 to 185 k.3 moT’ for decomposition_ These varia- 
tions have been attriiuted to differences in the defect structure of the anhydrous 



ax&are as the solid product of the dehydration reaction and reactant for decomposi- 
tion. The activation energy for the oxidation reaction is HI0 kJ molVi and the value 
far the decomposition of the oxafate ion in KBr’ z I3 is 250465 M moI-‘- 

It is prcdictcd from thermodynamic considerations E 1 that the solid products of 
py-r&ysis of man~ese(II) oxalate arxz oxides and possibk stoichiomctric reacDbns, 
which may participate in salt decomposition and oxidation, arc give& in Table I, 
each is numbered for referen= Thermodynamic data for the rcwtants and products 
listed in Tabte i arc given in Table 2. The predicted standard enthafpies of reactions 
(I) to (9) arc fisted in TabJc 3, together with the comsponding calculated pcrccntagc 
mass losses,. Although there have beeu DTA studies of the dehydration, decomposition 
in nitrogen and oxidation of MODI* 5, no estimates of the cnthalpies .of these 
processes have been made_ The prcx?nt article reports measukd enthalpies of r&&ion, 
resuks are compared with the prcdietions of Table 3 and considered with rcfucncc to 
both the structure of the anhydrous salt and the composition of tbc r&dual-oxide- 



Manganes (II] oxaIute dihydrate 

The samples of salt used throughout the present work were from the same 
preparation of reactant as studied previousfy3* lo and were subjected to an identical 
dehyd~tion procedure where appropriate- The ~a~~~e~ydrated salt (MOV) was 
evacuated to - 10rs Torr, slowly heated (- 30 miu) to 46OK and held for 2 h at this 
temperature with maintained pumping The air-dehydruted salt (MOA) was held at 
46OK for zh, in the atmosphere, then evcacuati 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 ’ 5 the degnx of crystattnity, 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. 

Apparafw 
Enthalpies of reaction were measured using a Perkin-Elmer DSC-2 di%xerttiaI 

scanning calorimeter, cafibnted in the usual way, by meiting 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 pierwd atumizhm pans wtxe used, 

RESULTS AKD DlsctlsssoY 

‘The DSC curve for MOD in nitrogen, heated at ZOK min’-’ (Fig. I) shows the 
occurrence of two distinct endothermic processes, identified as dehydration (onset 



Fig. 2 A npcscnW DSC rcspmnc trace for the tiydxation and oxidalian rcacfipns of 
mancr;uacyt(IT) ox&ate on hearing (at 2oK. miu-9 a 3.93 mg sample ofsalt in oxygen. As with the 
reaction in nitrogen (Fig. 1) water fass and anion breakdown proceed as separate rcauims: ha-q 
hcwserP the Iatta step occurs at a somewhat lower tcmpnature, is exothcrmic and there is no 
ez%kacc of subsidiary $mmsscs. 

38OK, main peak maximum at420K, followed by a smal1 shoulder) and decomposition 
(onset 630K, main peak maximum 715K, folfowcd by at least two further small 
overlapping responses~. Under these conditions the sotid product has been identified5 
as MnO of hi& surface area. No evidence was apparent in the DSC response trace 

of any sharp recrystalIization process between dehydration and decomposition. 
DSC curves for vacuum (MOV) and air (MOA) prepared anhydrous oxalate 

showed that small quantities of water were ntaincd or readsorbed by the dehydrated 
salt. X-ray powder photographs showed that rcmovai of this residual water did not 
improve the crystallinity of NOV. 

Salt (MOD) heated in oxygen (also at 20K min”-‘) gave a dehydration endo- 
therm which was esseatialty identical with that on heating in nitrogen_ The subsequent 
don, conesponding to the oxidation process? was exothermic and occurred at a 
somewhat lower temperature (onset 53OK, maximum 605K) (Fig. 2). 

The enthaipy of dehydration, both in nitrogen and in oxygeu, was determined 
as 130; 5kf (mol MOD)“-‘, or, on average, 65zt 5k.J (mol E&O)-*_ Thtfe was no 
evidence to s~ggcst that the two water mofecufes were released through distinct 
succcss~ steps_ though the fast t&es of water were rclative#y morcdifiicuIt to remove_ 
The low obscrv~ vaIues for the activatio& energy of dehydration (7~IOOW mar”‘) 
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confirms the suggestion by Smith and lopley ’ that a single water molecule participates 
in the activated complex for dehydration. It is expected, therefore, that the activation 
enerw for the rehydration reaction is in the range 5 to 35M mol-*_ 

The value of the standard enthalpy of dehydration of MOD calculated from 
published data (Table 2) is 62W (ma5 MOD)- ‘. The most probable reason for the 
difference between this vaiue and our measured magnitude is the uncertainty in the 
vahxc of AH: 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 compkte dehydmtion has been achieved and that no rehydration has occur- 
red- Taking the reported value of AH: for MOD with our measured enthalpy of 
dehydration in nitrogen or oxygen, we find that AH: for the anhydrous oxaIate is 
--iOK kJ mol-’ which represents a variation of some - 7% from the magnitude 
fisted in Tabie 2 (- IOSOkS moE_‘, L..e Van and Perinet * 7 quote an expected impreci- 
sion of * 4OW moI-I). 

The solid product of MOD oxidation was identified as T-Mn,O, from powder 
X-ray diffraction measurements, but the production, in small yields, of other oxides 
cannot be excluded. Dollimore et al. s I found that the course of thermal decomposi- 
tion in air depended on the heating rate_ When the temperature increase was rapid, 
as in the initial period of heating prior to an isothermal experiment, reaction yieIded 
pMn& or Mn$J4 whev produc&on of the more stable structure +-MnzO, was 
favoured during thermal analysis at a slow heating rauz The conversion of MnlOB 
to Mn&14 ~UIINS ‘* only above 122OK which is shove the range of the DSC-2. 
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Kmction nw Solid rtil’(kJ(mul SfnC:Oa - 2&O) -‘I Mass fuss 
prouluc f {based on 

cith*dmlr) 

61.9 20.11 
191 60.3 
m? 37.4 
239 55.9 

-94.5 
- 77.7 
- 16.8 

-11x9 55.9 
-- 32% 51.4 
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?IIC cnthalpy of the oxidation reaction was determined, from the sin~Jc peak 
(Kg* 2), as -3005 IOkJ (mol MOD)-’ comp;jrrcd with the predicted value of 
- J88k.J (ma1 IMOD)- ‘ (see lblc 3) for reaction (8) yielding Mn,O,(s)_ This lack of 
agrcemenc is improved if the lower value (see above) of - 1012 (mol MOD)-’ is 

used for d/lfof the anhydrous oxaIntc: on this basis the cxpcctcd @‘for reaction (8) 
is -25&J (mol MOD)- ‘* It is also possibJe that contributions to the overall enthaipy 
change may muJ~ from non-stoichiometry of the rcsiduai oxide or the production of 
minor amounts of phases other than Mnz03. Moreover, no j~~or~a~i~~ is ~v3ir3bIe 
concerning the enthafpy of the t~nsitiotl 

Dctcrminstion of the cnthalpy of &composition of mangancsc(lI) oxalatc in 
nitrogen is complicated by the occurrence of SIJCXXSS~VC overlapping cndotherms and 
uncertainties in the bowline. Attempts to eliminz~rc the latter contribution to error 
were made by a second heating of the decomposed material under the same conditions 
and an? indicated as the dotted line in Fig. 1. Specific procedures for the establishment 
of the baselinc’90 ” were not applied here since it is obvious that the reactions 
occurring nn complex- 

The enthalpy of decomposition of anhydrous manganese(if) ox&ate, as 
determined from the total endothermic response (i.e., area 1 t243) in Fig I, was 
250f25kJ (mol MOD)_ Values oblsincd for the same reaction of two diffe~~t 
prcpa~ti~~s of the anhyd~o~s ox&ate, MOV and MOA. did not vary beyond these 
enor Limits. At lower heating nte!s the region marked 3 was less disLinct so that the 
basciine bounded regions 1 t.2 only. with a reduction of some 29 % in the response 



Dehydration 1x0 I-Z 19.5 :.a.2 
Ucc5mposition 250 i.25 5x.5 : 0.5 
Oxidation -- 300 : IO 5LO - 03 

area or an enfhalpy value of J78k.J (mai WlD)-‘. Arca 1 (only) corresponded to an 
cnthalpy of ISSkJ jmol MOD)-‘_ 

The stardmd cnthalpy of decomposition of the anhydrous ouaJatc_ prcdic~ccl 
for reaction(2) of Table 1, usins the data in Tabfc 2. is 191 kJ (mol MOC3)-‘. If+ 
the Iowcr value of the cnrhalpy of formation of arthydrous oxalatc from the dchydra- 
tion measurements reported above, the cnthalpy oF decomJx+sition is reduced co 
1231;t (mol MOD)-*. 

While peak area 1 corresponds approximately with thermodynamic expectation 
for the decomposition reaction, it is clear that the overall process is nor quantitatively 
rcprescntcd by eqn (2)Tabtc I. Thermochemical mcasurcments indicate theoecurrcnce 
of three contribulory steps in the overaJ! chanse and evolved gas analyses“’ show 
progressive variation in the [CO)/[COz3 ratio durirq the course of the reaction, 
J~rcviousJy’” WC Jtave attributed the evolution of a small excess of carbon dioxide to 

some reduction of MnO; the thermochemical consequences of such deviation from 
sloichiometry annot be assessed, howcvcr, since the ncccs~9 enthalpic mcssurc- 
mats are not available. The considerable reactivity of the residual manganous oxide 
pro&cl, which is pyrophoric, makes its characterization diJ3icuIt. The measured 
mass-loss, 58.5& O.5o/Q (Table 4) provides cxperimcntd support far the farmatian of 
some reduced oxide. 

The su:aestion referred to in the previous pzxragrapb, that there is some 
reduction of the MnO, is based on the observation that the CO&O product ratio 
for the overafl reaction is greater than unity. There is, however. the alternative 
possibility that not aiI the carbon is voiatilizcd as oxides and some oxygen is in- 

corporated into the r&due. Ifi& temperature (I SOW) studies”- 32 of the oxidation- 
reduction kinetics of sin_eIe crystals of MnO in CO-kCC& atmospheres have shown 
that excess oxygen (up to 2%) may & incorporated in manganese(1 I) oxide. Althou@ 
these studies refer to temperatures very much higher than those required CO decompose 
MOD, the finely divided product of the pyrolysis reaction is expected to be very 
much more mactivc than the large single crystats of the oxidation-reduction work. 

IC has been proposed *’ that Mn3 * is an intermediate in the &composition of 



auhydrous manganese(n) oxaIate_ Any occurrence of the reaction 

MnO (s) + 3 CO, (~3) --+ + Mn,O&) i + CO &) 

which has an en&a&y of 48kJ, would add to the endothermic uatu& ofdecomposition, 
Thus we conclude that this thermochemical evidence supports the earlier 

observations z o that the residue from decomposition of manganese(U) oxalate in 
nitrogen is non-stoichiometric, but the constituent in excess or in deficit is not 
identified, The overall change is not quantitatively ~presented by eqn (2) of Tabf& I_ 

The wide range of enthaipy values, 123W (mol MOD)-’ estimated for reaction 
(2) to the measured value (2.50 5 25 W (mol MOD)-l), when compared with the 
range of reported activation energies (140 to 265 M mol-‘), still altows for oue 
oxalate ion in the activated complex or decomposition con@uration, subject to the 
reservations expressed by Gam23. Boldyrcv et al.“& have identified the activation 
energy for decomposition with the energy required to bn?ak the C-C bond in the 
oxalate ion. 
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