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I. INTRODUCTION

The complex nature of the mechanisms involved in the
reaction of amammw@a@AHva with permanganate, the reduction
of permanganate by oxalate, and the oxidation of manganese(II)
to permanganate by any of a number of suitable oxidizing
agents has stimulated the interest of numerous investigators
since the early studies of Gorgeau (1), Guyard (2), Harcourt
and Esson (3), and others. Several of the investigstors have
included the disproportionation reaction

2 il —_ IV § Il (1)

g—

as an important step in the overall mechanism under investi-
gation. In some cases the importance of a rapid mangae
nese{Il), (III), (IV) equilibrium has been emphasized by the
assumption that either manganess(III) or manganese(IV) was
the wamm@m oxidizing species. On the other hand some ine
vestigators have omitted this reaction entirely from their
proposed mechanisms, or have indicated that if such an equi=

librium existed, it was slowly established. Several attempts

lThe Stock system of nomenclature has been used to avoid
the confusion in the names of ions corresponding to the varie
ous oxidation states of manganese. The use of the term pere
manganate instead of manganese(VII) has been retained because
of long established usage. The use of this system is in
accord with the Report of the Committee for the Reform of Ine
wwmma»a Nomenclature of the International Union of Chemistry,
940,
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(ks 55 64 7y 8, 9, 10, 11, 12) have been made to substanti-
ate the existence of a rapid manganese(II), (III), (IV)
equilibrium in the presence of fluoride lon, sulfuric acid,
oxali¢ acid, or phosphoric acid, and in some cases the magnie-
tude of the equilibrium constant has been consldered. Howe
ever no study has been reported of the reaction in a systenm
containing iodate ion although a proposed mechanism for the
well known periodate oxidation of manganese({II) to permane
ganate involves the manganese(IIl), (III), (IV) species in the
presence of lodate ion, The determination of the equilibrium
»conataﬂt in a system which includes ilcdate and the study of
the factors influencing the equilibrium reaction are the sube
Jeet of this work.

A. Previous Evidence for the Manganese{II),
(111), (IV) Equilibrium

Perhaps the most comprehensive and the best work on the
oxidation of mangahese(li) to manganese(IV) by permanganate
was reported by Tompkins (4), who proposed that an intermedi-
ate product of the permanganate ion was manganese(III} which
disproportionated to manganese(II) and manganese(IV)., The
subsequent hydrolysis of the latter to form manganeee dioxide
was found to be retarded by agents whiah complexed and sta-
bilized the tervalent manganese ion. From his observations
he concluded that a rapid manganese(II), (III}), (IV) equilibe
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rium was established and that the presence of complexing
agents decreased the concentration of the quadrivalent ion.

Bagsett and Sanderson {13) noted that a cherry-red color
was produced when permanganate was added to solutions of man-
ganese(ll) sulfate strongly acidified with sulfuric acids It
was their conclusion that the tervalent mangenese formed in
the reaction

mo, 4 4wt 4 8 1* s 5 TIL 4 4 B0 (2)
was converted into relatively stable sulfate complexes of
manganese, 8ince the color of the solutions persisted for
several days in the absence of oxidizable material, and then
precipitated manganese dioxide with an accompanying reduction
in color intensity, they postulated a slow manganesa(Il),
(111), (IV) equilibrium., Corresponding reactions in phose
phoric and oxalic acid solutions led to similar conclusions
concerning the equilibrium in these systems.

Polissar (6) added support to the postulated equilibrium
in &xalie acid solution and suggested that systems in which
fluoride ion was the complexing agent behaved in g like mane
ners He reported that the amount of oxalic acid oxidized by
a mixture of manganese dioxide and manganese(II) depended on
the ratio of manganese(Il) to oxalic acid. In order to ex-
plain this dependence, the author postulated that the oxalie
acid could either be oxidized or could form a stable manga-

“nese(Il1) oxalate complex, The presence of manganaae{zi)
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would permit the formation of manganese(IIl), due to the
equilibrium reaction with the manganese(IV), and the tervalent
manganese would then form an oxalate complex. Taube {14) rew
ported thet the manganese(llI) oxalate complexes were not
stable, and the rates of decomposition of the three species,
Mn(C30,)3™", Mn(C50,)7, and Mnﬂzﬂz were given. Since these
rates were slower than the rate of oxidation of oxalic acid
by manganese dioxide, Polissar was able to make rapid measure-
ments before significant amounts of the complexes had decom=
posed,

In addition to the above work, Polissar (7) used radio~
active manganese as a tracer in a search for possible squie
librium reactions in sclutions containin, manganese in two
valence states. He found that a rapid and complete exchange
occurred between menganese(III} oxalate and manganese(II)
ion« These results were interpreted by the author to indi~
cate the existence of an equilibrium between mangsnese(III)
oxalate ion, manganese{II) ion, and manganese(IV) in oxalate
solution.

The most regent study of the manganese{Il)~permanganate
system was that of Adamson (15)« From his investigation of
the exchange reaction between manganese({II) and permanganate
ions in acid solution, he postulated a slow forward reaction
between the di~ and the quadrivalent species but a rapid dise

proportionation of tervalent manganese in the presence of
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solid manganese dioxides The exchange studies were conducted
using solutlons approximately 3 M in perchlorie acid. No
agent was added to stabilisze the mangenese{III) species,; and
in most cases solid manganese dioxide was formed. These comw
plicating factors led Adamson to ineclude the following come
mentse in his articlet |
1+ It does not seem possible %o predict the course
of reaction 3 once solid manganese dioxide has
formed; since from this point the
2 HpO 4 3 M1l 4 2 MO <= 5 MmO, 4 4 HY (3)
process is undoubtedly heterogeneous and not suscepti-
le %o easy interpretation, Thus this mechanlsm will

not serve to confirm or deny Tompkin's interpretation
of his kinetic analysis of reaction 3. (15, p. 302)

24 In sumary of the present state of knowledge of

the manganese{Il) permenganate reactions, it is fair

to say that while some form af%manganeaafllz} Or mane

ganese{IV) may be an active intermedisate, the evidence

to date bearing on the mechanism of their formation

is unclear and the conclusions of previcus investiga-

tors are contradictory. (15, p. 294)

Recently an excellent survey of the studies of the re-
action between permanganate and oxalate lons was published by
Noyes (16), and this reaction need not be discussed in detail
here. However it is pertinent to paiﬂt out a few of the pro=
posed mechanisms in which a manganese(II), (III), (IV) equiw
librium was posiulated. Noyes did not inelude the equilib-
rium in his mechanism, but he did consider tervalent manga=
nese an important species in the overall reaction.

Launer and Yost (9) were among the first to consider the

disproportionation reaction in the permanganate~gxalate Sy



-

tems In thelr studies they found that a large exgess of flu-
oride ion prevented the formetion of manganese{III) due to
removal of manganese{Il) as the fluoride. lower fluoride
concentrations increased the manganese(II) mazﬁ@ﬁﬁu and the
equilibrium was shifted almost completely in the divection of
manganese{II1) flvoride complex formation.

Bradley and Van Praagh {17) proposed from their study of
the reactlon between solid mangenese dioxide and oxaliec acid
that mangenese{IV) ions could be reduced to manganese{III)
ions by the divalent species and that the reactlon proceeded
rapidly if some complexing w&a@a wag present to remove the
tervalent ions as they formeds They cited as evidence for
the rapid reversibility of resction 1 the fact that manganese
dioxide was rapidly dissolved by oxalic acid solution with a
halving of the oxidising titer, whereas if excess manganese
{I1) was present initiszlly, the dissolution occurred with ne
loss in titer except for the subsequent gradual oxidation of
the oxalie acid. Essentially, the dissolving of manganese
&w@gwaa by ﬁw&&a#&aaMMMw palts in oxalate and fluoride soluw
tions was explained by & stabiliszation of the tervalsnt state
due to formation of a complex. Adamson (15) preferred to exe
plain the data @W@&»ﬁ@% by Bradley and Van Praagh in terms of
a nmﬁaﬁuaﬁ path »aaauwgn% species partially combined in a
complexXy @«gey |

/,\ , . m .;
Ma{Cz0,)2 4 Mo*® e 2 M(C20,) (&)
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which did not require a rapld exchange in the absence of a
complex forming agent.

HeBride (18) did not propose a manganese(IIl), (III), (IV)
equilibrium as such but indicated the existence of two possie
ble reactions between permanganate and manganese(II) as fole
lowsy | unIIX

M0y 4 il = o (5)
AR Il ¢ wnIV .
Abel (19) and others (8, 20, 21, 22) indicated the existence
of the equilibrium, but they made no intensive study of the
snbject.

Heintze and Mann (23) found that a rapid equilibrium exe
isted between the di«, ter~, and quadrivalent manganese states
in pyrophesphate solution. It was their belief that the re-
versible reaction,

Mn0O 4 MnOg > Mng03 , {&)

%aa of a general nature applicable to some of the other
transition elements, Watters and Kolthoff (10) reported the
structure of the tripyrophosphate complex of manganese(III)
to be & chelate type snion having the formula ﬁn{ﬁgﬁgﬂ7)§3ﬁ
it 2 pH of 7 the color of the gomplex changed from wiolet to
amber, and as the pH was iuncressed, & precipltsate formed due
t¢ the éiﬁpf@g@rtian&tiaa of the complex to mangasnese dioxide
and manganese{IIl) ions The Mnll « MnIIT complex system

showed & reversible potential at a platinum eleetrode; the
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potential for equimolar Mnll - MaIIIl in 0.4 molar sodium
pyrophosphate at a pH of 2.06 was 1,013 % 0.003 volts when
referred to the hydrogen elegtrode.

Of the various methods available for the oxldation of
manganese(Il) to permanganate, the use of periodic acid and
the mechanism inveolved has been discussed most completely in
recent literature. Strickland and Spicer (24), in their de-
tailed discussion of the periodate oxidation, included the
fallowing form of equation 1 in thelr proposed mechanismg

mtr 4 ot 3 20t = 2t 4 wo . (7)
However they stated that the reaction procseded only in the
presence of a complexing agent that kept the manganese(III)
ion cgoncentration small and prevented the formation of mane
ganese dioxide. Waterbury, Hayes, and Martin (25) also pro-
posed the rapid establishment of the mangsnese{IIl), (III),
{IV) equilibrium in the periodic acid oxldation, but & cone
plete investigation of the reaction was not given at that
time.

B. Previous Measurements of the Equilibrium Constants

The preceding discussion has shown that an equilibrium
probably is established between the manganese(II), (III}, (IV)
species in solutions thet contain agents which are known to
complex the tervalent state. Neither the rapidity of the
establishment of the equilibrium nor the magnitude of the

equilibrium constant has been considered in any but a quali- -
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tative manner in the references cited. The only work re=
ported which has dealt with the quantitative determination of
the egquilibrium constant is that of Grube and Huberich (12)
for a system 7.5 molar in sulfuric acid and by Grube and
Staesche (26) for manganese in concentrated phosphoric acid
solutions. These au@hérﬁ considered the reaction was rapid
but gave no supporting evidence for this assumption. In both
cases the equilibrium constents were caleculated from the dife
ferences in the potentials measured with solutions containing
equal concentrations of manganese(II) and manganese(III) and
solutions gontaining equal congentrations of manganese(III)
and menganese(IV). The following set of equations were de~
veloped to show the feasibility of this procedure.
For the reactions, MuIl . MpIII § g~
and MpIll o malV 3 -,

the Nernst equations were used in the following form:

E; = B - %? 1n C3/C, / (8)

. S ¥ v

where O was the concentration of Mnll, ¢y was the concentra-
tion of MPIl, and €, was the concentration of MaIV. it
equilibrium these potentials were equal, and the following
¢quation was obtained:
(B ~ BO)F/RT z 1n €,0,/C; =1nK,. (10
The cell used in measuring the potentials consisted of a



normal calomel reference electrode and the half cell Pt}
Mt Il or po; MelV, MnIII which mey be represented as
followsy
Hg; Hgpllys KCL(IN):: Hp80, (7.5M), Malll, mlV; pt and
Hg; Hg,Cly; KCL(1N)i: Hp80, (7.5M), mil, mIII; py,
The manganese solutions; which were prepared by electrolytiec
oxidation of a manganese{II) sulfate solution in strong sule
furic acid, were analyzed gravimetrically for total manganese
content, and the relative amounts of the various oxidation
states present were determined by titrating the solutions
with standard fﬁ%r@uﬁ ammonium sulfate. Solutions of equal
menganese(II) and menganese(III) conecentrations and solutions
of equal mangenese(III) and manganese(IV) concentrations were
prepared from the analyzed csolutions daagribé& above, and
potential measurements were made on these solutions at 120C,
Bince the equilibrium constant for the disproportionation of
manganese (I1I) was quite small in conzentrated sulfuriec aeid
solutions, the caleulation of the MaI¥ /MnIIT and MnTII/ynIV
ratios was simplified. | o

At 129C in 7.5 molar sulfuric acid the observed values
fﬁr'EMhII/gnIII and §Mh111,ﬁﬁiv were 14511 wolts and 1,642
volts respectively, referred to the hydrogen electrodes Use
ing these values, the equilibrium constant as given in equaw
~tion 10 was calculated to be 5,032X10%3, The authors then

obtained a "corrected equilibrium constant®, K,; from the
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observed constant using the following argument. In the mane
ganese (I1)-manganese{IIl) solutions, the ratio of the concenw
trations of the two species was not one due to the equilibe
rium reactions If 2x parts of manganese(III) disproportion=
ated according to the reaction,

2 il — il ¢ IV (11)

ex x x
the ratio became:

3 wl=2% ana % . _x_ .
c, 14x cy 14 x (12)

When these corrections were made, the following relationship
was obtained between K, and K,:
K, = Ko/(1 = 3K)%. (13)

Using the above equations, the corrected equilibrium
constant for the disproportionation reaction in 7.5 M sulfuric
acid at 120C became 5.187 X 10=3, a correction of approxi-
mately four per ¢ent. ‘Am the constant decreased, the cor-
rection became smaller and less important.

The authors reported a marked inverse dependence of the
equilibrium constant on the sulfuric acid concentration,
Using 12,1 M sulfuric acid, K, was caleulated to be 1,3 X 10“3
at 12°C; using 4.6 M sulfuric acid, K, was 6.98 X 10~2,

Using similar pﬁoeeéura& and e¢alculations, Grube and
Staesche (26) determined the equilibrium constant in conecen-

trated phosphoric acids The potentials of sclutions containe
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ing 0.005 gram atoms of manganese per liter and various phose
phoric acid concentrations were measured at 17°C. K, values
varied from 8,0 X 10 at 10,0 N phosphorie acid to 1.4 X 10™%
at 4O N HyPO, . |

Vetter and Manecke {11}, in their recent paper on the
primary mechanisms involved in the electrochemical potentials
of the Mnil fon/MnIII jon system and the MaIII/MnIV fon syse
tem, discussed the earlier work of Grube and his co-workers.
It was their belief that the constant was reported with an
ageuracy greater than experimental difficulties would permit.
The use of a calomel electrode in a sulfate solution created
a liquid junction potential which could not be estimated
agcuratelys However probably greater error was introduced in
- the preparation of the standard manganese solutions. Vetter
and Manecke were troubled by oxygen evolution in the strong
sulfuric acid solutions and the ia&ae&i@n of part of the manw
ganese{IIl) and manganese(IV) ions; even caroful preparation
techniques carried out at 5°C failed to eliminate this difw
ficulvy aﬁpﬁaially in the guadrivalent manganese solutions,
Due to this definite uncertainty in the potential measure-
ments and to the unknown size of the aﬁrﬂr gaused by the oxy-
gen evolution and manganese({IV) reduction; they concluded
that the exactness of the equilibrium constant was not great.
At 25.00C in 7.5 M sulfuric acid, a K of 147 X 103 was in-
dicated by their data, but they preferred Lo state only that
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the equilibrium constant was less than 7 X 10™3,

In addition to their work on the equilibrium constant,
Vetter and Manecke developed mechanisms for the electrode
reactions in the manganese system under current flow. Since
the method employed to determine the equilibrium constant in
the present work was based on potential measurement of the
manganese system, thelr results were pertinent. They cone
structed a number of current-potential plots using various
concentrations of manganese. The slopes of the curves ob=-
tained were dependent on the manganese(III) concentration but
independent of the manganese(IV) and manganese{II) concentra-
tions. This indicated that the potential determining reaction

was:

mtt 4 e~ = mtt, (14)
The apparent reaction

Mttt 3 e~ —= Mnt, (15)

as stated by Geloso {27), did not exist as a one step mecha~
nism but consisted essentially of the following two steps:

bt 3 o= — mt (16)
w2 bt (17)

Confirmation was thus given here for the existence of the
manganese (II) (IIX) (V) equilibrium; and an insight into the
overall reaction was obtained.

In summarizing the work reported to date it may be said
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Il. EXPERIMENTAL
A, Materials

Ammonium Hydroxide, ﬁﬂhaﬁz Baker and Adamson reagent
grade, 8Sp. Gr. 0.90; 28% Nl 54

Iodic acid, HXQBz Gs Frederick Smith Chemical Company,
Columbus, Ohioc. GFS reagent of purity better than 99.9%.
Solution: Jodic acid erystals disscolved in water and allowed
to stand overnight. The solution w&gyfiltared through 2 fine
sintered glass filter.

Lithium carbonate, 1iC03: Baker and Adamson reagent
grade.

Lithium perchlorate, LiCl0,. 3H0: G« Frederick Samith
Chemical Compeny, Columbus, Ohio. GFS reagent., Solutlon:
Lithium perchlorate c¢rystals dissolved in water and filtered.

Mangenese matal, elecirolytic of a purity of 99.99%.

Manganese dloxlde, MnOp: Baker and Adamson reagent
grade.,

Manganoug Sulfate, m&&@az Baker and Adamson reagent
grada. |

Perchloriec acid, HClO0,: Baker and Adamson reagent grade.
70-72% HC10,.

 Periodic acid, HgIOg: G. Frederick Smith Chemical Com-
pany, Columbus, Ohio. GFS resgent of purity better than
99+99%. |

Potassium acid iodate, £H(193}2: G+ Frederick Smith
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ing a slight excess of the sulfate salt to an iodic acid
solution to saturate it with manganese(II) iodates The man~
ganese(II) iodate; which precipitated during a ten to fifteen
minute agitation period; was removed by filtration through a
fine sintered glass filters This methed introduced sulfate
ion in very low concentration into the solutions; however,
since the ratio of lodie acid to sulfurie acld was approxie
mately 10%; no effect due to the sulfate could be discerneds
# second method of preparation which did net introduce
gulfate ion was the dissolution of manganese metal in lodie
soid d%raatiya The metal dissolved slowly in hot concen-
trated iodie acid solutlions with asn evolution of hydrogen
gass Howaver; under these conditlions the iodate oxidized the
manganese rapidly yielding a pale wiolet solution which cone
tained manganese(IlI) and manganese{IIl)s A corresponding re~
agtion oecurred in dilute manganese{lI) lodate solutions at
room temperature; but the oxidatlon was very slows The
isdate decomposition was @ﬁ@ﬁ@n@a@g after samples had stood
for several days; by the development of the characteristic
pink-violet color of mangsnese(III) and by formation of small
erystals of lodine on the glass walls of the container. Be-
cause of this decomposition reaction; the solutions were pre-
pared from manganese(IIl} sulfate instead of manganese metal
gné were used within s few hours when zpectrophotometric
analyses falled to detect mengenese{IIl) or iodine absorption

peaks.



e gem Arqeungexd yoTym pewmaol eqeatdrosad umolg-pes ‘Nyep
e ‘pepessoxd MOTIRPIXO OUI 8Y *UCTINTOs eqeyTns (II)eseusd
~Qew pegeIjusouocd v 04 piow osrpotred Jurppe Lq osTe peged
j~oxd sEM Zowg +*Jeqqeq ou vaem saTnsex oyl *ojeusfuemyed Jo
mawwauaw edaeT Juren INO PATIJED BIOM SALQE PISSNISIP BUOTIOE
«~8d uorguardrosad syyq ‘osourBusm quoTeAlapendb Argsom peutres
-Uod YOTuM epiIxotp eseueiuew saedead o4 sdweqae uwe ur *geyd
=Hes 480m Uy quegexd saer sseweBuew NUOTBAISY JO gaunour 8faeT
98Y3 pUNOy ueeq sey 17 ‘uOTATppE Ul  *4s8TXe pumodwod dy3
JO 80T39TJIRA AUSBASIITD ABY) peaaodex sary pue SPIXOTP ossued
~uew porpnas oawy (T ‘0f ‘62 fgz) 9.007e81180AUT TEI9A0S
*(Al)eseusSuen Jo 9eyq ueys Jeqeead 10 Tenbe uweTIEIquUEd
-300 {III)ecounlusuw e pomoys sasdTeue O1JIJSWIIOTOd Texsus? uy
fgeged eaex ut ATuo LI040BISTIEE OI9M BPTXO STYL JO suUOTINTOS
99upOT *POTJp 90U 4ng suot uFrerol saomax o1 ATINJOJED pPOUSEM
gem aqeqydyivexd eyy *ejeyins (II)eseusBusm J0 @»@%ﬁﬁ%@ﬁﬂ&
wnjpos pue oqeueluemied woxy pesedead oxem sordwes feTqnyos
aJo0w 9T opIYOTP ossurduem snoapdiy pejestdroead Arusedy eouls
*pautesqo sem (AT )eseunSuew ueyy (III)essueBuew sxom Fupures
=02 UOTANTOS 4BTOTA v pue *fpasanodo uorsisodmonsp urede SI0H
*poatubog gem suoTanyos ouy Jo Fupwaem pur ATIpess SATOSSTD
qou pIp Coul Terodeumo) *pIde OTPOT UT SPIXOTP eseueBuwew
Jo uworanTessTP Oyl JO poqasisucs eanpavoad petaq 48JS1) pue
SNOTAQO qBoW BY] *8UCTINTOS esoueduri quUeTRATIDENnD uUMOXY

8yq Jo uorqeaedaad oy J0J OSTR POTIT OJIDM S8POULOW OM]

L1~



]S

periodate of manganese(IV). Upon washing with water, the
precipitate turned dark brown in color as hydrolysis occurred.
Since this product was practically insoluble in lodic aeid,
the hydrous precipitate from permangenate was used in most
cases. By preparing several aaluxiana~from different man-
ganese dioxide samples, an &beaasiaaaliablubien was obtained
in which the‘terwalant manganmaﬁ uaneéhﬁranimn was low com~
pared to that of thé,@uadriv@lent apeéies,

The second method of preparation of manganese{IV) solu=
tions was the oxidation of mangaﬁaa@(zi) or manganese(III),
{IV) iodate solutions with caleulated smounts of periodie
acid, In order to avoid sulfate ion and to keep the amount
~ of periodate added to & minimum, solutions prepared from
hydrous MnO, were usually used« As discussed in a later sec~
tiony; manganese(IV) iodate solutions could not be obtained
pure but always contained either the higher or lower oxidation
. states: Consequently, only sufficient periodate was added to
partially oxidize the mangenese(III) content; in this manner
the praﬁenée of periodate and permenganate in the titrating
solutions was avoided.

No interaction between manganese{IV) and iodate was
evident in solutions stored in glass stoppered containers.
However, unstoppered solutions were reduced over a period of
several days as indicated by the change in color from brown
op amber to viclet, éﬂa to the low manganese concentrations,
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sufficient oxidizable impurities from the air could have been
absorbed to cause the reduction and no interaction with iodic
acgld was indicated., A very small amount of red«brown pre=~
cipitate did form slowly in the manganese(IV) solutions which
were stored in glass; no solid of this type precipitated when
the containers were fused quartz. This evidence indicated
that some constituent leached from the glass containers was
causing the precipitate to form. Several authors (32, 33,
34, 35, 36) have discussed ter- and quadrivalent manganese
complexes, Olsson (37) has described insoluble double iodates
of the type ﬁzﬁnle{xﬁg}s where M is potassium, rubidium,
cesium, or amuonium ion. However, these compounds were yel-
low or yellowish brown in color. Double lodates of quadri~
valent manganese, as reported by Berg (38}, were formed
easily with potassium or sammonium lon and were vieolet brown
in color. Prepared samples of the potassium saltg, K@ﬁh(x03}ﬁ,
¢losely resembled the precipitate obtained in the mangae
nese(IV) solutions, Spectrographic analysis of the precipie
tate perfermed by Duane Johnson of this laboratory indicated
a potassium content of § = 10%; the calculated value was
646%. It was concluded that the substange precipitating from
the manganese{IV) solutions was the double salt, potassium
manganese (IV) lodate.

The manganese{1V) solutions were cloudy when freshly

- prepared, and some of the apparently clear solutions ex-
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hibited the Tyndall effect. However, after filtration and
dilution vo concentrations suitable for use in the titra-
tionsy; the e¢loudy or colloidal properties were no longer
evident. To avoid errors due to decomposition, the solu~
tions were used on the same day that they were prepared. If
slight changes in color occurred or if a precipitate or
cloudiness was evident, the solutions were discarded.

The preparation of the lithium iodate solution should be
mentioned here alsc although the procedure was stralghtfor-
ward. A welghed amount of dry lithium carbonate was dis~
solved in an equivalent amount of standard iodic acid solu-
tion. When solution was complete, the pH was adjusted to 5
using lithiuvm hydroxide and iodic acid, and the solution was
filtered and analysed.

Cs+ Apparatus

Spectrophotometric measurements were made using a Cary
Recording Spectrophotometer manufactured by the Applied
Physiecs Co., Pasadena, California, or a Beckman DU Quartz
Spectrophotometer manufactured by Beckman Instruments Co.,
South Pasadena, California. Both instruments have a quartsz
optical system enabling the operator to work in the ultra-
violet and visible regions with light which could be con-
sldered essentially monochromatics In the Cary instrument

the light beam is split by the optical system, half passing
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through the blank and the other half through the sample cell
after which the light falls upon photocells. The signals
from the photocells are amplified electronically in a differ-
ential amplifier, impressed across a logarithmically wound
resistor, and measured by a Brown recording potentiometer.
This makes possible the presentation of the light absorbing
characteristics of the sample directly in absorbance units.t
The accuracy which may be attained with this instrument
ranges from 0.5% at absorbancies of less than one to about
0.2% at absorbancies between one and two. Since the Beckman
instrument is not recording, all scanning of solutions was
done using the Cary spectrophotometer. The Beckman was used
in analynieal praeedhras where readings at one or two wave=
lengths only were required. An acecuracy of 0.1% is attain-
able wiﬁh this instrument under ideal conditions. Caster
{(40) in a eritical review of the posaible errors in measure-
ments with the Beckman spectrophotometer indicated an inw
strumental error of 0.5% for the determination of relative

absorbancy values as in a series of unknowns when the reade

lfhe absorbance of a solution is defined as A = loglg
[o/1 where A represents the absorbance, and I, and I the
intensity of the light passing through the blank and the
sample cell respectively. By using the combined Beer-
Bauger law, this relation ¢an be given also as

A 2 agped
where ¢ is concentration in moles per litarz d is the cell
8

or sample thickness in centimeters, and ap the molar
absorbancy index (39).
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ings are about Ou400 to 04500 units. Quartz cells with path
lengths of 1,00 em., 5.00 em.,, and 10,00 cm. were used with
both spectrophotometers.

A Beckwman model G pH meter was used in the oxidation-
‘reduction titrations and in the determination of hydrogen
ion agﬁivity¢ This instrument was standardized with buffers
prepared by the manufscturer for this purpose. Accuracies of
0.02 pH units or better than 2 millivolts ér@ reported for
this instruments In the measurement of pH the glass electrode
and standard calomel reference electrode supplied with the
instrument were used. For the titrations of the manganese
iodate solutlions a platinum wire dipping into the solution
gserved as the indicating electrode and a silver iodate half
cell was used as a reference electrode, A discussion of the
preparation and use of the silver lodate electrode is given
in the appendix to this section.

Ds Chemical Analyses

Periodate determinations were made as described by
Willard and Diehl (41). The periodate was reacted with exw
cess potassium iodide in aecidified solution, and the liber-
ated lodine was titrated with standard thiosulfate using
starch as an indicator. Periodiec acid was analyzed for both
periodate and ilodate using the method of Miller and Fried-
berger (42)s The diluted sample was buffered with bicare
bonate and treated with potassium iodide. At this acldity,
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the periodate was reduced to lodate, and the liberated iodine
‘was titrated with standard thiosulfate solution. A deter=
mination of total iodate and pericdate yielded the concentraw
tion of each spacles.

Standard sodium thiosulfate solution was prepared in the
manner described by Willard and Furmen (43). After being
stored for a week, the solution was standardized with potase
sium acid lodate as the primary standard using the same
method employed for the determination of iodate.

The determination of iodate was made by adding excess
potassium iodide to the aeidifiad solution containing the
sample. The liberated lodine was titrated with standard
thiosulfate as in the periodate determinations

Standard potassium permanganate solution was prepared by
dissolving the reagent grade solid in water, boiling, and
subsequent filtering through a sintered glass disk. Sodium
oxalate was used as a primary standard for this material as
in the method described by Fowler and Bright (Lk).

Lithium iodate and lithium perchlorate solutions were
analyzed gravimetrically using 2 method given by Scatchard,
Prentiss, and Jones (&5)» Aliquots of the solutions were
evaporated to dryness and fumed with sulfuric¢ acid. The
residues were then ignited to constant weight at 900°9C and
weighed as the sulfates.

Standard acid and standard base solutions were prepared
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by usual methode using potassium acid lodate as a primary
standard.

E« Colorimetric Analyses

The interaction of the various nmanganese speciles with
iodie¢ acld and the difficulties encountered in attempting to
prepare pure solutions has been discussed previously. These
difficulties presented a definite problem in the analysis
of the manganese(IV) solutions required in the potentiometric
titrations, No tested method was available for deternining
manganese (III} in the presence of mangenese(IV). The small
ﬁm@ﬁﬂta of these species in the coneentrated lodic se¢id solu-
tions precluded consideration of any simple titrimetrie pro-
cedure based upon oxidation or reduction of either the mane
ganese(IIlI] or manganese{IV) since iodic acid ¢ould be re-
duged eesily itself. However, since the mangsnese in these
oxidation states was ¢olored,; it became evident that perhaps
the most feasible method for analyzing the solutions would be
a colorimetric procedure.

As noted sarlier, manganese{Il) solutions in iodi¢ acid
remained colorless fer several hours after preparation, and
spectral scanning on the Cary speetrophotometer of freshly
prepared solutions showed no absorption in the wavelength
reglon from LOOmp to 700mp » It was assumed that these

cclorless solutions eontained no manganese in any valence



state other than divalent, and the determination of total
manganese content was sufficient to obtain the manganese(II)
concentration. Total manganese was determined by periodate
oxidation in acid solution to permanganate and colorimetriec
comparison with stendard solutions as described by Willard
and Greathouse (46) and others (47, 48). Since the permane~
ganate color faded slowly in iodic acid solutions, the iodate
was destroyed first by evaporation and fuming with sulfuric
acid. This procedure was quite satisfactory for pure man-
ganese(II) solutions but was not sufficient in itself for
determining the concentrations of the higher oxidation
states.

Hayes (49) has investigated the absorption character of
the manganese(IIl) iodate complex in a qualitative manner but
has given no absorbancy indices suitable for use in a colore
imetric procedure. No information concerning the absorption
characteristics of the manganese(IV) complex was found., Con-
- sequently the first step in developing a suitable analytical
procedure for the complex solutions was the determination of
absorbancy indices for the manganese(III) and manganese(IV)
speciess This presented a difficult problem due to the im-
possibility of preparing pure solutions of the ter- and quade
rivalent states and to the overlap of the absorption peaks of
manganese(IIl) and (IV) and permanganate.

The wmethod employed to obtain the absorbancy indices

consisted of scanning spectrophotometrically a standard solue
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tion of manganese(II) after each addition of a small amount
of periodi¢ acid. The solutions were heated after each addie
tion to ensure complete reaction, and the volume and iodate
congentration were kept constant by replaeing to the cooled
solutions any solvent which might have evaporasted. By using
sufficiently small increments of oxidant, a series of absorp=
tion curves were obtained which represented various mixtures
of manganese(Il), (I1I), and (IV) and permanganate; a few of
thé pertinent curves obtained from several series are repro=
duced in Figures 1 and 2.

In Figure 1, curve 1 represents a solution containing
kménganasﬁ{lill with a small concentration of manganese(IV).
From curve 8, Figure 2, it was evident that manganese(III)
does not absorb to any extent at 430 my ; consequently the
absorbancy at that wave length in curve 1 was due to the
quadrivalent state. Curves 2, 3, and 4 of Figure 1 showed
inecreasing amounts of mangenese(IV)s. Since the absorbancy
incressed at 430 mp and 530 mu, the sbsorbancy index for man-
ganese(IV) at 530 mpm must be greater than that for the terw
valent lons A comparison of the absorption characteristics
of manganese(III) and permanganate, as given in curves £ and
9 of Figure 2, showed that both species absorbed strongly in
the spectral region near 530 mp and had low absorption near
430 mue The absorption peak at 530 mp for manganese(III) was
broad and smooth,; but permanganate exhibited identifying fine



structure in this region. These differences served to dis-~
tinguish between manganese(IlIl) and permanganate in manw
ganese (IV) solutions. Curve 5, Figure 1, represents a soluw
tion of guadrivalent menganese containing small amounts of
mangenese{Ill) or permenganate which caused the slight rise
in the eurve in the region of 530 mu. Repeated attempts to
obtain a solution in which no contribution to the spectra
from manganese(IIl} or permanganate could be detected ware
unsuccesasful; curve 5, Figure 1, shows the best available
datas, The rise in this curve at 530 mp was too small to be
useful in distinguishing the identity of the contaminant,
As wore periodic acid was added, the slight rise at 530 mu
became more pronounced,; and irregularities which were clearly
due to permanganate developed as shown in Figure 1, curve 6.
It may be noticed also from these two curves that the absorbe

| ancy at 430 mp mncwﬁaﬁaé with the addition of periodate and
the resulting conversion of manganese(IIl) to manganese(IV).
Curve 7, Figure 1, shows a mixture of permangenate and manw
ganese{IV); the existence of the quadrivalent specles was
proved by the high minimum absorbancy at 430 mpe

From a qualitative consideration of a series of curves
of this type, it seemed possible to determine absorbancy in-
dices for manganese({III) and manganese(IV) by measuring abe
serbancies at 430 mp and 526 mp for solutions of known total

manganese contents At best a procedure of this type would



N
@)

o

N

A888RBANCY
®

0.0

|

Figure 2.°

I
380 420 460 500 540 580 620 660
WAVELENGTH, Mg

Absorption Characteristics of Aqueous Solutions of Various
Manganese Oxidation States on_the Cary Spectrophotometer.
Curves: 8, Malll with Low MaIl Concentration; 9, Permanganate;
10, Manganese(IV) with Low Permanganate.
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consist of numerous trial and error attempts to fit absorb=-
ancy indices to the date at hand, and the most advantageous
starting point was not obvicus: It was declded to use first
the data obtained for mangenese{IV)~permanganate solutions
since these samples contained no manganese(II), the color-
less specles which was not measurable directlys Curve 10,
Figure 2, was an example of a plot for such a sample with
low permanganate content, The slight irregular rise dus to
- permanganate was approximately 0,026 sbsorbancy unite at 526
mpe The wmoler absorbancy index for this specles is 2241 4 5
at 5260 3 as reported by Hayee (49)s B8ince the measurements
were nade using a 5 cms eell, the absorbancy was divided by
five times the absorbaney index to obtain a concentration of
04023 X 10°% i, When this concentration wae subtracted from
the total manganese éamaaﬁkratimn of 2.84 X 10~k ¥, a value
of 2.82 X 10*% M was obtained for M, The absorbaney at
530 muoof 14926 units was assumed due to the ﬁnxv’aantaam
alone since permesnganate has a low absorbancy index at that
wavelength and the concentration of the latter was quite low.
An sbsorbancy index of 1370 was calculated for manganese(IV)
&t 430 mu; for a series of similar curves, values of 1360 and
1380 were obtained with an average of 1379@§Q?“ From this
same set of curves, the absorbancy index for manganese{IV)
gt 526 mu was estimated to be about 325, These values were

then used in the calculations for Mn' il.pml1V curves to obtain
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absorbancy indices for menganese(IIl)e Several values were
tried for the manganese({IV) absorbancy index at 526 mu, but
the most consistent results were obtained when 320 was used.
The results of the caleulations, as shown in Table 1, indi-
cated an absorbancy index of 101 # 3 for manganese(III) at
526 mpe

%ha ah&arbanay indices cbtained above were checked on
several curves, and the sum of the conecentrations of the
Qariaua species calculated in this manner equaled the total
manganese content ss determined ¢olorimetrically. It was
necessary that the solutions exsmined by this method contained
enly menganese{IlI) and manganese{IV) or permangenate and
manganese(IV). 8ince the eguilibrium constant for the dis-
prapar%iaa&§iﬂn Qx»mangan@&eiziz3 is very small; the concen-
tration of mangenese(Il) ilon in solutions containing appreci-
able menganese(IlI}) and some manganese(IV) was effectively
geros All of the menganese(IV) solutionsg used in the titraw
tions were analysed by taking absorbangy readings at 430 and
526 mp and utilizing the absorbanecy indices determined by the
preceding method. In addition the total manganese content
was determined colorimetrically using the periodic acld oxie

dation procedures
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Cary Recording Spectrophotometer and allowing the chart to
proceed, the change in absorbancy with time was recorded at
any selected wavelength.

Qualitative visual examination of color change when the
divalent and quadrivalent species were mixed indicated that
mangenese(Ill) formed rapidly. However, by keeping the time
of mixing to a minimum, it was hoped that any sméll change
near the end of the reaction not observable to the eye would
be determined, The general pra@eéaré followed was to half
£il1ll a sample aéll with a solution of manganese(II) and then
rapidly add manganese(IV) solution up to the bottom of the
neck of the cell leaving an air space between the solution
and the stopper to fagilitate mixing. The cell was stop-
pered, shaken, and placed in the sawple chamber of the spec-
trnphnhamauar.’ The chart mechanism was actuated during the
addition of the second solution to the ¢ell, and the time
elapsed between the #t&r%iug of the éhart and the first ab-
sorbancy réaﬁing wa# usually ten to fifteen seconds., No
change in absorbaney was found at either wavelength avér a
thirty minute period; the aquilibriuﬁ had been established in
less than ten seconds at room ﬁamp@réturea siﬁe@ part of this
elapsed time was required for mixing\th@ reactants, the ree
action was undoubtedly completed in a much shorter pafiod,
and the equilibrium was considered to be rapidly established
under the conditions of the experiments,.
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After th@ deternination of the absorbancy indices for
the manganese species at two wavelengthe, the most obivous
method for determining the equilibrium concentrations was
also a direct calorimetric procedure. From absorbancy read-
ings at 430 mk and 526 mu and from total manganese determina=
tim\a, the concentrations of each species should be obtaine
able.

Two methods were tested to determine the equilibrium
constant from colorimetrie measurements. In the first pro-
gedure, iodic acid smlﬁﬁimna.whiah contained high relative
concentrations of manganese{III) iodate were shaken with
solid manganese(II) iodate for long periods to @nsﬁra sate
uration with the divalent species. Absorbancy measurements
at 430 mu and 526 mu were made, and the total mangenese cone
centrations were determined colorimetrically. The manganese
concentration in the solution was then reduced to a definite
fraction of its original value by dilution with lodic acid;
all solutions used in any series of experiments were of the
same lodic acid concentration. The diluted solutions were
shaken with the same manganese(II) solid used previously.
After absorbancies had been measured, the procedure was re-
peateds In this method the manganese(II) iodate and the
iodic acid concentrations remained constant. In addition
possible errors due to impurities in the manganese(II) sélid

were reduced by using the same sample to saturate each solu=
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tion., To determine the manganese(II) concentration more
accurately, iodic acid which contained no tervalent manganese
was saturated with the divalent species in a simllar mamner,
and the total manganese content was determined. Prom these
data the concentrations of each of the manganese species was
calculated.

As discussed previously, decomposition of manganese(II)
solutions oceurred if they were allowed to stand for long
periods of times It was possible that such decomposition
was taking place during the long shaking perieds required to
ensure saturation with manganese(ll)« Consequently a more
rapid procedure involving no solide-solution equilibrium was
indlcated. |

In the second method tried, equilibrium solutions of
manganese(II), (I1I), (IV) in iodic acid were diluted to
known volumes with iodie agid which contained manganese(Il}s
Absorbancies at 430 mpu and 526 mp were measured to obtain the
manganese(III) and (IV) congentrations, and total manganese
was determined, The manganese(II) was then calculated by
differences Equilibrium constants calculated from this data
were erratic also. It was apparent that the sensitivity of
the direct colorimetric procedure was insufficient to obtain
good results. |

An examination of the probable magnitude of the terms in
the equilibrium wﬂﬁatanﬁ showed that Ky had to be fairly
vamall to be measurable by colorimetric methods. For example,
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in 1 M iodic aeid the saturation concentration of mangaw
nese{Il) was approximately 1.8 X i@*#ﬁ; manganese(I1I) cone
centrations varied but an average value of 5.0 X 104 was
used for this caleulation. The error in reading the Beckman
gpectrophotometer (40) as discussed under agparatﬁﬁ descripe
tion was about 0,5% for absorbancies of 0,500 or an error in
reading of approximately 0.0025 units. An absorbancy of
0.0025 at 430 mp corresponded to a manganese(IV) concentra-
tion of 1.8 X 10~6y, For a K, of 750, the manganese(IV) conw
centration was given by the following relationship:

120X lQ*ﬁ?Q = 0,0185X10™%.
(1.8 X 10~%)(750) (19)

For an error of less than 25%, the magnitude of the equilibe

rium constant had to be 150 or lect.

The colorimetriec methods indicated that the equilibrium
constant was sufficiently large under the conditions of the
gxperiment to make the measurement of its magnitude impose
sible by spectrophotometric procedures. However, in the
determination of equilibrium constants from cell p@tantial&,'
as reported by Grube and co-workers (12, 26), a large cone
stant and the corresponding large potential difference was
advantageous. A suitable reference electrode, the silver~
silver iodate half ¢ell, was available, and the reaction bew
tween the three manganese species was anffieiaatly rapid
that it was admirably éuitad to titration techniques« There«
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fore the potentiometric procedure was used finally for the
ﬁetetminaﬁian of the equilibrium constant,

In the method described by Grube and co-workers the
potentials were determined for solutions of equal maengaw
nese({Il) and manganese(III) eanﬁeﬁtratianﬁ and equal manga-
nese(I1I) and manganese(IV) concentrations, The results were
only as accurale as the measurement of the two potentials and
the preparation of the two solutions. By following through
the complete titration curve, a series of potential values
would indicate any erratic trends in the potentials. Since
the preparation and analysis of the manganese solutions was
complicated, it was advantageous that the endpoint in the
potentiometric tikrabion could be used to verify concentra-
tions determined colorimetrically, In addition all measure-
ments wmra made on essentially one solution instead of two.

The general procedure followed was to add small smounts
of a manganese(III), (IV) iodate solution from a microburet
to a rapidly stirred solution of msnganese(lI) iodate cons
tained in a small beaker. In any one titration the solution
added from the buret metched exactly the iedic aecid, perchlo-
ri¢ acid, and lithium perchlorate concentrations; and ac¢corde
ingly the ionic strength, of the solution in the titration
vessels It should be noted that the total volume of the
additions of solution in the titration were relatively large,

In a limited number of cases the procedure was reversed and
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the menganese(Ill) ifodate was used as the titrating selution.
The end results obtained using @iﬁhﬁr procedure were identie
¢al, and no curves of the latter type are included heres

Potential measurements were made using a Beckman model
G pH meter after each addition of titrating solution. The
¢ell used, as discussed in the appendix, was of the following
type: _

pt; Matl, mTll, HIO4(6y): HIO4(C)), AgIO4; Ag

pt; wnll, mlll, mI05(c;): HIO4(Cy), Ag,mgg Ag]

Temperature control was attained by placing the reaction
vessel in a water bath thermostat. Variation in the temperaw-
ture of the reactants did not exceed #0,2° even at the higher
temperatures used. The titrating solution was added in gufe
fieiently small incremente that no sudden changes in teﬁp@raw
ture were observed; in addition the large number of potentials
measured in this manner permitted the plotting of smooth
titration curves.

Preliminary experimente showed that the equilibrium
state was dependent upon temperature, acidlty, and lodate
congentration. In addition the usseble concentration range
for the manganese(III)sy (IV) solution was determined. After
these facts were obiained, the various conditions to collect
experimental deta were oubtlined.

The general method of investigetlon was to keep certain

variables egsentially constant while changing ong or two
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others. Hydrogen ion, ﬁanganeaa, lodate, lodic acid, and
temperature were all variables to be considered. The titra-
tions were mede using the methods deseribed previocusly, and
the conditions for esch are given in Table 24 In each case
the titratlions were carried out in duplicate or triplicate.
The experiments numbered one to 8ix inclusive were made with
temperature the main varisble.: Experiments numbered seven
through fifteen ineclusive were made to determine the tempera-
ture dependence at three iodic ag¢id concentrations, The re=
sults of the entire sel of experiments, numbered one through
fifteen inclusive, show the dependence of the equilibrium on
the lodie acid concentration ai several temperatures. Reprew
gentative titration gurves fr@m/aaah experiment were plotted
as shown by the smooth curves in Figures 3 through 8.

The effeet of varying manganese concentrations was
studied during these first experiments: In making duplicate
or triplicate titrations, the ﬁaﬁgaﬁmﬁﬁ concentration was
cthanged between determinations, but no chenge in the equilibe
rium constent was evident, Negestive resulis were obtained
for eight such duplicate titrations on separste samples; it
was concluded that there was no manganese dependence and that
no polymerization or association of the mangenese was ocoure
ring in the lodate solutions. If no polymerization occurred,
it was apparent from the equation for the equilibrium constant
that the equilibrium state for a particular set of conditions
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was independent of the volume.

In experiments one to fifteen ineclusive no attempt was
made to isolate the effect due either to the hydrogen fon or
the lodate ion concentration. The ionic strength was also
permitted to vary. Attempts to isolate the iodate dependence
by using lithium jodate in neutral solutions were unsuccessw
fuls, It was found by qualitative visual tests that & hydroe-
gen ion concentration of approximately 0.07 N was required
before the violet manganese(III) color would appear in the
titrations, No potential break was observed in the titration
curve for the neutral solutions. Consequently it was necese
sary to keep the hydrogen ilon concentration sufficiently high
that it remained about constant during the studies on iodate
dependence.

In experiments fifteen to twenty~five inclusive the
ionic strength was kept essentially constant using lithium
perchlorate, and the effect of the iodate ion was studled
separately at three hydrogen ion conecentrationss In the ex~
periments numbered sixteen through nineteen the hydrogen ion
concentyation was maintained effectively aan@t&nt for several
iodic agid concentrations by making #he solutions 2 M in pere
ehlariﬁ acide In experiments twenty to twenty-three inclusive
and in twenty-four the hydrogen ion was fixed by using 1 M
and l«5 M perchloric¢ aclid respectively. These titrations
were carried out at 23.4°Cs+ From the series of curves,



sixteen through twenty~four, the hydrogen ion dependence
could be caleulated. Representative experimental curves
were plotted and are given in Figures 9 through 1ll. In ex-
periment twenty-five at 0.0°¢ the hydrogen ion concentration
was maintained at 2 M with perchloric acid in a 1 M iodie
acid solution, This experiment corresponded to number sixe
teen exeept for the difference in temperature. Figure 12
ghows the results of this experiment.

The nature of the complexes in solution was investigated
to a limited extent by observing the movement of the mangae
nese(III) and menganese(IV) species during electrolysis. A
violet solution containing essentially Mn Il in 1 M iodic
acld was placed in the bottom of & U tube and 1 M lodiec acid
was carefully added to each arm of the tube in such a manner
that the colored solution was left undisturbed. A visible
boundary existed between the violet solution and the colore
less acid. Platinum electrodes were ingerted into the top
solutions in each side of the tube, and a direct current of
0.5 milliamperes was passed through the c¢ell for two hours.
The boundaries were observed to move toward the anode and
away from the cathode. The procedure was repeated using a
brown solution containing essentially manganese(IV) in iodic
acid and lithilum jodate. Similar resulte were cbtained; the
boundaries moved away from the ¢athode and toward the anode.
It was concluded that both the manganese(IIlI) and mangae

ﬁaaafz?} species were negatlvely charged.
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Table 2

Solution Strengths and Temperatures for the
Potentiometriec Titrations

E ¥ b L : - M “ e
| gzg%i %3133 Eﬁnli nglga Mnixzﬁmxv £iﬁ$ﬂb Tb:gg;a

X 10% _X 104 S¢
0.990 1.8, 0,000 Bub5 0.000 0.0
04990 184 0,000 530 04000 040
0990 1.84 0,000 5430 0,000  23.4
04990 1&3& 0,000 5+30 0,000 234
3 0.990 1.8k 0,000 5430 0.000 L8
04990 1.84 0,000 5.30 0,000 Ll .8
£ 0.990 1484  0.000 6480 04000 i
0+990 1.7 0,000 6420 0,000 243

04990 1.78 0,000 6420 - 0.000 2043
5 0.990 1.78 0,000 6420 0.000 572

0&993 1.78 0,000 6420 0,000 5742
04990 1.78 04000 6420 0000 57;2
04497 170 0,000 8,28 0000 0,0
04497 1470 04000 3+10 0.000 0.0
04497 1.70 0,000 3.10 0.000 225

g 04497 1*?9 04000 3410 0000 4345
0.497 1,70 0,000 3.10 0.000 3;5

9 0:497 1470 04000 3410 0.000

ﬂ##97 ly?@ 0.@9@ 3.1& QQGQQ 6115
10 1.782 2.04 0,000 6.65 0,000 0.0
14782 2,04 04000 6.65 04000 0.0
11 1.782 2.04 0,000 6.65 04000 LT743
1.782 2,04 0,000 6465 05000 5743
12 1.782 2,04 0,000 6465 0,000 22,8
1.782 2,04 0,000 6.65 04000 22,8
13 1.782 2.04 04000 6.65 04000 6445
1,782 R.04 0,000 6.65 04000 64.5
14 04249 W02 0,000 2+78 0,000 0.0

0.249 1.02 0,000 2.78 0,000 0.0

2y refers to molar concentration.
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Figure 3. Potentiometric Titration Curves of Manganese(II) by Manganese(III), (IV)

Solutions in 0.990 M iodic acid. Curves: 1, 0.00C; 2, 23.4°C; 3, L4.8°C.
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Figure 4. Potentiometric Titration Curves of Manganese(II) by Manganese(III),

(IV) Solutions in 0.990 M Iodic Acid. Curves: 4, 24,.3°C; 5, 57.2°0C.
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G« Appendix: The Silver Jodate Reference Electrode

During the first attempts to titrate manganese{IV) with
manganese(Il), a saturated calomel reference electrode was
used, However, an immediate precipitation of Kgﬂh(163)&
occurred leaving & colorless solution. It was decided to try
an ilodate aleatr@&a which would not react with the manganese
and at the same time would eliminate the lodate~chloride
liquid junction. Takacs {(50) described a ﬂgz(XQB)z electrode,
but due to the oxidizing action of iodate ion in acid solu-
tion, iodic acid solutions could not be used with mercury(II),
Pearce and Wirth (51) deseribed a reversible silver iodate
electrode with a standard potential of 0.3563 V when used
with Q.1M KIO3 solution. Kolthoff and Lingane (52) calcue
lated a potential of 0.3551 V with respect to the hydrogen
half ecell for this electrode from solubility measurements
made on silver lodate. Since no reaction between the silver
and the manganese solutions was observed and since this elec-
trode haed been shown to be reversible, the silver iodate half
cell was used as a reference electrode, |

Silver iodate was precipitated by slowly adding dilute
iodic acid to a rapidly stirred silver nitrate solution. The
precipitate was carefully washed with water, dissolved in
concentrated ammonium hydroxide, and reerystallized. After
drying, the product was stored in a colored bottle until
useds.
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The half cell was constructed by sealing a one centi-
meter length of platinum wire in the botton of a small pyrex
test tube in such a manner that approximately two millimeters
of the wire protruded inside of the tubes« A paste of silver
oxide and water was applied to the exposed platinum inside
the tube, and after slow drying, this coating was decouposed
to metallic silver by heating to 400°C in a muffle furnace.
This silverizing process was repeated several times to ensure
ecomplete coverage of the platinum wire. A thick paste of the
purified silver lodate with ilodie acid of the concentration
used in the titration was added to fill the tube to a depth
of five»ﬁa ten millimeters, A plug of glass wool was placed
on top of the silver iodate paste to pravént stirring effects.
Iodic acid was used to fill the tube and the bridge.

Since the differences between two potential readings was
of importance rather than the accurate determination of one
value, a double cell of the following type was used:

pt; mlT, ualll, HIO4(Cy): HIOS(Cy), AgT045 Agq

pt; Mnll, maItl, HI05(0y): HIO5(Cy), AgIO3; Ag].

The total concentration of the manganese was relatively low
compared to the acid molarity, Cy» Therefore the effect of
the liquid junctions for this cell should have been very
small although the concentrations of the manganese species
varied over a wide range because a major fraction of the cur-

rent was carried by the hydrogen and iodate ions present in
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large excess. In addition the second Janctién potential in
part cancels the first.

Prior to use two silver iodate electrodes were inserted
in thé same manganese lodate solution; the platinum leads were
connected; and the cells left overnight to equalize. After
this treatment, no potential difference was obtained for
double cells of the above type when the same mangenese soluw
tions were used on each side.

New electrodes were prepared each time a titration was
conducted in which a different iodie acid, lithium iodste, or
perchlorate concentration was used., In the case of the tie
trations in perchlorate or lithium iodate solutions, the half
cells and the bridge were prepared using similar solutions
instead of iodic acid.
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III, DISCUSSION AND RESULTS

From & cursory examination of the experimental curves,
it seemed that the sharp breaks in the potential located the
titration endpoints accurately. However, this was not the
cases For titrations in which the overall éhanga in potenw
tial was less than 0.200 volts, e.g. curves 14 and 15, a
hurried estimation of the endpoint introduced éyxars of
several millivolts. The curves were not sy@matrieai about
the endpoint. A simple method for determining the endpoint
with these a&ymmatrigal CUrves was Necessary.

In the classical method (53) the endpoint is determined
by plotting the data and finding the point of inflection, by
caleulating the slope (dE/dv) of the titration curve as a
function of volume and finding the valaﬁa earraﬁpandiﬁg to
the maximum slope, or by calculating the second derivative
{ﬁzﬁ/évz) and determining the volume corresponding to a zero
value., For asymmetrical curves the endpoint is likewise
taken as the point of maximum slope.

Cavanagh (54, 55) suggested a special method for deterw
mining the endpoint based upon the mathematical behavior of
the titration curve. He deseribed an involved method for
thé calculation of the endpoint from two or more readings of
the e.m.f. torresponding to suitable volumes of reagent,

Kolthoff (56) favors direct calculation of the endpoint
from the strengths of the solution used, While this method
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gould have been used, no check or verification of the color=-
imetric analyses would have been possible.

A graphical procedure deseribed by Hahn and Weiler (57)
was used. Jn this method the evolute or locus of genters of
curvature of the experimental titration curve was constructed.
A straight line which was drawn asymptotically tangent to the
two branches of the evolute cut the original titration curve
at the endpoint., The authors showed by several examples that
this method was useful for curves of any or of unknown syme
metry. The graphical construction required for this method
is illustrated in Figure 1l.

After the endpoint for each titration curve had been
identified, the points at which the manganese(II) and manga-
nese(III) concentrations and the manganese{III) and mangaw
nese(IV) concentrations were equal were still not evident,
Since the oxidizing solution is a mixture of two valence
étateag these points of equal concentration had to be calcu=-
lated for each different solution used. The colorless diva-
lent solutions were considered pure, and the concentration of
manganese(1I) was determined colorimetrically by analytical
procedures alrgady discussed, The concentrations of the ter-
and quadrivalent species in the oxidizing solutions were also
determined colorimetrically.

If the data for curve 1, Figure 3, is used iﬁ a sample

calculation, the method may be shown. The concentrations of



manganese (III) and manganese(IV) in the titrating solution
were 1.48 X 10" M and 5.16 X 10™4 M respectively as deter-
mined from curve 26, Figure 13. Three milliliters of a
1,80 X 10°* M mangenese(II) solution was being titrated, and
the endpoint of the titration occurred after the addition of
1,045 milliliters of the oxidizing solution which checked the
goncentrations determined colorimetrically, If Z was taken
to be the milliliters of titrating solution added, the total
~amounts of the manganese species at any point in the titra-
tion were given by the following expressions if the equilibe
rium constant was large:

il & 5.4,00207% - 5,16X10%4z (20)

MaIIl o 1,48X10%6 § 2(5.16X10"%)z |  (21)
Setting the two amounts equal and solving for Z, the equae
tions reduced to:

Z & 5440/ 16.96 = 0,318 {22)
Dividing this value of Z by 1.045 to convert to a scale in
which the endpoint was at 1,00, the value for equal mangae
nese(II) and manganese(Il1) concentrations was 0,304« For
the other required point, the following equations were used:

MalIT o 1.48X10%k § 2(1.045)(5.16X10°4) (23)

IV = (5,160007%)(z - 1.045).  (24)
At equal concentrations,

Z = 16,18/ 3.68 2 4439 . (25)
Converting to the above scale, the value became 4.20, Sim-
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ilar calculations were made for aaah titration, and the
points of equal concentration were indicated by vertical
lines cutting the titration curves in Figures 3 to 12 inclue
sives, The e.m.f. values at these points were read from the
wmr#ea, and the differences between the potentials for equal
maﬂgan&aa(llj and (III1) and equal manganese{III) and (IV)
congentrations, AE, were galculated for each titration.

These data are given in Table 3, By using equation (10) and
the AE values, the equilibrium constants, Ké, were calculated;
these values are included in Table 3.

The entire titration curves were determined to avoid
using only two erperimental points. However the K; values
were agtually c¢alculated from two points on aé¢h curve, and
the remainder of the eurV$ was used only to determine the
endpoint and to observe any abnormal deviations in potential,
More satisfying results were attained by comparing the entire
experimental curves with theoretical curves the points of
which were calculated in the following manner.

If p was the original amount of manganwaafxi) being tiw

trated, m was the manganese(IV) added, and x, the Mall op

Mnxv'whieh had reacted, then the following equations applied:
Mall 3 TV = 2 w11l (26)
PeX m«3x X .

The concentration equilibrium constant for the reaction was,
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Li1l7 [inlV7 (p = x){m = x)

However the titrating solution cantainﬁﬁfﬁnxzz as well as

%nxv, If the ratio of manganese{IIl) to manganese(IV) was I,
| then the quantities became (p - x), (m « x}, and (2x & fm),
and the equilibrium constant was |

Ko = (2x 4 f0)%/ (p - x)(m = %), (28)
This quant&ﬁy wﬁ$ awé&m&iai&y constant for any titr&txmn in
which the hydrogen ion and iodate ion concentrations, the
temparanura;’%hﬁ ionic atramgﬁh, and consequently the active
ivy coefficients of the species did not vary. It was possi-
ble that several species of each manganese oxidation state
existed in the aaluhi@ns; but the ratios between all active
ities and concentrations for the species of a given oxidation
state would have been constant for equilibrium solutions with
thaamwaam@ properties. |
When equation 28 was ﬁ@i#ﬁﬁ for x; the following expres=
gion was obtained
X = *.**W?%*W
8 - 2K,
$ [Reipmn)? 4 K rmpisepetPaomy” . (29)
8 » 2K,
Letting y be m/p, the expression was
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X = *(#f?f*ﬁg?*&g?fﬂ
g - 2K,
2 etery)” 4 Ko(etyronsy sty o 7 (s
and (p = x) 2 [T8p=2Kep)/(8<2Ko)T ~ x (31)

or (p~x) g  Bp-Kop#hfypdKepy - X% | (32)
&*Eﬁc

where Y is the quantity in the radieal in the equation for x,.

In terms of the above symbols the Nernst equation,
E =B - (RTV&F)Xa‘aﬁniéi/ B0 44 o
became )
EzE® - taw/n?m (% + tn) ¥, 111 (33)
(p - %) Yxx

if oxidation potentials were considered. When the Nernst
equation was written in terms of y and K, only, the following

working form was obtained:

E = constant ~,§§.' {(34)

12K [Leveey - [ley} +(8Ey48£y° B2y 416y) /K gTP}
3~Ke{l~yw&fy/ﬁa 4 A}i«y) %(3fy¥8fy24&f272§16y)/K;jé}

The K@ values from %h@ experimental curves were used in

the above equation, and points for corresponding theoretical
plote were calculateds In most cases the experimental and
¢alculated curves were superimposable; a few small deviations

were observed especially in that portion of ﬁha‘aurva inmew
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diately preceding or following the greatest change in potenw
tial, and the deviations were of the magnitude of the ex-
pected experimental error. In order to obtain a better fit
between the theoretical points and the experimental data, new
curves were calculated using K; values slightly different than
the values listed in Table 3+ The a@ailihrium gonstant for
the theoretical curve which most closely matched the experi-
mental curve was taken as the best value for the constant;
these values are listed as K, values in Table 3 along with
the pointa for the corresponding theoretical curves. The
theoretical points are indicated in Figures 3 to 12 by the
i&mlataﬁ egircles.

In this treatuent of the experimental data the K, values
obtained were ¢onstants only for the particular set of exw
perimental conditions impesed during the titration. The
variations in these concentration equilibrium constants with
iodate ion and hydrogen ion congentrations; ionie¢ strength,
and temperature gave some information about the actual equiw
librium involved, An exaet theoretical calculation of
activity coefficients could not be made for solutions of the
congentrations used, namely, 0.25 M to over 2 M., However by
studying the effects of the factors influencing the equilibe
rium, a concentration equilibrium constant was evaluated.

The effect of iodate and hydrogen ion was investigated

separately in experiments sixteen to twenty-four inclusive.
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Table 3
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{Continued)
y values ‘ ~Calculate Potentials for Experiment Number
—— . 8 9 10 S .
0.2 ~Q,123 -0,112 ~0.105 -0.160 -0,150 -0,155
GQ% ”53&@98 "g Q@g 5 ~€3.. Q?? "'Q& 136 Wﬁalgl "&4 13@
zt *@ ‘Q?? wG;@é&» "‘Q n@i& *‘t l}—? *& - 11 0@ € 3 llg
0.8 «0,052 ~0,039 =0,030 =009 «0,074 -0,085
0.9 - -0,033 =~0.021 ~0,015 ~0.075 ~0.,052 «0.,064
1.0 0,000 0.000 0.000 0.000 0.000 0.000
1.1 0.031 0.019 0.014 0.072 0.040 0.061
1.2 G.@éﬁ 0.032 0,024 0,088 0.067 0.078
1oy 0.062 0.048 0,039 0,103 0.084 Q.09
1.6 - 0.072 0,058 0.048 0.112 0.094 0.104
1.8 0,078 0.065 0.055 0.118 0,101 0.110
2.0 0.083 0.070 0.060 0.122 0.106 0.115
2ely 0.088 0.077 0.068 0.128 0.116 0.121
3.0 0.096 0.084 0.076 C.l134 0.126 0.128
4.0 0.103 0.091 0.083 0.141 0.128 0.135
— 5.0 _o.l108 0.096 0,088 0.144 0.132 0.139
Ke 5.8,%103 1.4gx103 5.70x10% 3.15x105 :a..zéxmlr &eéxmﬁ
AE (average value 0.221 0.199 0.183 0.298 0277 0.288
for titrations,
Table 2}

K. (from a matched 5.80x103 1.4,x103 5.60x102 3.2,x105 2.2,x10% &.1.x10b
’eg}.mlateé cnr%) 9% b 911 3,, , , é‘ 2 ,




Table 3

{Continued) |
y values ' — Galculate Potentials for Experiment Number
1335 16 17 18
Osly ~0.117 -G.G% =0.,077 =(,102 =0,091 «0.080
0.6 ~0.094 «0.073 ~0.056 =0,081 «0,070 =0,060
0.8 ~(0.065 =0.050 -0.033 ~0,056 =0, 046 -0.036
0.9 ~0.043  -0,032 -0.018  -0.037 . -0.028  ~0.020
1.0 ‘ 0,000 0.000 0.000 0,000 0.000 0.000
1.1 0.040 0,030 0,016 0.035 0.026 0.018
1.2 0.058  0.0L4 0.028 0,051 0.041 - 0,031
1.4 a.a?é maw 0.042 0.068 0.837 0.047
1.8 0.09% 0.073 0.057 0.085 0.074 0.064
2.0 0.099 0.078 0.062 0.091 0,080 a,aﬁg
2k 0,107 C’i,%& 0.069 0,099 0.088 .97?
3@@3 gt 122 Q‘ﬁ 9‘9? g‘g 382 Qa 3-1? atlgé
5,0 0,127 0,101 0,086 | e
Ke 9. 331193 6.5¢x103 1.1,x103 5.51::193 2.33x103  9.8,x102
A E (average value 0.266 04207 - 0.179 0.220 0.198 0.176
for titrations,
Table 2)

K, (from a matched 9,33x10° 6.6gx10° 1.1,x10% 5.5x10% 2.35x103 9.8,x10
calsulatad curve ) ' , e e k

- &gm
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In this series the lonic strength was maintained effectively
constant by using lithium par@hleraﬁe and perchloric acid
mixtures with a total concentration of 2 M} in no case was
the aeid strength less than 1 M. Various concentrations of
lodic acid from 0.5 to 1.0 M were used, but due to its small
dissocliation constant, the resulting contribution to the ioniec
strength or aﬁiﬂity was small in the presence of the per-
chlorie acids Thie dissogistion constant, as given by Fuoss
and Kraus (58), is 0.168 at 25“@; therefore the hydrogen ion
conecentration remained approximately equal to the perchlorie
acld strength, and the lodate lon existed in low concentra-
tions, In experiments 16 to 19 inclusive the solutions used
were 2 M in perchloric aecid and consequently approximately 2
M in hydrogen ion. In experiments 20 through 23 the hydrogen
ion concentration was malntained affaativély at 1 M with per-
chloric ac¢id, and the ionic¢ strength was maintained at 2
moles per liter by making the solutions 1 M in lithium per=-
chlorate also. Due to the lower acidity in this set of ex-
periments, the lodic acid dissociated to a greater extent and
larger variations occurred in the hydrogen ion concentration,
These data are given in Table L.

To determine the iodate dependence the accepted method
would have been to plot the logarithm of the equilibrium con-
stant against the legarinhm of the lodate ion concentration.
However, due to the unknown effects of the high ionic
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strength, exact calculations of iodate concentrations were
not possible. Approximate concentrations were caleculated
assuming the ratio of the activity coefficients was a con=
stant for solutions of the same ionie¢ strength and temperaw
ture and was equal to unity. Sample computations using data
from titration 16 show the method employed to obtain these
values.

The dissociation constant of iodic acid at 23.4°C was
calculated to be 0,169 using the value of 0.168 at 25° re«
ported by Puoss and Kraus (58) and the AH of -2900 calories
per mole given by Abel and co-workers (60}« K, was written
in the form: .

[0, 7 YﬁI@g

{35)

or

3J ﬁ Ka ﬁlﬁ'g Yﬂxﬂa 9@1@9 (1 - g{)w) (36)
mr Yyt Yxi§ 24 [Tg7

and [Ia;j 2 0.07hg for 1 M HIO3 and 2 M HC10,. These data
are listed in Table k. |

Plots of the lagariﬁhmuaf K against legi£§b§;7 were
mada, as shown in Figure 1k, uwing the approximste or estie
m&ted iadanﬁ ion econcentrations, Straight lines were pro-
duced which had slopes of 3.92 for 2 M perchloric acid soluw
tions, curve 27, and 3.91 for 1 ﬁ peréhleric acid solutions,

curve 28. A fourth power dependence on iodate concentration
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was indicated, In order to determine the effect of possible
activity factors on the estimeted icodate lon concentrations,
the galculations were repeated for the 2 M perchlorie acid
solutions using 0.2, l.5, and 5 for the activity coefficient
factor. In addition similar calculations were made for the
1 M perchloric acid @awﬁﬁweﬁa using the factor of l.5. The
logarithm of the values obtained, as listed in Table 4, were
plotted amﬁwﬁaﬁ the log Kqy and @ﬂﬁaﬁwwﬂ,uwa@m were obtained
of slope 4.18 for an activity factor of 0.2, curve 29, Fig-
ure 155 3,97 for an activity factor of l.5, curve 30, Figure
15, and 4.08 for an activity factor of 5, curve 32, Figure
15, in 2 M perchloric acid. The slope of line 31, Figure 15,
for 1 M perchloric acid was 3.96. Since these large changes
in the values given to the aetivity coefficient factor did
not affect the slopes of the lines materially, it was assumed
that the caleculated values for the ilodate ion concentration
were approximately proportional to the true a@ﬁaaﬁwwwwwaame
and a fourth power dependence on lodate ion concentration
was assumed aa&&maa*

With the asbove value for the lodate dependence, it was
possible to use the data from curves 16 through 23 and from
curve 24 for a titration in l.5 M perchloric acid to deter=
mine the hydrogen ion dependence, The lodate dependence was
accounted for by dividing the equilibrium constant, K,, by
the fourth power of the estimated iodate congentrations, and
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Table 4

Caleulated Jonic Concentrations for Titratiocns in
Perchloric Acid Sclutions

fﬁram e ﬁsﬁmﬁ? “Eﬁzig ‘ % log Teg

vion M. etiy mave L K

Humber mﬁmﬁi G@ai‘fi{ M 7o 3‘7 M ﬁb}] ﬁfy ¢

slent

; Fagtor ; ‘
16 1,00 1.0 CuQ7h . Ew@?& mlilzs 0s317 3&72
1 0l ii"g‘ 0w0L82 20 33 0500 0ins 21903

] C ke Ve k 5 * k - t319 QQ§12 2#993

20 1;@0 l’m@ 0.129 1@32@ «0:889 0,053 3:&3&3
21 080 1.0 Qs lﬁﬁ 1,105 «04979 0O, OL3 3. 5@2
22 0464 1.0 0.085 1.085 -1.,071 05036 34128
23 04580 1.0 Q068 1.068 ~1+167 04029 24754
2l 0.80 1.0 G.077 1«577 ﬂlﬁllb 0,198 3.435
16 1.00 0:2 0.016 2,016 »1.796 0.305 3.74)
17 0,80 0.2 0,013 2,013 ~1.886 0,304 3.367
18 0.6k 0.2 0.0105 2.0005 -1.979 0.303 2.393
19 Gcﬁﬁ Os Sﬁﬁiﬁﬁ 2;0@35 “2*9?1 04303 24590
16 1.00 540 D270 242707 04569 0,356 3.741
17 0.80 540 0.219 24219 =04660 0,341 3.367
18 0.65 5.0 078 2178 -0.750 0,338 2.993
19 0.50 5.0 0141 2141  ~0.851 0,331 2.590
16 1&@@ lc5 ‘Qsiﬁﬁ 2&l@@ «04072 04324 3@7 1
l?, 0.80 1;5 a@%é | 2»‘&6& «1.065 69323 343 ?
18 06l 1.5 ﬂ»"’g 3iG6§5 «1.158 0,316 2.993
;9 0+50 3@5 Qwﬂﬁgg, 2¢3§ ~1p253 0,313 2*599
%? "é?gg %fg g*%zk % %? 5 f@%?ss 0&@71 3*&&3
21 080 1. V14k?  1.14k3 -0.8L5 0,059 3.502
22 0464 1.5 0;13.?5 1411?5 ~0.930 Q@Q&ﬁ 3.128
23 0450 1.5 3«9?35 1&9?35 »14029 35039 24 7h5
25 1.00 1.0 inl@ﬁ

3&1305

«0,956 0,325

8 refers to molarity.
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Figure 1l4. The Variation of the Equilibrium Constant,
' Ko, With Iodate Ion Concentration Using
an Activity Coefficient Factor of One.
Curves: 27, 2 M Perchloric Acid; 28, 1 M
Perchloric Acid.
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-2 -9 -7  -1.5 FACTOR=0.2
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LOG (I03)

Figure 15, The Variation of the Equilibrium Constant, K.,
With Iodate Ion Concentration Using Activity Coef-
ficient Factors of 0.2, 1.5, and 5.0, Curves: 29,
0.2 Activity Coefficient Factor, 2 M Perchloric
Acid; 30, l.5 Activity Coefficient Factor, 2 M
Perchloric Acid; 31, 1.5 Activity Coefficient
Factor, 1 M Perchloric Acid; 32, 5 Activity Coef=-
ficient Factor, 2 M Perchloric Acid.
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the logarithm of the hydrogen ion concentration was plabtaa
against this dividend as shown in Figure 16, Since only the
slope of the curve was required and not the intercept, the
proportionality constant showing the relationship between the
actual and the calculated lodate concentrations was not con-
sidered. A spread in the points occurred due to the slight
#ariatian in the hydrogen ion concentrations with the various
iodic acid strengths; these data are listed in Table 4. The
plot of the data in which the activity coefficient factor was
set equal to unity produced a straight line with a slope of
3404, curve 33, Figure 17. When the concentrations were cale
culated using a factor of 1.5, @ slope of 2.92, curve 34, was
obtained, and a third order dependenge on the hydrogen ion
goncentration was indicated.

With the determination of the dependence of the equilibe
rium reaction on the iodate ion and hydrogen jon concentra=
tions, it was possible to describe the equilibrium more come
pletely, and to write the overall reaction,

otV ¢ It 3 4 205 4 38t = 2wl (37)
At this point ﬁﬁffieiﬁnt information concerning the equilibe
rium had been obtained to speculate upon the nature of the
manganese species inveolved. It was possible that more than
one species of each manganese oxidation state existed in
equilibrium with the form active in the manganese(II), (III),

{IV) equilibrium. However, if such were the case no support=-
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Figure 16, The Variation of the Concentration Equilibrium
Constant, K., With Hydrogen Ion Concentration.
Curves: 33, 1.0 Activity Coefficient Factor;
34, 1.5 Activity Coefficient Factor.
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However work reported by Hayes and Martin (59) indicated that
mangsnese(Il) lodate was completely dissociated in agqueous
solution; therefore this species probably existed as the
single divalent lon. From 2 consideration of resction 37

it was evident that two molecules of the trivalent complex
contained four more iodate ions than the manganese(IV)
species. In addition the dependence of the reaction on hy-
drogen ion indicated a higher degree of hydrolysis in the
reactants than in the products, but the possibility of a
hyﬁr@xylat@d~mmnganaa¢(zlxi iodats was not excluded. Several
authors (&, 5, 15, 21, 24) have postulated manganese(IV)
species which contained such ions as oxide and hydroxide,

but no discusalon of trivalent manganese complexes of this
type was found,

In the pestulation of possible complex species the
small size of the manganese atom precluded consideration of
structures which required a coordination number greater than
sixe Many gomplexes have been reported for the flrst transi-
tion series; and the common value for the coordination nume
ber is sixj in general octahedral structures are formed. It
was not the intention here to discuss the structure of the
manganese complexes formed in the lodate solutions but only
to try to formulate species which appeared reasonable when
the above evidence was considered.

A general formula for the manganese{III) complex which
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would satisfy the experimentally determined restrictions was
writt&n‘a$ mnxlxtiﬁa)aﬁeﬁ)m.mheya the sum of m and n was
greater than three. The manganese(IV) species was postulated
to be mhzvié}k(ﬂﬁ)q(lﬁgirkwhara the sum, (2 p 4 q 4 r), was
greater than four. The equilibrium reaction was rewritten
using these general formulas as follows!

mTV(0),(0r) (10,077 4 mt 4 3 ¥ 4 4 105

== 2 m™¥(105) (0H)7" 4 & Hp0 . (38)

It was seen from this general equation that n was equal to

{4 % r}/2. If a coordination number of six was assumed for
manganaaa, further restrictions were imposed upon the possi-
ble values for the subscripts. Since the magnitude of the
charges, v and w,; were not known, it was impossible to deterw
mine the formulas more definitely until ionic strength efw
fects on the reaction had been considered.

The effect of ionic strength,u , was not simply resolved.
Since both hydrogen and ilodate ions were necessary to obtain
a measurable equilibrium constant, systems in which the ef-
fect of lonic strength was etudied had to contain iodiec acid.
The lonization of the lodic acld was dependent upon (i also,
and the hydrogen and lodate ion concentrations varied when
the total ionie molarities were changed. Consequently no
simple system was available in which the effect of ionic
strength could be isolated and studied.
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One approach to the problem which yielded qualitative
results utilized data from experiments one through fifteen,
From the K¢ values in these experiments,; the effect of tem=
perature and iodie acid concentration on the equilibrium was
obtained. Since iodic acid was the main solute in the solu=-
tions used in these titrations, the ionic strength varied
with the iodic agid strength and degree of dissocilation
which was temperatwre dependents A heat of dissociation of
«2900 g¢alories per mole was reported for this acid by Abel
and co~workers (60).

A qualitative examination of these data showed that the
equilibrium constant varied inversely as the temperature and
directly as the iodie agid concentration. The effect of both
of these variables on the equilibrium was large. K, varied
from 3,24K10° for 1.78 M iodic acid to 6,6gX103 for 0.25 M
jodic aeid solutions at 0°C. The ratio of the congentra-
tions was 7:12 in this case whereas the ratio of the equilibé
rium constants was 47.3« When the ﬁamyéraﬁara was increased
from 0°C to 57.2°C, the K, values decreased fram’?«&kx1ﬂk to
2,39x1a3¢ These variations with temperature and ilodic aecid
concentrations were more easily seen from the customary plots
of log K, against 1/T as shown in Pigure 17. Straight lines
- were produced for each lodic agld concentration over the teme
perature range investigated. Curves 35, 36, 37, and 38, Fige
ure 17, represented data for 1.782 M, 0,990 M, 0.497 M, and
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Figure 17.
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The Variation of the Equilibrium Constant, K.,
With Temperature at Four Iodic Acid Concentra—
tions. Curves: 35, 1.78, M HIO3; 36, 0.990 M
HIO3; 37, 0.497 M HIO3, 8, 0.29 M HIO3.
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0.249 M lodiec acid solutions respectively.

Abel, Redlich, and Hersch (éﬁ} have reported values obw
tained from freezing peoint data for the activity coeffi-
cients of aqueous solutions from 0.001 to over 10 molal in
iodic acid. In their work the dissociation constant for
iodic acid was written as

Kz o?g®m/(1-x) (39)
where x was the degree of dissociation and /92 was the active
ity coefficient function, The product, &Z) was given as a
function of the molality; a plot of their data is given in
Figure 18, The molar concentrations used in the present &xe
perimental work were converted to molalities using the solue
tion densities for iodic acid reported by Groschuff (61) and
Kraus and Parker (62). Values for k#) corresponding to the
experimental molalities were read from the curve in Figure
18. The dissceclation constant for iodic acid of 0.262 at
0%C, as given by Abel and co-workers, was found to be in ac-
cord with the constant of 0,168 at 25%°C and a AH of =-2900
calories, The known quantities were substituted into equa-
uiaﬁ,BQ‘aﬁd valweé for the degree of dissociation were cal-
aulatﬁd for each mﬁlality’ua&dl The jiodate ion concentration
which was equal to the jionic étraugﬁh in this case was calcue
lated from the product of the mmlalimy and the degree of dis~
aueiatian*\ Aaaumiag/é’waﬁ independent of small temperature

changes, the iodate ion concentrations were calculated at
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Figure 18, The Variation of the Equilibrium Constant

With the Square Root of the Ionic Strength
at 09C and 25°C.
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259C also. The ionic molalities were converted back to
molarities by multiplying each value by the {molarity/molale
ity) ratio at the appropriate temperature for the solution,

With these actual concentrations it was possible to
plot the (log Ke = 7log (103 7) against the square root of
the lonic strength as shown in Figure 19 for the two tempera=
tures. The meaning of the quantities plotted was more evi-
dent from a aanéiﬁaratimn of the equilibrium constant

Kz _ mUR | YmIII  (40)
A&Iy[gnlywﬁg 3 7% VIl JmlV P g + Yibs

for the overall reaction, The first term in the above ex~

pression gonsisted of the experimentally determined constant,
Kgy and the hydrogen and fodate ion concentrations which
were calculated. When the expression for K was rewritten in
logarithmie form with the known guantities substituted into
the aquaﬁiaﬁg it became:

log K = (log Ko ~ 7 1og/I037) 4 log T (41)
or |

(log Ko = 7 1og/T057) = log K/n (42)
where 77 indicates the activity coefficient factor, It was
evident from the above treatment that the curves in Figure
19 were equivalent to a plot of the logarithm of the activity
coefficient factor v@raua the sgquare root of the ionie

strength. The general shape of the present experimental
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curves, when compared to similar curves for other electro-
lytes, showed that a normal change in activity coefficlent
with ionlec strength existed.

Schumb and Sweetser (63) have used a treatment somewhat
similar to the above to estimate equilibrium constents for
solutions of lonilc strength varying from 0,1 to lubs 1In
their study of the reaction |

sg(e) § Fe¥* — 1% 3 pett | (43)
they determined %h@ concentrations of the lons at esquilib«
riums By utilizing an extended form of the Debye~Hilckel
squation,

log ¥y = -4 2§ ()t 4 oy, (44)
they wers able to write the expression for their equilibrium
constant in the following logsrithmic form:

log K z log K} ~ & X3f (it 4 cu (45)
where A wsas equal to 0.509 for aqueous smolutions at 25°C, Zgi
was four in this case, C was a composite constant made up of
the various Cy's, and K} was the concentration equilibrium
copstant. Using a similar treatment for the present work,
the following expression was obtained by combining equation
L1 and Ll

log K = (log K, = 7 log [05.7) ~ & 73f (Wh # cp. (46)
By resrranging the above equation, it was seen that

log Kg - 7 log /1037 = 4322 (o 2 log K = o (47)
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and that a plot of the left hand side of the exXpression,
which was designated as P for convenlence, against the ionie
strength should be a straight line, With an extrapolation to
pequal to zero the intercept should give the value of log K.
When Schumb and Sweetser used this method on their experimenw
tal data, they found that although the plots were not exactly
linear this procedure provided a convenient method for esti-
mating K. |

In the present work, however, the structures and charges
of the various species involved in the equilibrium were unw
known except for the general formulas previously discussed.

It was known qualitatively that the manganese(IlI)and
manganese(1V) species were negatively charged, a positive
charge of two was assigned to the manganese{I1I) ion since it
was considered a simple cation, and the lodate and hydrogen
ions were assigned their normal negative and positive unit
charges respectively. However values for the manganese(III)
and manganese(IV) species aaulﬂ'ﬁ@t be given, and the compuw
tation of iji in equation 47 was not possibles Consequently
a series of values of P were calculated in which Zzi was
assumed to be O to 30. Plots of P against Jl were made as
shown in Figure 20 for 0°C. The curve obtained by Schumb
and Sweetser had a positive slope throughout. It was seen
from the series of curves obtained that values of jiag of 12

and below produced curves with an initial negative slope and
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a minimum. In addition the plots more closely approximated
straight lines as the zaﬁ values increased to 22, Above 22,
the curvature of the curves was negative. Actually values of
16 to 24 for Zm§ could be assumed to be appropriate if these
plots were the only criterions With this information cone
cerning the overall charge for ail of the species, the vari-
ous possible combinations of the subscripts which included
iodste in both the mangenese(lIi) and manganese(IV) species
and had & coordination number less than seven were tried in
equation 38, The corresponding z:si values were calculated
as shown in Table 5.

- mIV(0), (0m) o (10,07 & w4 3w 44 103

== 2 mTh(104) (OH)Z" 4 8 B0 . (38)

In most cases the combinations of subscripts tested gave
inear&@at hydrogen ion dependences; only fﬁﬁr sets seemed
possible. The three combinations which gave Zfzf*s of 18
were selected as the most probable due to consideration of
thekpletﬁ of P~ag&1natf&éiaemaaeﬁ‘ywav&aus&y* In two of
these cases hawﬁvar, it was necessary ué postulate a hydrole
yzed manganese(IlI) species., It seems unlikely that the mane
ganess(III) complex was hydrolyzed in the strongly acid solue
tions used. In the case of the oxalate system; Duke (64) ree
pérvad evidence that hydroxylated trivalent mangsnese come
plexes did not exist. Therefore the combination of subseripts
with m for the hydroxides in the manganese(IIl) complex



Table 5

Caleulated Z$§ Values for Various Possible
Manganese Complexes in the Equilibrium

e
-

r v n m w a§ 8

2 6 3 2 2 3 incorrect Hg dependence
2 6 3 1 1 45 incorrect H™ dependence
2 5§ 3 2 2 28 0 4

2 4 3 1 1 25 incorrect H] dependence
2 4 3 2 2 19 incorrect H® dependence
2 &K 3 1 1 25 incorrect HY dependence
2 3 3 1 1 18 1 +

2 2 3 1 1 13 incorrect H; dependence
2 3 3 2 2 11 incorrect H' dependence
2 3 3 1 1 18 2

2 2 3 1 1 13 ‘incorrect HY dependence
2 1 3 1 1 10 incorrect HY dependence
2 2 3 2 2 7 incorrect HY dependence
2 2 3 1 1 13 incorrect HT dependence
2 1 3 1 1 10 incorrect H¥ dependence
L ok 4 1 2 19 incorrect HY dependence
L L 4 0 1 25 incorrect ﬁi dependence
Lk 3 L 1 2 12 incorrect HY dependence
L 3 & 0 1 18 2

L 2 K 1 2 7 incorrect H+ dependence
L 2 & O 1 13 incorrect HY dependence
b 2 4 0 1 13 incorrect HY dependence
b 1 4 0O 1 10 incorrect HY dependence
6 2 5 0 2 7 ingorrect HY dependence
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equal to zero was assumed to be the most likely for the presw
ent system, In such a case the only possibility was the re-
actiony

mV0(0H) (103777 4 3 #t 4 4 105 ¢ mH

= 2 m{mgl; 4 2 H0 (48)

The possibilities of a higher coordination number for manga-
nese, a hydrolyzed manganese(lIIIl) species, and a manganese{1I)
complex prevented making a definite statement of the actual
reagtion. However equation 48 is proposed as representing
the most likely possibility.

Using data from experiments one through fifteen and a
Z‘zf of 18, a similar plot of P against }. was made for 25%¢,
The curves for mf equal to 18 for 25°C and O°C are shown in
Figure 21. The intercepts for these curves were 12.4y for
0°¢ and 11.6g for 25°¢C which indicated the equilibrium con=
stants for equation 48 were 2.5%&912 and a.8x1911 respective-
ly. Due to the uncertainty involved in the selection of the
correct Zﬁ% value and in the many assumptions, these values
were recognised as a crude approximation at best for the
thermodynamic equilibrium constant. It might be noted that
in the reactlion studied by Schumb and Sweetser a constant of
0.53 was estimated using the above procedure whereas the
accepted value from other types of experiments was about
0.35

From these approximate values for K a AH® of -1l keal./
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mole degree and a free energy change of »15.5 keal, at 0°C
were calculated.

The approximate congentration equilibrium constant for
reaction 48 was calculated from the data for titrations 16
through 24 using the estimated concentrations for hydrogen and
iodate lons. These titrations were all made at a constant
ionie strength of two. An average value of «7.303 4 0.022
for the pK or of 2,18X107 for the constant was obtained,

By adding the reaction for the dissociation of iodie
acid to equation 48, the equilibrium reaction could be

written
Mt 4 MO (OH)(103)3™" 4 & HIO,
== 2m(103); + ¥ 4 2 W0 (49)
for which

- 7R g 2
(Ko = L(103)L 7% /R [R07" (50)

el b . .
[Fn¥¥7 [fno(0H) (103)7° T /A0 7*

By this conversion to the form of equation 50, the use of
estimated iodate ion concentrations was no longer necessary
éxaapt as a correction factor in the hyﬁragan'i@n and iodie
acid concentrations., The perchloric ac¢id repressed the dise
sociation of the lodi¢ acid and controlled the hydrogen ian
concentration. It was possible therefore to calculate 4K,
in 2 M perchloric ac¢id solutions without introducing all of
the error invelved in the estimated iodate ion concentra-
tions, Calculations of this constant were made for experi~

ment 16 at 23.49C and experiment 25 at 0°C, and values of
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1.56X10% and of 7.00X10% respectively were obtained. From
these values an approximate AH®, which might be considered

a temperature coefficient for the reaction, of 10 keal./mole
degree was c¢alculated.

To compare the AH® for equation 48 with the temperature
coefficient for equation 49 it was necessary to subtract the
heat of dissociation for four moles of ilodic acid from the
latter. A AHO of 2 kecal, resulted which was 13 kecal. greater
than the heat of r@aetiam caleulated for reaction 48, It
must be remembered that one of the assumptions made in both
calculations of the haat of reaction was the constancy of the
activity coefficlent factor for changes in temperature. The
activity coefficients for lodic acid were available only at
the freamimg painté for reaction 48 in which iodic acid was
the main solute, An #nd@tarmin&ﬁ error was possible in as-
suming no veriation of sctivity coefficient factor with tem-
peratare in both cases, but the calculations at 0°C based on
known activity coefficlient functions at the freezing points
were considered more reliable, In addition it was evident
from Figure 21 that differences in the values for the funce
tion plotted for 0°C and for 25°C decreased as the ionic
strength increased., Since this functlon represented the
deviation of the activity coefficient factor for equation 48
from the limiting law, it was apparent that a daéan&anca on

temparaturé as well as the lonic strength existed. The cone
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vergence of the curves in Figure 21 as the ionic strength
increased indicated a smaller magnitude of the temperature
coefficient for the concentration equilibrium constant at
high ionic strength in agreement with the results obtained
from jK,. Accordingly the value of «ll keal. calculated
from the values of K which were obtained by extrapolation to

zero ionic strength was considered the best value,
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IV. CONCLUSIONS

1., The manganese(II), (III), (IV) equilibrium is
rapidly established in iodate solutions at room temperature,

2. The magnitude of the concentration equilibrium con-
stant for this reaction can be determined using a potentio~
metric titration technique if the constant is large. For
conditions under which the éanat&nb is smell, e.g., less than
ten, a colorimetric procedure probably would be satisfactory.
Solutions containing manganese(III) and manganese{IV) can be
satisfactorily analyzed spectrophotometrically using absorbe-
anecy indices determined at two wavelengths in the visible
region of the spectrum,

3., The equilibrium reaction for the formation of manw
ganese(IIlI) is dependent on the fourth power of the iodate
ion concentration and the third power of the hydrogen ion
concentration.

ke The species of the manganese(III) and manganese(IV)
oxidation states are negatively charged predominantly.

5. The experimental evidence suggests that the pre-
dominant manganese{1V) iodate complex is probably hydrolyzed
and contains one oxide, one hydroxide, and four ilodate ions.
The predominant manganese(III) iodate complex probably is
nabrhyﬁralyﬁadn

6. The postulated overall equilibrium reaction may be

written:
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MnO(OH) (103)7=~ + m** ¢ 3 wt 4 103

=2 m(mB)g + 2 Hy0.

7, HNo satisfactory method for determining the thermow
dynamic equilibrium constant in concentrated iodic acid |
solutions has been devised, but an approximate equilibrium
constant of 2.5X10%° at 0°C was obtained. AH® for the re-
action is approximately « 11 keal.
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V. SUMMARY

The manganese(II), (III), (IV) equilibrium in iodate
solutions from 0.25 to 1.78 molar has been studied using
spectrophotometric and potentiometric titration methods.
Colorimetric methods were used for directly analyzing solu-
tions containing manganese({IIIl) and manganese(IV) and for
showing that the eanablishmant of the equilibrium was rapid.
Potentiometric methods were used to determine the magnitude
of the concentration equilibrium constant under various exe
perimental conditions. The equilibrium was found to be
dependent on the fourth power of the lodate ion concentration
and the third power of the hydrogen ion concentration. Probe
able formulas for the complex species involved in the equi~
librium reaction were postulated and the overall reaction
was written as follows:

a0 (OH) (103);™" + mnt* 4 3 wt 3 4 103

<= 2 un(I03)} + 2 HO.

Using activity coefficient data for iodic acid solu~
tions,; an approximate equilibrium constant for the above re=
action of 2;511932 at 0°C was obtained from a graphical ex-
trapolation of the data to zero ionic strength. A AH® of
=1l keal. was calculated.
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