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CHAPTER I
Equilibrium constants of redox reactions, tho 

degree of completeness of respective reactions, activ
ity coefficients of solutes, choice of reducing or 
oxidising agents to be used— those and many other

problems in analytical chemistry can be calculated or 
predicted satisfactorily through a knowledge of the 
formal potential of many conjugate redox pairs. One 
of the most important conjugate pairs is the perman
ganate-manganous system in acid solution.

A search through the literature oconed to show 
that no attempts have been made to measure the formal 
redox potential of the peaaaag;anate-mangonous system 
in sulfuric acid. All investigations undertaken were 
to secure more accurate standard potentials for the 
manganous-manganese dioxide system and the manganese 
dioxide-permanganate system in order to calculate the 
thermodynamic oxidation potential of the manganous- 
permanganate couple.

Most of the values found in the literature for

THE FORMAL REDOX POTENTIAL OF THE PERMAhCAHATE-
MAiiO/ulOUS SYSTBM 1« SULFURIC ACID

the potential of the manganese dioxide-permanganate 
electrode differ among themselves by more than 0 .1  volt.
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Inglia (9), however, in measuring this electrode directly 
in acid solution, obtained results that are consistent to 
within a few millivolts.

According to D. J. Brown and Ralph Tofft (4) his 
error is probably greater than this. Several attempts 
by them to prepare pure manganese dioxide electrolytically 
(as Inglis had done) failed. Small variations in the con
ditions used in preparing the electrodes by this method 
produced large deviations in the observed potentials. On 
the bases of several experiments which they studied, they 
concluded that the consistency of Inglis* results was due 
to his using the same conditions each time in preparing 
the electrodes.

Ruby (18) calculated the potential of the manganese 
dioxide-permanganate electrode in acid solution from values 
he obtained for the equilibrium constant at 45° of raanga- 
nate, permanganate and manganese dioxide together with the 
result of Saekur and Taogener (19) for the alkaline 
manganat©-permanganate electrode. He gave a value of 
1.757 volts which is probably very much in error since the 
value given by Saekur and Taogenor was obtained from mea
surement in 1 ,5 M. potassium hydroxide and therefore can
not be assumed to hold true for infinite dilution.

Brown and Tofft (4) studied the manganese dioxide- 
permanganate electrode in perchloric acid solution and
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obtained the value of 1*536* They also found that an 
Increase in the concentration of the acid increased the 
potential.

In 1895 Tower (22) showed that the potential of 
manganese dioxide, ©lectrodeposited on platinum, depended 
on the concentration of both the manganous and hydrogen 
ions. His work on anodic oxidation in acidified manga
nous solution showed the value of normal potential to 
lie between 1 ,3 1 and 1 ,39 volts.

Smith (21) in an attempt to use this electrode 
for the determination of the c one ont ra t ion of the hydro
gen ion failed to duplicate the observations made by 
Tower, In both cases the manganese dioxide was deposited 
electrolytically. Determinations showed that manganese 
dioxide deposited in this way was apparently in a more 
active state than that prepared by Brown and Tefft.

The value usually accepted is that of Brown and 
Liebhafsky (2 ) who used manganese dioxide, prepared by 
heating Ma(N0^)2, in a cell with liquid junction.

FT, ?in02 H2<Mn(ClO^)2 , HC10^
They obtained the value of 1,236 for the normal poten
tial of the manganous-manganese dioxide electrode.
Using the value of 1,586 determined by Brown and Tefft 
for the potential of manganese dioxide-permanganate 
electrode and the value obtained above for the manganous- 
manganese dioxide electrode, they calculated the value



of 1.A4& volts as oxidation potential of the manganous* 
hydrogen-permanganate electrode in the presence of per
chloric acid at unit activity.

Popoff, Riddick, and Becker (14) using similar 
cell systems and similarly prepared oxide were unable 
to obtain stable potentials and concluded the system was 
irreversible. They claimed that it was impossible to 
measure potentials of these systems accurately due to 
polorizatlon phenomena which takes place at electrodes 
involving reactions that take place with change in oxy
gen content. All the electrode potentials

Pt H2. H + Ii++ m o 4 + HnOo Pt
Pt HZ, H + n ++ M n ^ t Mn02 Pt

and Pt «2 . H + ir+ Mn0 ~̂ Pt
involve a change in oxygen content and therefore one 
must resort to other measures than electromotive foroe 
measurement for determining these electrode potentials.

Drucker and Hüttners' (6 ) findings a few years 
previously led to the same conclusions*

K'olthoff and Forman (10) are of the opinion that 
the approximate knowledge of the normal potential value 
will serve for analytical purposes.

A, W. Hutchison (8 ) used the perchlorate system 
and the oxide prepared from the nitrate. He obtained 
the value of 1 ,230 for the raanganous-manganeso dioxide
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electrode which is in good agreement with that of Brown 
and Liebhafaky,

Mora recently Pullman and Haasinsky (16) have 
demonstrated that isotopic exchange in the system man
ganese dioxide-manganous occurred 40 tines more rapidly 
with the oxide prepared by the reaction of potassium 
pomanganate on manganous sulfate than with that pre
pared by heating nitrate.

There is a general lack of agreement in the 
results of numerous investigators who have measured 
couples involving manganese dioxide. Latimer (11) ex
plains that this difficulty is not so much in the irre
versibility of a given cell as in the variations of the 
thermodynamic properties of the dioxide, even when pre
pared under very similar conditions. Unfortunately the 
determined free energies of the manganate and perman
ganate have involved the energy for the dioxide. For 
this reason, Brown, Smith, and Latimer (3) calculated 
and used for the free energy of permanganate, the third 
law value of -100,600 calories. Using -115,500 calories 
as the value of AB® o f formation of the precipitated 
MaQj as given by Bichowsky and Rossini and A 3° « -42,4» 
they calculated A"P° o f manganese dioxide to equal 
-102,900 calories. From these values they computed the 
E° for the manganese dioxide-permanganate couple to be



-1.67 volts. For the S° in acid, the literature contains 
results ranging from -1*55 to -1 .79 volts.

In a similar way they, computed the S° of the 
mnganous-manganese dioxide couple to be -1.28 volts. 
These values will give an overall I?° of -1.52 volts for 
the nanganous-perms,nganate couple.

Since the formal redox potential of the per- 
ioangana t e-mnganous system in acid solution is of con
siderable importance in analytical chemistry and since 
no direct measurements of this system in sulfuric acid 
were found, it is the purpose of this investigation to 
determine by means of electromotive force measurements 
the formal redox potential of the penaanganate-aanganous 
system in various concentrations of sulfuric acid.

6



CHAPTER II

THEORETICAL DISCUSSION
A. Oxide. tion-Koduc'¿ion Electrodes

Although every electrode reaction involves an 
oxidation or a reduction, the term oxidation reduction 
electrodes is used to designate electrodes in which 
the enf results from ions of the same substance in two 
different stages of oxidation such as ferrous-ferric, 
stannous-stannic, or aanganoua-perraanganate ions. When 
a platinum wire is inserted into such a solution, it 
acquires a potential called redox potential. This eraf 
of the electrode is due to the tendency of the ions in 
one state of oxidation to pass over into the other 
state of oxidation. The platinum wire "picks-up* the 
potential corresponding to this tendency toward a free 
energy decrease, and serves as the electrical contact 
of the electrode.

B, Reference Electrodes
The standard potential for any half-coil reaction 

is defined as the potential difference between the stand
ard hydrogen electrode and the half-cell in question when 
the latter is under standard conditions. For various



reasons, ouch as the difficulty in setting up a hydrogen 
gas electrode and the desire of avoiding liquid junc
tions , several subsidiary reference electrodes whose 
potentials are known on a hydrogen scale, have been de
vised# The most cannon of those is the calorie 1 elec
trode. Dy using the calomel electrode with saturated 
potassium chloride in conjunction with a saturated po
tassium chloride salt bridge, one junction, at least, is 
avoided.

C# Redox Potential Measurements
N The redox potential of any solution is a measure
of the tendency of the solute to absorb electrons. Solu
tions of strong oxidizing agents, like potassium per
manganate, have large positive redox potentials, 1200 to 
1800 rav. Solutions of strong reducing agents tend to 
give up electrons and therefore have small positive or 
even negative redox potentials,

As mentioned previously, it is necessary to have 
a reference electrode to complete the cell. In the cell 

PT | solution X || sat. K Cl | Hg2 Clg Hg 
the redox potential of solution X is given by the equation 

E - s!ig
It* * B +- Egv.
From theoretical consideration It can be shown

3
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that the value of a redox potential in a solution of 
ferric and ferrous ions at 25° is given by the equation

where E % Q is a constant cailod the molar or standard 
potential of the ferric-ferrous aystea, and {Fe ) and 
(Fe ) are the activities of the ferric and ferrous ion 
respectively. The general electrode reaction for all 
electrodes of this oxidation-reduction type where hydro
gen ions are not involved m y  be written

where (Ox) and (Red) denote, respectively, the activities 
of the oxidizing and reducing agents of a conjugate pair. 
For any such pair K° is equal to the redox potential when 
all the ions concerned have an activity of one.

B. Effect of Hydrogen Ion Concentration
Some redox reagents contain oxygen which takes 

on hydrogen ions to form water during a reaction. When 
hydrogen ions enter into a reaction, it is necessary for 
the hydrogen ion activity to appear in the equilibrium 
and electromotive forco expressions« The permanganate- 
manganous half ceil reaction is an example

(a)

a Os + ae ^  b Red
At 25° this gives rise to a redox potential

(b)

(c)

Mn 0U~ + 8 H++ 5 e ^  m +*+ U i^O id)



The redox potential at 25° of tills half-cell reaction la
10

IS,%7~2 + 59a loe i u a o c ) i  n * ) '
( o )% 7 -2 ' 5 w (im T T ) (h2o )^

In general, the redox potential at 25° corresponding to
tii© half equation

a Ox+c H+ +• n© 
ia

b Red + d H20

E •  E° + lili log 12-Elf. iff.*).0.
R n (Rod)k (H20)d

(f)

(g)

In pur© water, the value of the water activity is taken 
as one. In dilute aqueous solutions, the value is a 
little smaller, but the above equation can generally be 
slaplifled by Including the factor (ll20)d in E0 ’.

E. Formal Redox Potential
Due to the fact that there is often an uncer

tainty concerning the activity of the various ions be
cause of complex ion formation, incomplete dissociation 
Ionic strength and hydrolysis of the salts present, the 
calculation of the redox potential by the above equation 
is an involved and often impossible task. The computa
tion of the redox potential has been made easier by the 
concept of the formal redox potential. The formal po
tential for any conjugate redox pair is not a constant 
but varies with the nature and concentration of the 
solution.
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In general, for any conjugate redox pair at 25°

where [X01 denotes the total concentration of the oxi
dised fora— free ion, basic ion, complexes, otc.— and 
[%| denotes the total concentration of the reduced form.

Applying th© principle of formal potentials to a 
conjugate pair like the pcrnnnganate-nanganous system, 
equation (e) may be transformed in the following manner. 
Since the activity of a substance is equal to the product 
of its concentration and activity coefficient, the activ
ities of MnO^- and Mnt + may be expressed as [jlnOi “ ]  f  y  
and [}>in *+J f  2 respectively.

and Jg have similar meanings for bivalent manganese.
By substitution equation {©} may be modified thus

denotes total concentration of septivalent
manganese and J y  th© fraction of [Ma«!] that takes 
direct part in the oxidation-reduction reaction, (mo1*!

or,

+ log ( J )
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fiio second tern on the right side of equation 

U) is constant for any given concentration of the ac
companying acid* It may therefore be combined with
É t o  give 3° the formal redox potentialMn,7-2 ”  m t 7 -2
of the peiaanganate-iaansanous system. Then» if 
o 59*1 c  - -  -T~tu+\ÖE Mnt7-2+

fu a O } ^7 ^1t )0 *
8 J2 iH20 )'̂  E ’ S<1UQUOn U)

may be written

2Mn,7-i *>’ +  ^  10G5
rtu»
[lülIIJ

As the concentration of tlx© acocsapanying acid
is changed, the value of t J, (11,0 ) and (H*) all\ **
change and therefore the value of the expression 
i2 ii , f 7J7 (Hi') 8
5 106 ^¡StlESf^ w il1 cbaige* The value of 1° *

then, depends on the environment*



CHAPTER III

EXPBWB®HTAL PROCEDURE
Apparatus:

I* Reference Electrode: {12} The reference 
half-cell m s  a saturated calorie 1 electrode 
(Fig* I}« It consisted of Leeds and florthrup 
Ho. 7721 and 7748-P-2 Calomel Electrode assemblies. 
The outside glass tubes "A” and nEM along with the 
ground glass joint ”F" are the salt bridge while 
*’B" is the calomel electrode. Parts "A" and ME" 
wore cleaned with chromic acid cleaning solution 
and then washed successively with tap water, dilute 
ammonium hydroxide, distilled water and saturated 
potassium chloride solution. The calomel electrode 
”B" was cleaned by immersing, the lower half in a 
1 :1 nitric acid-wator solution; gradually heating 
the solution to 45°C, and then allowing it to cool. 
The electrode was then washed using successively 
the reagents listed above. The rubber stopper was 
cleaned with alcohol and then thoroughly rinsed with 
distilled water.

After being thoroughly cleaned, the electrode 
m s  assembled in the following manner: From 1 to 1.2





grams of specially purified mercury and approximately 
0*25 g of mercurous chloride were introduced succes
sively through hole "O'* in the calomel electrode* This 
mixture was moistened with a few drops of saturated 
potassium chloride solution and the tube shaken vigor
ously so as to give an emulsion of mercurous chloride 
and mercury. The electrode was then placed in a small 
beaker of saturated potassium chloride solution so as 
to permit excess calomel to settle to the bottom of 
bulb "D”• The salt bridge "A” and "K" was then partly 
filled with saturated potassium chloride, In order to 
obtain a moist surface in the ground glass joint rtF %  
tube nW  was rotated and then tightened slightly. This 
moist film forms part of the electrical circuit. The 
calomel electrode nB" was then fitted into a rubber 
stopper MH” and inserted into the salt bridge as shown 
in Figure I, The level of the potassium chloride was 
more than one-half inch above the top edge of tube "ii” 
when bulb *I>" rested on the bottom of tube " Z ",

2, Platinum Electrode: The platinum electrode 
was prepared by sealing a thin sheet of platinimi into 
a glass tube. The tube was than filled with mercury 
and a copper ’wire was Inserted and sealed in with 
sealing wax, The electrode was then washed success
ively with concentrated nitric acid, dilute nitric

15
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acid and finally distilled water* It was stored in 
distilled water when not in use# The electrode was 
cleaned in a similar manner after each use except 
that concentrated hydrochloric acid was used instead 
of nitric acid to remove any manganese dioxide de
posit.

3# Cell Vessel: The cell vessel consisted of a 
300 mi pyrax beaker covered with a rubber stopper 
with two holes— one for the calomel electrode and 
the other for the platinum electrode# During the 
experiment, the beaker was covered with a black 
cloth to shut out as much light as possible#

4. Potentiometer: The potentials were measured 
at 25° with a Leeds and Lorthrup Type K Potentiometer 
together with a Leeds and Borthrup Type R high sensi
tivity galvanometer. . The working cell was composed 
of two 1§ volt Philoo dry cells in series. A satur
ated Weston Standard cell was also used.

B. Chemicals and Solutions:
1. Mercury: In preparing the calomel electrode, 

Maliinckrodt Analytical Heagent grad© mercury was 
passed in a fin© stream through two successive col
umns of a 10$ nitric acid and washed with distilled 
’♦rater. After washing, it was dried at 120°C and 
placed in a stoppered bottle until needed.
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2 , A pure grade of potassium permanganate and 

manganous sulfate (l.lallinciirodt) were used as a 
source of permanganate and manganous ions,

3» Potassium Penaangaaato— A stable perman
ganate solution was prepared by dissolving about 
3 ,5 grams of potassium permanganate in a liter of 
distilled water. This solution m s  boiled for about 
thirty minutes and allowed to stand overnight so as 
to cause the complete oxidation of the reducing 
agents pressât. It mis thon filtered through an 
asbestos filter and standardised with sodium oxalate. 
The exact concentration was found to be 0,023 M,

A. Manganous Sulfate— A liter of 0,023 M man
ganous sulfate was prepared,

5, Sulfuric Acid— Baker Analyzed Reagent grade 
of concentrated sulfuric acid, 18 If, was diluted to 
a 9 M stock solution. This was added to the salt 
solution in such quantities as to give the desired 
molarity,

C, Procedure •,
For the first set of readings, the molarities 

of the potassium permanganate and manganous sulfate 
were the same (0 ,023:1). 75 ml of .manganous sulfate
was measured in the cell vessel and then enough of 
9 M sulfuric acid was added from a burette to give



0,2, 0,4» 0,6, 0,8, and 1,0 M solutions with respect 
to the acid. To the mixture was added 75 ral potassium 
permanganate. The electrodes were then inserted and 
the cell was allowed to stand in a water bath at 25°C 
for an hour at which time the enf reading was taken. 
Since the readings were to be reproducible for ordi
nary laboratory work, an hour was considered of suf
ficient length for reaction.

As a check on the method used, the sarao procedure 
vías followed using perchloric acid instead of sul
furic acid. The results were then compared with those 
given in Rieman, lease,. and llaiman {17) Fig# 66 (a) 
p, 4 W  *

Since equal concentrations of permanganate and 
manganous ions gave considerable precipitate, another 
set of concentrations, was undertaken duplicating the 
ratio used previously with perchloric acid by 
Polissar. (13) Very little precipitate was formed.
50 ml of 0 .02 M potassium permanganate and 5 ml of 
1 M sulfuric acid were added to 10 ml of 0.01 K man
ganous sulfate plus 50 ml of water. The observed 
oraf at the end of an hour was recorded. Another set 
of readings m s  taken as above, each time using 
enough 9 M sulfuric acid to give tire desired 0 .2 ,
0.4, etc, molarity with respect to the acid. Read
ings were again taken at the end of an hour,

18



CHAPTEH IV

KKSULTb
Tii® results calculated from equation Cin) for 

equal ©clarities of the manure nous and pernangana te iona 
are shown in Table 1 and graphed in Fig. 2 according to 
Fig. 66 given in Hieman, Keuaa, and Jiaiman, iualitatlve 
¿Aftlvaia. (Reference calomel electrode - E » 
at 25°C).

TABLE 1
Concentration of Ki ôi Mri*"* s 1*1

Acid «2so4 HGXO^
Concen
tration ObservedEmf E°* ExperimentalValue PreviouslyDetermined*
0.2 M 1172.8rav lb 19 rav Ib&mr 1̂ 35iav

O.b M 1188,lmv 1̂ 3̂ H9T

0.6 M 1189.281V 1̂ 35rav lb81rav lb-8 lev

0.8 « 1192.law 1438rav

1.0 M 1202.?av JMjwr

v .  re ♦Hieraan, Reuse, and fittlaan, S m U 2& 5&X& Analysis. 
r i g .  6 6 , p .  4b2 ,



Formal Redox Potential at 25°G
20

Molarity of Acid 
Fig, 2

Considerable precipitate mis formed and It was 
very difficult to obtain any reproducible results. To 
determine whether these difficulties were duo to tho 
nature of the substances used or to the method, a dupli
cate procedure was used on perraanganat©-manganous system 
in perchloric acid. Since the results as given in Table 1 
compare favorably with the calculated values given by 
R1 email, Reuse, and Hainan in Qualitative Analysis. Fig, 66, 
it was concluded that the irregularities in the results 
are due to the nature of the reactants.

In the second part of the experiment, the ratio 
of the perraanganate-nanranous ion concentration was 10/1. 
Although very little precipitate was formed, it was still 
difficult to obtain stable potentials for the various 
concentrations. The results, as shorn in Table 2, seen
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«o be it li 111« higher than thaï valúas of the corresponding 
acid concentrations when the ratio of lil was usad for the 
manganous and permanganate ions.

Table ?
Concentration of MnO¡¡iMn++ x 10 :1

H2304
Concentration

Observed
Enf

E°‘

0 .2  M 1167.3mV 1 4 0 2 .l a v

0 .4  M 1 1 9 9 .Orar 1 4 3 3 .8rar

0 .6  M 1 2 0 9 .7©v 1444.501V

0 .8  M 1 2 1 1 .b a r 1 4 4 6 .2rav

1 .0  K 
.....

1228. liar 1462.8«?



CHAPTER V

DISCUSSION OF RESULT3
Th© value of tiie formal redos: potential of tho 

pern^gaiuite-mnganous system In sulfuric acid is 
lower than the molar electrode potential of 1520 mv.
The loiTor value Is probably due to the formation of 
complexes, incomplete dissociation and hydrolysis of 
salts present. A new oxidation-reduction system might 
be formed in which the complex ions form the oxidant 
and roductant. This new system may displace the orig
inal system either in part or entirely. The amount 
and the nature of these complexes vary -with the acid 
and Its concentration and as a result, the rodox poten
tial of the system will vary. According to Clark, Hash, 
and Fischer, (5) formal potentials frequently vary by 
10 percent or more from the corresponding standard 
oxidation potential. Therefor© the values obtained in 
this experiment seem reasonable,

The values found In this experiment are also 
lower than th© corresponding values for this system 
in perchloric acid. Those results follow th© general 
pattern for in comparing the formal redox potentials 
of various systems in these two acids, the value for
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sulfuric acid is always lower than the corresponding 
value in perchloric acid, Tliis lower value is proba
bly due to the comp lex forming sulfa to ion and also to 
the fact that although sulfuric acid is a strong di
basic acid, perchloric acid has a greater ionic dis
sociation. As shown previously, the value of the formal 
redox potential depends directly upon the concentration 
of the hydrogen ion— as it decreases the value of tho 
potential decreases.

In studying the effect of acid on tho Guyard 
solution, 'olissar (13) made observations on mixtures 
containing the sane amount of potassium permanganate 
and manganous sulfate but varying amounts of perchloric 
or sulfuric acid. It was found that both the incuba
tion period and the total reaction tine were propor
tional to the concentration of the perchloric acid.
When sulfuric acid was used, the results wore compli
cated by the tendency of the sulfate ion to shunt the 
reduction of the permanganate by tho manganous into 
another reaction path, fids tendency was linked with 
the formation of red manganic sulfate complex ions.
The color change and complete disappearance of the per
manganate took place earlier than in equal concentra
tions of perchloric acid. The complex contains more 
than on© sulfate radical and for this reason the effect



of tiie sulfate predominates over ttie acid at higher con
centrations of sulfuric acid# In further study of the 
Guyana solution, Poliasar {135 avoided the use of sul
furic acid as the s toichiometry of the several reactions 
is not sufficiently well understood.

The equation for the reaction of the permanganate- 
manganous couple in acid solution is

lr ll2 0 + I,hi+1W  Mn04* t 8 $ e~
It Is obvious that the mechanism of a change involving 
5 electrons must be quite complicated, and the reduction 
of the permanganate to manganous must undoubtedly occur 
in several stages. The low potential of the raanganate 
state constitutes a barrier. The reduction of the per
manganate to the manganous In acid solution may occur 
without the separation of the dioxide, and an appreci
able concentration of the ->-4 manganese doubtless is 
present, possible in MnO^. A number of complex ions 
of the t U  state are known.

According to Sidgwick, (20) the reduction of the 
permanganate by manganous ion in concentrated sulfuric 
acid stabilises the trlvalent manganese in the form of 
complex sulfates.

As was pointed out throughout this paper, most 
writers and experimenters, including this present one, 
agree that it Is difficult to measure the potential of



this ceil* Although many of the readings show erratic 
behavior, some arc normal and give values of formal 
redox potential within + 50 rav of the experimental value 
(144-6 rav) of Brown, Llebhafsky, and Hutchison# There
fore the system cannot b© dismissed as irreversible as 
Popoff, Riddick, and Becker have done# For a more com
plete study of this electrode process, electron dif
fraction and perhaps radioactive tracer technique is 
obviously required (23)#

Summary
The following is a brief summary of the results 

of this study,
(1) The formal redox potential of the perman

ganate-manganous system in various concen
trations of sulfuric acid was studied.

i
(2) The E° at 25° and 1 M acid concentration 

was found to be 14.62 mv*
(3) Deviations from the theoretical value might 

be attributed to the following possibilities
(a) The reduction of the permanganate by 

manganous is not purely reversible.
(b) The formation of complex ions and com

pounds by the sulfate radical,
(4) The concentration ratio of /  ¡Jin11]

did not have much effect, on the redox



potential. In the two ratios used 10 :1 and 
Is 1, readings did not differ by more than 
17 m ,

(5) As the concentration of the acid increased, 
the value of 2°  also increased. In all 
th© readings there was a jump from the 
regular curve for 1 M concentration of the 
acid,

(6 ) It is very difficult to obtain reproducible 
results. Most experimenters have avoided 
the use of sulfuric acid with this system 
because "the stoichiometry of the several 
reactions is not sufficiently well under
stood,"

26
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