THE RATES OF THE REACTIONS IN SOLUTIONS
CONTAINING FERROUS SULPHATE, POTAS-
SIUM IODIDE, AND CHROMIC ACID

BY CLARA C. BENSON

In this paper, which may be regarded as a sequel to my ex-
periments on the rate of oxidation of ferrous salts by chromic
acid,” and to those of Mr. R, E. DeLury* on the oxidation of potas-
sium iodide by the same substance, I have determined the effect
of the concentrations of the reagents on the rate of oxidation
of ferrous sulphate and of potassium iodide in solutions contain-
ing both. .

After describing the method of working, and arranging the
results of the measurements, I have made use of them to discuss
the various theories put forward (in advance of rate measure-
ments) to account for the great acceleration often exerted by
iron salts on reactions involving oxidation. )

Of these the favorite is the “Peroxide Theory?”, according
to which the primary product of the oxidation of iron is a per-
oxide, which subsequently breaks down into ordinary ferric
salts, transferring part of its oxygen to other chemicals (‘“ac-
ceptors ) in the process. I have not been able to reconcile the
results of my measurements with the consequences of this theory.

Finally, without expressing an opinion on the custom of
“explaining ” the kinetics of chemical systems by inventing re-
actions where the formulas are related to the rates by certain
ritles, I have endeavored to comply with the fashion of the day
by setting up a theory of my own — the “ Ferroiodion Theory”
— which can be brought into accord with the main results of
the rate measurements.

The experiments of the present paper have all been car-
ried out at zero ; a few at higher temperatures, which show that

! Jour. Phys, Chem. 7, 1 (1903).
2 Ibid. 7, 239 (1903).
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the rate of liberation of iodine is decreased by raising the tem-
perature, will be published separately.

Method of working

The method of carrying out the experiments was much the
same as that employed in my measurements of the rate of oxi-
dation of ferrous sulphate. When the standardized solutions
had been cooled to 0° in wash-bottles clamped in the thermo-
stat, the amounts necessary for an experiment (100 to 200 cc
acid, 100 to 300 cc bichromate, 50 cc oxidation product, 5 to 30
cc potassium iodide), were blown into measuring flasks or pipetted
out, and mixed with the proper quantity of water in a beaker
suspended in the bath.* The whole was well stirred, the fer-
rous sulphate (measured in a 1 cc pipette divided into 1/100 cc,
and diluted with 100 cc water in a Nessler tube) was poured in,
and a stop-watch was set in motion by pressing on a pedal.

At the expiration of the desired interval, 10 cc of a hali-
saturated solution of ammonium bicarbonate was poured in from
a test-tube, 5 cc of a filtered 1 pct starch solution was added,
and the iodine was determined by #/100 sodium arsenite drop-
ping slowly from a burette (1 cc per minute); a Witt stirrer
kept the contents of the beaker well mixed.

By adding alternate drops of #/roo iodine and arsenite
solutions, the eud-point could be determined within o.05 cc.
Duplicates however often differed more,? although the probable
error in individual experiments does not exceed 35 percent. This
includes the uncertainty in the end-point, and the errors in the
four burette readings and in measuring out the requisite volumes
of water and of five reagents; the extreme variation in the tem-
perature of the reacting mixture never reached 0.5° C.

Owing to the small amount of iodine liberated, an uncer-
tainty of two or three drops of arsenite represents a greater per-

! The potassium iodide was diluted with 100 cc water, and added last,
just before the ferrous sulphate

2 For instance, (7, 20 cc; Ae¢, 10cc; K7, 20 cc; F, 1.0cc; @, 4; As
found : — 4.27, 4.22, 4.26, 4.35, 4.25, 4.20, 4.25, 4.35, 4.20, 4.29, in a number of
experiments carried out at intervals of weeks.



358 Clara C. Benson

centage error than is at all desirable; any large increase in the
concentrations of the reagents, however, was itmpossible, owing
to the rapidity of the oxidation; while the advantages conse-
quent on working with excess of all the reagents save one could
not be dispensed with.

When the volume much exceeded 700 cc the end-point was
more difficult of determination, and the readings were subject to
a correction for the iodine necessary to give a color. A similar
correction of 0.10 cc As was necessary when the amount of the
potassium iodide used was less than 20 cc. (Expts. 14, 15, 16,
17.) The scope of the investigation was further limited by the
fact that some of the iodine disappears on adding ammonium
bicarbonate, if more than 5 cc of /20 ferrous sulphate re-
main to be oxidized in the 700 cc of reacting mixture; owing
to this circumstance I have not carried out any measurements
with ferrous sulphate in excess.

I have assured myself, however, that within the limits to
which I have restricted myself, the method of analysis described
above yields reliable results.

As iodine is liberated (though very slowly) by the action of
chromic acid and of ferric salts on potassium iodide in the ab-
sence of ferrous sulphate, it was necessary to undertake a num-
ber of blank experiments (in which no ferrous sulphate was
added). The duration of these, in minutes, is given after
“ Blanks” at the foot of the tables; a small circle to the right
of the number indicates that no free iodine could be detected, an
asterisk, liberation of iodine equivalent to one drop (0.05 cc) of
72/100 arsenite ; two asterisks, two drops.

On account of the importance of accurate determinations of
the total iodine liberated during the oxidation of a given quan-
tity of iron (y,), the time of oxidation has been extended in
certain cases to one or two hours. In these instances the amount
of iodine liberated in the blank experiment is very considerable
— it is given with the others at the foot of the Tables, and the
amount there stated has been subtracted from the result of the
titration to give the figures entered under “.A4s” after 6 = 60,
120, etc., in the body of the Tables.
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Solutions

Solutions of sulphuric acid (0.059F" = 0.1181%), potassium
bichromate (0.0083F = 0.05%), potassium iodide (0.0479F"), and
ferrous sulphate® (0.57), were prepared in quantities sufficient to
serve for the whole seties of measurements; the acid, bichromate
and iron were standardized as described in the former paper,3 and
the iodide gravimetrically with silver. Before using, the acid,
bichromate, and ferrous sulphate were each diluted to ten times
the original volume.

The volumetric solution of iodine was compared with the
ferrous sulphate by means of permanganate, and was also stand-
ardized independently against freshly sublimed iodine.

The “oxidation product” was prepared by making up 200
ce acid, 600 cc bichromate, and 20 cc ferrous sulphate (the uun-
diluted solutions were used) to 2 liters. 50 cc of this contained
the product of oxidation of 5 cc F20 ferrous sulphate, and in
addition 10 cc F/120 bichromnate unreduced. ‘This excess of
bichromate was taken into consideration in expressing the initial
composition of the solutions in the various experiments. A fresh
supply of the “oxidation product” was prepared every five or
six days.

RESULTS OF THE MEASUREMENTS

Explanation of the Tables

At the head of each table is given the total volume of the
reacting mixture and its initial composition, in the following
units. A4c 10 represents 10 cc of 0.059F sulphuric acid; Cr 10,
10 cc of 0.0083/F potassium bichromate, including unreduced
bichromate in the oxidation product; A7 10, 10 cc of 0.0479F
potassium iodide; # 1.0, 1 cc of 0.05F ferrous sulphate; Ox 3,
the product of oxidation of 5 cc of 0.05/ ferrous sulphate. Thus
the headings give very closely the number of equivalents of the
various reagents, one formula weight of Dbichromate being

! One gram formula weight H,S0, in 17.04 liters:
? Free from ferric salt. Jour. Phys. Chem, 7, 5, (1903) footuote.
8 Ibid. 7, 5 (1903).
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equivalent to seven of sulphuric acid and to six of ferrous sul-
phate or of potassium iodide.

Under @ is entered the interval in minutes between the ad-
dition of the ferrous sulphate and that of the ammonium bicar-
bonate ; under As the number of cc of #/100 sodium arsenite
equivalent to the iodine liberated. Under “ Cr 20" or “Ac 15"
the number of minutes in which the same amount of iodine was
liberated in other experiments where the concentration of the bi-
chiromate, or acid, was “ 20" or “ 15" instead of that given at the
head of the Table ; these nuinbers were obtained by graphic inter-
polation from the results of the experiments in question. Under
0/ Tis entered the quotient of the two times. * Cale. 424, 5.7,” in-
dicates that if the rate were proportional to the fourth power of
the concentration of the reagent named at the head of the column,
the quotient would be 5.1. :

Ry is a contraction for dy/d6, the rate of liberation of iodine;
and Rx for dx/df, the rate of formation of femc salt, in the
units defined above; As = 5.

Influence of the acid on the rate Ry

By comparing Expts. 1, 3, 7; 2, 4, 8; 5, 11, 9; 12,10} the
influence of the concentration of the acid on the rate of libera-
tion of iodine may be determined in the presence of three differ-
ent quantities of potassium bichromate ; in all cases the rate is
very nearly proportional to the fourth power of the concentration
of the acid. In this respect the reaction under consideration
differs markedly from the reaction of chromic acid on either fer-
rous sulphate or potassium iodide alone; and, so far as I am
aware, affords the first example on record where the rate is
proportional to so high a power of the concentration of one of the
reagents. Hxcept in the polymerization of cyanic acid,* the
highest power hitherto met with has been the second. As the
rate is not changed by the addition of potassium sulphate, Expt.
28, the effect must be ascribed to the hydrogen ion.

Influence of the potassium bichromate on the rate Ry
Reducing the amount of chromate present from thirty to

17, H. van’t Hoff. Etudes de Dynamique Chimique, page 94 (1884).
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twenty equivalents, multiplies the time required for the libera-
tion of a given quantity of iodine by 1.8 (Expts. 12, 5), while re-
duction from twenty to ten multiplies the time by 2.2 or 3
(Expts. 5, 1; 6, 25 9, 7). If the rate is to be expressed as some
power of the concentration of the bichromate, the first experi-
ments would gives

Ry = const. X (conc. bichromate)ts

and the others

Ry =const. X (conc. bichromate)*3to 16,

Mr. DeLury has found that when potassium iodide is oxidized
by chromi¢ acid in the absefice of ferrous sulphate, the rate is
proportional to the first power of the concentration of the bichro-
mate, while Expts. 34 and 35 of the present paper, and Tables
I11, VI, and VII of my article on the oxidation of ferrous sul-
phate show that in the absence of potassium iodide the rate of
oxidation of ferrous sulphate varies between the first and the
1.8th power of the concentration of the bichromate,

. Influence of the potassium iodide on the rate Ry

Increasing the amount of potassium iodide present from 5
to 10 units (Expts. 14, 16; 15, 17) multiplies the rate by about
1.8, a second doubling of the concentration (ro to 20 units)
(Expts. 16, 5; 17, 6) again multiplies the rate by about 1.7, while
further increase from 20 to 30 units (Expts. 18, 5; 19, 6)
multiplies the rate by 1.5. The effect produced by increas-
ing the concentration of the potassium iodide is thus great-
est when the concentration of the potassium iodide itself is
greatest; rising to proportionality when KI= 20 to 30. The
regular increasein the quotient 8/ 7 in the experiments compared,
(Expts. 14, 15, 16) is too great to be ascribed to the change in
the ratio between the concentrations of the iodide produced
by the progress of the reaction. It is not due to difference in
the rate of oxidation of the iron (Table XVII), it is too general
to be accidental, and I have assured myself that it is not due to
systematic errors in the analysis. : o,
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Influence of the ferrous salt on the rate Ry

Comparing the experiments in which the initial concentra-
tions of the iron was 1.0 with those in which it was o.5, it will be
seen that the time corresponding to a given value of A4s in the
former is half or little less than half that in the latter. A few
experiments with other quantities of iron (Table X) give the
same result.

When y is small; Ay/Af is approximately equal to dy/db,
the rate of liberation of iodine. In Table XTI the smallest values
of As have been collected from the previous tables ; doubling /7
approximately doubles As.

The rate of liberation of iodine is therefore quite closely
proportional to the concentration of the ferrous salt in the solu-
tion.

Influence of the products of oxidation on the rate Ry

To illustrate the great retarding effect of the products of
oxidation on the rate of liberation of iodine, I have set side by
side in Table XII the results of five experiments in which the
initial concentration of the oxidation product (see page 354) was
0, 2.5, 3.3, 5.0, and 10.0, respectively.

The order of magnitude of the retardation is the same as in
the oxidation of ferrous sulphate in the absence of iodides ; and,
as in the latter case, is due almost exclusively to the ferric salt
—see Expts. 28, 29, 30, Table XIIL

In the absence of ferrous sulphate, ferric salts exert a de-
cided accelerating action on the oxidation of potassium iodide by
chromic acid. This is well shown by the experiments in Table
X1V, for which I am indebted to Mr: R. E. DeLury. The ferric
salt used was a fresh solution of iron alum j the amount taken is
given in 107 gram-atoms of iron. The third and fourth experi-
ments of the series prove that the difference between the first
and the second is not altogether due to the ferrous salt produced
by reduction of the iron alum; it must be ascribed in part to
direct acceleration by the ferric salt.

If the product of oxidation, made up as described on page
359, be allowed to stand for a week, it gradually deposits a yel-
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low-brown precipitate, and its retarding power is lessened ; an
illustration is given in Table XV, in which the time in days
elapsed since the preparation of the oxidation product is given
after “Age”.

As in such dilute solutions the hydrolysis of the ferric sul-
phate must have been instantaneous,” this slow decrease in the
power of retarding oxidation must be ascribed to changes in the
colloidal hydrate, and might prove a means of throwing light on
the latter.

Influence of certain other compounds of iron on the rate Ry

The influence exerted by ferric salts has been dealt with in
the preceding section.

In Table XIII are given the results of experiments in which
the power of Haemoglobin (from chickens’ blood, 0.25 pct Fe),
of Ferrosomatose (Baeyer and Co., Elberfeld, 0.26 pct Fe), and of

" Potassium Ferrocyanide, to accelerate the oxidation of potassium
iodide, was tested. In uno case was any liberation of iodine
observed. Inthe ¢ Blanks” an amount of the standard ferrous
solution equivalent to the total iron in the substance tested was
added instead.

The great acceleration observed with ferrous sulphate is
therefore due to the presence of the ferrous ion only.

In preliminary experiments on the oxidation of ferrous sul-
phate® I observed that sodium tartrate could not altogether stop
the liberation of iodine in solutions containing ferrous salt; fer-
rous tartrate, therefore, acts as an accelerator, and if proper

+
allowance were made for the effect of the tartrate on the H-con-
centration, similar experiments might serve to determine the
dissociation of this and other complex ferrous compounds.

The rate of oxidation of the ferrous salt, Zx

In the absence of any other feasible method of determining
ferrous salts in the presence of ferric salt, chromic acid, etc., I
have been forced to fall back on its power of accelerating the

! Zeit. phys. Chem. 21, 1 (1896).
? Jour, Phys. Chem. ¥, 3 (1903).
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oxidation of potassium iodide, and have already described a
method of analysis based on that principle.*

In order to obtain data for the calculation, a number of
mixtures were made up with different initial quantities of iron,
the concentrations of the other reagents being the same as in
Expts. 5, 16, 14, I, 9, and 23 respectively, and the amount of
iodine liberated in 30 (or 60) minutes® was determined. The re-
sultsare given in Table X VI

In each of the Expts. 1, 2, 5,6, 9, 14, 15, 16, 17, and 23,
the numbers under A4s were subtracted from the value of A4s for
30 (or 60) minutes — in the case of Expt. 5, Table XVII, these
differences are tabulated under ¢“.Dzf” — thus obtaining the
amount of iodine liberated in from 22 to 30 (or 52 to 60) min-
utes in solutions containing initially /- x units of ferrous sul-
phate ; curves drawn from the data of Table XVI served to de-
termine 7 -x. The values so obtained are given in Table X VII.

In this calculation there are two inaccuracies: — When
6 = 8, the difference As (0§ = 8) munus As (6 = 30) gives the
amount of iodine liberated in 22 minutes, while the curves were
drawn for 30 minutes; F-x for g = 8, however, is so small, and
the reaction between # =8 and § = 30 is so slow, that no serious
error is introduced. Secondly, no account has been taken of the
decrease in concentrations of the acid, bichromate, and iodide due
to the progress of the reaction ; this also is allowable, because
as may be seen from Table XVIII, although the “total iodine”
liberated during the oxidation of a given quantity of iron is not
independent of the concentrations of the various reagents, yet
the influence of small changes may safely be neglected. In the
experiments for which # - x was calculated the iodine liberated
in 30 or 60 minutes respectively was practically identical with
the “total iodine”.

By mearns of the values of /- x so obtained, the effect on .
Rz caused by changing the concentrations of the reagents may
be ascertained.

! Jour. Phys. Chem. 7, 1 (1903).
2 In Expt. 1, 9o minutes.
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Doubling the concentration of the acid multiplies the rate
of oxidation of the iron by 8to 12 (between the 3d and 4th power
of 2); Expts. 5 and g, Table XVIL

Doubiing the concentration of the bichromate doubles it
(first power); Expts. 1 and 5, 2 and 6.

Increasing the concentration of the fervic salt greatly re-
duces the rate, the effect on K+ and on Ky being about the same ;
Expts. 23 and 35, Table XVIL

Increasing the concentration of the iodide first lowers the
rate of oxidation of the iron (KI = o to KI = 5.0, Expts. 19, 14),
then increases it again (KI = 5.0 to KI = 20.0, Expts. 14, 16, 5
15, 17, 6). ’

With regard to the influence exerted by the concentration
of the ferrous salt on the rate of its own oxidation, comparison
of Expts. 5,16, 14, I (#£= 1.0) with Expts. 6,17, 15,25 (F=0.3)
shows that the time corresponding to a given value of x in the
former is half that in the latter; 7 e., that doubling F doubles
Rx (first power). In the absence of iodides, doubling F quad-
ruples the rate (second power).

In order to make a direct comparison between Rx in the
preserice and in the absence of potassium iodide, the experiments
of Table XIX were carried out with the same quantities of the
other reagents as Expts. 1, 5, and 7, but without potassium.
iodide ; F-x was determined by means of Tables XIX,s, as
already described.” From these experiments it appears, in ac-
cordance with the results of my former work, that in the absence
of potassium iodide, doubling the acid (KI = o) multiplies the
rate by 4 (second power), and that doubling the bichromate
(KI =o0) multiplies it by 2.8 (1.4th power).

Summary of the results of the measurements

The rate of lberation of iodine in the absence of fervous

salts (Delury) is very nearly proportional to the concentration

of the bichromate, and to the square of that of the acid. The
relation between the rate and the concentration of the iodide can

! Jour. Phys, Chem. 7, 3 (1903).
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be expressed by an equation of the form Ry = mC + nC* The
oxidation is accelerated by ferric salts.

The rate of oxidation of ferrous sulphate in the absence of
todides is proportional to the second power of the concentration
of the ferrous salt, and to the second power of that of the acid.
The order of the reaction with respect to the bichromate is
variable (1.4th to 1.8th). The oxidation is much retarded by
ferric salts.

In presence of fervous saits, the rate of liberation of iodine
is proportional to the 1.3d to r.6th power of the concentration of
the bichromate, to the fourth power of that of the acid, to the
first power of that of the ferrous salt, and to the first (or a less)
power of that of the iodide. The oxidation is much retarded by
ferric salts.

In presence of dodides, the rate of oxidation of ferrous sul-
phate is proportional to the first power of the concentration of
the ferrous salt, to the third or fourth power of that of the acid,
and to the first power of the concentration of the bichromate.
Increase in the concentration of the iodide first decreases, then
increases the rate.

The total iodine, y,, liberated during the oxidation of g
given quantity of fervous sulphate (F) depends on the concen-
trations of the reagents and is only roughly proportional to the
quantity of ferrous sulphate, y_/F increasing as /" decreases.

Having ascertained the facts with regard to the kinetics of
the system : chromic acid, ferrous salt, iodide, it remains to com-
pare them with certain theories which have been put forward
to explain this and similar cases of catalysis. Of these the most
prominent are, the Catalytic theory, the Active Oxygen theory,
and the Peroxide theory, to which I have added a fourth, the
Ferroiodion theory.

The catalytic theory

In certain cases the rate of a reaction is changed by the
presence of a foreign substance— platinum, for instance, to quote



Solutions Contatning Ferrous Sulphale, Elc. 367

a classical example — and since Berzelius’ day it has been cus-
tomary to ascribe the effect to “Catalysis” by the substance in
question. In the oxidation of potassium iodide by chromic acid,
however, it is obvious that much more than the rate is affected
by the presence of ferrous sulphate ; — the influence of the cou-
centrations of the reagents on the rate is profoundly modified ;
so that the analogy with cases of simple catalysis is very slight.
The active oxygen theory

A number of instances of ““induced oxidation ” can be sat-
isfactorily accounted for by the supposition that for every atom
of oxygen taken up by the “inductor” — the ferrous salt in the
present case-—one, or some other wlole number of atoms of
oxygen become ‘“active” and attack substances otherwise in-
capable of oxidation under the conditions of the experiment.

In the case under consideration the amount of iodine liber-
ated during the oxidation of one atom of iron does not represent
a whole number of atoms, and is not independent of the con-
centrations of the reagents; so that, in its simple form, the
active oxygen theory is notapplicable. When further developed,
this theory passes into the

Peroxide theory,

according to which the primary product of the oxidation of the
ferrous salt is a peroxide which afterwards reacts with the iodide
and with the residual ferrous sulphate, forming ferric salts and
liberating iodine.

This theory has found an able champion in Manchot, who
is of the opinion® that “In every process of oxidation there is
formed a primary oxide, which in general has the character of a
peroxide.” My own experiments which show that the rate of
oxidation of ferrous sulphate is proportional to the square of the
concentration of the ferrous salt, and to the first or a higher power
of that of the bichromate, might fairly be quoted in support of
this view ; the molecular interpretation being that two molecules
of ferrous sulphate enter into reaction “primarily ” with one or

! Liebig's Ann. 325, 95 (1902).
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more of the bichromate. Theratio 2: 1 (2: 1.8 fits the facts better)
corresponds to the formula FeO,, for which Manchot argues
(see below).

In a paper entitled “Ueber Peroxydbildung beim Eisen
this author has published determinations of the “total iodine’.
liberated during the oxidation of certain quantities of ferrous
sulphate by chromic acid in the presence of potassium iodide’
Recalculated for a volume of 700 cc, and with the concentrations
expressed in the units employed throughout this paper, these
measurements are reproduced in Table XX. As will be noted,
numbers iv, v, and vi were carried out under the same condi-
tions; in viii and ix hydrochloric acid was used instead of sul-
phuric acid ; the temperature in all cases was 0.2°-0.6° C.

In his experiments, Manchot let 10-15 cc A/10 ferrous sul-
phate flow into the mixture of the other reagents with the water ;
the addition of the iron took 1% to 2 minutes, during which
the reacting mixture was well stirred. He draws the following
conclusions: — “The experiments show that for one Fe two
equivalents of iodine are set free, so that the ferrous salt con-
sumes three equivalents of oxygen. This quantity is indepen-
dent of the concentration of the chromic acid, of which in all the
experiments (particularly No. ii and No. x) a residue remains.

“In the small variations in the amount of thiosulphate [As,
Table XX the secondary action of the peroxide on the ferrous
salt is disclosed, as naturally it is not possible to add the ferrous
salt in every case with exact uniformity. If this secondary re-
action be favored, by pouring the chromic acid into the ferrous
salt, so that the latter is in excess (particularly when more of it
is used), much less iodine is liberated for one Fe oxidized, which
furnishes the proof that the secondary reaction in question really
takes place.

“The primary ferric peroxide is certainly not higher than
Fe,O,. For a considerable increase of the Acceptor [iodide]
causes only an zzconsiderable increase in the amount of thio-
sulphate [As]. The latter remains always a little below that

! Liebig’s Ann. 325, 105 (1902).
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corresponding to two equivalents of oxygen. This also speaks
for the formula Fe O, ; because, other experiments with Accep-
tors show that it is not possible to prevent altogether this second-
ary reaction between ferrous oxide and peroxide.”

In my own experiments (Table XVIII) y./F falls as low as
1.2 or 1.4 and changes with the concentrations much more than
in those of Manchot. The same is true of y/xr in the ex-
periments of Table XVII. The explanation isto be found, not
in “want of uniformity” in adding the ferrous sulphate — the
mixing was complete and a homogeneous solution formed before
the liberation of more than a trace of iodine —but in the data
of Table XVIII itself, which show that increase in the concen-
trations of the reagents increases y.//. In Manchot’s exper-
ments the concentrations were much greater than in mine; his
results approach more nearly to what is evidently the limiting
ratio, viz: 2.

So far as I am aware, the peroxide theory has not yet been
applied to explain in detail any particular case of catalysis where
the rates have been measured, although it has become customary
to assume the existence of “ primary” peroxides in advancing
qualitative explanations for incompletely studied reactions. In
the succeeding paragraphs, therefore, I have developed the con-
sequences of the theory for this particular case, and compared
them with the results of the measurements.

The theory assumes the occurrence of three different re-
actions in the solution : formation of the peroxide, action of the
peroxide on the iodide, and action of the peroxide on the residual
ferrous salts. Of these, the first may be'regarded as the reaction
whose rate is measured, and the others as following quickly after
it, otherwise the peroxide would accumulate in the solution;
moreover, the slow disappearance of the ferrous salt has been es-
tablished by direct experiments with potassium ferrocyanide.

Representing by p the quantity of the peroxide which con-
tains one atom of iron (4 Fe O, if Manchot’s formula be adopted),
and by 7 the number of molecules of potassium iodide or fer-
rous sulphate with which that quantity of peroxide reacts (#z = 2,
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according to Manchot) the last two reactions may be represented
by the following chemical equations : -—

e o o
P+ nl=Fe-f+nliciiiviiviiaiss. oo (7)
and , .
=+ 4+
P+ nFe=(nm-+ 1)Fe cevecviinaen. (d2)

Writing dp for 9p/38.46, the amount of peroxide formed in
a unit of time, & p for the amount entering into reaction z
and o p for the amount entering into reaction 7z also in a unit
of time, the assumption that the peroxide is destroyed as soon as
it is formed may be expressed by the equation

dp = dlp + d‘zp'
The amount of iodine liberated, @y, if expressed in equivalents,
is obviously equal to 7d p, while the ferric salt formed,
dyx =dx + dx =dp-+ (n+ 1)d,p.

"The rates of the two reactions 7 and 77 above, must, in gen-
eral, depend onthe concentrations of the iodide and ferrous salt ;
adopting the form most in harmony with the prevalent practice
in chemical kinetics, the ratio of the two rates may be set pro-
portional to the quotient of some powers of the concentrations.”

dpldp = B(F=x)(C=3) +ervvvvresann (D)
and the rate of formation of peroxide to the »~th power of the
concentration of the ferrous salt

Apldl = K(F=x) vvvineinnniiiinei(2)

Fromi these equations the following expressions for the rate

of liberation of iodine, _
Y _ &y A wdp A

V=09 T dpd6 T dp - dp b
_ n(C-)(F-x) |
T Oy TRy J

and for the “total iodine”

R
seeeneees o (3)

1 (C represents the initial concentration of the iodide, and F that of the
ferrous salt. A in Equation 2 is a function of the concentrationsof the acid and

bichromate.
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x = F F c )t
n{ C=y
o T dy — - - A vevinnes 4
’ Ry (C—3) & (n + 1) (Fima)y ¥ (4)
vX =0 0

may be obtained.

I have integrated the latter expression for three particular
cases, viz: () t=s=1; (i) s=2,t=1; ({ii)s=1=2; in-
troduced experimentally determined values for y., solved for 7
and 4, and then by means of Equation (3) computed the relative
rates for different concentrations of potassium iodide. The re-
sults are tabulated for comparison with the experiments. Finally,
I have shown that no other assumptions as to the values of s
and # would bring the resuits of the calculations into better
agreement with the experimental numbers.

Casei. s = t= 7. — Substituting, and integrating (treating
C -y as constant, and equal to () the expression for the “total
iodine ” becomes

c C+iF
ym——:/;(ni_{_—l—)-log 11at-—-+——c(,n+l) ......... (5)

Making use of the results of Expt. 5: F= 1.0, C == 20,
¥, = 1.56, and Expt. 14: F= 1.0, C= 5, ¥, = I1.20, numerical
values for 7 and % may be obtained. As, in Expt. 14, C~y
falls from 5.0 to 3.9, while the integral was obtained under the
assumption that C—y = C, I have obtained limits for = and 4
by setting C = 5 in one calculation, and C = 4 in a second.

The values are,

n=1,77 and 1.71 =1.91and 1.44 «+eror0e (6)

and by introducing them into Equation (3), and at the same time
setting s = ¢ = 1, x = 0, and F = 1, the (initial) rates of libera-
tion of iodine in the presence of different concentrations of the
todide were calculated.

The results, multiplied by an arbitrary constant, are given
in Table XXI; Ry for C = 35 has been set 100 to facilitate com-
parison.

Increase in the concentration of the iodide from 5to 30 adds but
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30 percent to the rate; the experiments show that 300 percent
is added.

Calculating  backwards, setting ARy(C = 20) = 2.4 X
Ry(C = 5)—see Expts. 5 and 14 — there follows, 2= 17.5;
whence, assuming » = 2 (Manchot)

V., (C= 5)=0.46; 0bs. 1.20
Y. (C=120) =0.87; o0bs. 1.56

Case tz. s= 2, { = r. — Substituting in Equations (3) and
(4), setting C-y= C, and carrying out the integration in
Equation (4) there results:

. _ KnC(F-x)
Ry =dy|df = CoRESayT (7)
and

.......... (8)

V= —ﬂ—C: tan Y K(n+ 1) T 0-£
, Vk(n+1) 49
Introducing the same pair of values as in Case 7, and solving
for » and 4,

7= 1.82 =378 ceesren e (9)
(Ounly the upper limit for Z— the more favorable — being com-
puted.) Initial values of Ry, (x == o), (T'able XXII) have been
calculated from (7) and (9), setting Ry(C = 3) 100, as before.
The results are much the same as in case ¢; widely different
from the experiments.

Case 111, s = 1= 2. .
_ EnCF-x)
R_J/—- mx—)? ................. (IO)
and
J’wz_‘,——————cn tan VEEAE DL (11)
Vk(n+1) C

whence 7= 1.80, # = 72.3, and the numbers under ““initial Ry
(F = 1.0)" in Table XXIIL

The results of the calculation are in better agreement with
the experiments than those of 7 and 27; although in the Table
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the first increment of C has more effect than the last, while in
reality the reverse is the case. The agreement, such as it is,
however, is due to the circumstance that # has been set equal to
unity, and x to zero in making the computation. If # be set
0.5, and x = o, no value of » can be found that will make Ry
half what it is when F/=1.0; this is evident on inspecting
Equation (10); to show how wide the discrepancy may be in
particular cases, Ry has been calculated for » = 1 and » = 2, aud
the results entered in Table XXIIIL. ,

Similar want of success must necessarily attend the substitu-
tion of other values for s and #; Equation (3) can be brought
into partial accordance with the experiments only if # = 1, and
% is large enough to annihilate the term (C-y)/%& in the de-
nominator®.  This would make y_ proportional to C and less
than F, neither of which is supported by the observations.

The calculations of the preceding paragraphs show that the
Peroxide Theory cannot reconcile the results of the experiments
on the rate of liberation of iodine with those on the ‘total
iodine”. 'This however is not the only respect in which it
fails. Three others may be mentioned briefly.

First, the influence of the iodide on the rate of oxidation of
the ferrous salt. If the liberation of iodine be the result of a
secondary reaction between peroxide and iodide, increase in the
concentration of the iodide can cause increase in the rate of lib-
eration of iodine only by causing a corresponding increase in the
‘“total iodine” aud decrease in the rate at which ferric salt is
formed. The measurements show that doubling the concentra-
tion of the iodide almost doubles Ry, and slightly increases Rx.

Second, the influence of the iodide on the rate of liberation
of iodine. According to the theory, each successive increment
of the iodide should have less effect than the preceding, until
finally, when y_ = 27 further addition of iodide should leave the
rate unchanged. According to the experiments, the influemce of
the iodide increases with its concentration.

Finally, it has been established in the experimental part of
this paper, that in the absence of iodides, doubling the concen-
trations of either the acid or the ferrous salt quadruples the rate

! After dividing both numerator and denominator by k.
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at which the iron is oxidized ; while in their presence doubling
the concentration of the acid multiples it by eight or twelve, and
doubling that of the iron, by two. It is hard to see how these
facts can be accounted for by a theory which assummes that the
“primary reaction” is the same in both cases.

In short, the * Peroxide Theory ” was set up before the rate
measurements were made, and in attempting to explain them it
breaks down. ‘

The ferroiodion theory

If it be assummed that the iodide takes part in the reaction
whose rate is measured, many of the difficulties met with in the
previous paragraphs may be avoided. The chromicacid may be
represented, for instance, as acting on ferrous iodide, forming
ferric salt and iodine:

K,Cr,0, + 2Fel, ++ 7H,S0, = K,80, + Cr,(80,), -+ 2I, + 7H,0.

In view of the results of the rate measurements, the pri-
mary reaction” may be considered to take place between the ions
—— + = +

Cr,0,, Fel, I, and gq4H ..cvevvivinnn (2)
and the fact that, in general, less than two atoms of iodine are
liberated for each atom of iron oxidized may be accounted for
by assuming simultaneous direct action of the chromic acid on
the ferroion,

This theory offers an explanation for all the principal re-
sults of the experimental investigation.

By introducing a new reaction (Equation z) in solutions
containing both ferrous salts and iodides, it accounts for the fun-
damental differences between the oxidation of ferrous sulphate
or potassium iodide alone, and in solutions coutaining both.

By including potassiumn iodide in the primary reaction, it
is able to account for proportionality between Ry and the con-
centration of that reagent, while avoiding the difficulties raised
by the Peroxide Theory. The decrease in Rx consequent on the
first addition of potassium iodide can be ascribed to diminution
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in the number of Fe ions (formation of FEI, Ferroiodion), while
the subsequent increase is due to increase in the rate of reaction .
(¢) brought about by increase in the concentration of the iodide.

Finally, by admitting direct action between chromic acid
and ferrous sulphate, the Ferroiodion Theory explains the varia-
tions in the “total iodine” liberated during the oxidation of a
given quantity of iron. Increasing the concentration of the acid
or of the iodide increases the rate of the main reaction over that
of the other,and thus causes y., toapproach more nearly its limit-
ing value, 2/ while the diminution in y./F as F increases is
caused by the rate of oxidation of ferrous sulphate being pro-
portional to the square of its concentration, while the rate of
formation of ferric salt by reaction () is proportional to the first
power only.

This theory, however, like the Peroxide Theory, affords no
explanation of the variable “order” of the reaction with respect
to the bichromate, and it exaggerates somewhat the influence of
the iodide. Doubling the concentration of the potassium iodide
ought to double the rate of liberation of iodine; Expts. 5, 14,
and 16 show that this condition is complied with only when
C = 20 or larger; between C = 5and C = 20, doubling C mul-
tiplies the rate by 1.7 or 1.8 only.

A simple calculation reveals a similar discrepancy in dy/dx.
The reactions assumed are,

—_— + —_ -+
(7) between Cr,0,, Fel, I, and 4H
and ’

—— ++ +
(i) between Cr,0,, 2Fe, and 2H

If 4, B, C, and F be the quantities of acid, bichromate, iodide,
and ferrous salts (in equivalents) initially present, x and y the
ferric salt and free iodine already formed, ¢ x, and &_x the ferric
salt formed in unit time by reactions 7 and 77 respectively, and a
the fraction of the residual ferrous salt uncombined with iodine ;
the rates of the two reactions at the beginning of an experiment,
before x and y are large enough to be taken into consideration

(“ initial rates”) may be written
-
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R, = dyx/d0 = 3dy|d8 = kA*BCF(x=a) «....... (12)
R, = dyxldd = B APBF'a* «.ovooie i (13)
and the initial ratio,*
dy 2hAC(1 ~a)
== FAC(1—0) T aF (14)

in which 2= # /%

As y/x changes but slowly in the experiments for which x
has been calculated, it is possible to obtain the initial value of
dy|dx from the Tables with a fair degree of approximation. In
Expt. 5(4, 10; B, 20; C, 20; F, 1.0) it is 1.3. Introducing
this value in Equation (14), there follows
a’k(1 —a) = 1077 ; and dy/dx = 0.63 for C= 10,

' . 0bs. 0.9 (Expt. 16),
the observed change being less than that called for by the
theory.?

To bring the Ferroiodion Theory into still better accord
with the experimental results, it must evidently be modified in
some manner which, while leaving the main features of the
theory intact, will lessen the influence of the iodide a little, es-
pecially when the concentration of that reagent is low. As the

principal reaction (oxidation of F;I) can hardly be interfered
with without sacrificing the main points of agreement with the
experiments, the remedy must be sought in introducing a third
or fourth simultaneous reaction, or in modifying the subsidiary
reaction already admitted, viz., the direct oxidation of ferrous
salt.

! By introducing x and y, and integrating between the limits x=o0 and
- &= F, an expression for y, may be obtained; it is not however of a con-
venient form for computations. )
? In.computing dy/dx by Equation 14 it must be noted that a?/(1 —a) is a
function of C; they are connected by the equation of equilibrium )
Ca = Const X (1 —a),

corresponding to the reaction

— o+

I +Fe = Fel.
If a is large, (1 — a)/a? is proportional to C; this assumption — the most favor-
ahble one — has been made in computing dy/dx for C =10 above.
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If it be supposed that the “ primary ” product is a peroxide
— the evidence of the rate measurements (oxidation of FeSO,,
page 367) in favor of this hypothesis remains, although, as has
been shown, that drawn from the liberation of iodine will not
bear examination — increase in the concentration of the iodide,
while increasing the rate of the main reaction, will lessen the

rate of the ‘“direct” oxidation, by converting 152 ions into FEI,
and may thus diminish the supply of iodine arising from second-
ary decomposition of the peroxide. The rate of liberation
of iodine will thus be less than proportional to the concentration
of the iodide, until the latter is great enough to dispose of all of
the Fe ions. From then on, Ry will be proportional to C.

In conclusion, I wish to express my thanks to Prof. W.
Lash Miller for the interest he has displayed in this research.

The University of Toronto,
April, 1903.
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TasLe I.
Ac, 10; Cr, 10; KI, 20; Ox, 5; V, 700

Expt. 1. F=1.0 Expt. 2. F=o0.5

2] [ As ‘Crzo 4T HAcxs 4T 6 As | Cr2o| /T |Aci5! 4T
1/0.80||0.35] 2.9 |0.25 | 4.0 2 |o.75|0.80| 2.5 | 0.5 | 4.0
2/1.40l0.7 | 2.9 ||0.5 | 4.0 4 |1.401.55| 2.6 | 1.0 | 4.0
4.2.40|1.35| 2.9 ]0.90 | 4.4 8 |2.15||2.90| 2.8 | 1.7 | 4.7
813.50]2.6 | 3.0 j1.60| 50| 20 |3.60] — | — | — | —
16495 — | — || — | — || 30 3.80‘ _— = — | —
251555 — | — || — | — 90 400 — | — | — | —
30565 — | — | — | — —_— — = |- = | -
60685 — | — || — | — —_ === | - | —
90 7.15 ) — | — | ™ | | = | = | =
120 7.10 — | — | — | — i B e B B
Calc: 1st, 2.0; 4th, 5.1 Ist, 2.0; 4th, 5.1

Blanks: 22°; 28%; 42, As=0,2; 60, As=0.35; 90, As =
0.50; 120, As=0.75

; TasLe II.
Ac, 15; Cr, 10; KI, 20; Ox, 5§ V, 700
Expt.3. F=1.0 Expt. 4. F=o.5

6 ‘ As |Crao| g7 [Aczo| g1 | 6 | as |acao|
\

0.5 1.55|0.25| 2.0 ||0.18 | 2.9 | 0.5 |0.80|0.17 | 3.0

1 ‘2.55 10.40| 2.5 |0.30 | 3.3 | I 1.45(0.35| 3.0

2 4.15 0.80} 2.5 ||0.70| 2.9 | 2 2.4510.7 | 3.0

4 5.55 1.60| 2.5 | 1.30| 3.1 | 4 3.45:1.5 2.7

8 ‘6.90‘3.10 2.6 ||2.20| 3.6 |25 4.35 1| — —

25 8.35 | — — = — = = { — -

Calc: 1st, 2.0; 4th, 3.2 4th, 3.2

Blanks : 25°; 29%; 3g¥%*
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TasLy III.
Ac, 10; Cr, 20; KI, 20; Ox, 5; V, 700
Expt. 5. F=1.0 \ Expt. 6. F=o.5
6 As Cl; 30| /T ||Ac1s| /T ‘Klgo’ 4/T ‘ As ‘Cr 201‘ /T |[KIzo| /T
| | | ‘
0.5 1.05 0.25 20| 0.1 | 5 03| 1.7 logo'loz | 2.5 0.3 1.9
1 |1.90/0.55] 1.8 | 0.2 5 0.7 ! 1.4 ‘ 1.00/0.50| 2.0 | 0.8 | 1.3
2 |3.10|1.05} 1.9 | 0.5 4 1.4 | 1.4 1.75|1.20| 1.7 | 1.7 1.2
4 |4.30|2.10| 1.9 | 0.9 “ 4.4 | 27| 1.5 )2.50|20 | 20| 3.0 1.3
8 |5.60|4.40| 1.8 1.6 |5 55| 1.5 | 3.3014.0 | 20| 5.0 1.6
20 |7.101| — ——‘ - — = = J4o5] = — | = | —
770 — | — | — — === l420 — |- —|—=
120 |7.85.1 — J \ — ] = — === —
Calc: 1st, 1.5; 4th, 5.1 1st, 1.5 - 1st, 1.5 1st, 1.5
Blanks : 20°; 28%; 120, As==0.65 ’

1 Probably too low ; does not fall on curve.

TABLE IV.
Ac, 20; Cr, 10; XI, 20; Ox, 5; V, 700
Expt.7. F=1.0 ]%‘X.—Iitoi
7 As |[Crz2o0| /T 6 As
0.25/2.15|lo.1 | 2.5 || 0.25 1.15
0.5./3.50|0.2 | 2.5 || 0.5 |2.10
I 4.75|10.35 | 30 | 1 1295
2 6.70/0.82{ 2.5 | 2 . 3.90
4 |7.80||1.6 | 2.5 ‘ 4 4.65
8 8.5513.6 | 2.2 4.90
30 8.80l — -— ’
Cale: 1st, 2.0
Blanks: 20°; 32%
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TABLE V.
KI, 20; Ox, 5; F, 1.0;V, 700

r

Expt. g Expt. 10

Ac, 20; Cr, 20 [Ac, 15; Cr, 30 ' Expt. 11. Ac, 15; Cr, 20
é As é As 0 As ||Acz2o0| @/T ||Cr3o| §/T
0.25/4.05| 0.5|4.45| 0.5|3.00(|0.15| 3.3 0.22| 2.2
0.5 5751 1 |590|| 1 |4.60/|0.30| 3.3 |0.55| I.9
1 7.154 2 |7.15|| 2 6.0010.60| 3.3 | 1.05! I.9
2 800l 4 i800| 4 {7.50|1.30] 3.1 {250 1.6
8 |860]20 |[8.35}30 |835)( — | — | — | —
20 |8.80| — | — ||~ - == - | —
30 875 — | — [|— —— = | = —
120 ’8.50 — ‘ — — — [ _— — —_
Calc: 4th, 3.1 Ist, 1.5

Blanks (Expt. 9¢): 29°; 32%; 75, As=o0.50; 120, As=0.70
Blanks (Expt. 10) : 27°; 38%; 48%%
Blanks (Expt. 11): 26°; 40%*

. TaBLE VI.
Ac,10; Cr, 30; KI, 20; Ox,5; V, 700

Expt. 12. F=1.0 H Expt. 13

F=o0.5
6 ‘ As “Ac 15| /T “ 6 “ As
i
! 4 ‘
0.511.75 \0.08 6.2 ‘ 0.5‘0.90
1 |2.95{0.15| 6.6 | 1 1.55
2 |415]04 |5 | 2 |2.45
4 |5.30(08 |5 ’ 4 |3:30
25 |7.75| — | — 3@ '4.55
3 17.550 — I — fi— [ —
Cale;: 4th, 5.1

Blanks: 27°; 38%; 48%%*
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TarLr VIIL.
Ac, 10; Cr, 20; KI, 5;0x,5; V, 700

Expt.14. F=1.0 \ Expt.15. F=o.5
™ ‘ I I
6 As ||KIro 6/T ‘ 0 As ||[KI1o| g'T
1/0.95) 0.6 | 1.7 i 2 |0.90|1.30| 1.5
2 1.55| 1.1 | 1.8 4 4 |L.35| 2.1 1.9
4|/2.40| 2.3 1.8°% 8 |2.05'39 | 1.8
813:40| 4.2 | 1.9 | 60 |3.60 — | —
60|5.65 | — | — — = = | —
120 5.75 || — | — ‘ — | — | —
180|6.001l — | — — | — - | =
Calc : 1st, 2.0 18t, 2.0
Blanks: 60°; 180*
TasLE VIIL
Ac, 10; Cr, 20; KI, 10; Ox, 5;V, 700
Expt. 16. F=1.0 Expt.17. F=o0.5
\
[Z] As | KI 20‘ /T [2] As [KI20| /T
1/1.40(07 | 1.4|| 1 |065]| 07| 1.4
2/2.20|1.2 1.7 2 |1.30| 1.4 | 1.4
4:.3.302.3 1.8 4 (2.05| 2.7 | 1.5
8/4.30/4.0 20 8 |2.95| 5.5 1.4
60680 — | — | 60 |g.20| — —
120/7.00ff — | — | — | — [ — —
Calc: 1st, 2.0 1st, 2.0

Blanks: 60°; 120, As=o0.10
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TaBLE IX.
Ac, 10; Cr, 20; K1, 30;
Ox,5; V,700
Expt. 18 Expt. 19
F=1.0 F=o3
0 As 0 As
0.5/ 1.50| ©.50.60
I 240 I |1.10
2 [3.70] 2 1.85
4 |5.10| 4 |2.95
20 |7.75|20 |4.55
105 [7.80"— —_
Blanks: 16°; 21%; 105, As==1.40
TABLE X.
Expt. 20. Ac, 10; Cr, 20; KI, 20; Ox, 5; F, 2.0; V, 700
9 ’ As f Frs | g1 HF_:.o o/ - Fo.s‘l o1
0.25 ] 1.40 N 0.36 ) 0.7 \ 0.7 ] 0.36 I.5 I 0.17
Cale: Ist, 0.75 1st, 0.5 Ist, 0.25
Expt. 21. Ac, 10; Cr, 20; KI, 20; Ox, 5; F, 1.5; V, 700
6 As ‘ F 1.0 6/T F o5 6T
0.25 0.95 0.45 0.55 1.0 0.25
0.5 ; 1.90 1.0 0.50 0.13
Calc: 1st, 0.67 ISt 0.33
Expt. 22. Ac, 20; Cr, 10; KI, 20; Ox, 5; F, 0.25; V, 700
o | as i‘['Fo.s } Fro | 61 |
i' \ |
0.5 | 1.o0 | o.2 ‘ 2.5 o.1 ‘ 5
Calc: 1st, 2.0 1st, 4.0
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TaBLE XI.

@ As(F=1.0) | As (F=0.5) |[Expt. (F= 1.0)Expt. (F=o0.5)
2.0 1.40 0.75 I 2
0.5 1.55 0.80 3 4
0.5 1.05 0.40" 5 6
0.25 2.15 1.15 7 8
0.5 1.75 0.90 12 13
2.0 I.55 0.90 14 15
1.0 1.40 0.65 16 17
0.5 1.50 0.60 18 19

Tasre XIIL
Ac, 10; Cr, 20; KI, 20; F, 1.0; V, 700
Expt. 23 Expt. 24 [ Expt. 25 Expt. 26 | Expt. 27
0x, 0 Ox, 2.5 Ox, 3.3 Ox, 5.0 Ox, 10.0
6 | As | 6 | as As | @ i A" g | as
0.5/3.95| 0.5/1.50| 1 [2.25f 0.5 1.05| I |I.40

1 500 I |2.40|| 2 |3.40| 1 |1.90| 2 @ 2.25

2 5850 2 (4.80| 4 |4.801 2 310 4  3.55

4 |630|— | — | = | — 1 4 430 8 4.85
20 |7.20|— — - — 8 5.60| 16 6.50
43 |7.40| — - - | = |} 20 7.10| — | —
- - | — = = ] 3 |7.95|| — | —
- — = — 4 - | — l2o |7.8501 — | —

1 See footnote Tahle III.

In Table XI, ““As (F=1.0)" signifies the
reading at time § when F =1.0; ‘“Expt. (F =1.0) "’ is the number of the ex-
periment from which the data weretaken. Similarly with ““As (F~=o0.5) " and

‘¢ Expt. (F=o0.5)."
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TasLe XIII.
KI, 20; V. 700
v : T
Expt. Addition ‘ Ac | Cr ‘ Ox | F 0 ; As JBlank
‘ \
28 | 20 cc F/40 K,SO, 10 | 20 o0 [1.0| .I |4.90]5.00
29 | 5cc Fjzo Cr, (SO‘)S 10| 20| o | 10! 1 |4.90]5.00
30 | 10 cc 2100 Iodme 10 20 5 |10 8 |555 5.60
31 | 0.1 g Haemoglobin = 20 - 10| 5 |o ' 5 |0.00 0.8
32 | 1.0 g Ferrosomatose. 10 | 20 | o | o 15 |0.00 |7.00
33 : 0.2 g K,Fe(CN), 10 20| o |o 20 0.00|7.20
TaBLE XIV.
KI, etc. in gram-mols X 1075 ; Temp. 30° C; V, 100 cc
) Expt. ‘ K1 ‘H S0,| K,Cr,0, | Fe”" Fe’/ 6 | Thio.
|
7 142 ‘1240 l 1.968 o [o 1 5 0.90
%) 142 | 240 f 1.968 | 25 ‘0 5 | 13.60
277 ‘142 1240 | © 25 |0 | 5 | 4.07
iv 142 | 240 + 1.968 o ‘407‘ 5 | 8.61
TasLE XV.
Ac, 10; Cr,20; KI, 20; F, 1.0; V,700; =4
] * \
Age | 3 11 21 | 22 140
As 3.73 4.63 4.73 4.72 5.70
TapLE XVI.
,Expt 5B‘Expt 16BExpt 14B‘Expt 1B|Expt. 9B[Expt.23B
F §=130 ‘ f=¢6o [ f=g0 | §=30 | =130
e} 0.00 I 0.00 \ 0.00  0.00 0.00 0.00
0.2 1.85 ‘ 1.85 1.70 ‘ 1.80 2.05 I.75
0.4 3.50 3:50  3.00 ( 3.25 3.80 3.15
0.6 | 500 | 4.85 | 3.90 | 4.45 5.50 4.40
0.8 6.85 | 5.85 | 4.50 6.20 .00 -
10 “ 7.70 ' 6.80 ' 5.65 7.10 8.75 7.30

! Chrome alum was used.
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TaBLe XVII.

Expts. 5and 6. Ac, 10; Cr, 20; KI, 20; Ox, 5; V,700;
Expt. 5, F=1.0; Expt. 6, F=o0.3.

Expts. 16 and 17. Ac, 10; Cr, 20; KI, 10; Ox, 5; V, 700 ;
Expt. 16, F=1.0; Expt. 17, F=o0.5.

Expts. 14 and 15. Ac, 10; Cr,20; KI, 5; 0x,5; V, 700;
Expt. 14, F=1.0; Expt. 15, F=o0.5.

Expt. 35. Ac, 10; Cr, 20; XI, none; Ox, 5; F=1.0; V, 700.

Expts. 1 and 2. Ac, 10; Cr, 10; KI, 20; Ox, 5; V, 700;
Expt. 1, F=1.0; Expt. 2, F=o0.5.

Expt. 9. Ac, 20; Cr, 20; KI, 20; 0%, 5; F=1.0; V, 700.

Expt. 23. Ac, 10; Cr, 20; KI, 20; Ox, none; F=1.0; V, 700.

!
Expt. § ‘Expt.16 Expt.14 Expt.ss’ Expt. 1jExpt. 9’ Expt.23

/] As Diff, | F—x|F—x|F—2|FP—x ||F—2 |F—x|F —x

— —_ — —_ — — 0.50 ——
0.5 | 1.05 | 6.65| 085 | — — | 0.8 — 1 0.30! 0.44
1 1.90 | 5.80 | 0.72 | 0.62 || 0.80 o0.70 | 0.84 | 0.14 | 0.33
2 3.10 | 4.60 | 0.54 || 0.55 | 0.66 | 0.54 | 0.75 | 0.07 | ©0.18

4 4.30 | 3.40 | 0.38 | 0.40 | 0.47 || 0.34 | 0.60 — 0.12
8 5.60 | 2.15 | 0.24 || 0.26 | 0.37 — 0.44 | o.02 —
30 7.70 l — i = — i — — — — -
- ‘ e -
Expt. 6 Ixpt. 17 |  Expt 15 Expt. 2
7] F—ux F—=x F—x F--x
| - T :
0.5 ! 0.44 - — -
1 : 0.36 0.39 —_ —
2 | 0.27 0.30 0.34 0.40
4 f 0.18 0.21 0.26 0.32
8 T 0.08 0.12 0.18 0.20




386 Solutions Containing Fervous Sulphate, Etc.

TaBLE XVIII.
Ox. 5; F, 1.0; Vol. 700 cc

|
Expt. Ac | Cr | KI ¢ As
1 10 10 {20 120 7.10
3 15 10 20 25 8.35
7 20 10 20 . 30 8.80
5 10 20 20 120 - 7.85
11 I5 20 | 20 30 8.35
9 20 20 20 30 8.75
12 10 30 20 25 7.75
10 15 30 20 20 8.35
14 IO 20 5 180 6.00
16 10 20 10 120 7.00
5 10 20 20 120 7.85
18 ' 10 ‘20 30 105 7.80
TasLe XIX.
KI, none; Ox. 5; F, 1.0; V, 700
Expt. 34 Hxpt. 35 : Expt. 36
Ac, 105 Cr, 10 Ac, 105 Cr, 20 Ac, 20; Cr, 10

[/} As [1—x| A&l | As [1—x| A As |1—x| A

0.0 [[4.45|1.0 | — |l4.45|1.0 | — | 6,70 1.0 | —
0.5 1| 3.65 |0.90 | 0.22, 3.65 | 0.82 |0.44 | 5.18 {0.78 | 0.56
1.0 13.10{0.85 0.17 | 3.10 | 0.70 | 0.43 || 4.08 |0.61 | 0.64
2,0 |/2.75|0.75|0.16 | 2.40 |0.54 |0.43 | 3.07 |0.45 | 0.61
4.0 || 2.25 |0.62 o.16! 1.500.34 10.48 ] 2.15|0.32]0.62

TasLE XIX.b
; |
FeSO, 1.0 (0.8 |0.7 |0.6 0.4 ’0.3 0.25 ! 0.0
As (Expt. 34) 14.45| — |2.62| — |1.57( — | — 0.0 -
As (Expt. 35) ‘4.42 3.55| — |2.85 1.90‘ — j1.20 0.0
As (Expt. 36) i6.70' — l4.90l — l2.90'2.17' — 0.0

I X
0o1_x.

L, =



Clara C. Benson 387
TaBLe XX,
As calce.
No. ‘Ac Cr KI i) As  |(2equiv.)
7 230 16 26 5.16 | 47.2 51.8
i 230 21 26 5.15 | 47.3 51.7
i7i 440 16 47 5.02 | 47.8 50. 4
X 225 16 48 5.11 | 47.3 51.3
v 225 16 48 51I 48.2 51.3
vi 225 16 48" 5.11 | 47.9 5I.3
vig 225 16 48 5.I1 { 47.8 51.3
Vit 225 16 48 5.11 | 48.7 51.3
ix 440 16 47 5.14 | 48.6 51.6
x 230 20 48 5.15 , 50.0 51.7 -
TaBLe XXI.
Initial Ry (calc.) Initial Ry
c k=191 E=1.44 Obs.
5 100 100 100
10 116 113 170
20 126 119 280
30 131 127 405
TapLe XXII.
Initial Ry
Cc Calc. Obs.
5 100 100
10 ! 116 170
20 ! 126 280
30 | 131 405
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TasLe XXIII.

Initial Ry (calc.)

F=o0.5 r:xi}‘ F=o035 r=2

Cc =10 Ry Ratio Ry ‘ Ratio

5 100 112.8 | 1.13 | 56.4 J 0.56
10 227 164.8 073 || 824 ' 0.36
20 331 186.2 | 0.56 ‘ 93.1 | 0.28

" 30 | 363 | 190.8 | 0.53 | 95.4 | 0.26
Obs. | — ! — los5 | — o5
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