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tion (Table 1) for its half wave potential-£H rela­
tionship is unlike the others and also in that a 
second small wave is found (Fig. 1) after the main 
wave. I t is possible that this additional wave 
corresponds to reduction of the dimer formed as 
the result of the first one electron reduction. An 
unidentified dimer from the reduction of quin-
aldine on mercury has been reported,11 and appar­
ently a similar dimer was not found in the reduction 
of quinoline. This might account for the different 
behavior of 8-hydroxyquinaldine compared to the 
other substituted 8-quinolinols. 

Since aluminum has been found not to form in­
soluble chelates with 2-substituted 8-quinolinols,4'5 

the effect of adding aluminum ion on the polaro-
(11) V. V. Levchenko, Zkur. Obshckei Khim., 18, 1245 (1948). 

graphic wave in alkaline solution was investigated 
as a very sensitive check on this fact. Precipita­
tion of an aluminum chelate as well as a decrease 
in wave height was obtained with 3- and 4-methyl-
8-quinolinols at a pH of 12. No significant decrease 
in wave height and no precipitation was observed 
with the 2-methyl and 2,3-dimethyl derivatives. 
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Oxidation-Reduction. III. The Kinetics of the Reduction of Sodium Anthraquinone 
^-Sulfonate by Titanous Ion and the Oxidation by Iodine 
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RECEIVED AUGUST 2, 1951 

The kinetics of the reduction of sodium anthraquinone ^-sulfonate by titanous ion have been investigated spectroscopically. 
In general, the rate-law for the production of the hydroquinone was found to be of the form: d(R)/d< = (Ti111) [61(T)1A(R)1A 
+ As(T)(R) + Jj(T)Vi(R)1 />] where T and R represent the quinone and hydroquinone, respectively. A mechanism has been 
proposed involving three reaction paths: (1) the reduction of S, the semiquinone, by Ti111; (2) the reduction of S-S, a 
semiquinone dimer, by Ti111; and (3) the reduction of T-S, a molecular complex composed of one molecule of the quinone 
and one molecule of the semiquinone, by Ti111, or such alternatives as the reaction between S and a complex ion containing 
one Ti111 ion and one T molecule. The rate of reduction of the quinone molecule itself by titanous ion is insignificant with 
respect to these three rate-determining reactions. The oxidation of sodium anthrahydroquinone /3-sulfonate by iodine proved 
to be too rapid for accurate kinetic analysis. Under all of our experimental conditions it appears to be much faster than the 
reduction of the quinone by titanous ion. 

The oxidation of hydroquinones by molecular 
oxygen has been extensively investigated, princi­
pally by Weissberger and co-workers2 and by Lu-
Valle and Weissberger3 who correlated their kinetic 
data on the basis of semiquinone theory. On the 
other hand, with the exception of the work of Dim-
roth4 on the relation between over-all free energy 
change and the rate of reduction of a series of quin-
ones, little attention appears to have been paid to 
the kinetics and mechanism of the reduction of 
quinones. For this reason, and because of the 
connection with the already reported5 catalysis of the 
titanous chloride-iodine reaction by sodium anth­
raquinone /3-sulfonate (I), we have studied separately 
the kinetics of reduction of sodium anthraquinone 
/3-sulfonate (I) by titanous ion and the oxidation 
of the hydroquinone II by iodine. The first por­
tion of this paper presents an analysis of the kinet­
ics of the reduction which was followed spectro­
scopically. The last portion presents results ob­
tained for the oxidation which proved to be too 

(1) Department of Chemistry, University of Illinois, Urbana, Illi­
nois. 

(2) (a) T. H. James and A. Weissberger, THIS JOURNAL, 69, 2040 
(1937); (b) T. H. James, J. M. Snell and A. Weissberger, ibid., 60, 
2084 (1938); (c) A. Weissberger and G. Kornfeld, ibid., 61, 361 (1939); 
(d) A. Weissberger, J. E. LuVaIIe and D. S. Thomas, Jr., ibid., 65, 1934 
(1943); (e) A. Weissberger and J. E. LuVaIIe, ibid., 69, 1576 (1947). 

(8) J. E. LuVaIIe and A. Weissberger, ibid., 69, 1567 (1947). 
(4) O. Dimroth, Z. angetv. Chem., 46 571 (1933). 
(5) (a) C. E. Johnson, Jr. and S. Winstein, THIS JOUBNAL, 73, 2601 

(19*1); (b) ibid., 74, 755 (1952). 

rapid to lend itself to kinetic analysis by similar 
methods. 

OH 
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The Reduction by Titanous Ion.—Since the 
anthrahydroquinone II exhibits a sharp maximum 
in its light absorption at 382 xa/x, while the anthra­
quinone I absorbs very much less and the titanous 
chloride and other reagents are transparent in 
this region, the course of the reduction could be 
followed spectrophotometrically at 382 m û. Figure 
1 shows optical density plotted vs. wave length for 
various combinations of sodium anthrahydroquin­
one /3-sulfonate II and titanous chloride in acid 
solution. It is seen that titanous ion, even at con­
centrations higher than those employed in the rate 
determinations, and titanic ion have no specific 
effect on the absorption of the hydroquinone II, for 
an identical absorption is obtained for the hydro­
quinone II whether produced by reduction of I with 
excess titanous ion or with zinc dust. Absorption 
due to sodium anthraquinone /J-sulfonate (I) at the 
beginning of typical reductions amounted to ca. 3 -
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Fig. 1.—Optical density vs. wave length for sodium an-
thrahydroquinone (3-sulfonate: , sodium anthra-
hydroquinone /3-suifonate 5.00 X 10~3 M plus TiCl3 

0.0217 M; •, sodium anthrahydroquitione /3-sulfon-
ate 5.00 X 10~5 M plus TiCl3 0.0108 M; , sodium 
anthrahydroquinone ^-sulfonate 5.00 X 10 _ t M by reduc­
tion of the quinone with zinc dust; , TiCl10.0217 M; 

, TiCl3 0.0108 M. HCl was 0.325 M in all cases. 
Light path was 1.00 cm. 

5% of the final absorption at 382 m/z of the hydro­
quinone II after reduction was complete. 

If Beer's law is obeyed by both the quinone start­
ing material I and the hydroquinone product II, 
then AD, the change in optical density upon reduc­
tion, should be proportional to the hydroquinone 
concentration. Table I summarizes the results of 
several experiments which show that this relation­
ship is obeyed. In each case, sodium anthraquin-
one /3-sulfonate (I) was reduced by titanous chloride 
and the reaction allowed to go to completion. AD 
was obtained by subtracting the initial optical 
density from the final optical density at 382 m/*. 

TABLE I 

RELATION BETWEEN INCREASE IN OPTICAL DENSITY UPON 

REDUCTION AND THE CONCENTRATION OF SODIUM ANTHRA­

HYDROQUINONE /3-SULFONATE PRODUCED" 

N o . 

1 
2 
3 
4 
5 
0 
7 
8 
9 

IO 
11 
12" 
1 3 ' 
14 ' 
1 5 ' 
16" 
17/ 
18° 

Initial 
(T) 

10» M 

20.00 
5.00 
2.50 
2.50 
2.50 
2.50 
2.50 
2.50 
2.50 
2.50 
2.50 
2.50 

40.00 
20.00 
20.00 
20.00 
20.00 
20.00 

(Tim) 
10' M 

Excess5 

Excess 
Excess 
Excess 
Excess 
Excess 
Excess 
Excess 
Excess 
Excess 
Excess 
Excess 
2.58 
2.64 
2.64 
2.58 
2.42 
2.74 

(H+) 
.V/ 

0.608 
.809 
.809 
.809 
.809 
.809 
.405 
.201 
.201 
.101 
.101 
.101 
.608 
.304 
.608 
.101 
.101 
.201 

(R) 
10' U 

20.00 
5.00 
2.50 
2.50 
2.50 
2.50 
2.50 
2.50 
2.50 
2.50 
2.50 
2.50 

12.9 
13.2 
13.2 
12.9 
12.1 
13.7 

(T) 
10 'M 

0.00 
.00 
. 0 0 
.00 
.00 
.00 
. 0 0 
. 0 0 
. 0 0 
. 0 0 
.00 
.00 

27.1 
6 . 8 
6 . 8 
7 . 1 
7 . 9 
6 . 3 

AD' 10->AD/(R) 

1.387 
0.345 

.165 

.173 

.181 

.178 

.172 

.174 

.185 

.171 

.175 

.174 

.895 

.915 

.910 

.895 

.840 

.950 

6.94 
6.90 
6.60 
6.92 
7.24 
7.12 
6.88 
6.96 
7.40 
6.84 
7.00 
6.96 
6.94 
6.93 
6.89 
6.94 
6.94 
6.93 

a. 

sa OD 
CO 

to 
Q 

" Ionic strength of 1.00 ± 0.01 M maintained by addition 
of KCl in all experiments. b D measured a t 382 mp over a 
light path of 1.00 cm. AD is the change in optical density 
when the reduction is allowed to go to completion. ' "Ex­
cess" means more than enough to reduce all the quinone 
present. * (KI) is 0.900 M. ' (KI) is 0.164 M. '(Kl) 
is 0.491 M. 

In reactions 1-12, excess titanous chloride was used 
so that the hydroquinone II produced at infinite 
time was equal in concentration to the amount of 
quinone starting material. In reactions 13-18, 
excess sodium anthraquinone /3-sulfonate (I) was 
used so that the concentration of the hydroquinone 
at infinite time was limited by the amount of reduc­
ing agent added. The proportionality between 
AD and the hydroquinone concentration, (R), is 
shown by the constant value for AD/ (R) which is 
recorded in the last column of the table. The possi­
bility that the absorption measured at 382 m/j is 
due in part to semiquinone or a similar intermediate 
species seems to be ruled out by the fact that AD/ 
(R), as is shown in Table I, is not affected by the 
presence or absence of excess quinone. Semiquin­
one concentration, (S), would be related to quinone 
concentration, (T), and hydroquinone concentra­
tion, (R), by equation 1, (S) having a maximum 
value when (T) equals (R). 

(S) = /C1A(T)1A(R)V. (1) 

In measuring the progress of the reduction (R)t, 
the concentration of anthrahydroquinone II at any 
time, t, was obtained from the relationship in equa­
tion 2 

(R) , = (ADt/ADcoXT). (2) 

where (T)0 represents the initial concentration of 
sodium anthraquinone /3-sulfonate (I). Since ti­
tanous chloride was always present in excess, the 
amount of R produced was always limited by the 
initial concentration of T. AD „ was measured sepa­
rately for each individual rate determ ination. 

The Rate Law.—When a reduction reaction is 
initiated, the optical density remains relatively con­
stant for a short time and then begins to increase. 
The rate of change reaches a maximum a little 
short of the half-way point in the reaction and then 
the optical density gradually approaches a maxi-

„ 0 0 0 0 
. oo ° 
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0.000 

15 5 10 
Minutes. 

Fig. 2.—Optical density vs. time curve for Run 7, Table I I . 
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mum value representing complete reduction to the 
hydroquinone. Optical density plotted against 
t ime has the general form shown in Fig. 2 which is a 
reproduction of the da ta for Run 7 of Table I l 
which contains the details for all of the ra te deter­
minations carried out in this investigation. The 
speed of reaction was found to increase with in­
creasing Ti1 1 1 concentration and with increasing 
initial anthraquinone concentration. 

TABLE II 

RATE CONSTANTS AND CORRESPONDING CONCENTRATIONS 

FOR THE REDUCTION OF SODIUM ANTHRAQUINONE /3-

SULFONATE BY TLTANOUS CHLORIDE 
*I 1 0 - % 10-»*i 

Run (H+ ) ( T i l " ) (T) 1. mole-i 1.« mole" ' 1.« mole- ' 
No. M 10* M 10s M min." ' min. - ' min. "• 

1 0.101 2.83 2.50 641 470 396 
2 .101 2.77 2.50 494 572 528 
3" .101 2.70 2.50 522 545 409 
4 .201 2.83 2.50 214.4 406 149 
5 .201 2.77 2.50 205.3 292 251 
6 .405 5.54 2.50 68.1 181 82.5 
7 .809 20.10 2.50 20.7 85.6 11.2 
8 .809 2.83 2.50 54.6 28.9 25.7 
9 .809 10.19 5.00 13.2 20.1 14.1 

10 .809 20.38 2.50 21.9 56.0 28.7 
11 .809 10.19 2.50 10.8 64.5 31.8 
• (KI) is 0.900 M. 

The D vs. t ime curves were analyzed by drawing 
a smooth curve through the experimental points 
with the aid of a flexible spline and measuring d(D)/ 
At a t 5, 50 and 9 5 % reaction with a tangent-meter. 
Values of d(R)di were obtained with the aid of equa­
tion 2, and then values of d ( R ) / d / / ( T i m ) were 
calculated for each of the points. The ra te law 
shown in equation 3 was found to fit the da ta well. 

d(R)/di = (TiIn)[^1(T)1A(R)V. + ^2(T)(R) + 
^3(T)1A(R)V.] (3) 

Since (T) and (R) are known a t any point on the D 
vs. t ime curve, values for d (R) /d / , (Ti111), (T), and 
(R) may be substi tuted in equation 3 a t 5, 50 and 
9 5 % reaction yielding three equations which may 
be solved for k\, &2 and &3. The values of the con­
s tants are summarized in Table I I . B y calculating 
d ( R ) / d / a t other points with the aid of these con­
stants and comparing with observed values of 
d (R) /d / , it is seen t ha t the constants reproduce the 
da ta well. Table I I I shows this comparison for a 
typical case (Run 4, Table I I ) . The calculated 
value of d(R)d£ is tabulated beside the measured 
value for a number of points on the curve, the av­
erage deviation from the calculated values being 
4 . 1 % . A similar t rea tment of the data from Run 
7, Table II , results in an average deviation of 5.5%. 
The constants ki, k2 and &3 were not tested for fit in 
every case. Presumably slightly better results 
could be obtained by a more laborious least squares 
t reatment , bu t this was not carried out . 

Reference to Run 3, Table I I , indicates tha t sub­
stitution of potassium iodide for most of the potas­
sium chloride does not change the rate constants 
significantly. With regard to the effect of hydro­
gen ion concentration on the rate constants, ku &2 
and kz, all appear to be roughly proportional to 1/ 
( H + ) , bu t the relationship is not precise. This 

dependence on 1 / (H + ) parallels the analogous de­
pendence on 1 / (H + ) of the rates of reaction be­
tween t i tanous ion and iodine.6 

TABLE III 

CALCULATED RATE OF PRODUCTION OF R COMPARED WITH 

THE EXPERIMENTAL VALUE AT 19 DIFFERENT STAGES OF 

REACTION. MEASUREMENTS TAKEN FROM RUN 4 OF 

TABLE II 
(TiIII) 

No. 10« U 
1 2.82 
2 2.82 
3 2.81 
4 2.81 
5 2.80 
6 2.78 
7 2.73 
8 2.67 
9 2.62 

10 2.56 
11 2.55 
12 2.49 
13 2.43 
14 2.38 
15 2.36 
16 2.35 
17 2.35 
18 2.34 
19 2.34 

(T) 
105 M 

2.47 
2.45 
2.42 
2.39 
2.34 
2.23 
1.96 
1.69 
1.42 
1.15 
1.082 
0.811 

.541 

.270 

.162 

(R) 
10s M 

0.0270 
.0541 
.0811 
.1082 
.162 
.270 
.541 
.811 

1.082 
1.35 
1.42 
1.69 
1.96 
2.23 
2.34 

10«d(R)/d/ 10«d(R)/d<» 
calcd. exptl. 

.1082 2.39 

.0811 2.42 

.0541 2.45 

.0270 2.47 
" Units are moles liter-1 minutes" 

0.50 
.75 
.94 

1.11 
1.40 
1.86 
2.60 
2.95 
3.02 
2.85 
2.78 
2.36 
1.78 
1.05 
0.71 

.52 

.42 

.32 

.20 

0.51 
.79 
.99 

1.15 
1.48 
2.01 
2.54 
2.89 
2.99 
2.86 
2.77 
2.32 
1.66 
0.96 

.68 

.51 

.41 

.30 

.18 

Mechanism.—The work of Michaelis6 and others7 

has shown tha t the following equilibria are com­
monly encountered in quinone-hydroquinone mix­
tures. 

K. 
T + R ^ ± 2S 

s + s :^± s-s 
Kf, 

T + S ^ Z t T-S 

Here A9 is the semiquinone formation constant, Ka 
is the semiquinone dimer formation constant, and 
Kt s is the equilibrium constant for the formation 
of a T-S molecular complex from one quinone and 
one semiquinone molecule. Equations 1, 4 and 5 
follow from these equilibria. 

(S-S) = Jk(S)* = J^iC(T)(R) (4) 
(T-S) = *,..(T)(S) = ^..-RVA(T)1A(R)V. (5) 

Referring now to the rate law, equation 3 and equa­
tions 1, 4 and 5 above, it will be noted t ha t : k\-
(T)1A(R)V. i s proportional to (S) and kx includes 
A5

1A; £2(T)(R) is proportional to (S-S) and k2 

includes A d A s ; ^3(T)1A(R)V. ; s proportional to 
(TvS) and k» includes A ' t s and A 7 A . 

On the above basis the three contributing paths 
to the reduction reaction indicated by the rate 
law in equation 3 may be identified. The rate de­
termining step corresponding to k\ may be regarded 

(6) (a) L. Michaelis, Trans, EUclrochem. SoC, 71, 107 (1937); (b) 
Ann. Rev. Biochem., 7, 1 (1938); (c) Cold Springs Harbor Symposium 
on Quantitative Biology, VII, 33 (1939). 

(7) (a) W. M. Clark, B. Cohen and H. D. Gibbs, U. S. Publ. Health 
Repts., Suppl. No. 54 (1926); (b) E. Friedheim and L. Michaelis, 
J. Biol. Ckem., 91, 3S5 (1931). 
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as a reaction between titanous ion and semiquin­
one. 

X i i i i r s ^ Tjiv ^ R 

The reaction corresponding to fa may be regarded 
as a reaction between titanous ion and semiquinone 
dimer 

Tim .4- S-S —>• Tiiv + S + R 
The reaction corresponding to fa involves titanous 
ion, a quinone molecule, and a semiquinone spe­
cies. Kinetics do not distinguish between such al­
ternatives as reaction between titanous ion and a 
quinone-semiquinone complex 

Tim + T-S > TiIV a- T + R 

or reaction of a titanous ion-quinone complex with 
semiquinone as follows 

XiUI .;. T 

Tim.x ; s — 

1.5 

~ > Tj in .x 

Tiiv -j T 

1.0 

0.5 

0.0 

O O G O O O 

0 1 2 3 4 5 
Minutes. 

P'ig. 3.—Optical density-time curve for the oxidation of 
sodium anthrahydroquinone /J-sulfonate by iodine. Initial 
concentrations were: 

( I , - ) = 5.265 X 10" s M ( I " ) = 0.490 M 
(R) = 9.71 X l O - 6 K ( H + ) = . 1 0 1 2 / 
(T) = 0.285 X IQ-6Af (KCl) = .223 M 

1.5 f 

0.5 

0.0 
0 1 2 3 4 5 15 20 10 

Minutes. 
Fig. 4.—Optical density-time curve for the oxidation of 

sodium anthrahydroquinone /3-sulfonate by iodine. Initial 
concentrations were: 

( I r ) = 5.265 X 10"6 Af (I") = 0.490 M 
(R) = 5.00 X l O - 6 J f ( H + ) = .101Af 
( T ) = 0 . 0 0 M ( K C l ) = .223Af 

A similar need for a rate term involving both T and 
S has been noted by LuVaIIe and Weissberger3 in 
the oxidation of certain hydroquinones. 

From the present results and discussion it is clear 
that quinone 1 and titanous ion react too slowly to 
contribute to the reduction reaction. Semiquin­
one, although present at very low concentrations, is 
so much more reactive to titanous ion that reaction 
between these two species is very important. Fur­
ther mechanistic discussion of the contributing re­
action paths in the reduction reaction will be de­
ferred for later reports of further work in this gen­
eral area. 

The Oxidation 
In the study of the oxidation of the anthrahydro­

quinone II by triiodide ion solutions, it was conven­
ient to follow the disappearance of iodine rather 
than hydroquinone since triiodide solutions are 
rather strongly absorbing. The decrease in opti­
cal density of the reaction mixture at 350 nui was 
followed. Optical densities of 0.217 and 0.226 at 
352 m/i have been reported8 for 1 cm. of a solution 
of iodine in water (2.13 micrograms per ml.) con­
taining 5 and 10%, respectively, of potassium io­
dide. The same study showed Beer's law to be 
obeyed at this wave length. These figures yield 
molecular extinction coefficients for iodine of 2.58 X 
104 in 0.301 M potassium iodide and 2.69 X 104 in 
0.602 JIf potassium iodide. A linear interpolation 
with respect to iodide concentration between these 
values results in an extinction coefficient of 2.65 X 
104 in 0.500 JIf potassium iodide. A check experi­
ment which we carried out at 350 mn gave an ex­
tinction coefficient of 2.66 X 104 for a solution 5.76 
X 1O-6 JIf in iodine, 0.500 M in potassium iodide 
and 0.500 M in potassium chloride indicating that 
a change to an ionic strength of 1.00 M does not 
materially affect these coefficients. In addition, 
both the quinone and hydroquinone are only weakly 
absorbing at 350 tm*. One cm. of a 5.00 X 1O-5 

JIf solution of sodium anthraquinone ^-sulfonate (I) 
has an optical density of 0.157 while the same con­
centration of the hydroquinone II has an optical 
density of 0.112. It is apparent, then, that during a 
run, as hydroquinone is oxidized to quinone, there 
will be only a small decrease in density due to the 
oxidation of the hydroquinone. By far the major 
portion of any decrease in optical density at this 
wave length will be due to disappearance of iodine 
and it has therefore been assumed that the decrease 
in D is proportional to the decrease in iodine con­
centration in the reaction mixture. 

Optical Density-Time Curves.—Figure 3 shows 
the optical density-time curve for a reaction of io­
dine with sodium anthrahydroquinone /3-sulfonate 
(II), the hydroquinone being present in excess. 
Figure 4 is the optical density-time curve for a sim­
ilar reaction, the reactants being present in approx­
imately equivalent concentrations. Initial con­
centrations of all reactants are listed under each 
figure. The initial optical density in each case has 
been calculated by adding the measured density due 
to the initial concentration of the hydroquinone to 
the calculated density due to the initial concentra­
tion of iodine. 

(S) J. J. Custer and S. Natelson, Anal. Client., 11, 1005 (1949). 
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Figure 3 shows that the reduction of iodine was 
more than three-fourths complete by the time the 
first density reading was taken one-half minute af­
ter mixing. In Fig. 4 it may be seen that the reac­
tion was more than half complete after one-half 
minute under conditions such that the reactants 
were present in approximately equivalent concen­
trations. Since there are not enough data in either 
of these figures to justify a kinetic analysis, their 
value lies in emphasizing the rapid rate of the reac­
tion. If the rate law of equation 7 is assumed to 

-d(I,-)/d< = A01(Ir)(R) (7) 

apply to this reaction a rough comparison of the 
rate of oxidation of sodium anthrahydroquinone /3-
sulfonate (II) by iodine with the rate of reduction of 
sodium anthraquinone /3-sulfonate (I) by titanous 
ion may be made. The slope of the straight line 
between the first two measured points of Fig. 4 is 
— 0.300 density unit per minute. If the molecular 
extinction coefficient for iodine is 2,65 X 104, the 
slope is equal to —1.13 X 10 - 5 mole per liter per 
minute. This is approximately the rate of disap­
pearance of iodine half-way between the two 
measured points at which time the reaction is ap­
parently 10.5/12.8 complete, and the concentrations 
of total iodine and the hydroquinone are 0.955 X 
10-5 and 5.405 X 10~6 M, respectively. These 
figures substituted in equation 7 yield a value for kox 
of 2.19 X 1041. mole-1 min."1. The stoichiometry 
of this reaction requires that — d(l3~)/dt = —d(R)/ 
dt. For purposes of comparison with the reduction 
reaction, —d(R)/dt would then be equal to 8.14 X 
1O-5 mole per liter per minute when the concen­
trations of total iodine and the hydroquinone are 
2.62 X 10-4and 1.42 X 10~5 M, respectively. 

Reference to line 9 of Table III, which shows the 
data for a reduction of sodium anthraquinone /3-
sulfonate by titanous ion, indicates that at titanous 
ion and quinone concentrations of 2.62 X 1O-4 M 
and 1.42 X 10 -6 M, respectively, the rate of disap­
pearance of the quinone is 3.02 X 10 - 6 mole per li­
ter per minute, or approximately VVrth of the rate 
of oxidation of the hydroquinone by iodine under 
comparable conditions. 

Line 9 was chosen because the rate of reaction at 
that particular ratio of (R) to (T) was at its maxi­
mum value. At other ratios of (R) to (T) this rate 
becomes smaller, being indistinguishable from zero 
when pure T is present. Thus the factor twenty-
seven is a minimum value and may become much 
larger for other ratios of (R) to (T). I t is possible 
that the factor twenty-seven may be reduced some­
what by an increase in acid concentration. If the 
oxidation by iodine were acid-independent, an in­
crease in acid concentration would result in a de­
crease in the rate of the reduction which has been 

shown to be roughly proportional to 1/(H+). The 
data of Table III were obtained at an acid concen­
tration of 0.201 M, and thus an increase to 0.640 
M acid, for example, might reduce the factor 
twenty-seven to something nearer nine. Even un­
der these conditions, the rate of oxidation of the 
hydroquinone by iodine still appears to be substan­
tially more rapid than the rate of reduction of the 
quinone by titanous ion. 

Experimental 
The reagents used and the analytical procedures pertain­

ing to these reagents have been described previously.5 The 
titanous chloride was material obtained from the La Motte 
Co. as a 20% solution in hydrochloric acid. 

For the study of the reduction of sodium anthraquinone 
/3-sulfonate(I),the reaction vessel wasaglass stoppered Pyrex 
absorption cell of 1-cm. light path and about 5-ml. capacity. 
One edge was creased inward near the top to form a small 
interior shelf upon which a drop or less of titanous chloride 
solution measured from a micropipet could be placed prior 
to the initiation of reaction. The other components of the 
reaction mixture with a total volume of 3 ml. were placed 
in the main body of the cell which was then flooded with 
nitrogen and stoppered. Lubriseal stopcock grease was 
used to obtain an airtight seal. The reaction vessel was 
then placed in the carriage of a Beckman spectrophotometer 
which was equipped with a thermostat arrangement, which 
has been described by McCullough and Barsh.9 A tem­
perature of 25.0 ± 0.2° was maintained in all experiments. 
The reaction cell was allowed to remain in the carriage until 
thermal equilibrium was reached, when it was quickly re­
moved, shaken for 10 seconds and then replaced. Readings 
of optical density were taken every 30 seconds or at longer 
intervals for some of the slower runs. Ionic strength was 
maintained at a value of 1.00 ± 0.01 M in all reactions by 
the addition of potassium chloride. 

For the study of the oxidation of the anthrahydroquinone 
II, 3.00 ml. of an aqueous solution, containing sodium an­
thraquinone (3-sulfonate, potassium chloride, potassium 
iodide and hydrochloric acid, was placed in the reaction 
cell with ca. 0.5 ml. of a 1% zinc amalgam. For these ex­
periments the reaction cell was fitted with a stopper consist­
ing of a ground glass joint to which was connected a micro 
stopcock by means of which the cell could be opened or 
closed without removing the stopper. The cell was flushed 
with nitrogen, the delivery tube being inserted through the 
stopcock. The tube was withdrawn, the stopcock closed 
and the cell was shaken vigorously for a minute or two in 
order to ensure complete reduction of the quinone to the 
hydroquinone. Complete reduction under these conditions 
was confirmed in several instances by measuring the optical 
density of the mixture at 382 m/j.. After the quinone had 
been reduced the amalgam was removed by inverting the 
cell and draining the amalgam out through the stopcock, 
care being taken not to allow air to enter the cell. The 
cell was then righted and the upper portions shaken free of 
adhering solutions. A fraction of a drop of triiodide solu­
tion was then placed on the wall of the cell in this area by 
means of a calibrated micropipet with a long slender outlet 
which could be inserted through the stopcock for this pur­
pose. The stopcock was then closed, the cell was placed in 
the carriage of the spectrophotometer, and optical density 
was measured at intervals. 
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(9) J. D. McCullough and M. Barsh, THIS JOURNAL, 71, 3096 
(1949). 


