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trimethylamine and 60 g. (1.9 moles) of methanol was 
placed in a rocking autoclave, pressurized to 160 atmospheres 
with carbon monoxide, and heated at 185° for 10 hours. 
After cooling, the reaction product was distilled and the 
amount of alcohol and aldehyde in the distillate determined 
by infrared analysis. The yield of cyclopentylcarbinol was 
16.7% and that of the aldehyde 2.9%, based on the amount 
of cyclopentene used. 

Nonyl Alcohol from Octene-1.—A mixture consisting of 66 
ml. (0.42 mole) of 1-octene, 14 ml. (0.10 mole) of Fe(CO)4, 
18 ml. (1.0 mole) of water, 26 g. (0.44 mole) of trimethyl­
amine and 60 g. (1.9 moles) of methanol was placed in a 

The mechanism of the oxidation of ^-amino-
phenol (PAP) has been studied under a fairly wide 
range of conditions by several investigators. 
Wieland2 suggested that quinone-imine is an inter­
mediate in the oxidation of PAP. Since WiIl-
statter3 had shown that quinone-imine rapidly 
hydrolyzes to quinone in acid solution, Conant and 
Pratt4 suggested the mechanism 

HO<^ )>NH2 ^ Z t 0 = = < f ^ ^ > = N H + 2H+ + 2e~ 

(Ia) 

Q=<^===S)>=NH + H2O —W 

Q=<^ = = = ^>=0 + NH3 (lb) 

In order to explain the observed dependence of 
oxidation rate on the reduction potential of the re­
versible oxidation-reduction system used as an 
oxidizing agent, they postulated t ha t the first step 
is fast and reversible while the second step is slow 
and irreversible. They supplied evidence t ha t 
quinone-imine is the intermediate in solutions of 
p~H 7.8-11.3 by measuring potentiometrically the 
reduction potential of system l a both by the t i t ra­
tion method and the method of mixtures. These 
two methods gave concordant results within the 
limits of precision reasonably to be expected of such 
an unstable system. From the end-points of the 
t i trations they deduced t h a t the number of elec-

(1) Based on the Ph.D. thesis of William K. Snead, Wayne State 
University, 1957. 

(2) H. Wieland, Ber., 43, 718 (1910). 
(3) R. Willstatter, ibid.. 12, 2166 (1909). 
(4) J. B. Conant and M. F. Pratt, T H I S JOURNAL, 48, 3178 (1926). 

rocking autoclave and pressurized to 160 atmospheres with 
carbon monoxide. The autoclave was heated at 150-160° 
for 6 hours and then at 170-175° for 6 more hours. After 
cooling, the reaction mixture was distilled first at atmos­
pheric pressure up to 122° and then from 90 to 120°̂  at 2-6 
mm. The amount of alcohol and aldehyde in the distillate 
was determined by infrared analysis and corresponded to a 
yield of 6% of alcohol and 0.25% of aldehyde based on the 
amount of olefin used. The recovered olefin consisted en­
tirely of a mixture of 2-octene and 3-octene. 

BRUCETON, PA. 

trons involved in (la) was n = 2 ± 0.2. They also 
studied the rate of decay of potential in acidic solu­
tions containing PAP and various oxidizing sys­
tems, expressing their results in terms of the "ap­
parent oxidation potential" (A.O.P.) which was de­
fined in terms of the reduction potential of (la) and 
rate constant, k\, of (lb). In general, neither of 
these quantities could be determined separately. 
They found that the over-all reaction rate is inde­
pendent of the dilution thus showing ki to be a 
first-order rate constant. 

Fieser6 advanced Conant's work by devising his 
"method of discontinuous titrations." He found 
that potential-time plots were linear over only a 
limited range. Since linearity is demanded for a 
first order reaction, there is here clearly an implica­
tion that the kinetics of the follow-up step are com­
plex, being first order only in the early stages. By 
extrapolation to zero time he was able to obtain 
values for the normal potential of (la) at each ^H 
(2.69 to 7.57) and very crude values for k\. 

In 1935, Bancroft and Magoffin6 introduced their 
theory of the potential hump as an alternative ex­
planation of the relation between potential (of a re­
agent or an electrode) and rate of electron transfer. 
They claimed that all of Conant's studies on irrever­
sible electron transfers could be explained by their 
theory "if one rejects the two assumptions of a re­
versible electrolytic step and a practically irrever­
sible, non-electrolytic step." This theory seems to 
have been in certain regards the qualitative equiva­
lent of the theory of absolute reaction rates which 

(5) L. F. Fieser, ibid., 52, 4915 (1930). 
(6) W. D. Bancroft and J. E. Magoffin, ibid., 57, 2561 (1935). 

[CONTRIBUTION FROM THE DEPARTMENT OF CHEMISTRY, WAYNE STATE UNIVERSITY] 

Studies on Oxidation-Reduction Mechanism. II. The Anodic Oxidation of 
p-Aminophenol 

BY WILLIAM K. SNEAD1 AND A. EDWARD REMICK 

RECEIVED MARCH 18, 1957 

The anodic oxidation of ̂ -aminophenol at pB. 1.18 was studied by using Pt electrodes in an electrolytic cell through which 
flowed a small a.c. superimposed on a relatively large constant d.c. Both a.c. and d.c. voltages were obtained as functions 
of time by using a recording voltmeter. Theoretical mathematical equations were developed for the following possible 
mechanisms: (1) a reversible reaction, (2) a rate-controlling electron-transfer step, (3) a reversible electron-transfer followed 
by a rate-controlling hydrolysis. The experimental data were in accord with (3) but not with (1) and (2). The mathemati­
cal equations also made it possible to calculate: (1) n = 2.0 for the number of electrons transferred in the first step, (2) 
E0' = 0.711 volt for the normal potential of the first step, (3) the first order rate-constant ki = 0.020 sec.-1 for the second 
step, and (4) the diffusion coefficient DB.= 0.946 X 1O-6 cm.2 sec.-1 for the participating species of the ^-aminophenol. 
It was concluded that the mechanism is the same for the anodic as for the homogeneous reaction and that no mechanistic 
inversion occurs on lowering the pK to 1.18. It was emphasized that although mechanisms 2 and 3 are indistinguishable 
from the point of view of the theory of absolute reaction rates or experimentally by the Conant electrochemical technique, 
the voltammetric method used distinguishes between them in the case of the anodic reaction. 



6122 WILLIAM K. SNEAD AND A. EDWARD REMICK Vol. 79 

T 

Jf " H-P 
OSC 

TO 
l-SMJV RECORDER 

• V A A - * -

TO 
RECORDER 

Fig. 1.—Arrangement of experimental apparatus. 

was undergoing development at the same time.7,8 

Indeed, it was later pointed out by Gershinowitz9 

that both Bancroft's theory and Conant's are es­
sentially the same and are only special cases of the 
more general and more rigorous theory of absolute 
reaction rates. He also showed that Conant's 
equations would obtain if electron transfer were the 
rate-controlling step. Gershinowitz's statement 
seems to be an admission that the theory of ab­
solute reaction rates is not a sufficiently powerful 
tool to distinguish between these two mechanisms 
which differ in having as rate-controlling- steps an 
electron-transfer and a hydrolysis, respectively. 

The only work reported on the mechanism of the 
anodic oxidation of PAP is that of Knobloch.10 

He obtained an anodic polarographic wave at pK 
9.2 getting a half-wave potential which corre­
sponded to the standard potential, EQ, obtained in 
a potentiometric titration with ferricyanide. This 
indicated that the same electron-transfer step was 
involved at pB. 9.2 in the anodic oxidation as in the 
homogeneous oxidation. His work supplied no 
other information about the mechanism of the 
anodic oxidation of PAP but he did make a more ex­
tended polarographic study of a similar compound, 
2-methyl-4-aminonaphthol-l. In this case the 
polarographic diffusion current increased at a rate 
proportional to the square root of the height of mer­
cury in the reservoir, thus establishing that diffu­
sion was rate-controlling. Again concordance was 
shown between half-wave potentials and E0' val­
ues obtained potentiometrically. Potentiometric 
curves showed that the ferricyanide oxidation is a 
two-electron process. Studies made on the rate of 
disappearance of the intermediate product pro­
duced by ferricyanide oxidation at pB. 6.8 showed 
the follow-up step to have first order kinetics. 

We have undertaken in the work presented in 
this article to extend the existing knowledge of the 

(7) O. K. Rice and H. Gershinowitz, J. Chem. Phys., 2, 857 (1934); 
S, 479 (1935). 

(8) H. Eyring, ibid., S, 307 (1935). 
(9) H. Gershinowitz, ibid., i, 363 (1936). 
(10) I. E. Knobloch, CoJf. Czech. Chem. Communs., 14, 508 (1949). 

anodic oxidation of PAP to highly acidic solutions 
in which polarography is inapplicable because the 
dissolution potential of mercury must be exceeded 
and because the intermediate oxidation product 
undergoes further transformation too rapidly. In 
so doing we have measured n, fa and the normal po­
tential for (la) at pK 1.18 for the anodic oxidation 
and have been able to show that one mechanism 
out of three considered is in accord with our data. 
We hope that our work also throws some light on 
the problem posed by Bancroft and Magoffin and by 
Gershinowitz in relation to the corresponding 
homogeneous oxidation. 

Experimental 
Apparatus.—The arrangement of the apparatus used is 

shown schematically in Fig. 1. The electrolytic cell was a 
lipless 250-ml. beaker fitted with a rubber stopper which 
carried electrodes, 1 and 2, the salt bridge leading to a 
saturated calomel electrode ( S . C E . ) , and entrance and exit 
tubes for nitrogen gas purified by passing over hot copper. 
The working electrodes were platinum disks sealed in glass 
so tha t only one face and no edges of the disks were exposed 
to the electrolyte. The secondary working electrode, 2, had 
an area of 3.16 cm.2 and was platinized so that its contribu­
tion to the cell impedance was negligible. The primary 
working electrode, 1, was made of smooth platinum cleaned 
by the method of Remick and McCormick.11 Two different 
primary electrodes were used. Their areas were 0.1425 and 
0.0740 cm.2, each being computed from the average of four 
diameters measured with a travelling microscope. 

With the switch S in the ON position, a constant direct 
current flowed through the cell. The constancy of this cur­
rent was assured by the high resistance of R2 and its magni­
tude controlled coarsely by the taps on battery b (two Bur­
gess No. 10308 45-volt B batteries) and precisely by rheo­
stat Rj . The precise current magnitude was determined 
by measuring with a Queen potentiometer E3040 (not 
shown) the voltage across the precision resistor Rj. The 
OFF position of switch S was used in setting this potentiome­
ter to approximately the correct value before the cell cur­
rent was started. The d.c. potential of the primary work­
ing electrode, referred to the S.C.E., was measured by a 
pK vacuum tube voltmeter (pH VTVM) which was a Beck-
man industrial model M . In order to record the indication 
of this instrument continuously and mechanically, the cir­
cuit of the front panel indicating meter was brought to the 
outside of the chassis, broken a t one point, and the two ends 

(11) A. E. Remick and H. W. McCormick, J. EUctrochem. Soc, 102, 
534 (1955). 
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connected'to R< (a decade box). Excitation for a mechani­
cal recorder was drawn from across this resistor. The signal 
was fed directly to the C U R R E N T jack of a Sargent model 
X X I polarograph which was pressed into service here merely 
as a recorder. The potentiometer P was used in zeroing the 
recorder. Calibration of the measuring circuit was effected 
by disconnecting the probe Pd.„. from the point shown in 
Fig. 1 and connecting it to a calibrating voltage source, an 
accurately standardized potentiometer (not shown). A 3 
megohm resistor placed in the input circuit of the VTVM 
during a calibration had no noticeable effect on the indica­
tions. 

The a.c. circuitry is shown on the right-hand side of Fig. 1. 
Its purpose was to measure the small signal impedance of 
the electrolytic cell. Only the magnitude of this impedance 
could ibe measured because we did not have available the 
necessary equipment to measure continuously the time-
variable phase angle. A Hewlett-Packard model 202B low 
frequency oscillator was employed as the a.c. source feeding 
through a 4 :1 step-up transformer T (General Radio type 
578-B), the blocking condenser Ci and the electrolytic cell. 
Ci was chosen small enough (ca. 0.01 juf. for 20 c.p.s.) so 
that the voltage drop across it was at least a hundred times 
that across the cell. The shunt path provided by the d.c. 
circuit around the cell was negligible because of the 2-megohm 
resistance in the d.c. circuit. A Ballentine model 310A 
electronic voltmeter (a.c. VTVM) was used to measure the 
cell a.c. voltage which, because of the above choice of Ci, was 
directly proportional to the cell impedance. The oscillator's 
output was adjusted so that the cell voltage never exceeded 
about 10 mv. The remaining part of the a.c. circuit (V, a 
6 X 5 GT vacuum duo-diode; C2, 0.25 i*f.; and R6, 1.5 
megohms) was to furnish excitation corresponding to the 
voltmeter's reading to a pen and ink recorder. This sys­
tem was calibrated directly in ohms of impedance by dis­
connecting the probe Pa.„. and connecting it to a stepped, 
precision resistor. Because response to impedance was not 
linear, it was expedient to inscribe directly on the chart 
record calibration marks, stepped at 100 ohms intervals from 
zero to ca. 800 ohms. The same recorder had to be used for 
both the d.c. voltage and the a.c. impedance but , since it 
could not be used simultaneously for both purposes, two 
separate runs were necessary. This procedure was justified 
by the good reproducibility found for the electrode potential 
curves recorded in separate but otherwise identical runs. 

The presence of a rather high concentration of supporting 
electrolyte minimized the IR drop between the working 
electrodes and rendered entirely negligible the much smaller 
IR drop included in the measurement of the e.m.f. of elec­
trode 1 against the S.C.E. 

AU measurements were made at 30 ± 0.2°. The S.C.E. 
was standardized against a hydrogen electrode using four 
different buffer solutions, the pH values of which were given 
by Bates.12 I ts potential relative to the standard hydrogen 
electrode was found to be 0.2403 ± 0.0012 volt. 

Materials.—One sample of the p-aminophenol used in 
this work was purified by Mr . B . Gillis of this Laboratory 
who sublimed it in a high vacuum at a temperature of 50-
60°. The sublimate was almost pure white and melted 
with decomposition at 184-187°. Beilstein's "Handbuch der 
Organischen Chemie" lists the melting point as determined 
by two investigators as 184 and 186°, both with decomposi­
tion. A second sample was purified by recrystallization 
following a method suggested by Weygand13 who credited 
it to the earlier work of Weissberger and Strasser.14 This 
product was also almost white and melted over the same 
range as the first sample. Electrochemical data obtained 
using these two samples showed no significant difference. 

Aqueous sulfuric acid was used as the supporting electro­
lyte. The solution was prepared from J . T . Baker reagent 
grade acid and water redistilled from permanganate and was 
adjusted to 0.100 JV (pU. 1.18). Weighed amounts of p-
aminophenol were added to the sulfuric acid and diluted to 
the requisite volume to produce the electrolytic solutions 
used in the cell. 

Procedure.—In order to get reproducible results, it proved 
necessary to employ the following pre-polarization scheme. 

(12) R. G. Bates, "Electrometric pK Determinations," John Wiley 
and Sons, Inc., New York, N. Y., 1954. 

(13) C. Weygand, "Organic Preparations," Interscience Publishers, 
Inc., New York, N. Y., 1945. 

(14) A. Weissberger and E. Strasser, J. prakt. Chem.. 135, 209 
(1932). 

Reversing battery b , a current was passed through the cell for 
20 or 30 seconds in a direction making the primary electrode 
a cathode. The battery was then again reversed, the nitro­
gen flow stopped and, with the recorder " O N , " switch S 
was thrown from OFF to ON starting the flow of current 
through the cell. With the current flowing and the poten­
tial automatically being recorded, the potentiometer used 
for current measurement was balanced; only slight devia­
tions from constancy were ever noticed during a run. The 
current was cut off when the e.m.f .-time curve became 
steep. For a.c. measurements, the recorder was connected 
to receive excitation from the a.c. circuit, a calibration was 
made and the procedure described above was repeated in its 
entirety. Typical experimental curves are shown in Fig. 2. 
In all figures and tables one must recognize that «d.o. = 
— e.m.f. This distinction arises from a clash of conven­
tions with regard to sign. By electrical convention poten­
tials are referred to ground potential whereas the primary 
"electrode potential ," «d.«. must be referred to the reference 
electrode. 

Mathematical Theory 
We will assume that the Conant-Pratt mech­

anism (equations la and lb) is applicable to the 
anodic oxidation of PAP in acidic solution, develop 
the mathematical theory on that basis, and compare 
the derived mathematical equations with the ex­
perimental results. Equations la and lb will be 
rewritten as 

R T - ^ Ox + »e (2a) 
h 

Ox + H2O — > • Z + X (2b) 

The concentration of each of the substances in­
volved may be obtained mathematically as the 
solution to a boundary value problem in partial 
differential equations which simultaneously takes 
into account the effects of diffusion and reaction. 
The statement of the problem for the concentration 
of the reductant R starts with Fick's second diffu­
sion law 

<)Cn(x,t)/bt = DR[b*CR(x,t)/c)x2] (3) 

where CR is the molar concentration of R, £>R is its 
diffusion coefficient, x is the perpendicular distance 
from the anode and t is the time in seconds elapsed 
from the application of the e.m.f. The initial and 
boundary conditions are 

CR(X.O) = CR» (4) 

CR(x,t) — > • CBP as x — > • =° (5) 
[ZCR(XJ) ZdX]1-Q = -i/nFDxA (6) 

CR0 is the initial stoichiometric concentration of R, 
A is the area of the anode in square centimeters, F 
is the faradaic constant and i is the instantaneous 
faradaic current, controlled for this investigation to 
conform to a relatively small sinusoidal a.c. super­
imposed on a constant d.c. 

*' = I + 1 sin at when t > 0 (7) 

Implicit in this approach are the assumptions: 
(1) DR is a constant, (2) in the presence of the sup­
porting electrolyte, electrical migration of R and 
Ox is nil even if the participating species involved 
in the electron transfer are ions, (3) convection is 
nil and (4) the diffusion is semi-infinite and linear. 

A solution of this boundary value problem was 
given by Rosebrugh and Lash Miller.16 I t con­
tains a transient a.c. term which reduces to zero so 
rapidly t h a t its inclusion would be of little conse­
quence in our work. Dropping this term leaves in 

(15) T. R. Rosebrugh and W. Lash Miller, J. Phys. Chem., 14, 816 
(1910). 
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curves for the anodic oxidation of ^-aminophenol, r con­
stant for all curves; experimental conditions: temperature, 
30°; supporting electrolyte, 0.100 N sulfuric acid; elec­
trode area, A, 0.0740 cm.2; saturated calomel reference 
electrode. 

Curve 

A 
B 
C 
D 
E 

CB", M 

0.00075 
.0015 
.0030 
.0050 
.0075 

— 2, y.a. 

4.32 
8.65 

17.2 
28.6 
42.9 

amp 
-I/CR', 
cm.* mole 1 

5.76 
B. 76 
5.73 
5.73 
5.73 

the equation an a.c. term which refers to the steady 
state (for the a.c. component). Because of this 
omission the equation ostensibly does not fulfill 
boundary condition 4. Setting x = 0 in the Rose-
brugh and Lash Miller equation, modified as ex­
plained, gives 
CR(0,t) = CR0 + {2It'/i/[nFA(wDRy/,] + 

[I/nFAfaDi.)1/*] } sin(at - „-/4) (8) 

where w is the frequency of the a.c. in radians per 
second. 

A somewhat similar boundary value problem 
arises in relation to the concentration of the oxidant 
which is supplied by diffusion and removed by the 
follow-up step 2b whose rate is ki Cox (x,t). The 
total rate of change of Cox can therefore be ex­
pressed as the difference of two terms representing 
diffusion and chemical reaction rate 

dCox(x,t)/dt = .Dox[d2Cox(x,i)/c>*2] - *iCox(*,0 (9) 
The initial and boundary conditions are that Cox 
= 0 when t = 0 and approaches zero as x ap­

proaches infinity, since no oxidant exists initially. 
An additional boundary condition gives expression 
to the fact that the flux of oxidant at the anode's 
surface must be proportional to the current pro­
ducing it, the proportionality factor being nFA 

[dCox(*,0/d*]*-o = i/nFADox (10) 

Equation 7 is also needed. As before, setting x = 
0 in the solution given by Rosebrugh and Lash 
Miller16 and omitting the transient a.c. term, we 
get 

C0x(O1O = l-I/[nFA(Doxhy/>]} erf(*:«)'/» -
I/[nFADox'/'(kis + «J)'/4]sinM - Vitan-Xu/fci)] (11) 

Since the electron-transfer step (equation 2a) 
has been assumed to be bidirectional and rapid, the 
Peters modification of the Nernst equation,16 viz. 

e = Ea' - (RT/nF) In [CR(0,t)}/lCox(0,t)] 

may be used at any given pK value to relate the 
concentrations at the primary electrode to the in­
stantaneous value, e, of the electrode's potential 
measured relative to the normal hydrogen elec­
trode. Substitution of CR and Cox by their values 
from equations 8 and 11 gives 

e = Eo' - (RT/nF) In WDR/(2D0xh)} -
(RT/nF) In (r1/. - *'A) + (RT/nF) In (erfPif)'A] 1 -

RT 
nF 

In [-
IT1/' V Sin (at - 7r/4)~| 

21 X 
W1A(T-Vi 

1 + /jfei'A sin [at — ' M a n 

.RT, 
TVT)J+ ^F l n 

Mh)] i (12) 

(13) 

J W + «*)'/• ett[(kity/>] 

where the transition time, r, is defined as17 

r 'A= - nFACR"(vDRyh/2I 

The relations developed here are defined only for 
the condition: 0 < t < r. Equation 8 shows that 
CR(0,£) becomes zero when t = r, neglecting the 
relatively small oscillating term. For the experi­
mental condition of a relatively small a.c, each of 
the last two terms of equation 12 takes the form 
(RT/nF) In (1 + y) where y is a numerically small 
fraction except when t is very close to r or zero. 
As a first approximation we may therefore write In 
(1 -\- y) = y, Introducing this approximation 
and several trigonometric identities into equation 
12, we get 

e = E0' - (RT/nF) In WDR/(2D0xkl)\
1/^ -

(RT/nF) In (r'A - t'A) + (RT/nF) In [erfCfeiO'A] + 

^t/(nFI)\ \ [2(2,)Vi(;'.
/
/: _ ,,,,) 

(14) 

where B = [(W + co2)1^ + 1̂]
1A a n d G = [(&i2 

+ co2)1/' — kiYh. Because of the selectivity of 
the instruments used for measuring the d.c. elec­
trode potential and the a.c. cell voltage, the reading 
on the d.c. voltmeter would be expected to be a 
measure of the sum of the first four terms in equa-

(16) R. Peters, Z. physik. Chim., 26, 193 (1898). 
(17) P. Delahay, "New Instrumental Methods in Electrochemistry," 

Interscience Publishers, Inc., New York, N. Y., 1954, p. 20. 

+ 
sin at 21A(^1

2 + w^'AerfC* 
TT'A GK,1/' 

2(2O))1A(T1A - i'A) + 2'A(Ai2 + o>2)'A erf(*,i 
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tion 14; the remaining term should correspond to 
the reading on the a.c. meter. 
eoo = Bo' - (RT/nF) In (TrDn^D0Xk1) - (RT/nF) In 

(Ty» _ tV,) + (RT/nF) In [eri(ht)1/'] (15) 

It is also necessary to consider the corresponding 
mathematical equations which would obtain if the 
Bancroft-Magoffin mechanism were operative. 
This mechanism, expressed in current terminology 
and applied to the present case, involves as a rate-
determining step an irreversible electron transfer 
from the reductant to the electrode, proceeding via 
an activated complex. The theory of absolute re­
action rates gives us the following equation18 which 
we have expressed in terms of Delahay's symbols19 

and our own 
i = nFAk"i,iCs.(0,t) exp[anFe/RT] (16) 

where k°t,h is the formal rate constant for the an­
odic, heterogeneous, electron-transfer reaction when 
e = 0 and a is the transfer coefficient for the anodic 
process. Since reductant is supplied to the elec­
trode by diffusion as fast as it is used up by the rate-
controlling oxidation, equation 8 may again be 
used and the value of CR(O,^) thus obtained may 
be substituted into equation 16. Solution of the 
resulting equation for e and separation into d.c. 
and a.c. components gives for the electrode poten­
tial 
eDc = (RT/anF) In ( l O E ^ i . h ) 1 / = -

(RT/anF) In ( T ' A - *'/«) (17) 

Results and Discussion 
Equation 13 shows that for a given reductant 

and electrode area, r will be constant if the ratio 
I/Cs.0 is constant. This is the chosen condition 
for Fig. 2. Equations 15 and 17 show that the 
d.c. electrode potential is a function of T and t and 
therefore predict that all of the curves of Fig. 2 
should be coincident. They obviously are not ex­
cept for curves D and E which represent the two 
highest concentrations. However, the curves for 
the lower concentrations deviate by what is almost 
a simple translation along the t-axis.. To explain 
this discrepancy, it is proposed that the start of the 
oxidation of PAP is delayed for a time which is very 
nearly equal to the interval of time associated with 
the lateral translation of the curves. From the 
magnitude of the delays (longer delays are as­
sociated with smaller currents) approximately the 
same amount of charge seems to be involved in each 
case. This suggests an extraneous initial process 
which could conceivably be connected with the 
charging of the double layer or the electrochemical 
removal of reduction products stored on the elec­
trode during the prepolarization process. Prob­
ably curves D and E coincide because the relatively 
high currents there used result in such rapid initial 
processes that they cannot be recorded by the slug­
gish recorder. On the basis of these considerations 
we consider that curves D and E give the "best" 
potential-time relations; accordingly all data given 
in the tables to follow are taken from D and E 
curves. 

(18) S. Glasstone, K. J. Laidler and H. Eyring, "The Theory of 
Rate Processes," McGraw-Hill Book Co., Inc., New York, N. Y., 1941. 

(19) Pages 34 and 186 of reference 17. 

The transition time, T, cannot be calculated 
from equation 13 unless n and DR are known, but 
it may be determined reasonably well from the ex­
perimental curves, such as those in Fig. 2, by using 
a graphical method suggested by Delahay.20 

Applied to our data, his method leads us to select 
as the value of r the time at which the electrode po­
tential curve crosses the 0.52 volt mark. 

Let us define a quantity J as follows: / = 
—Ir'''/ACB.0. Equation 13 shows that / shou ld 
be constant for a given oxidation-reduction sys­
tem. The data in Table I show that values of J 
based on experimental values of r remain reason­
ably constant as I, A and CR0 are varied. This 
constancy suggests that Delahay's empirical 
method for determining T is a reasonably satisfac­
tory one for our purpose. It will be noticed that 
the two average values of J (each one relating to 
measurements made with a particular primary 
electrode) do not agree as well as do the individual 
values determined with the same electrode. This 
is not surprising in view of the difficulty of deter­
mining the exact macroscopic areas of disk elec­
trodes whose edges are fused into glass and the im­
possibility of knowing their true areas. 

TABLE I 

EXPERIMENTAL VALUES OF T AND / 

CR 0 = 0.0050 M or 0.0075 M (curves D and E) 
—7/CR 0 , amp. 
cm.1 mole"1 

6.95 
6.63 
5.73 
5.12 
4.61 
4.24 
3.89 

8.02 
7.14 
6.68 
6.14 
5.56 

T, sec. 

28 
31 
41 . 
54 
67 
81 

100 

92 
117 
132 
156 
197 

5 

5 

5 

5 

J, 
sec 

Av. 

Av. 

amp. cm. 
1/2 mole"' 

502 
500 
498 
509 
511 
515 
527 

510 

546 
543 
538 
538 
548 

542 

TABLE II 

NUMERICAL DATA T A K E N FROM D.C. ELECTRODE POTENTIAL-

T I M E CURVES 
Sym­
bol 

— E.m.f. at the indicated fraction, / , of r, v. i n 

/ = 0.1 / = 0.25 / = 0.50 / = 0.75 / = 0.90 Fig. 4 

28.5 
31 
41.5 
54 
67.5 
81 

100.5 

0.460 
.461 
.460 
.459 
.459 
.457 
.457 

0.471 0.481 
.471 .481 
.469 .478 
.468 .477 
.466 .475 
.465 .474 
.464 .472 

f-t/r 

0.491 
.491 
.490 
.487 
.489 
.484 
.483 

0.504 
.503 
.500 
.501 
.498 
.495 
.495 

O 
• 

-6-
• 
+ 
A 
A 

The time-variation of d.c. electrode potential 
predicted theoretically by equations 15 and 17 

(20) Page 208 of reference 17. 
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may be compared with experimental results by us­
ing the data of Table II to construct the graph 
shown in Fig. 3. The linear portion of the plot is 
predicted by both equations but the deviations 
from linearity at the lower end are not predicted 
by equation 17; they are correctly predicted by 
equation 15. This suggests that the Bancroft type 
of mechanism is not applicable to this oxidation 
reaction. 

From the slope of the linear portion of the plot 
(-0.0307 volt) the value 1.965 would obtain: 
(1) for n, if equation 15 were used, or (2) for an, if 
equation 17 were used. Since theory demands 
that 0 < a < 1, the value of n required by equation 
17 would have to lie between 2 and °° with 4 as the 
most probable value since a usually lies close to 
0.5. Neither a value of 4 for n nor a value of 
unity for a seem very likely. On the other hand, 
the value of 2 for n, as determined from equation 15, 
is reasonable in view of the fact that the same value 
has been shown to obtain for the homogeneous oxi­
dation of PAP. Again, the results indicate that 
the Bancroft type of mechanism does not obtain 
in this case. 

The diffusion coefficient, DR, can now be cal­
culated from equation 13 using n = 2 and the aver­
age value of —ITl/'/A CR0, viz., 526 amp. cm. sec.v ' 
mole-1. The result is: DR = 0.946 X 1O-6 

cm.2 sec. -1. 

0.47 

0.45 
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! 
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I 

O 
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r • • 

O 

I 

• I — 

3""1 

t 

-

" 

10 50 30 
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Fig. 4.—Variation of 5 with time. 
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Let us define a function 5 as 
S s (-e.m.f.) + (RT/2F) In [(r'A/i1/.) - 1] (18) 

Equation 15 can then be written 
S = Ea' + (RT/2F) In (DR'/I/ZV/') + 

(RT/2F) In [TT1/. erf. (k,ty/'/2k,t)'/'] (19) 
A plot of 5 against t is shown in Fig. 4. For t = 
0, equation 19 reduces to 

5«_o = £o' + (RT/2F) In (DR/Dox)'/> (20) 

Since the ratio of DR/DOX must be close to unity, it is 
clear that St _ o is essentially equal to Eo which is 
found from Fig. 4 to be 0.471 volt referred to the 
S.C.E. or 0.711 volt referred to the N.H.E. This 
agrees very well with Fieser's value of 0.710 volt 
obtained by extrapolation to pH 1.18 of his data for 
the homogeneous oxidation of PAP. 

From the intial slope of the curve of Fig. 4 and 
differentiation of equation 19 with respect to time 
it is found that 

(dS/d*)(_o = -hRT/QF = 20 X lO"5 volt sec."1 

from which fa = 0.020 sec. -1. 
Equation 19 shows that, if fa = 0, S should be 

independent of time. Since this prediction is con­
trary to fact, it is clear that the data rule out a one-
step, reversible electron-transfer reaction as a pos­
sible mechanism. 

The a.c. impedance measurements can in prin­
ciple be used to give an independent evaluation of 
fa and thus supply additional evidence by which the 
validity of the over-all theoretical treatment can 
be judged. Unfortunately the reproducibility of 
these measurements was not good enough to justify 
an attempt to correct for the charging current 
(which becomes appreciable in the a.c. but not in 
the d.c. measurements). However, plots of a.c. 
impedance against time gave a family of curves 
which were in good qualitative agreement with 
curves constructed from the theoretical equations. 
These equations were developed from equation 14 
but are omitted here because they do not furnish 
sufficiently strong evidence for reaction mechanism. 
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We are now in a position to summarize the exist­
ing knowledge of the mechanism of the anodic 
oxidation of PAP. Knobloch's work showed that 
in basic solutions the electron-transfer step is re­
versible and is the same in the anodic as in the 
homogeneous reaction. By analogy with the 
similar methyl-aminonaphthol, two electrons seem 
to be involved. Fieser's work on the homogeneous 
oxidation of PAP showed that the range of the 
linear portion of the potential-time plot decreased 
rapidly as the pH was lowered to 2.69 thus suggest­
ing that in more acidic solutions the first-order 
character of the follow-up step (equation 2b) 
might disappear altogether. General considera­
tions also suggest the possibility that a mechanistic 
inversion might occur in sufficiently acidic solutions 
because of the possibility of the semiquinone be­
coming appreciably stable21 or of the £-hydroxy-
anilinium ion becoming the participating species 
of the reductant. Our work at pH 1.18 showed no 
evidence of a mechanistic inversion. Our data 
were in accord with a mechanism of type 2a-b. 
The agreement between our value for Eo' and 
Fieser's extrapolated value together with our ac­
curately determined value of 2 for the number of 
electrons transferred show that the first step (2a) 
of the anodic oxidation is the same as that of the 

(21) J. Weiss, Trans. Faraday Soc, 42, 116 (1946). 

Interest in expanded or foamed plastics has stim­
ulated the investigation of pneumatogens, thermo-
labile compounds which decompose into products 
at least one of which is gaseous.la-b -Attention was 
directed toward the reaction of sulfuryl chloride 
with trialkyl phosphites2 which was expected to 
proceed in a manner analogous to the Michaelis-
Arbuzov reaction as applied to acid chlorides of car-
boxylic acids.3a'b Extension of Michaelis-Arbuzov 
reaction to compounds bearing a halogen attached 
to elements other than carbon has been inade­
quately studied. 

The reaction of sulfuryl chloride with dialkyl 
hydrogen phosphite occurs readily at about 30-45° 
in the absence of solvents to give dialkyl phosphoro-
chloridates in good yields.4 Hydrogen chloride, 

(1) (a) F. Lober, Angew. Ckem., 64, 65 (1952); (b) R. A. Reed, 
Plastics Progress, 51 (1955). 

(2) A. Bell, U. S. Patent 2,508,364 (1950). 
(3) (a) T. Reetz, D. H. Chadwick, E. E. Hardy and S. Kaufman, 

T H I S JOURNAL, 77, 3813 (1955); (b) T. B. Ackerman, T. A. Jordan, 
C. R. Eddy and D. Swern, ibid., 78, 4444 (1956); also see references 
cited in these papers. 

(4) F. R. Atherton, H. T. Howard and A. R. Todd, J. Chem. Soc, 
1106 (1948). 

homogeneous reaction. Since the second step in the 
anodic reaction involves the same transitory inter­
mediate reactant as the homogeneous oxidation and 
since, as we showed, its initial rate constant is a 
first-order constant, it seems almost certain that it 
is identical with the second step (lb) of the homo­
geneous oxidation which has been established, in 
basic solutions, to be the hydrolysis of quinone-
imine. 

I t is barely conceivable that there might be a 
change, between pB. 2.69 and 1.18, in the partici­
pating species of the reductant when homogeneous 
oxidation occurs although such is not the case for 
the heterogeneous reaction. This is very unlikely, 
however. We may therefore consider that our 
work has extended the knowledge of the homo­
geneous mechanism to pH 1.18. 

Since our data are definitely not in accord with 
a mechanism involving a rate-controlling electron-
transfer step, our work serves to emphasize that a 
voltammetric technique is able to distinguish be­
tween this mechanism and the Conant-Pratt mech­
anism even though the two are indistinguishable 
from the point of view of the theory of absolute re­
action rates or, in the case of homogeneous oxida­
tion, by Conant's electrochemical (A.O.P.) tech­
nique. 
DETROIT 2, MICH. 

one of the reaction products, has a solvolytic ef­
fect on the chloridate as well as on the dialkyl phos-
phite,6a'b thus limiting the synthetic application of 
this reaction.6'7 

It has now been found that sulfuryl chloride does 
indeed react with trialkyl phosphites extremely vig­
orously even at temperatures as low as —20° in a 
variety of solvents at low dilution. Stable inter­
mediates reported by Bell2 were not found. If in­
termediates are formed, they are extremely labile 
even at 0°. Thus, in a reaction carried out at tem­
peratures below 20°, almost a quantitative amount 
(>95%) of sulfur dioxide was swept out by a stream 
of nitrogen and absorbed in an aqueous iodine-po­
tassium iodide solution. The reaction apparently 
conforms to the stoichiometry 

(RO)3P + SO2Cl2 —>- (RO)2P(O)Cl + SO2 + RCl 

The order of adding the reactants did not affect the 
(5) (a) W. Gerrard and E. G. G. Whitbread, ibid., 914 (1952); (b) 

C. H. Campbell and D. H. Chadwick, T H I S JOURNAL, 77, 3379 (1955). 
(6) G. W. Kenner, A. R. Todd and F. J. Weymouth, J. Chem. Soc, 

3675 (1952). 
(7) F. R. Atherton, H. T. Openshaw and A. R. Todd, ibid., 382 

(1945). 
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The reaction of sulfuryl chloride with trialkyl phosphites has been investigated. Dialkyl phosphorochloridates, sulfur 
dioxide and alkyl chlorides are formed. This constitutes a useful simple synthesis of dialkyl phosphorochloridates which 
avoids acidic by-products. 


