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myosin length measurements is too great, partic­
ularly since any hydration would make the reported 
lengths too large. 

We may safely conclude that all of the data on 
both the meromyosins and intact myosin can be ex­
plained, within the experimental errors, by the 
sub-unit arrangement LLH and that the molecule 
is probably of this form. 

There is some further, fragmentary evidence sup­
porting this choice of model. Myosin has been 
observed to aggregate in a completely side to side 
fashion.15 If the LHL arrangement were correct, 
side to side aggregation would leave the mass dis­
tribution and, consequently, P(B) unchanged. In 
the LLH case, however, so long as the cross-linking 
groups are not all on the heavier unit, one can have 

dimers of the form < „ , r > as well as < TT JJ \ • The 

side to side aggregation would then tend to homog­
enize the mass distribution and thus to straighten 

Introduction 
A simple model for interactions between non-

bonded atoms or groups of atoms has recently been 
applied to the calculation of symmetrical barriers 
to internal rotation about single bonds.2 The 
model is now extended to the calculation of en­
ergy differences between trans and gauche forms of 
substituted ethanes, and energy differences be­
tween cis and trans disubstituted ethylenes. For 
the substituted ethanes the agreement with experi­
ment is quite good and it is felt that these energy 
differences are now substantially understood. To 
explain the results for the dihaloethylenes some­
thing more than steric and electrostatic effects is 
required. A resonance effect such as that proposed 
by Pitzer and Hollenberg3 seems likely. No dis­
posable parameters are involved in any of the pres­
ent calculations. 

The Model.—The present simplified model esti­
mates the van der Waals repulsions between non-
bonded atoms or groups of atoms in molecules by 
analogy with known repulsions between atoms or 
groups of atoms which are not part of a larger mole­
cule. For example: the interactions between two 

(1) This research was supported in part by Contract Nonr 595(02) 
of the U. S. Office of Naval Research at the University of Maryland. 

(2) E. A. Mason and M. M. Kreevoy, T H I S JOURNAL, 77, 5808 
(1955). 

(3) K. S. Pitzer and J. L. Hollenberg, ibid., 76, 1493 (1954). 

out P(B)_1. The latter is in fact the case. Scatter­
ing envelopes of aggregated samples always show 
measurably less downward curvature at high 
angles than monomeric myosin. (See Fig. 4). 

It has become increasingly clear in recent years 
that the derivation of shape information from light 
scattering data is a hazardous affair. The increas­
ing number of variables known to affect the scatter­
ing curve appear to make it more and more difficult 
to interpret in terms of any model. It should be 
pointed out, however, that these factors can ac­
tually add immeasurably to the strength of the 
method. If polydispersity has been shown to 
affect the shape of the curve, it must also be kept in 
mind that, coupled with the theory, that same curve 
can now serve to inform us on the nature of the 
polydispersity. The same could be said of the 
effect of inhomogeneous mass distributions, as we 
have tried to show here in a particular case. 
N E W HAVEN, CONN. 

fluorine atoms bonded to different parts of a larger 
molecule are assumed to be the same as the inter­
actions between two isolated neon atoms; the inter­
actions between two non-bonded chlorine atoms the 
same as those between two isolated argon atoms. 
The force laws describing these interactions are 
taken from well-founded quantum mechanical cal­
culations or from experimental results, so that no 
disposable parameters are involved in the proce­
dure. 

The force laws to be used in the present calcula­
tions already have been given,2 with the exception 
of the bromine and the iodine interactions, which 
are taken by analogy with krypton and xenon, re­
spectively. Unfortunately, the potential functions 
for these systems are not as well known experimen­
tally as for the other systems. From a number of 
potential functions proposed for interactions be­
tween krypton atoms,4'6 we have selected the fol­
lowing as a suitable representative 
<e{r) = (4.694 X 104) exp( -2 .76r ) - 3888/V kcal./mole 

(D 
where r is the separation distance in A. This po­
tential function was derived from measurements 
on second virial coefficients at high temperatures,6 
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The energy differences between rotational isomers in substituted ethanes and between cis-trans isomers in substituted 
ethylenes have been calculated from a model which assumes spherical symmetry for atoms in molecules. Force laws are 
taken by analogy with known forces between similar atoms or groups of atoms which are not a part of a larger molecule, with 
allowances made for any residual electrical charges. Xo disposable parameters are involved in the calculations. Good 
agreement is obtained for the substituted ethanes. For the substituted ethylenes the cis form is always found to be more 
stable than calculated, and the difference is attributed to resonance involving a partial double bond between the substituent 
and the ethylenic carbon. 
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and agrees moderately well with a potential valid 
at very small separation distances obtained from 
the scattering of beams of fast krypton atoms in 
krypton gas.7 A similar situation exists for the 
case of xenon; we have used the representative po­
tential function6 

*{r) = (6.342 X 10<)exp(-2.50r) - 9473/r6 kcal./mole 
(2) 

which is derived from measurements on high tem­
perature second virial coefficients5'8 and is in fair 
agreement with a potential valid at small distances 
obtained from the scattering of xenon beams in 
xenon gas.9 

The effects of any partial charge caused by the 
electronegative halogen atoms have been roughly 
taken account of by adding to equations 1 and 2 a 
coulomb term in 1/V, as described in connection 
with the calculations of symmetrical barriers to in­
ternal rotation.2 The coefficient of the 1/V term in 
any particular molecule is determined by the mag­
nitudes of the partial charges in the molecule, and 
these in turn can be calculated by distributing par­
tial charges on the consti tuent atoms in accord with 
accepted bond polarizabilities, screening constants, 
covalent bond radii, and electric dipole moments, 
in the manner of Smith, Ree, Magee and Eyring.10 

The assumption of spherical symmetry of each atom 
in a molecule is implied in the methods of calculat­
ing both the van der Waals repulsions and the 
effects of electrostatic charges, so the model being 
used is a t least simple and self-consistent. 

Given the geometry of a subst i tuted ethane or 
ethylene and the force laws between its non-
bonded atoms it is a straightforward procedure to 
calculate the steric contribution to AE0

0 The pres­
ent calculations are a good deal less sensitive to 
the precise values of bond distances than are the 
calculations of the heights of barriers hindering 
internal rotation.2 The effect of the zero-point 
energy has been neglected as insignificant through­
out. 

Results and Discussion 
Substituted Ethanes.—For substi tuted ethanes 

all carbon a toms were assumed to be tetrahedral 
and the bond lengths were taken as follows11: 
C - H , 1.09 A; C-C, 1.54 A.; C -F , 1.33 A.; C-Cl, 
1.76 A.; C-Br, 1.91 A.; C- I 2.12 A. The internal 
rotation angle between the two subst i tuted methyl 
groups was taken as 60° for both the trans and the 
gauche isomers, although this assumption is rigor­
ously correct only for the trans form. The error 
involved was checked by making an accurate cal­
culation of the energy of the gauche form of 1,2-
dichloroethane. The potential energy minimum 
for internal rotation was actually found at 64.3°, 
bu t the difference in the energy from the GO0 form 
was only 0.07 kcal./mole, not a significant differ­
ence. The calculated and experimental energy dif­
ferences between the trans and the gauche isomers 

(7) I. Amdur and E. A. Mason, ./. C/n-m. Phys.. 23, 2268 (IiI.")). 
(8) E. Whalley, Y. T.upien and W. <). Schneider, Can. J. Cli.'in., 33, 

o:i:i (IMS). 
(9) I. Amdur and E. A. Mason, J. Che.m. Phys., 25, 024 (1950). 
(10) R. P. Smith, T. Ree, J. L. Magee and H. Eyring, THIS JOUKNAI, 

73, 2203 (19.51). 
(11) P. W. Allen and 1,. Ii. Sutton A,la ( ryil.. 3, IH (HIr1I)) 

are shown in Table I. Most of the experimental 
values are Ai?0 a t around 25° rather than AE0

0 to 
which the calculations pertain, bu t these two quan­
tities should not be very different. All the tabu­
lated values are gauche energy minus trans energy. 

Table I is not exhaustive, bu t it contains enough 
examples to illustrate the uti l i ty and limitations of 
the method. For the halogen subst i tuted ethanes 
the agreement, in general, is excellent. For the 
chloro and fiuoro compounds the principal source 
of the energy differences between the stable isomers 
is electrostatic interactions. Nevertheless, the 
height of the barrier which must be passed to go 
from trans to gauche is affected very strongly by the 
van der Waals repulsions. For instance, in 1,2-
dichloroethane this height according to the present 
model is 3.43 kcal./mole, of which 1.75 kcal. /mole 
is contributed by the van der Waals interactions. 
Our quanti ta t ive calculations thus confirm the 
views of Mizushima, Morino and Shimanouchi,12 '13 

T. ABLE I 

ENERGY DIFFERENCES BETWEEN ROTATIONAL ISOMERS 

Compound 
C H 2 F - C H J F 

CH2Cl-CH2Cl 

CH2Br-CH2Br 

CH2I-CH2I 
CH2Cl-CH2Br 

CH2Br-CF2Br 
CH2(CH3J-CH2(CII3) 
CH2(CHi)-CH2Cl 
CH2(CH1J-CH2Br 

, 
van 
der 

Waals 
0.23 

- 0 , 2 8 

0.G1 

2.45 
- 0 . 0 6 

0,41 
2.56 

- 0 . 0 3 
0.77 

A£o°, 

Electro­
static 

2.00 
1,27 

0,97 

0.99 
1.10 

- 0 . 9 3 
.00 

- .08 
- .06 

kcal./mo 

Total 
2.23 
0.99 

1.58 

3.44 
1.04 

- 0 , 5 2 
2.50 

- 0 . 1 1 
0.71 

Ic 

Kxptl. 

1,21" 
1.03'' 
1.10= 
1.3d 

1.48" 
1.451' 
1.77/ 
1.4" 
2 .0 ' 
Large" 
1.43e 

1.85" 
± 0 . 7 1 ± 0.05' 

.77 i .09 
- .05 ± .15' 
- .1 ± .2 ' 

" I. Watanabe, S. Mizushima and Y. Morino, Set. Papers 
Inst. Phys. Chem. Res. Tokyo, 39, 401 (1942). 6 T . Shi­
manouchi, H. Tsuruta, and S. Mizushima, ibid., 42, 51 
(1944). ' H. J. Bernstein, / . Chem. Phys., 17, 258 (1949). 
dW. D. Gwinn and K. S. Pitzer, ibid., 16, 303 (1948). 
e J. Powling and H. J. Bernstein, THIS JOURNAL, 73, 1815 
(1951). I H. J. Bernstein, J. Chem. Phys., 18, 897 (1950). 
(g) C. P. Smyth, "Dielectric Behavior and Structure," 
McGraw-Hill Book Company, Inc., New York, N. Y., 
1955, p. 366. h R. E. Kagarise, J. Chem. Phys., 24, 1204 
(1956); this author favors the negative value. * G. T-
Szasz, N. Sheppard and D. H. Rank, ibid., 16, 704 (1948); 
K. S. Pitzer, ibid., 8, 711 (1940). ' C. Komaki, I. Ichishima, 
K. Kuratani, T. Miyazawa, T. Shimanouchi and S. Mizu­
shima, Bull. Chem. Soc. Japan, 28, 330 (1955). 

who concluded tha t the van der Waals forces are 
important in determining which configurations are 
stable, bu t do not contribute so strongly to the en­
ergy difference between the stable forms. For 
the bromo compounds the contributions of the van 
der Waals forces are about as large as those of the 
electrostatic forces, and for iodo compounds and for 
hydrocarbons the van der Waals repulsions are the 
dominant factors, again confirming previous quali­
tative, views.14 

(12) S. Mizushima, Y. Morino and T. Shimanouchi, J. Pays. 
Chem., 56, 321 (1952). 

(13) S. Mizushima, "Structure of Molecules and Internal Rotation," 
ACa1IcIUiC Press, Inc., New York, N. Y.. 1954, p. 0-4. 

(14) Sec rcf. 13. pp. 42, «(',, 
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The present model sometimes permits a more re­
liable interpretation of existing data to be made. 
Thus for l,2-dibromo-2,2-difhioroethane Kagarise15 

was unable to make a conclusive assignment as to 
which was the more stable isomer. The present 
calculations indicate that the gauche is the stable 
configuration, confirming Kagarise's tentative as­
signment. For 1,1,2-trichloroethane and 1,1,2,2-
tetrachloroethane the model predicts the same 
small contribution to A-E0

0 from the van der Waals 
interactions as for 1,2-dichloroethane, —0.28 kcal./ 
mole. The predicted electrostatic contribution to 
AE0", however, falls off from +1.27 kcal./mole in 
dichloroethane to +0.97 in trichloroethane and 
+ 0.75 in tetrachloroethane. Thus differences in 
the A-E0

0 values for these three molecules16'17 are 
apparently explainable on the basis of differences 
in the electrostatic forces due to inductive effects.10 

For 1,1,2-trichloroethane the model would seem 
to preclude a high value of the energy difference, in 
agreement with the views of Sheppard and Szasz.18 

The relative stabilities of the rotational isomers 
of the hydrocarbons and the monohalogen hydro­
carbons are governed largely by van der Waals re­
pulsions. On the basis of the present model, 
which assumes the methyl group to be spherically 
symmetrical, the energy differences between the ro­
tational isomers of 2-methylbutane and of 2,3-
dimethylbutane are predicted to be the same as for 
ra-butane, 2.56 kcal./mole. The fact that they are 
not the same19'20 provides evidence that the methyl 
groups cannot be considered spherical and that 
"cogwheeling" is important. Very likely this is 
also the reason that the discrepancies between cal­
culated and observed values of AE0

0 for n -butane 
and w-propyl bromide are rather large. The cal­
culated and observed values of AEi? for w-propyl 
chloride check because the van der Waals interac­
tions between the methyl group and the chlorine 
atom are small in any event. 

Szasz's conclusion21 that the methyl groups and 
the chlorine atom in molecules such as «-propyl 
chloride and isobutyl chloride must strongly at­
tract each other seems to be unjustified. The pres­
ent model predicts the observed small energy [dif­
ferences between the rotational isomers without the 
necessity of invoking any such attraction. Fur­
thermore, any model which assumes the methyl 
group and the halogen atom to be spherically sym­
metrical will predict the isobutyl halides to have the 
same energy differences between their rotational 
isomers as do the corresponding «-propyl halides, 
provided that electrostatic effects are relatively 
constant or of secondary importance, as they in­
deed seem to be. Consequently it is not necessary 
to postulate any new forces to explain the observed 
results. 

Substituted Ethylenes.—The following bond dis­
tances and bond angles were used for substituted 

(15) R. E. Kagarise, J. Client. Phys., 24, 1204 (1950). 
(10) J. R. Thomas and W. D. Gwinn, THIS JOURNAL, 71, 2785 

flillil). 
(17) J. Fowling and II. J. Bernstein, ibid., 73, 1815 (1051). 
(18) N. Sheppard and G. J. Szasz, J. Ckem. Phys.. 18, 145 (1950). 
(19) G. J. Szasz and N. Sheppard, ibid., 17, 93 (1949). 
(20) I). W. Scott, J. P. McCullough, K. D. Williamson and G. 

Waddin«lon, Tins JOURNAL, 73, 1707 (1951). 
(21) G. J. Szasz, J. Chem. Phys., 23, 2449 (1955). 

ethylenes11'22; C = C , 1.34 A.; C-H 1.09 A.; 
C-Cl, 1.67 A.; C-Br, 1.93 A.; C-I, 2.04 A.; 
C-CH3, 1.54 A.; < C=C-R, 2 3 122-123°. Table 
II shows the calculated and experimental energy 
differences between trans and cis disubstituted 
ethylenes. The calculations on the 2-butenes were 

TABLE II 

ENERGY DIFFERENCES BETWEEN cis-trans ISOMERS 

Compound 

CHCl=CHCl 
CHBr=CHBr 
C H I = C H I 
(CHi)CH=CH(CHa) 

(CHi)CH=CHBr 

° K. S. Pitzer 
76, 1493 (1954). 

van 
der 

Waals 

- 0 . 2 4 9 
0.618 
4.70 
2.53d 

2.52e 

csi"* 

A£o», kcal./ 
Elec­
tro­

static Total 

0.623 0.374 
.378 0.996 
.28 4.98 
.00 2.53 
.00 2.52 
.00 0.51 

and J. L. Hollenberg, 
6 R. M. Xoyes and R. 

mole 

Exptl. 

- 0 . 4 4 5 ± 0.020' 
- 0 . 1 3 ± 0.301 

1.8 ± 1 . 0 ° 
1.0/ 

0 . 0 ' 

T H I S JOURNAL 
G. Dickinson 

ibid., 65, 1427 (1943). ' R. M. Noyes, R. G. Dickinson 
and V. Schomaker, ibid., 67, 1319 (1945); this value was 
measured in solution rather than in the gas phase, and is 
probably too low. d Calculated with a spherical average 
methyl potential. e Calculated with hydrogen-hydrogen 
potential alone. ! American Petroleum Institute Research 
Project 44, "Selected Values of Physical and Thermody­
namic Properties of Hydrocarbons and Related Compounds," 
Table 8n (Part 1), 1953. " K. E. Harwell and L. F . Hatch, 
T H I S JOURNAL, 77, 1682 (1955). 

made using both the spherically symmetrical 
methyl-methyl potential function and the hydro­
gen-hydrogen potential function and they are in 
good agreement. For the calculations involving 
the hydrogen-hydrogen interactions the stable 
methyl rotational positions were established by cal­
culation and these are shown in Fig. 1, so cogwheel-

E 
Fig. 1.—Configurations assumed for cis(T) and trans(II)-

2-butene for the calculation of H - H interactions. Wedges 
represent bonds projecting above the plane of the paper, 
while dotted lines represent bonds below the plane of the 
paper. Other bonds are in the plane of the paper. 

ing has been taken into account. To calculate the 
electrostatic part of the energy differences the Txc 
parameters10 for vinyl-X were needed, and these 
were calculated from the dipole moments of the 
vinyl halides in the manner outlined by Smith, Ree, 
Magee and Eyring.10 The value of YHC for vinyl-H 
was assumed to be 0.00. Otherwise the ca.lcula-

(22) T. L. Hill, ibid., 16, 938 (1948). 
(23) Experimental values for specific compounds were used wher­

ever possible. 
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tions were made in the same manner as for the 
ethanes. Here, as with the ethanes, most of the 
experimental values are AH0 at around room tem­
perature rather than AE0

0. 
It has been recognized that the energy differences 

between cis and trans isomers of certain substituted 
ethylenes are not in accord with the expectation of 
a repulsion between the substituents.3 Table II 
bears out this conclusion strikingly, and shows that 
even where the expected isomer is the more stable 
the difference is not as large as expected. A 
plausible explanation of this fact has been offered 
by Pitzer and Hollenberg8 in terms of attraction be­
tween formal charges on the chlorine atoms in cer­
tain resonance structures which have double 
bonds between the substituents and the carbon 
atoms. Table II indicates that this sort of reso­
nance is general for substituted olefins, being of the 
hyperconjugation type when methyl groups are in­
volved. 

By providing a better standard of comparison 
for the "non-resonating" molecule, the present cal­
culations also permit a better evaluation of the 
fractional double bond character than was pre­
viously possible.3 From the equations of Pitzer 

and Hollenberg a 4% double bond character is cal­
culated for the C-Cl bonds in 1,2-dichloroethylene. 
This estimate is in excellent agreement with recent 
theoretical24 and empirical25 calculations, which 
yield about 6 and 4%, respectively. 

It is noteworthy that the cis form of 1,2-difluoro-
ethane cannot be stabilized by the same sort of 
resonance. Although fluorine can double bond to 
carbon, it cannot do so by taking up extra electrons 
because it lacks the d-orbitals of the other halogens, 

H x / H 
and resonance forms such as ")C—C/ are ex-
eluded on energy grounds. I t is therefore pre­
dicted that the trans form of 1,2-difluoroethane 
will be more stable than the cis form by at least 
several hundred small calories per mole. 
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A Spectrophotometric Method for the Determination of the Catecholase Activity of 
Tyrosinase and Some of its Applications1 
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A spectrophotometric method is described for determining the catecholase activity of tyrosinase. Ascorbic acid is used 
to reduce the o-benzoquinone formed from the interaction of catechol with tyrosinase. The enzymatic activity is deter­
mined by measuring the decrease in optical density at 265 trui, the absorption maximum for ascorbate ion. Spectral changes 
during the reaction are described. Effects of varying substrate and enzyme concentration and pH are reported. Applica­
tions of the method to tyrosinase inhibition and proteolysis studies are given. The use of this method and an analogous 
method employing ascorbic acid oxidase for ascorbic acid analysis in biological materials such as orange juice is also described. 

Introduction 
Available methods for the study of the catalytic 

activity of the enzyme tyrosinase leave much to be 
desired.8 Conventional Warburg technique using 
catechol or other phenols as substrate results in the 
formation of highly reactive products, which lead to 
a highly complex reaction mechanism.8 While the 
determination of initial rates would obviate this 
difficulty, the Warburg method is poorly adapted 
for such rate studies. A satisfactory method is the 
"chronometric" method of Miller and Dawson4 

which employs ascorbic acid as an inert reductant6a 

(1) This research was supported in part by a grant, 6-1037, from the 
National Science Foundation. 
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El-Bayoumi for the M.S. degree in chemistry, Florida State Uni­
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(3) J. M. Nelson and C. R. Dawson, Advances in Enzym., Vol. 1, 4, 
09 (1946); C. R. Dawson and W. B. Tarpley in The Enzymes, I I , 1, 
464 (1951). 

(4) W. H. Miller and C. R. Dawson, THIS JOURNAL. 63, 33«S 
(1941); L. Ingraham and B. Makower, Anal. Chem., 27, 916 (1955). 

(5) (a) L. Ingraham, T H I S JOURNAL, 78, 5095 (1956); (b) L. 
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to reduce continuously and instantaneously the 
quinone back to catechol. 

Ascorbic acid 

Dehydro-ascorbic 
acid 

o-benzoquinone 

fast 

H2O 

catechol — \ V2O2 
rate determining step 

Net reaction: Ascorbic acid + VsOj <
 > 

Dehydroascorbic acid + H2O 

The maintenance of the catechol in the reduced 
state effectively eliminates the possibility of com­
plicating secondary reactions involving the quinone. 
However, the technique used to follow the disap­
pearance of the ascorbate was cumbersome. In 
addition, this method is not easily adaptable to 
numerous kinetic studies of tyrosinase because of 
the complexity of the rate equations.4 We have, 
therefore, adapted this method to a highly sensi­
tive and rapid determination of the catecholase ac-


