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metl;anol (about 24 hours at low concentrations of meth-
anol).

Tests on Reliability of Extraction Procedure.—Three 10-
ml. samples of kinetic solution containing 0.1015 M trityl
chloride, 0.0984 M pyridine and 0.00884 M methanol were
extracted with 10 ml. of water each. The first was extracted
once, the second twice successively, and the third three
times., The activities of the remaining organic phases
were the same within 1.7, with the highest activity in the
third. This test demonstrates the sufficiency of only one
extraction when equal volumes of water and sample are used.
Single extractions of this same kinetic solution were made
using 15-ml. saniples with 10- and 5-ml. volumes of water,
respectively., The activity of the aqueous phase of the
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second was twice that of the first within experimental error
(less than 29%,).

Methanol, at a concentration higher than any used kinetic-
ally, was shown not to increase the solubility of trityl
methyl ether in water. Two samples from run 111 which
had been left for 16 days and was calculated to contain
0.057 M trityl methyl ether were extracted with water
alone and with water containing 0.08 3/ methanol. There
was no difference in activity between the two aqueous
phases: the first gave 15.7 counts per second and the sec-
ond. 15.3 counts per second. The equivalent initial meth-
anol activity for this run was 3780 counts per second.
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Rate constants and heats and entropies of activation have been determined for the basic hydrolysis and the deuterium
exchange of dibromofluoromethane and fluorodiiodomethane in aqueous solution. The hydrolysis of bromodichloromethane
and dibromochloromethane also was studied. For all four haloforms the data support the hydrolysis mechanism in which
trihalomethyl anions, formed reversibly from haloform and base, decompose to dihalomethylenes, reactive intermediates
that react quickly, either with halide ions to regenerate haloform or with water and alkali to give carbon monoxide or formate
ions. The effect of added salts on the rate of the hydrolysis of dibromofluoromethane is compared with their effect on bromo-
dichloromethane and dibromochloromethane in order to learn how variations in the structure of dihalomethylenes affect the
efficiency with which the dihalomethylenes may be captured by halide ions. The intermediates, dichloromethyvlene and
bromochloromethylene, are captured with roughly equal efficiency, while bromofluoromethylene is captured with much less

efficiency, if at all.

While the rate of exchange of deuterodibromofluoromethiane was about that expected from data on

other haloforms, deuterofluorodiiodomethane exchanged more rapidly than anticipated.

In earlier articles? evidence was presented to
show that the basic hydrolysis of several halo-
forms involves the intermediate formation first of
a trihalomethyl anion and then a dihalomethylene.
In order to investigate the generality of this reac-
tion mechanism for haloforms as well as to learn
more about the effect of structure on reactivity in
trihalomethyl anion and dihalomethylene forma-
tion, we have studied the hydrolysis and deuter-
ium exchange of dibromofluoromethane and fluoro-
diiodomethane. We also have studied briefly the
effect of the structure of dihalomethylenes on
their ease of capture by halide ions.

Results and Discussion

Hydrolysis.—Although the fluorodiiodomethane
prepared by the reaction of iodoform with mer-
curic fluoride boiled higher than that reported by
Ruff and co-workers? or by Haszeldine,* the agree-
ment of the boiling point with that predicted from
an empirical equation for correlating the boiling
points of halomethanes® as well as the agreement
of the molar refractivity and iodine analysis with
the calculated values support the assignment of
the CHFI: structure.

We have studied the hydrolysis of fluorodi-
iodomethane in aqueous solution at 0 and 20.85°.

(1) Part X inthe series ‘*Methylene Derivatives as Intermediates in
Polar Reactions."" For part 1X, see ref, 21. This work was supported
in part by the Office of Ordnance Research, U. S. Army.

(2) J. Hine, A. M. Dowell, Jr., and J. E. Singley, THis JoURNAL, T8.
479 (1956), and references cited therein.

(38) O. Ruff, O. Bretschneider, W. Luchsinger and G. Miltschitzky.
Ber., 69B, 299 (1936).

(4) R. N. Haszeldine, J. Chemr. Soc., 4259 (1932).

(3) J. Hine and $. T Enrenson, J Org. Chem., 21, 819 {1956},

The rate constants were calculated from the equa-
tion used previously?

_ 2.303 bla — )
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where ¢ = [CHX;];, & = [OH]), x = ¢ — [CH-
Clls, ¢t = time, f = fraction of haloform that hy-
drolyzes to formate (the rest gives carbon mon-
oxide), and k is expressed in liters/mole of haloform
X seconds. In Table I are listed these data and

TaBLE I

Basic HyDprorvsis or DIBROMOFLUOROMETHANE AND
FLUORODI1IODOMETHANE 1N AQUEOUS SOLUTION

CHBrF CHF1i:
10% at 0° 2.77 = 0.03 0.153 = 0.003
10% at 20.85° 70.8 =+ 2.9% 6.15 = .13
AHF, keal./mole  25.7 =+ 0.5 27.7 + .3
AST, e 24.1 +2.0 25.6 = 1.2

e At 19.6°.

heats and entropies of activation calculated from
the absolute rate equation®

B o= k;;:g—AHI/RT cASE/R

Preliminary tests showed that dibromofluoro-
methane was the most reactive haloform that we
have studied. The rate constants obtained in the
first runs at 0° fell considerably as the reaction pro-
ceeded. This was found to be due to the tempera-
ture of the reaction solution being significantly
above 0° for the first few minutes of the reaction.

(A) S. Glasstone, K. J. Laidler and H. Eyring, “The Theory of

Rate Processes,' McGraw-Hill Book Co., 1lnc., New York, N. Y.,
1941, p. 14,
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Although the pipets used to introduce the base that
initiated the reaction were chilled before use, they
and their contents warmed several degrees during
the process of transferring the solutions. The
necessity of shaking the reaction flask and the exo-
thermic nature of the reaction added to this effect.
In previous runs with less reactive compounds, it
had been possible to ignore the first few minutes of
reaction and calculate ’s from data on the part of
the reaction occurring after that time. In the
present case, however, too much of the rcaction
took place cluring the first few minutes. We
therefore calculated our rate constants by usc of
the following corrections.

The instantaneous ratc constant at the higher
temperatures occurring in our reaction (k) is re-
lated to the value at 0° (k) by the expression

by = kb eE(T —213) /73T

where /' is the absolute temiperature of the reactwon
solution at the time ¢ and £ is the Arrheuius activa-
tion energy. Substitution into the differential
form of eq. 1 and rearrangement gives
— dx -

(¢ —x)(b—[3 + fl%)
Since the integral of the left side of this equation is
simply Eunc ¢ where Eunc is the uncorrected (falling)
rate constant that we had calculated from cq. 1

=k oE(T — 23) /2137

¢
ko= E‘t“i“ f (T — m3) /2137 (|4 {2}
0

a plot of 7" os. t was made, and from this plot and a
value of £ the integral in eq. 2 could be evaluated
for any ¢.  Asa check on the validity of the method
it was found that the value of £ that resulted in
k’s having the least average deviation from the
mean in five different runs was 27.7 = 1.5 kcal./
mole, in reasonable agreement with the value de-
termined experimentally (26.2). The experimen-
tal value was the one used in calculating the £'s
listed in Table I. The rate constants were deter-
mined at an ionic strength of about 0.10, but data
on bromodichloromethane (Table I1) and chloro-
form” show that haloform hydrolysis rates arc uot
very sensitive to changes in ionic strength.

In addition to argument by analogv, there is
much direct experiinental evidence that diiodo-
fluoromethane and dibromofluoromethane hydro-
lyze by the mechanism

CHYX; +~ OH™ = CXy™ + H.0 (I
CX37 —> CXNy + X~
followed by rapid reactions of the intermediate
CX,. Both compounds are reported herein to
undergo base-catalyzed deuterium exchange more
rapidly than they hydrolyze. Both are much
more reactive than would be expected for the Sx2
mechanismi.® The reactivity of each of the com-

(7) J. Hine and A. M, Dowell, Jr., TH)s JOURNAL, 76, 2688 (1954).

(8) Tle compounds are tlie a-fluoro derivatives of methyleue bro-
mide and methylene iodide, respectively. The a-flioro substituent
appears to decreuase tlle SN2 reuactivity in the cases that have becn
studied.® 19 The reactivity of alkyl halides toward sodinm hydroxide
in water appears to be about the same as toward sodium methoxide in
methanol.!! Dilbromolluorontetliane is therefore abont a million
times as reactive as methylenc bruomide and diiodofluoromethance
about fifty thousand times i1s reactive ws methylene iodide.

(9) J. Hine, C. H, Thontas and 8. J. Ehrenson, Tuis Jotrxan, 77,
3886 (1955),
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pounds fits satisfactorily into a quantitative cor-
relation of haloform reactivities based on the pro-
posed mechanism, 2

Capture of Dihalomethylenes by Halide Ions.—
From the observed relative reactivities of halo-
forms it appears that, relative to chlorine, fluorine
stabilizes dihalomethylencs and bromnine desta-
bilizes them.?!* We thought it of interest to deter-
mine how the presence of the various halogeus af-
fects the case of capturc of dihalomethylenes by
such nucleophilic reagents as halide ions. It has
been reported carlier that the addition of chloride
ion slows the basic hydrolysis of chloroform, duc
to reversal of the sccond step of the reaction (scc
mechanism 1.7 Bromide and iodide bring about
even larger “apparent” decreases in reaction rate
(they decrcase the rate at which alkali disappears),
by combining similarly with dichloromethylenc to
vield haloforms. ¢.yu.

.0
CCle + 17— C{llll” —— CILICLI
We thercfore studied the effect of various sodium
salts at concentrations around 0.08 17 on the rate
of the basic hydrolysis of dibromofluoromethane,
dibromochloromethane and bromodichloromethane
(as measured by the rate of disappearance of alkali).

The rate constants obtained are shown in Table
II.

TasLe 11
Erreer or Sauts oN HALororM HypROLYSIS 1N AQUEOUS

SoLUTION"
Hualoform Salt 105%, 1, niole ™! see, 7!
CHBr,I° 0.080 M Naf 276 = &
CHB=F 080 A NuClo, 277 = 3
CHBr.I* JU80 M NaBr U76 == 3
CHBr.F L0807 Nul 206 £ 2
CHRBr(Cl. Nouc 1.49 &= 0.02°
CHBrCl. 0.083 A/ Nalt 1a7 = 02k
CHBrCL L0833 NaBr 1.20 2= 02
CHDBrCls 083 M Nal 1.95%1
CHBrCl 89 A Nal 1025 == 20°
CHBrCl. L0895 NuBr 7R3+ 15
CIHIBrCl 389 3/ Nal 50052
CHBeC! N8 AT NalF 02 & o1
CHBr.C) 89 M NaNO, 370 == 300
CHBr:Cl 089 M NacClo, 551 = 107
CHBr.Cl 089 I NaBr 428 &4 5°
CHBr.C! 080 A7 Nal 3401

¢ [OH~], ~0.0306 M for CHBr:F and ~0.020 3 for other
haloforms. * At 0°, ¢ At 40°, < Falling rate coustants
extrapolated to zero tine,

It was found earlier with chloroformn that with
such salts as sodiwm fluoride, nitrate and perchlo-
rate, which would not be expected to be cffective at
capturing dilialomethylene intermediates, the reac-
tion rate is essentially independent of the exact
naturc of the anion at concentrations below 0.16
M7 This obscervation, whichh was substantiated
by measureinents on dibrowofiuoromethane and di-
bromochloromethane, shows that the specific salt

10 1
1UHB),

(11) Compare the data on methyl hromide and iodide in niethanol
from ref. 8 with that in water obtained by 15, A. Moelwyn-Hughes,
Prov Roy, Soe Loadoss, A196, 516 {1014),

125 1 e and S0 J. Flirenson. THIS Jorrrsat, 80, 821 (1405387,

ITigae, S 1 Bhrensea and W. 11 Brader, Jr., /hid, T8, 2282
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effects produced by bromides and iodides are very
probably not due to such factors as ionic size, de-
gree of solvation and ion-pair formation. There-
fore the sharp decreases in the rate of hydrolysis
of bromodichloromethane brought about by these
two salts and their negligible effect on dibromo-
fluoromethane show that dichloromethylene is
much more effectively captured by bromide and
iodide ions than is bromofluoromethylene. This
interpretation is supported by the fact that the
rate constants obtained in the presence of bromide
ion showed no drift, since capture of dichloro-
methylene by bromide leads to re-formation of the
starting haloform, while those obtained in the pre-
sence of iodide ion drifted downward during the
reaction, since the less reactive haloform, dichloro-
iodomethane, was being formed. While the rate
constants obtained with dibromofluoromethane and
sodium iodide showed no appreciable drift, this
may just mean that iodide ion did not capture
bromofluoromethylene to any significant extent.

In order to learn whether the difference in be-
havior of dichloromethylene and bromofluoro-
methylene was due to the bromine or to the fluorine,
we studied the intermediate, bromochloromethyl-
ene. This was done by measurements on dibromo-
chloromethane, which, being somewhat less reac-
tive, was studied at 40° rather than 0°. The re-
sults and analogous data on bromodichloromethane
at 40° are listed in Table II and show that bromo-
chloromethylene is captured approximately as
effectively as dichloromethylene. This is shown
more clearly in Table III where there are listed

TaBLE III

CoMPETITION FACTORS TOWARD THE DIHALOMETHYLENES
FORMED FROM VAR10US HALOFORMS

Temp..

Haloform lon °C. k'/k kx/kw
CHBrF Bromide 0 ~1 <50
CHBr,F Todide 0 ~1 <70
CHBrCl; Bromide 0 0.816 159
CHBrCl, Bromide 40 764 203
CHB:Cl, lodide 0 .646 386
CHB:Cl Todide 40 . 5356 485
CHBr:Cl Browide 10 .762% 204
CHBr,Cl Todide 40 .606° 427

2 Based on the average value, & = 561 X 10751, mole~!

sec.

values for the competition factors kx/%w
kx
CY; + X7 —> CYu,X~

kw 3 9
CY, + H,O —> H,0-CY,

calculated from the following equation, which was
developed previously”

(o Biow) (5 )
Bw X

where k' is the rate coustant in the preseuce of
NaX, k that obtained with the same concentration
of an inert salt, and ky/ky is the competition factor
for hydroxide ion, assumed as before, to be equal to
229, The data on bromodichloromethane at the
two temperatures show that the values of k«/kw
are not highly temperature dependent. The values,
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particularly those of km:/kw, having been deter-
mined from fairly small differences between two
numbers each of which may be in error by several
per cent., are not very precisely known, but the in-
crease with temperature of ki/kw, at least, is prob-
ably meaningful. The values for bromodichloro-
methane are seen to be within the experimental
error of those obtained previously for chloroform,
as expected since both give the same intermediate,
dichloromethylene.

It might have been expected that the fluorine-
containing dihalomethylenes, being more stable,
would have been able to discriminate better be-
tween the solvent water and the more nucleophilic
halide ions.!* We are not sure why they actually
have less tendency to combine with halide ions.
It is true that combination would lead to somewhat
less stable trihalomethyl carbanions,* but if this
were the sole explanation bromochloromethylene
would show larger kx/kw values than dichloro-
methylene. Any complete explanation should
take into account the effect of structure on kw as
well as kp:. We know very little about the com-
bination of water with dihalomethylenes, but if in
somie cases a proton donation to carbon is impor-
tant the possibly more basic fluoromethylenes
might be more reactive,

Deuterium Exchange.—The rates of carbanion
formation of the haloforms were studied, as previ-
ously, by measuring the rate of the base-catalyzed
hvdrogen exchange of the deuteriohaloforms in
“light” water solution. Preliminary measure-
ments on diiodofluoromethane showed that the
exchange reaction proceeded more than one
hundred times as fast as the hydrolysis. Because
of this and the fact that we used a buffer solution
as the basic catalyst, the change in base concen-
tration during a run was negligible. Therefore
the following first-order rate equation derived pre-
viously was used in the calculation of rate con-
stants.!®

k[OH™] + k’'[CH:NH.] =

2.303 Dy H
5 loe DO+H0)(1+5) @)

D = [CDFL], H = [CHFL], ¢t = time (sec.).
The ratio /D was determined by extraction of the
reaction solution with isodctane and infrared
measurements. The hydroxide and methylamine
concentrations at the ionic strength used were cal-
culated from the data of Everett and Wynne-
Jones.’® Values of 2 and &’ determined from runs
at two different buffer concentrations but with the
same buffer ratio are listed in Table IV as are heats
and entropies of activation.®

In the case of dibromofluoromethane hydrolysis
of the haloform is so extensive that the concen-
tration of catalyzing base changes appreciably,
even in the presence of a buffer, if the exchange re-

(13) Compare the increases in mass-law constants that accompany
increasing stability of carbonium ions; L. C. Bateman, M. G, Church,
E. D. Hughes, C. K. Ingold and N. A. Taher, J. Chem. Soc., 979
(1940); C. G. Swain, C. B, Scott and K. H. Lohmann, THiS JOURNAL,
75. 136 (1933).

(14) J. Hine, N. W. Burske, M. Hine and P, B. Langford, 7&:d.. 79.
1406 (1937).

(13) J. Hine, R. C. Peek, Jr., and B. D. Oakes, ibid., 76, 827 (1954).

(16) D. H. Everett and W. F. K. Wynne-Jones, Proc. Roy. Soc.
(London), A17TT, 499 (1941).
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TaBLE IV

KixeTiC DATA oN THE DEUTERIUM EXCHANGE OF Dilopo-
FLUOROMETHANE AND DIBROMOFLUOROMETHANE®

Haloform CDF1, CDBr1
10% at 0° 50.7 = 1.4 20.7 £ 0.5
103k’ at 0° 0.027 &= 0.01 0.013 == 0.005
10% at 20° 823 = 30 730 £ 20°
103’ at 20° 0.67 = 0.3

AHF, keal. /mole 21.6 + 0.5 22.5 £ 0.4
ASF, e’ 14.8 £ 2.0 16.1 1.5
e All rate constants in 1. mole™! sec,”l. & At 25.05°.

¢ For the hydroxide ion catalyzed reaction (&).

action is allowed to proceed to as much as lalf of
completion. We have therefore followed the
acidity of the reaction solution as well as the deu-
terium content of the haloform as the reaction pro-
ceeded. From acidimetric titrations we learned
the change in the ionic strength and in the con-
centration of methylamine and for each point cal-
culated the hydroxide ion concentration from data
on the ionization of methylamine.’® Plots of the
hydroxide ion concentration versus the concentra-
tion of deuteriohaloform gave a smooth curve
which could be fit well by an equation of the type

[OH-] = [OH }o (1 — mz — ns?) (4)
where z is equal to Dy — D and m and # are con-
stants whose optimum values are determined by
the method of least squares. The simple rate
equation

dz/dt = k(Do — 5)[OH"]

may therefore be combined with eq. 4 and inte-
grated to give

_ 2.303
T 2(1 — mDy — nDg?)[OH "ot
log (1 — mz-nz?) —
2nDy 4 m 2 + 2 (Vm? F dn — m) =
Vo e s (ms i rmd ¥

Rate constants calculated from this equation are
in error, because we have neglected catalysis by
methylamine. However, the observation that the
values of % obtained increase by less than 49 when
the buffer concentration is more than doubled at
constant buffer ratio and constant ionic strength
shows that the methylamine catalysis and hence
the error is not very large. By extrapolation of
the rate constants from two such runs to zero buffer
concentration the error may be removed and a value
of k', the catalysis constant for inethylamine, de-
termined. Thedataobtained arelisted in Table IV.

While the reactivity of dibromofluoromethane
fits satisfactorily into a quantitative correlation of
the relative reactivities of haloforins (in carbanion
forination), " '#it seems anomalous that fluorodiiodo-
methane should be more than twice as reactive in
view of the fact that the replacement of the bro-
mine atoms of bromoform or bromodichlorome-
thane by iodine has virtually no effect on the car-
banion formation rate. Nomne of our explanations

: Dy
k [:Z log D=z +

(17) See ref. 4, Fig. 2, where the rate constant used for deuterio-
dibromofluoromethane was a preliminary value, 139 snialler than the

one now reported.
(18) Use of the present value would still give a satisfactory cor-

relation.
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for this irregularity seem probable enough to war-
rant discussion here.

Experimental

Reagents,—The bromodichloromethane,? dibromochloro-
methane,? sodium salts,” sodium hydroxide solutions’ and
‘‘oxygen-free’’ water” have been described previously,
Dibromofluoromethane was prepared from bromoform and
mercuric fluoride by the method of Thomas.!* The proper-
ties of the material (b.p. 63° at 739 mm., m.p. below —78°,
d*¥.7, 2.2533, n¥.7D 1.4628; molar refractivity caled. 22.25,
found 22.37) compared satisfactorily with those listed in the
literature2 (b.p. 64.9° at 757 mm., d!8.5 2.4256). Deuterio-
dibromofluoromethane was prepared analogously from deu-
terated bromoform, tlie method having been described in
detail in connection with the by-product deuterobromodi-
fluoromethane.2!

Fluorodiiodomethane —Fluorodiiodomethane was pre-
pared by a method based on that of Thomas.!® Under a
nitrogen atmosphere, 363 g. (0.92 mole) of iodoform was
heated with stirring until it began to melt, when the heating
was discontinued and 90 g. (0.377 mole) of anhydrous mer-
curic fluoride added slowly tlirough an apparatus of the type
described by Fieser.2? After the addition was complete the
temperature was lield around 120° for about 15 minutes and
the material was thien distilled using a water aspirator
vacuum. Between 60 and 105° (largely at 65-75°) 122 g.
(56%) of purple liquid was obtained. This was waslied with
sodium thiosulfate solution, added to 50 g. of material from
a run on 409, the scale, and fractionally distilled. The
amber liquid boiling at 59.8-60.2° (50 mm.) weighed 97 g.,
m.p. —35 to —31° (mostly —32 to —31°), d42.3, 3.1596,
72-3p 1.6496; molar refractivity caled. 32.15, found 32.98.
Ruff and co-workers? report m.p. —34.5° and d'¢-4, 3.2206
and 425, 3.1969, from which may be extrapolated d¥.3,
3.1809. They also report the vapor pressure at several tem-
peratures between 26° (30.2 inm.) and 59.5° (113.3 inm.)
and an equation relating tlie vapor pressure to temperature.
They state that for this equation they calculate a b.p. of
100.3°, but our calculations using their equation show that a
vapor pressure of 760 mim. would be expected at 122°,
Haszeldine* reported a b.p. at 30 mm. of 50°, a tenipera-
ture 12° higher than that for which Ruff’s equation predicts
a vapor pressure of 50 mm. An empirical equation from
which may be calculated the boiling points of all of the
measured halides of methane with an average deviation of
less than three degrees predicts a boiling point of 142.6° for
fluorodiiodomethane.®2 From a Trouton’s rule constant
of 21, b.p.’s of 133 and 145° (760 mm.) may be estimated
from Haszeldine’s and our data, respectively.

The infrared spectrum of the material is also reasonable
for the assignmient of the fluorodiiodomethane structure.
In addition to the carbon-hydrogen stretching band at about
2950 cm. ™! there is the rather strong absorption in the range
1000-1100 cm.™? said to be typical of monofluorides.2¢
One of thie bands in this latter range is, no doubt, analogous
to the band (probably carbon-liydrogen deforination) that
we have found between 1060 and 1220 ciu.™! in all of the
fourteen haloforms for which we have spectra. Furtler-
more, as for all the twelve haloforms we have observed, a
new band appears in the range 740-820 cm.™! (at wave

lengths differing by a factor of about /2 from 1060-1220
em. 1) for the deuterium conipound.

Amnal.  Caled. for CHFIs: I, 88.80. Found (by reaction
with excess alkali and titration by the Fajans method): I,
88.81, 88.85.

Deuteriofluorodiiodomethane wuas prepared similarly
from deuterated iodoforin® on a smaller scale. The product
obtained after the final fractional distillation still had a

(19) €. H. Thomas, Ph.D. Thesis, Georgia 1nstitute of Technology,
1953, p. 18.

(20) F. Swarts, Bull. acad. roy. Brig., 113 (1910);
(1911).

(21) J. Hine and P. B. Langford, Tuis Jour~aL, 79, 5497 (1957).

(22) 1. F. Fieser, “Experiments in Organic Chemistry,"* 3rd Ed.,
D. C. Heath and Co., New York, N. Y., 1933, p. 265,

(23) The extrapolation of Haszeldine's b.p. to 122° cited in ref. 5
was done from a vapor pressure chart that has since been found to be

C. A.. 5, 10869

considerably in error.
(24) L. J. Bellammy, “The 1nfra-red Spectra of Complex Molecules,**
Methuen and Co., Ltd., London, 1934, p. 270.
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strong purple color, but titration with sodium thiosulfate
showed that this was due to only 0.89 of iodine.

Kinetics of Hydrolysis.—The hydrolysis of dibromofluoro-
methane by aqueous sodium hydroxide at 0° was carried out
in the following way. Into each of a number of 100-ml.
volumetric flasks containing 80 ml. of 0.100 M salt solution
was put 0.2500 = 0.0008 ml. of dibromofluoromethane (at a
known temperature) by use of a “‘tuberculin’ syringe. The
haloform was dissolved by vigorous shaking and the flask
was returned to the 0° bath. When the material had reached
thermal equilibrium 20 ml. of standard sodium hydroxide
was introduced from a flask cooled in the same bath, by
use of a pre-chilled pipet. To take a point the contents of a
reaction flask (and two rinsings) were poured into a known
volume (excess) of standard perchloric acid; the excess acid
was then titrated to the phenolphthalein end-point with
standard alkali. In several of the later points of several
runs the concentration of bromide ion was determined by
the Fajans method when the acidimetric titration was com-
plete. From these data, values of f for eq. 1 could be cal-
culated. The average value obtained was 0.536. In the
run at 19.6° the 80 ml. of haloform solution that went into
every reaction flask was pipeted from a large flask in which
0.250 ml. of dibromofluoromethane had been dissolved in
one liter of 0.1 M sodium perchlorate. The solution at 0°
was forced from this reaction flask into the 80-ml. pipets
by nitrogen pressure, rather than being sucked, so as to
avoid loss of the rather volatile haloform. An f-value of
0.536 was used at this temperature also since the data on
fluorodiiodomethane as well as that on other haloformst!?%
show that f is only slightly dependent on the temperature
(and % is only slightly dependent on f).

The temperature of the reaction mixture in several runs
at 0° that were not followed titrimetrically was measured by
use of a thermocouple at intervals of a few seconds during
the first part of the reaction and longer intervals later.
The reaction run at 19.6° did not rise appreciably above this
temperature, probably because the reactants were more
dilute, the constant temperature bath was stirred and the
room temperature was nearer the reaction temperature.

The hydrolysis of dibromochloromethane and bromodi-
chloromethane at 40° was studied by a technique like that
used for dibromofluoromethane at 19.6°, except that four to
six times as much haloform was used. For these haloforms
the first point was taken within a minute or two after the
reaction was started. This was used as a ‘‘zero” point,
corrections being applied to the data on the other points for
the amount of reaction that occurred prior to the time of
this point. In the runs on bromodichloromethane at 0°,
the “one-flask-per-point’’ method was replaced by a tech-
nique in which the reaction flask contained several hundred
milliliters of solution and points were taken by removing
samples by pipet at various times. The value of f used for
bromodichloromethane was 0.15 (since the intermediate
formed in this case is the same as with chloroform) and that
found for dibromochloromethane was 0.164 (the difference
betw&)&en these two values is well within the experimental
error).

The hydrolysis of fluorodiiodomethane at both tempera-
tures used was studied by the method just described for
bromodichloromethane at 0°. A value of f of 0.362 was
found at 0° and the value 0.34 at 20.85°. Carbon mon-
oxide was shown to be a reaction product by infrared analy-
sis of the gas above the reaction mixture at the end of one run.

Kinetics of Deuterium Exchange.—For the exchange of
deuteriofluorodiiodomethane the following run is typical.
To a solution of 0.16 ml. of deuteriohaloform in 400 ml. of
oxygen-free distiled water containing 0.05 ml. of 0.08 M
perchloric acid, to prevent exchange, was added 0.4 ml. of
0.1 M sodium thiosulfate to remove the iodine color. When
this solution in a 500-ml. volumetric flask had equilibrated
at 0°, 100 ml. of 0.4824 M methylammonium perchlorate-
0.5606 M methylamine, alsoat0°, wasadded. At measured
times, 50-ml. samples were pipeted into excess acid and the
D/H ratio determined by extraction with isoéctane and in-
frared measurement.

The exchange of deuteriodibromofluoromethane at 0° was
carried out as follows. By use of a “‘tuberculin’ syringe
1.00 =+ 0.01 ml. (2.34 g.) of deuterated dibromofluorometh-
ane was dissolved in 400 ml. of ‘‘oxygen-free’’ water in each
of two 500-ml. volumetric flasks. After the flasks had

(25) Unpublished observations from this Laboratory.
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reached thermal equilibrium in a 0° bath, 100 ml. of 0.0800
M methylamine~0.1005 M methylammonium perchlorate—~
0.150 M sodium perchlorate was added to flask no. 1 and
100 ml. of 0.2000 M methylamine~0.2513 M methylammo-
nium perchlorate added to no. 2 (both buffers also at 0°).
After about ten minutes (to be sure that the temperature
was 0° again), a ‘‘zero point’’ was taken by withdrawing a
75-ml. sample from no. 1 and a 25-ml. sample from no. 2,
each into a known volume (excess) of standard perchloric
acid. The excess acid was titrated to the brom cresol
purple end-point with standard sodium hydroxide and then
4 ml, of 1.2 M perchloric acid was added to ensure the trans-
formation of all methylamine to its conjugate acid. The
solutions were then extracted with isotctane and infrared
measurements carried out to determiue the isotopic content
of the haloform. Subsequent points were taken similarly
and some later points were titrated for the bromide ion con-
tent by the method of Fajans, in order to permit the calcu-
lation of f. 1In calculating the hydroxide ion concentration
at various points it was assumed that all of the methylamine
used up was transformed to methylammonium ion, that is,
that the reaction followed only the equations

CHBr,F + 4CH;NH: + 2H,0 —>
4CH;NH;* + 2Br~ + F~ + HCO,~
and
CHBr F + 3CH;NH; + HyO —>
3CH;NH;3;* 4+ 2Br~— 4 F~ 4 CO

It is plausible that N-methylformamide and methyl iso-
cyanide also may have been formed, but our observation
that 3.44 moles of base reacted per mole of haloform showed
that no more than 139% (100 X 0.44/3.44) of the methyl-
amine that reacted could have given these products. De-
tails of the data from run 2 are given in Table V. The
calculated rate constants seem to climb slightly as the re-
action proceeds. The possible error concerning the assump-
tion involving f mentioned above could have caused as much
asa 1% climb. The neglect of general base catalysis in the
derivation of eq. 5 could not only cause the average value of
k to be too high (this is corrected for, in extrapolating to
zero buffer concentration) but could also cause a climb of
about 0.2% in k.

TaABLE V
KiNeTIiCS OF THE HYDROGEN EXCHANGE OF DEUTERIODI-
BROMOFLUOROMETHANE 1IN AN AQUFOUS METHYLAMINE
BUFFER
[CH;NH,], = 0.03993, [CHsNH;ClO.], = 0.05022, [CD-

BryF]; = 0.02143, [CHB=,F]y = 0.00295, m = 13.74, n =
839.47
Aml,, Optical
0.0487 density
Time, N 11.226 14204 _P [CD- 100k,
sec. NaOH m m H+ D BriF]l 1L mole~! sec,™!
58,140 2.29 0.218 0.315 0.5602 0.01293 2.143
69,060 2.90 .264 .449 .5195 .01181 2,169
77.880 3.15 212 .411 .4869 .01100 2,187
88,080 3.50 .237 .513 .4594 .01029 2.160
106,680 4.19% 253 .195? . 4489 .00988 1.899%
150,420 5.69 171 .226° .3169 .00669 2,220
154,020 5.75 191 .203° .3020 .00638 2.280

Av. 2,193 &£ 0.032

¢ The titration on this point was clearly out of line with
those on the other points, and the infrared analysis led to a
k deviating from the mean by about six times the average
deviation. The data on the point was therefore neglected.
b The isodctane solution for this determination was diluted
to one-third the strength of that measured at 11.226 u.
¢ One-fourth as strong as at 11.226 u.

Since practically all of the reaction was due to hydroxide
ion and only a minor part to methylamine, at 25.05° data
was taken at only one initial buffer concentration. A value
of 0.350 was determined for f under these conditions. From
the values for dibromofluoromethane at 0° and fluorodijodo-
methane and other haloforms at several temperatures!41®
the value 7.4 X 1074 was estimated for &/ at 25°. By use
of this value the average value of 2 (78.7 = 1) X 1072 ob-
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tained fromn eq. 5 was corrected to give the value showit in
Table IV.

The apparatus and methods of infrared analysis and of
calculation of the extent of deuteration of deuterated halo-
forms have been described previously.!2 The following ex-
tinction coefficients were used in the present work. For
CHFIz, €9.173 4284 =+ 0.6, €9.476 171 =+ 04, €9,622 704 =+ 0.8,
€9.752 272.9 &= 1.6, €12.154 0.00 &= 0.2, CDFIz, € 9,173 200.2 =+
0.4, €9.475 1108 =+ 2.5, €9,622 260 =+ 3.1, €9,752 157 =+ 1.2,

Jack HINE AND STANTON J. EHRENSON

Vol. 80

€12.15¢ 308.4 = 3.1; CHBIE, e11.026 32:4.0 == 2.5, €14.204 .00 £
0.2; CDBI1;F, €1.226 0.00 == 0.2, €14.206 = 597 2= 8.
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The relative reactivities of ten haloforms toward liydrolysis in aqueous solution are corrclated in terms of an equation
based on the dihaloniethylene reaction niechanisin,  This equation uses the known carbanion formation rate constants and
contains paranieters for (1) the relative abilities of the various halogens to stabilize dihalometlivlenes, (2) the relative casc
with which halogens are separated as anions from the intermediate trihalomethyl anion, and (3) the carbanion character of
the transition state for dihalometliylene formation. From the values of these parameters, halogens appear to facilitate di-
halomethylene formation in the order F > Cl > Br > I. Since the dihalomethylenes appear to be non-radicals rather than
diradicals, this order is attributed to the relative abilities of the halogens to supply electrons to tlie carbon atom by tautomeric

cffects.
eters.

and probably less significant.
character.

The relative electrophilic and nucleophilic characters of several methylenes are discussed in terms of these param-
The parameters for the differences between the abilities of halogens to separate as anions (Br > I > Cl) are smaller
Tle trausition state for dihalomethylene forniation appears to have considerable carbanion
For the basic decomposition reactions in methanol and aqueous dioxaue, where carbanion formation rates are
not known, equatious are developed for correlating the data on smaller groups of haloforms.

When an inhibitor is used to

prevent the free radical rcactions that occur with certain haloforms in these solveuts, the rate constants obtained fit the

equations satisfactorily.

Introduction

In earlier articles of this series evidence was pre-
sented that at least some haloforms undergo alka-
line hydrolysis by the mechanism

ky
CHX; + OH~™ —? CX;™ 4+ H,O (1}
k_1

ke
CX;m —> CXe 4+ X~

followed by rapid reactions of CX,. Some of the
first evidence that haloforms hydrolyze by this
mechanism was the fact that their reactivities are
so much greater than would be expected from the
SN2 mechanism.? Since mechanism I explains
the great reactivity of haloforms in general, toward
basic hydrolysis, we hoped to be able to use this
mechanism in correlating the relative reactivities
of different haloforims, thus learning more about
the ease of formation and hence perhaps the rela-
tive stabilities of various dihalomethylenes. We
obtained data on the relative reactivities of six
haloformis in 662%/;9;, dioxane~water solution,?
which would have sufficed for a gualitative discus-
sion of the effect of structure on reactivity, but by
this time it was beginning to appear that the rela-
tive reactivities might be correlated quantitatively
if values of %y, the rate constant for the initial carb-
anion formation, were available. Uunfortunately,
these vulues werc not available and, in fact, would

(1) Part XTI in the series ‘*Methylene Derivatives as 1ntermediates
in Polar Reactions.' For part X see preceding paper. This work
was supported in part by the Office of Ordnance Research, U, 8. Army,
and was presented @ preliminary Torm at the Sixth Biaunual Confer
citice on Reaction Mechanisis, Swarthiniore, 1'a., Sept. 12, 1956,

(2) J. Hine, THIs JoURrNAL, T2, 2438 (1951).

(3) J. Hine, A, M. Dowell, Jr., and J, E. Singlcy. Jr..
(1958).

ibid., 18, 479

be rather difficult to determine in such a solvent.*
However, the kinetics of carbanion formation from
haloforms may be studied by deuterium exchange
experiments in purely aqueous solution, and data
on a number of halofornis have been obtained in
this solvent.’=® We therefore have determined
rate constants for the basic hydrolysis of a number
of haloforms in aqueous solution and correlated
these rate constants in terms of the values of &
and of certain additional parameters by use of an
equation based on inechanism I.

Discussion and Results

The Correlation Equation.—In terms of the rate
constants for the individual steps of the reaction,
the over-all rate constant for hydrolysis may be ex-
pressed

b o iEE)
T L (kB )
Since the values of & are known (or may be closely
approximated by estimating the kinetic isotope cof-
fect), a correlation of the values of ky/k-, is equiva-
lent to a correlation of ky values. The {raction
ka/k-1 is simply the rate constant by which the tri-
halomethyl anion yields dihalomethylene divided
by the rate constant for its abstraction of a proton
from water to re-form haloform.

The generality of applicability of the Bronsted

catalysis law shows that the acids that denate pro

(4) The dioxane would be extracted, wiil tlie haloform, in thie first
step of the isotopic analysis in the required deuterium exchange ex-
periments.

(3) J. Hine, R. C. Peek, Jr., and B. D. Oukes, THis JourNAL, 76,
827 (1954).

(6Y 1. Hine and N. W. Burske, 4d., T8, 157 (1456)

(7) J. Hiue, N. W. Burske, M. Hine wad I'. 15, Langiord, il , 79,
1406 (1957).
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