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ABSTRACT

The gas phase equilibria in the reaction CF3CH,Br + I, = CF3;CH,I + IBr have been
studied over the temperature range 614—726 K. A third law treatment of the data gave
AH? (298 K)=6.6*0.5 kcal mole™!. This result led to AHF(CF3;CH;,Br, g, 298) =
—166.0 * 0.5 kcal mole™! and DH®(CF3CH,—Br) = 69.2 * 1 kcal mole™?.

These results were combined with previous data to obtain the enthalpies of reaction
for the series
CF;CF; + XCH,CH,X = 2 CF3CH X

in which X = H, I, and Br. It was found that the enthalpies of reaction became progres-
sively less negative as the electronegativity of the substituent, X, increased. These experi-
mental enthalpy changes are shown to be in excellent agreement with the net change in
electrostatic interaction energy which was calculated assuming that the CF3; and CH2X
groups in the reactant and product molecules were polarizable dipoles. The good agree-
ment supports the hypothesis that polarity does play an important role in gas phase ther-
mochemistry.

INTRODUCTION

According to group additivity principles, the enthalpy change for the dis-
proportionation reaction

CF;CF; + CH;CH; » 2 CF;CH; 1)

should be essentially zero [1,2]. The observed change, however, is —16.1
kcal mole™? [8]. Dipole—dipole interaction of the CX; moeities has been sug-
gested as a major factor in this discrepancy [3,4]. The repulsive interaction
of two CF; groups in CF;CF; combined with the attractive interaction of the
CF; and CH, groups in CF;CH; accounted for most of the observed devia-
tion.

In order to investigate further the effect of dipole—dipole interaction
energies on the enthalpy change for disproportionation reactions, the series
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of reactions
CF;CF; + XH,CCH,X - 2 CF;CH,X (2)

where X =H, I, Br, and Cl are considered. The observed enthalpy change,
where available, in each of these reactions differs from the zero expected
from group additivity. Classical calculations of the dipole—dipole interaction
energy for each species gives an estimation of the significance of dipole
effects in these reactions.

Experimental data are available for reaction (2) where X =H and I, but
are lacking for CF;CH,X where X = Br and Cl. This experimental work was
undertaken to obtain enthalpy of formation data for CF;CH,Br. A third law
treatment applied to the equilibrium data for the reaction

CF;CH,Br + I, - CF;CH,I + IBr 3)

yields the required AH;(CF,CH,Br, g, 298). Thermodynamic functions of I,
and IBr are readily available [5] and those for CF3;CH,Br and CF;CH,I have
been calculated using standard techniques [4]. Equilibrium in reaction (3)
has been confirmed by approaching it from both directions.

EXPERIMENTAL

Research grade CF;CH,I and CF;CH,Br were obtained from Penninsular
Chemical Research Company and both were distilled under vacuum several
times before use. Reagent grade I, was obtained from J.T. Baker Chemical
Company and was resublimed just before use. Research grade Br, was ob-
tained from Mallinckrodt Chemical Company and was distilled under
vacuum.

The experimental apparatus has been described in detail previously [6].
Basically, it consists of a heated 475 ml Pyrex static reactor vessel connected
to a “hot box” maintained between 98 and 108°C to facilitate the handling
of up to 40 torr iodine. Pressure measurements are conducted inside the
“hot box’ using a Pace-Wiancko pressure transducer as a null device. Pres-
sures are read either on a dibutylphthalate manometer (P < 60 torr) oron a
mercury manometer (P > 60 torr). The “hot box* is connected to a series of
cold traps to sample the reaction cell mixture for gas chromatographic anal-
ysis. The reaction cell was placed inside a wire-wound aluminum block oven
which was temperature controlled to +0.25°C by means of a variable auto-
transformer and E.P.C. 1300 series proportional controller.

In order to initiate an equilibrium study, bromine was measured into the
reaction cell. Addition of a larger pressure of iodine converted essentially all
Br, to IBr (K.q = 38 [5]). The desired mixture of CF;CH,Br and CF,;CH,I
was then expanded into the reaction cell and the total pressure measured.
After sufficient time had been allowed for equilibrium to be attained, the
contents of the reaction cell were passed through an Ascarite trap submerged
in ice water to remove I, and IBr. The remaining halocarbon mixture was then
expanded into a second trap and subjected to gas—liquid chromatographic
analysis. A 0.6 X 305 cm column (6 mm i.d.) packed with 10% Carbowax
550 on Chromosorb G-DMCS was run at 58°C with a helium flow rate of 40
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ml min~!, The air peak occurred at 1.5 min and the retention times relative
to air for CF,CH,Br and CF;CH,I were 3.9 and 10.5, respectively. The
accuracy of the gas—liquid chromatographic analysis was +2% and was deter-
mined from standard mixtures analyzed under simulated experimental con-

ditions. Peak areas were determined by the peak width at half-height meth-
od.

RESULTS

Data for the equilibrium study of reaction (3) are presented in Table 1.
Assuming that all Br, initially present is converted to IBr, the initial pressure
of IBr is given as twice the pressure of Br, introduced. The pressure of I,
remaining after formation of IBr is then

PIiz=P;2_PBrz

where Pi’z is the pressure of iodine introduced. After reaction, the final, or
equilibrium, pressures of IBr (Pfg,;) and L, (Pf,) are given by

P?BI=P%RE+APRI
P, = P}, — APpg;

where
P if-1 P e -1
APRI=PT [1+( RBI)] _PT[I +( RBI)}
Pz Pgy
TABLE 1
Experimental data for CF3CH,Br + I, = CF3CH,I + IBr
T Run P§, Py, Pr L R.Br)i Time (PRBr)e
(X) no. Pg (h) Pg1
(torr) (torr) (torr)
614 4 19.11 3.62 19.27 4.60 7.08 19.00
9 19.758 1.65 38.08 7.90 13.58 8.95
8 18.60 0.90 23.50 5.80 12.75 6.70
5 18.30 0.90 17.356 6.80 8.92 7.60
24 17.85 3.15 16.00 28.42 3.33 39.43
25 21.46 1.04 23.00 28.42 3.92 1249
26 21.42 1.08 2.50 28.42 4,17 15.13
28 22.50 2.00 16.00 42.61 4.25 17.37
29 23.27 3.23 3.00 42,61 10.83 31.71
658 16 20.09 1.31 23.60 11.11 1.00 9.52
17 20.70 1.69 21.11 11.11 2.00 12.00
18 20.96 1.23 23.31 5.48 1.00 7.70
19 20.50 1.19 23.21 5.48 2.00 7.28
726 21 20.77 1.23 16.73 11.11 0.25 8.40
20 20.31 1.31 21.88 5.48 0.25 7.62
31 25.88 2.62 6.00 13.56 0.25 11.07

30 22.00 2.50 11.00 13.56 025 11.91
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and

Py = Pgp, +Pp;

Table 2 gives the values for —RTIn@ in which & is the ratio of the partial
pressures of the products to reactants for both the initial, @;, and the equili-
brium, Q., reaction mixtures. One expects that Q. = K, for this reaction;
however, it is evident from the values of —RTInQ. in Table 2 that there is
considerable scatter in the values of @., of the order of 20—40%. This large
variance is most likely due to side reactions, quite probably the slower bro-
mination of CF;CH,Br and/or CF;CH,I. In order to show that @. does
indeed approximate K, the initial pressures ratios of (Pgg;/Pr1)' were
adjusted so that reaction (3) took place in both directions thus assuring that
the @; values bracketed K.

Equilibria data with a variance of 20—40%, such as determined here, can
not be used in a van’t Hoff plot to calculate AS; and AH, accurately; how-
ever, the Gibbs Free Energy changes, AG?, can be determined to £0.5 keal
mole™! and if AS? is known, AH? can be obtained. The ideal gas thermody-
namic functions for IBr and Br, are known [5] and those for the two halo-
carbons have been calculated for this work [4]. Table 3 summarizes the
important thermochemical data.

Experimental values of AH; and AH, are given in Table 2. They were ob-

TABLE 2
Results of the equilibrium study of CF3CH,Br + I, = CF3;CH,I + IBr
T AS? Run —RTInQ —RTInQ. AH;? AH,®
(X) cal mole™? K™ No.
(kecal (kcal (kcal (kcal
mole™1) mole™1) mole™1) mole™1)
614 1.60 4 2.79 5.21 >3.8 6.2
9 4.63 5.04 >5.6 6.0
8 4.92 5.40 >5.9 6.4
5 5.10 5.40 >6.1 6.4
24 5,12 5.56 >6.1 6.6
25 6.87 5.36 <7.9 6.4
26 6.82 6.00 <7.8 7.0
28 6.57 5.30 <7.6 6.3
29 5.96 5.59 <6.9 6.6
658 1.62 16 5.73 5.70 ~6.8 6.8
17 5.42 5.46 ~6.5 6.5
18 4.96 6.02 >6.0 7.1
19 4.97 5.90 >6.0 7.0
726 1.63 21 5.30 6.34 >6.5 7.5
' 20 6.45 6.41 <7.6 7.6
31 5.91 5.59 . <71 6.8
30 5.72 5.50 <6.9 6.7

a AH; =—RT In Q; + TAS;> or < indicates that AH? is > or < AHY.
b AH,=—RTIn Q. + TAS; an estimate of AH.
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TABLE 3
Thermochemical data

AHY(g,298)  S%(g, 2 298) Cp(g, 700)
(kcal mole™!) (cal mole™® K™!) (cal mole™! K1) (cal “mole~1 K1)

CF3CH,Br 80.6 [4] 21.6 [4] 33.5 [4]
i, 14.9 [5] 62.3 [5] 8.8 [5] 9.0 [5]
CF5CH,I —154.3 [7] 82.5 [41] 21.8 {4] 33.6 [4]
IBr 9.76 [5] 61.9 [5] 8.7 [5] 9.0 [5]

tained by adding TAS to the appropriate —RTIn@ values. The AH; values are
upper or lower limits to AH; depending on whether the reaction of the ini-
tial mixture proceeds to the right or left, respectively. For example, in run $
of Table 2, the reaction obviously proceeds to greater partial pressures for
the reactants so that Q; > K, and therefore AH; > AH, as indicated in Table
2. Similarly, in run 29, @; < K, so that AH; < AH;.

The average value for AH, is 6.7 £ 0.5 kcal mole and this valu is con-

PP Ry RURe S B SR & U i p |

set tes 3 Y% am at we can con

sistent with the upper ana lower limits se L DYy \.ue L.\n s so that we can con-
clude that AH;(3, 650) = 6.7 + 0.5 kcal mole™* and since (ACp) = 0.13 cal
mole~! K ! then AE(3. 9298) = 6.6 * 0.5 keal mole™!

9 VIiCIL Mdilp\U,y, 44U Vel = W.u Dvdal lilvase

DISCUSSION

The result AH;(3, 298) = 6.6 = 0.5 kcal mole™ may be combined with the
data of Table 3 to yield AH;(CF;CH,Br, g, 298) = —166.0 £ 0.5 kcal mole™..
This result will also yield the C—Br bond dissociation energy in CF;CH,Br as

AHZ(3, 298) = DH®(CF;CH,—Br) + DH°(I—I) — DH°(CF,CH,—I) —

DH® (I-Br)
Since DH°(I—I) = 36.1 [5], DH°(I—Br) = 42.4 [5], and DH°(CF;CH,—1I) =
56.3 [8] kecal mole™!, then the above equation gives DH®(CF;CH,—Br)

20 9 o Tranl v mIasn—1
69.2 £ 1 kecal mole

Group additivity [1,2] predicts that the enthalpy, intrinsic entropy, and

heat capacity changes for disproportionation reactions of the type
I aispr 5 P

RXXR + SXXS - 2 RXXS (4)

should be essentially zero. However, Table 4 lists some disproportionation
reactions involving halogens in which the enthalpy of reaction is not zero.
Past explanations of deviations from additivity have centered around ‘“non-
near neighbor interactions”, but the magnitude of the energy differences
between the gauche and trans isomers in the 1,2-dihaloethanes [9] make it
unlikely that such steric terms can account for the deviations observed in
Table 4.

Rodgers and Ford [3 4] had earlier suggested that the deviation found for

Llancd asmmadl PRty P~ I Fe°N e 4 ASemATA A3 T - Az AT
bllc .Ll..l.'bll lcdbb-lull l.ll- J.d.U-lC ‘t couia e uu.t: LU LipulcT ulpule a.uu. uipuic

induced dipole interactions associated with the very polar CF; group. Clas-
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TABLE 4

Enthalpies of reaction, AH? , and net electrostatic interaction energies for five dispropor-
tionation reactions

No. Reaction AH? AUy
(kcal mole™!) (kcal mole™!)
1 CF,CF5 + CH;CHs - 2 CF3CHj —16.1 —17.7
2 CF,CF, + CH,ICH,I ~ 2 CF3CH,I —3.6 —2.4
3 CF,CF3 + CH,BrCH,Br - 2 CF;CH,Br —1.5 —1.1
4 CF,CF5 + CH,CICH,Cl - 2 CF,CH,Cl 0.0
5 CF3CF + CH,FCH,F - 2 CF3CH,F 0.4

sical electrostatic calculations [10] were carried out for this reaction with
the results shown in Table 4. The good agreement obtained in these calcula-
tions stimulated our interest to test this hypothesis further. The experi-
mental data reported here and in our previous studies [7] have resulted in
experimental values for the enthalpy changes in reactions 2 and 3 in Table 4
so that we can now extend the comparison between experiment and calcula-
tion to two more reactions.

In these calculations, the CF; and CH; groups are treated as single resul-
tant dipoles lying along the C—C axis at the midpoint of the projection of
the C—X bond length on the C—C axis. The CH,X groups are also treated as
single dipoles but lying along the C—X bond with center at the midpoint of
that bond. The polarizability of each cipole is estimated from molar refrac-
tivity [11] and is assumed to act only along the dipole axis, i.e. only the
parallel component of the polarizability is used. Finally, the 1,2-dihalo-
ethanes were assumed to be in the trans configuration. A summary of the
initial dipole moments and their polarizabilities are given in Table 5. The cal-
culated dipole—dipole interaction energy for each molecule, Uy, is given in
the last two columns of Table 5. This energy is a result of two terms, the
first is the electrostatic interaction of the two resultant induced dipoles at

TABLE 5

Data and results for dipole—dipole interaction energy calculations

R dg—x2 P or© Ucrs—R Ur—r
(X) (D) (X1072%cm3®)  (kcalmole™!) (kcal mole™!)
—CF; 1.33 1.4 2.3 4.5 4.5
—CH, 1.10 0.4 2.0 —6.4 0.4
—CH,I 2.14 1.19 7.1 1.4 0.7
—CH,Br 1.63 1.38 Ba1 2.3 1.2
—CH,Ci 1.78 146 4.0 3.0 1.5
—CH,F 1.38 14 2.1 3.3 1.7

2 Distances taken from ref. 13. The C—C distance was taken as 1.52 A in CF3CHj3 and
1.54 A in all others. All C—C—X angles were 110°.

b Bond moment from ref. 11.

¢ Polarizability calculated from electron group refractions in ref. 11.
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their bond distance, and the second is the work of polarization [10]. The net
change in electrostatic interaction energy, AUy, for each reaction has been
obtained from these data and is summarized in the last column in Table 4.

Again, the comparison between the experimental values and AU, for the
first three reactions in Table 4 is excellent and supports the hypothesis that
electrostatic interactions play a significant role in the gas phase thermo-
chemistry of polar compounds. Indeed, Benson and Luria [12] have found
that electrostatic interactions may be important in the thermochemistry of
hydrocarbons, i.e. non-polar compounds, as well. However, our calculations
differ from theirs in that we must include polarization effects directly. This
is most likely a result of the very polar and polarizable nature of the halo-
gens.

The good agreement obtained between AH;(298) and AUy for reactions
1—3 in Table 4 make it reasonable to assume that AH;(298) = AU, for reac-
tions 4 and 5 too. Thus, one can calculate AH;(CF;CH,CI, g, 298) = —176 +
1.5 kcal mole™ based upon AH; = 0, AH{(CF;CF,, g, 298) = —320.6 [14],
and AH3(CH,CICH,Cl, g, 298) = —80.7 [15] kcal mole™!. From reaction 5 of
Table 4, one can calculate AH;(CH,FCH.F, g, 298)=—107 = 2.5 kcal
mole™? based upon AH; = 0.4 and AH(CF;CH,F, g, 298) = —214 = 2 [14]
kcal mole~!.
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