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KIRETICS OF THI PORMATION OF TEZ FERRIC CHLORIDE COMPLEX

By Robert E. Connick and Claude P. Coppel

ABSTRACT

A previously deseribed spparatus for rapidly mixing two solutions

++4

has been used to study the kinetics of the reaction: Fe +C1” = peci?™t

in agueocus solution. The forward rate law has been determined to be

a(rec1*™) i (Fe™)(c17)
— - kl(re“*)(m. ) + &, o

At 25°C and an ionic strength of 1.0 M the values of k; and k, are 9.k
+ 1.0 g"l sec™t and 18.0 + 2.0 sec™d, respectively. The heats and
entropies of activetion were calculated from the varistion of the rate
with temperature. Mechanisms for the observed rate law sre discussed
and the rate constunts and entropies of activation are compared with
those for the analogous thiccyanste reaction. A lower limit for the
rate of chloride complexing of iron (III) in 3 M sedium chloride has

been obtained from nuclear magnetic resonence studies and compared with

the results of the spectrophotemetric kinetics studies.
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study, obtained values of Ql and QE at zero ionic strength and 2506,
of 30 + 5 and 4.5 + 2, respectively, and from the ionic strength
dependence deduced;

3wﬂt

(3) log@, = 1.51 - -
1+ l.S'fp.

+ 00295 11

where u 18 the ionic strength. Their temperature dependence results

gave a value of A, of 8.5 + G.2 kesl/mole at an ionic strength of

1
0.61. Olerup5 obtained & value of Ql,Of 5.7 at 20°C snd p = 2.0,

(3) H. Olerup, Svensk. Kem. Tidskr. 55, 324-33 (1943).

v

which i3 to be compered with the value of 5.5 atﬂ250 calculsted from
Equation (3) fai an ionic strength of 2. Correction of Olerup's valus

to 25° using the Aﬁl velue discussed later yilelds 6.5 for Ql. Values of
Q1 calculated from Equation (3) were used in the present work. Under the
conditions employed by Rabinowitch and Stockmayere the polymerization of

hydrolyzed ferric ionh was negligible, both optically and stoichiometrically.

(4) R. M. ¥ilburn and W. C. Vosburgh, J. Am. Chem. Soe. 77, 1352 (1955).

The work reported here wes carried out at an ionic strength (u)
of 1.0 ¥ where the value of Q obtained from Eguetion (3) is 4.0% st

25°C. Thie high ionic strength as compared to 0.40 used in the ferric
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thiecyanate studyl was necessery because of the high acidities required
tc elimipnate light absorption of hydrolyzed ferric species in the region
of ferric chloride sbsorption.

The AH, value (Equation (1)) of 8.5 + 0.2 keal reported by
Rabinowiteh and Steckmayerg wes not used because their dete indicate
that somevhat more than 20% of the total ferric icn was present as recl™t
and ca 1% as Fe012*+. Under these conditiéns the method of calculation
which we infer from their paper would not yield accuraste equilibrium
glotients. Sinéé ne other valuebwas available,-ﬂﬂl was remeasured, as

deseribed under ggggrimanta 3 the value fmundrwaé 6.0 + 0.1 kecal.

Hydrolysis of Perric Ion. All date were corrected for the hydrolysis

of ferric ion. Milburn_and Vosburgha found the principal equilibriaz to be

(reo™™) (5")
(u) re' Tt 4 H2@ = PeOE™t 4+ y* QH = i}
(Fe*)
4
(¥e, (CH) M )
(5) oPeoH’ = ?eQ(OH)B+h Q = 2. e ,
(recr™)?

with Q (25°%C, 4 = 1.0} = 1.65 = 10~ and N (25%, p = 1.0) = 711. The

eguilibrium quotients were corrected to other temperatures using M

5,6

values of 10.2 and -8.26 kcel/mole respectively, measured for an

(5) T. H. 81ddall and W. C. Vosburgh, J. Am. Chem. Soc. T3, 4270
{19%1).
(6) R. M. Milburn, J. Am. Chem. Soc. 79, 537 (1$57).

ionic strength of 1.00.



Interpretation of Rute Data

As e ressomsble working hypothesis, it was assumed that the rate

law Por the ferric chloride complex formation could be written as

(6) e Tt 41" & k > FeCl™t
the integrated rate law being
_ 2.303 (Fec1™) - (Fec1™)
(7) -Xt = : ]__og . !

[ 4t o P
%',(Fe ) + l/Q,l] (PeC1 )m - (FeC1 )0
where.(Fe+++) is assumed to be constant. Under the experimental

conditions used, with s value of Ql of about 4 and ferric and chloride

5 M, respectively, very

ion concentrations of 8 x 107 M and & x 107
little of either the ferric ion or chloride ion is complexed, and
therefore the linearity of & log {(FeCl++)a) - (Fecl**)} vefsus
time plot does not test directly tﬁe dependence on (Fe+3) and (C17).
Such linesrity does establish, however, a first order dependence on
(Pec1™) for the reverse rate. Such plots of the experimental data
were in general linesr, devistions being present randomly owing to
various experimentel limitetions.

Ferric and Chloride Dependence. Direct verification of order with

respect to ferric and chloride ion concentreiions was obtained by
varying the initiel concentretions of these ions and compering the
k vslues calculsted using Bquation (7). The quentity (Fe+§) in the
denominator was almost negligible, i.e., 4 percent or less of 1/Q1,

and it waes not necessary to know it with sny great accurscy, nor to
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know the mixing ratio accurately. Teble 1 shows the data for runs made

at verying ferric snd chloride ion concentrations. At a given acidity

it is seen that the assumed rate law fits the data within the experimental
accuracy but that the rete increases with decreasing acidity. These results
in conjunction with the linearity of the log '[(FeCl*+)°0 - (Fec1t™))

plots demonstrate the first-order dependence on ferric and chloride ion
concentrations over the acidity range investigated. The k values at

25°C in the last column of Table 1 were calculated fram those in column

$

5 using the A" values which will be discussed under Temperature

Deggndence.



Table 1

Kinetic Data on Perric and Chloride Dependence (for u = 1.0)

Temp ZFe(1II) £C1 (x") ' ® (25%)
°c) (M x 103) (M x 105) (M) (g'l sec’l) (g!_'l sec-l)
24,11 9.0 4.3 0.89 26.8 1 29.9
23.7 9.5 4.3 0.89 25.0 29.4
23.41 5.0 4.0 0.90 22.6 27.h
22.06 2.0 18.5 0.90 20.0 28.7
22.96 5.6 5.5 0.90 20.1 26.2
22.41 8.5 4.7 0.156 88.5 125.8
23.68 8.2 4.6 0.156 95.0 113.2
25.75 1.7 k.5 0.156 130.1 118.0

- 24.80 1.7 k.5 0.156 109.1 112.0
22.8 3.1 15.9 0.0622 183 261,
27.9 8.1 b7 0.0622 259 227

26.6 3.4 15.k 0.0622 228 253
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Aeld Dependence. Figure 1 shows & plot of K at QSQC veraus

l/(H+). Except for the points et lowest hydrogen ion concentration,
the plot is linear with & finite intercept at 1/(BY) = 0, end can be
interpreted as representing the following rate law
++ -
a(recl’ ) Fe™)(c17)

= k. (Fe ) (1"
- 1(FeT)(C17) + K, )

where k = kl + kg/(H+) and the back reactions have been cmitted for
simplicity. The values of k at (H') = 0.90 and 0.311, which were teken
from the temperature dependence dats (see later), were given more weight
vecause they represent entire series of runs.

A%t the lowest hydrogen ion concentratién studied (0.0622 M)
gignificant deviations from the linear relationship appear. These
are believed to be dus to mixing limitaticn$ which become important
2t these low ecidities, i.e., the slowness of mixing beecomes partislly
rete determining. At this acidity and at sweep frequencies of 60 cps
the reactlion could only be observed for epproximately two sweeps; the
mixing process itself took about 1 sweap.(lG milliseconds) for 8%%
mixing.

The intercept and slope of Figure l give values of kl = 9.k + 1.0 g'l

and kg = 18.0 + 2.0 wec'l.

s@c
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Figure 1. The Acid Dependence of k at 25°C and g = 1.0.




Temperature Dependence.

«lOw

Experiments were run covering the

temperature range 16% to 32°C; the results ere shown in T-ble 2.

Table 2

Temperature Dependence Results (at y = 1.0)

Temp sPe(111)% (zc17)® (5") X
(%) (4 x 10%) (M x 10°) () @t sec™d)
31.29 6.3 'R 0.90 59.3
31,74 6.6 4.7 0.90 66.5
23.95 6.9 4.6 0.90 24.8
18.16 6.k 4.8 0.90 12.2
15.97 8.0 b7 0.90 9.45
31.72 7.8 4.8 0.90 69.1
25.05 8.0 4.8 0.90 30.4
22,23 8.0 b7 0.90 20.0
31.45 7.9 b7 0.511 154.7
16.97 7.6 4.8 0.311 23.0
24.00 7.8 b7 0.311 62.9
18.40 7.6 k.8 0.311 28.2
21.2% 7.7 4.8 0.311 40.5
26.24 7.5 h.9 0.311 Th.3
Tk 49 0.311 161.2

32.28

Bpotal stoichiometric concentration
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Bacause of the hydrogen ion dependence of k the runs were made at

two acidities. From the date in Table 2 and the first five experiments

of Table 1, & plot was made of log K/T°K versus 1/T9K for the two acidities.
8ince the data showed no significent signs of curvature, the best fitting
sbtraight lines were drawn. The average deviation from these lines was

less then 5%. Values of k were taken from this plot at three temperatures
corresponding to 1000/T°K = 3.28, 3.36, and 3.4k, and from these were
calculated values of kl and k2 at these three temperatures. Figure 2

shows a plot of log kl/ToK versus 1000/T°K and similerly for k. From

the slopes of these lines, Aﬁl# = 16.6 + 2.0bkcal/mole‘and AKQ# = 23,3

+ 2.0 kcal/mole were calculated. The corresponding entropies of activation

at 2500 are AS.T = 2 + 6 e.u. and ASQ# =25 + 6 e.u. The values of k, =

1 1
9.k g‘l sec“l and k, = 17.5 sec™t from this plot are in good agreement

with the values 9.4 and 18.0 obtained from the hydrogen ion dependence
results. The uncertainiies were obtained by assuming a possible error

of 10 percent in k, and kg at the high and low temperatures.

1
Recently King and Gallagher7 have mede calorimetric measurements

(7) E. L. King and P. Gellagher, private communication

on the heat of reaction (1), AH,, and found a provisional value of ca

l’
4.6 + 0.4 kcal rather than 6.0 kcal measured here. Use of their value
would lower £Hl¢ and AH2¢ approximately 1.4 kcal and lower Asl¢ and

A82+ spproximately 5 e.u. The source of the discrepancy in the Aﬁl
values is not certain. Our spectrophotometric value could be in error
through failure of the assumption that the molar absorptivity of FeCl+2
is independent of temperature; the calorimetric value is relatively

sensitive to errors in the equilibrium quotient of reaction (1) at 250.
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Figure 2. The Temperature Dependence of k, (Curve 1) end k, (Curve 2).
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Discussion of the Rate law

Mechanisms anslogous to those of the thiocyanate reactionl can be
proposed for the two terms of the ferric chloride rate law:

- ky

<

2

+4+ ++
(a) Fe(H20)6 + Cl > Fe(HQO)SCl + K0

5

B

—————

+

(v) Fe(H20)6+++ Fe(320)50H++ +E

++ - 3 +
Fe(Hgo)soH + Cl > Fe(HQO)hOHCl + H0

+ + ++
Fe(HQO)hOHCl +H Fe(HQO)SCl

where ky = kQ/QH' Mechanisms could also be proposed involving hexa-
coordinated activated complexes, where water is released before the

complexing ligand enters in the rate determining step.

L -1 -1 N

The value of k, at 2500 and 4 = 1.0 is 1.1 x 10 gf gec ,

)
compared to k, = G.k g‘l sec™t. From electrostatics, FeOH'' would be
expected to react with €1~ more slowly than does Fe+*+, vhich is opposite
to the observed result. This same situstion eﬁists in the thiocyanate
case and was interpretedlas being due to the weakening of the bonding

of the hydrated waters by the negative OH , thus permitting easier

entry of the thiocyanate ion into the coordination sphere, or to some

3

electronic interaction of the OH with the Fe+ » resulting in faster

resction with C1~. It might be argued that the greater rate of the
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hydrolyzed species 1s evidence for a six-coordineted activated complex.
The more facile release of electrons from the OH group to the ferric
ion could help to compensate better for the incomplete bonding of the
incoming chloride ion, relative to the corresponding behavior of HEO.
It can be argued equally well, however, that the same effect would
operate in the case of the seven coordineted activated complex, where
the incomplete bonding of the incoming and leaving groups would be
similerly compensated;

A comparison of the kinetic pafameters of the chloride and thiocyanatel
reactions in Teble 5 is instructive. It is to be noted that the relative
values of kl follow the stabilitles of the complexes rather than the
prediction from electrostatics. The more stable and therefore more
strongly bonded thilocyanate complex forms more rapidly than the chloride
complex. On an electrostatic model, the thiocyanate ion would be expected
to be attracted less strongly than chloride ion since the charge in SCN~
is probebly spresd out through the ion. The weaker hydration of SCN~

would, of course, work in the opposite direction. In contrast to the kl

values the ke values are nearly equal.



Table 3
Comparison of Ferric Chloride and Perric

Thiocyanate Kinetic Parameters

Chloride® Thiocyanateb
K oub + 1Mt sec™d 127 + 10 ML gec”?
k, 18.0 + 2 sec™ 20.2 + 2 sec™
kl' 2.3 + 0.2 sec” 0.87 + 0.07 sec™t
k' b5 + 0.5 M sec™ 0.138 + 0.014 M sec™
aﬁl,* 10.6 + 2.0 keal 14.6 + 1.4 keal
oM, % 17.3 + 2.0 keal 21.8 + 1.4 keal
ASI,# -21 + 6 e.u. -10 + 5 e.u.
ASQ.% 2+ 6 e.u. 10 + 5 e.u.

® Ionic strength 1.0 M

b Ionlc strength 0.40 M
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Until the discrepancy in AHl for the chloride reaction is resolved

4
(see above), it is useful to consider AH1.¢ AH2.¢, ASl.*, and Asz.*,

i.e., the quantities for the rate of decomposition of FeCl++ and_FeSCN++,
which are nearly independent of the choicevof aal. These values are
listed in Table 3. The entropies of activation for the chloride

complex decomposition reaction are 11 and 8 e.u. more negative than

for the corresponding thiocyanate reac-tioh.8

(8) Although these differences are within the limits of uncertainty

of the individual entropies, they are believed to be significant when
congidered together. The large uncertainty in the individual values

arises from the resolution of the rate data into two separate rate

constants.

The difference in ionic strength would not be expected to produce
this large a change. The explanstion lies perhaps in the greater
localization of charge on the €1~ than on the SCN~ so that the
electrostatic effect of separation of charge in the activated complex
involving chloride 1s considerably greater than with thiocyanate.

The smallness of the entropies of activation would imply that the
solvent is considerably oriented in the asctivated complex in

restricted configurations copducive to the separation of the ions.

\
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Rate of Chloride Complexing from NMR Measurements

Paramagnetic ions in solution cause a broadening of nuclear magnetic
resonance lines of other nuclei because of the relaxstion of the nuclear-
spin in the changing local fields of the paramagnetic ion. It is possible
to measure lifetimes of states from such line broadening measurements.

35

Wertzg has measured the broadening of the Cl1”” resonance by several

(9) J. E. Wertz, J. Chem. Phys. 24, U84 (1956).

parsmagnetic ions. Perric ion produced a very large broadening effect,
whereas chromic ion at the same concentration produced no observable
broadening. Since chromic chloride complexes form and dissociate only
very slowly, it is inferred from the above results that the repid relaxation
caused by ferric ion must be occurring almost entirely in the first
coordination sphere. One can then deduce that the relaxation rate of the
chlorine nucleus is equal to or less than the rate at which chloride ion
enters the first coordinetion sphere of ferric ion.

The broadening of the full width between mexima on the derivativei

35

of the absorption curve of C17” in 3.0 M sodium chloride containing 0.1 M

3

ferric ion was messured to be Av = 1.4 x 10 sec"l at 9600 gauss. Using

the expressionlo
1

drﬁnéw

T2 =

(10) N. Bloembergen, W. W. Hensen and M. Packard, Phys. Rev. 70, 474 (1946).
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one calculates the transverse relaxation time to be 1.3 x l!.O-,+ sec.

11,12

Presumably this is an upper limit to the lifetime of an uncomplexed

(11) H. M. McConnell and S. B. Berger, J. Chem. Phys. 27, 230 (1957).

(12) R. E. Connick and R. E. Poulson, to be published.

chloride ion before it becomes complexed by ferric ion in the solution.

From Gamlen and Jordan'sl5 data it is estimeted that in 3 § cL”

(13) G. A. Gemlen and De. O. Jorden, J. Chem. Soc. (1953) 1435.

the complexes presenc are epproximately: 10% FeC1++, 30% ?eC12+,
and 60% FeCl5. Under these conditions it seems reasonable to hypothesize
that the principal mechanism for entry of chloride ions into the first

coordination sphere of the iron will be:

k'

.+ - .
FeCl2 + Cl > FeC.L5

and the rate of randomization of nuclear spin configurations will be

4
o -
M) L ™) (recr ) = k (17%)
dt 2

where the ssterisk indicates a particular spin configuration. Therefore
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K'e —S a L = 3 x 10° ML gect
+ +
(Fec12 ) Te(FeCla )

In the spectrophotometric study the following rate constants were

measured
+4++ - ! ++ -1 -1
Pe + Cl > FeCl k), = 9.4 M sec
k,
FeoH™ + c1” —2 FeorCL" kg = 1.1 x 10* 17t sec™l,

On the basis of the hydroxide catalysis of the First ferric chloride
complex formation, one would expect the presence of chloride on the
ferric ion to catalyze further chloride addition also, and therefore

the second order rete constant for formetion of higher complexes would
be greater than kl. Thet k' is at least ca 30-fold greater then k5 may
be plausible, but it is also possible that the next higher complex is
involved, i.e.,, the chloride ions exchange on the iron by addition of

C1” to FeCl; to form FeCl,". It is unfortunate that the MR measurements
are not sensitive enough to detect the relaxation where only the first

complex is important.

EXPERIMENTAL

Apparatus and Procedure. All experimental apparatus and procedures

involving the fast mixing device were identical to those reported in the

earlier ferric thiocyansate study.l In the present work, only the box
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type baffle was used. Since the earlier experiments, it has been learned
that bubble formation is not caused by the presence of dissolved gases

in the reactants but rather by the presence of gas pockets trapped on the
mixer surfaces. Two types of experiments were carried out to demonstrate
this effect. PFirst, outgessed solutions were put into the dried mixer

by gravitational flow, the mixer being at one atmosphere pressure. When
fired, extreme bubble formation was observed, indicating that wall effects
were very important. The next step was to attempt theelimination of

such effects by filling the mixer under vacuum with previously outgessed
solutions, i.e., by the normel filling operation used in the kinetic
gtudies. This mode of filling is known to eliminste bubble formetion.
Once the mixer was filled, water saturated with air was forced in at the
bottom of the mixer, displacing the outgassed water which was taken cut

at the top of the mixer. Care was taken thét no bubbles entered the mixer.
The introduction of air-saturated water was continued until several times
the volume of the mixer had been displaced at the top. The bulk of the
water inside the mixer was now air-saturated and no bubbles had been
introduced. When the mixer was fired no bubble formetion was observed,
thereby demonstrating thet bubble formation is not due to dissolved gases.
This result does not immediately show & new method for avoiding bubble
formation. The filling process described in the experiment above 18 not
practical and in actual kinetic runs it seems probable that vacuum
filling with outgassed solutions will continue to be used. It might be

possible to coat the walls in such a way as to eliminate bubble trapping.
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Reagents. All reagents were prepared by methods identical to
those used in the ferric thiocysnate study,l with the exception of
the sodium chloride solution. Stock sdlutions of approximately 0.5 M
sodium chloride were prepared by weight from the dried analytical
reagent salt and checked by gravimetric analysis.

Analytical Procedures. The extent of reaction was determined

spectrophotometrically as a function of time from the oscilloscope
trace. The quantity log {(FeCl++)oo - (F@Cl++)] (see Interpretation
of Rate Data) equals log [log (xb/xoo) - log (xb/x)] where x, X__
and x are the linear displacements on the oscilloscope of the blank,
sample at infinite time, and sample, respectively, relative to the
dark current.l Although no further experimental date were necessary
in order to cslculate K, it was desirable to0 check the experimental
conditions. After each run a sample was removed from the mixing
apparatus. The optical density of this sample was measured on a Cary
spectrophotometer and this value was then compared with the value
calculated from the traée on.the oscilloscope of the kinetic run. The
agreement was in general good to about 5% and this was taken as evidence
that the sample removed was & good meesure of the final equilibrium
state of the sample observed kinetically during the run.

A portion of the removed sample was anelyzed for total Pe(III)
by adding excess sodium thiocymnete and observing the spectrum.l
Prom the known total Pe(III) and the known initial concentration in

the ferric solution & mixing ratio was calculated, and in turn the
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total (C1”) was obtained. Using the total Fe(III) and Cl™ concentrations

and the equilibrium quotients for hydrolysis, dimerization, and complexing,
the concentrations of Fe+++, FeOH++, Fe2(03)2+h, and FeC1* vere calculated.
From these and the previously measured molar extinction coefficients (Table 4),
the total optical density of the sample was obtained and compared with that
measured on the Cary. This comparison was generally good to about 5%,
indicating that the sample composition was that expected.

Molar Extinction Coefficients. In checking the concentrations of

the kinetic runs it was necessary to know the molar extinction coefficients
of all species present in the reacting solutions. Rabinowitch and Stockmayer'52
spectrophotometric study was primarily at wave lengths above 40O mu.
Because of the low absorption of PeCl™ above 400 me, it was necessary
to work betvween 300 and 40O mu and to determine the molar extinction
coefficients in this spectral region.

Three solutions were prepared, each containing 0.003764 M
Fe(Cth)5 and each at an ionic strength of 1.15. These solutions |
had hydrogen ion concentrations (uncorrected for hydrolysis)of 0.250,
0.0528, and 0.0308 M. Using Milburn and Vosburgh'sh values for O
and Qp, the concentrations of Fe+++, FeOH++, and Fe2(03)2+u were
calculated. The optical densities of these solutions were then measured
in 2 cm cells on a Beckman Model DU spectrophotometer at 25 + 0.1%.
Milburn and Vosburghu had reported molar extinction coefficients for
the three ferric species at 340 mu: €F€+++ = 2,8h, €peon™ = 925, and

€pe_(OH) +4 = 3000. A check was made by calculating the optical density
2 2 ' .
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of the-three solutions and comparing the results with those obtained

experimentally. The results are shown below:

+
Solution Z(H) Dexp. DCa,lc
(2.00 em cell)
1 0250 0.0686 00,0682
2 0.0528 0.276 0.280
3 0.0308 0.512 0.512

Using the calculated concentrations of Fe+++, FeOH++, end
Fe2(03)2+h, and the measured opticel density values for the three
solutions, the molar extinction coefficients shown in Columns 2, 3, and

4 in Table & were obtained.
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Table 4
Approximate Molsr Extinction Coefficients Used

for Checking Concentrations

hy epet> “peon™® €Fe2(oxi)2“" €pec1t? °
390 0.61 81 1.48 x 10° 2.38 x 10°
380 0.63 129 4.3 x 10° h.28 x 10°
370 1.00 194 1.03 x 10° 7.02 x 10°
360 1.59 346 1.75 x 10° 1.06 x 10°
350 1.97 545 2.72 x 10° 1.hk x 107

®Milburn and Vosburghh give 0.90 and 1.20 at 360 and 350 mu, respectively.
bﬁ.pproxima’ce values read from a graph of Olerup's data reproduced in
Reference 13 are 200, 450, 750, 1000, end 1300, respectively, for the

wave lengths listed.
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To obtein the molar extinction coefficients for FeCl'™ a solution
identical to the high ecid solution (0.250 M H+) used above was prepared
with the addition of 0.0555 M NsCl. Under these conditions, higher
chloride complexes (e.g., Fe012+) are relatively unimportant. Using
Rebinowitch and Stockmayer'32 approximete velue for QE it is seen
that the concentration of Fe012+ is less than 5% of the concentration of
FeCl++. Neglecting the presence of FeClQ+, the meesured optical density

values and the calculated values of Qg QD’ Q) eFe+5, eFe0H+2’ Spe_(0H) +4
2 2

gave the €reor ™ values shown in column 5 of Table 4.

Although this method of obtaining the molar extinction coefficients
is not highly precise, it does give a consistent set of values which may
be used to check optical densities of experimental solutions. The
individual vslues may well be in error by ten percent.

The comparison of the values in Table 4 with those reported by other
workers indicates satisfactory agreement within experimental limits of
error. These molar extinction coefficients were checked several times in
later experiments by meking known solutions and comparing experimental
and calculated optical densities, with the agreement usually being within
4.

Measurement of Aﬂl (see equation 1). A ferric chloride solution

was prepared containing 0.01222 M Fe(Cth)B, 0.0111 M NaCl, and 1.298 M
HCth, giving en ionic strength of 1.382. Equilibrium quotients for
hydrolysis and dimerization of Fe{IIIl) were calculeted from the ionic
strength dependence equations of Milburn and Vosburgh.h Using these

5

values of QH = 1.55 x 10 ° and QD = 886 and the molar extinction coefficients

previously discussed, Ql could be determined as a function of temperature
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by optical density measurements. The wave length used wes 370 mpy where
the total optical density due to Fe+++, Feor™, and FeE(OH)2+k is less
than 4% of the total optical density. Purthermore, the amount of ferric
hydrolyzed and complexed was very small (about 6%) and corrections on
(Fe+++) became almost negligible. It was asgumed that the molar extinction
-c0efficients did not change with temperature or with ionic strength.

The measurements were made on a Beckmen Model DU spectrophotometer
with & thermostated cell holder, using quartz cells. The tempersture
in the cell was held constant to + 0.1% over a temperature range from
22°C to hSOC. The temperatures were measured to + 0.02°c with a thermistor
placed inside the cell. Figure 5 shows a plot of log Ql versus lOOO/ToK..

The data fall on a straight line, the slope of which glves M., = 6.0 + 0.1 kcal/mole.

1
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Pigure 3.

The Temperature Dependence of Ql.





