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to our proposed model can interact directly with one 
another. 2 2  The presumed antiferromagnetic behav- 
ior20,21 then may arise by direct metal-metal interaction 
and/or by super-exchange via the bridging halogen 
atoms. 

(22) This bonding description also is applicable to  H o l d s  (ZrzXs),, 
model397 of alternating short and long interatomic distances. The local 
point group symmetry about each zirconium is decreased to  CsV for which 
the s, pa, and d,* orbitals transform as AI,  and the three pairs (pz, py), 
(d,2...1/2, dzy) ,  and (dZE, dyJ as E. Similarly, after o-bonding the three 
orbitals remain on each zirconium with the symmetry AI + E. The non- 
equivalent bond distances will result in the energy levels splitting into gaps of 
bonding and antibonding states; if the dimeric ( Z r ~ x s ) ~  units are suf- 
ficiently separated from one another, the interaction of the zirconium atoms 
can be considered as distinct pairs. Since for a given (ZrzXe) unit the axially 
symmetric AI atomic orbitals presumably interact with each other more 
strongly than the degenerate orbitals making up  the E representation, the 
two coupling electrons can be assigned to  the totally symmetric bonding 
MO with the resulting formation of a direct metal-metal bond. This 
electron coupling in pairs is similar to tha t  found for a-NbIa and TaIa which 
are diamagnetic.23 The structure of solid a-A-bIa and the isomorphous TaIa 
consists of infinite chains formed by MI6 octahedra sharing two opposite 
edges; the metal atoms are shifted from the centers of the iodine octahedra 
toward one another in pairs to  give a resulting metal-metal distance of 
3.31 a.25 

(23) L. F. Dah1 and D. L. Wampler, Acta G y s t . ,  15, 903 (1962). 

Of significance would be a measurement of electrical 
conductivity of pure single crystals (attempts to pre- 
pare suitable crystals for X-ray diffraction as yet have 
been unsuccessful) to determine the metallic nature of 
these compounds. Also, a low-temperature neutron 
diffraction study is needed to elucidate the atomic 
magnetic moment orientation of these presumed anti- 
ferromagnetic substances. 
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The iron(I1) + iron(II1) exchange rate was measured in NaF-SaClOa-HC104 media a t  constant pH and ionic strength. 
The iron( 11) concentration was increased so as to make the isotope exchange rate comparable to the rate of formation of 
the inner coordination shell complex FeF+2. The observed isotope exchange rate was dependent on the rate of formation 
of FeF+Z in the manner expected if the activated complex [FenFC4]" was formed from Fef2(aq) and FeF+2(aq). 

A considerable number of anionic catalysts for the 
iron(I1) + iron(II1) isotope exchange reaction have 
been reported2 In each of these cases it has been 
postulated that isotope exchange occurs between 
Fe+2 and FeXn+3-nP, the latter species being a complex 
between Fef3 and the anion X-q which is formed re- 
versibly and rapidly compared to the rate of isotope 
exchange. As a result of the postulate the rate of the 
isotope exchange reaction is written as 

where ko, ki,j kl, kz are the rate constants for isotope 
(1)  On leave from Osaka University, Osaka, Japan. 
(2) (a) J. Silverman and R. W. Dodson, J .  Phys .  Chem., 56, 846 (1952); 

(b) J. Hudis and A. C. Wahl, J .  Am. Chem. Soc., 75, 4153 (1953); (c) G. S. 
Laurence, Trans.  Favaday Soc., 53, 1326 (1957); (d) D. Bunn, F. S. Dainton, 
and S. Duckworth, i b i d . ,  55,  1267 (1959); ibid. ,  57, 1131 (1961); (e) R. A. 
Horne, J .  Phys.  Chem., 64, 1512 (1960); ( f )  h-. Sutin, J. K. Rowley, and 
R. W. Dodson, ibid., 66,1248 (1961); (9) W. L. Reynolds and S. Fukushima, 
Inoug. Chem., 2, 176 (1963); (h) K. Bachman and K. H. Lieser, Z.  p h y s i k .  
Chem. (Frankfurt), 36, 236 (1963). 

exchange between Fe+z and Fe+3, Fe(OH)+2, Fe- 
X+3-q, FeX2+3-2*, respectively, Kh is the acid dis- 
sociation constant of aquo ferric ion, and K1 and K z  
are the stepwise formation constants of the Fe(II1)- 
X-4 complexes. The products MI, kaKlK2, . . . in (1) 
are obtained from the variation of observed rate con- 
stants with change of X-* concentration. From these 
products values of k l ,  kz ,  . . . are calculated using in- 
dependently determined values of K1, Kz ,  . . . for the 
inner coordination sphere complexes of Fe(II1). The 
theories concerning mechanisms of electron transfer 
use these rate constants without it being known whether 
or not the rate constant values are valid. If, for ex- 
ample, the exchange path involving one Fe+2, one Fe+3, 
and one X-9 in the activated complex was a reaction 
between FeX+2-'J and Fef3  or between Fe+2 and an 
outer-sphere complex, Fe(H20) gX f3-*, of Fe(H20) 6 +3 

and X-q, then the values of K1 and kl would be very 
different. Hence, it is very important to obtain evi- 
dence of a rate-determining isotope exchange reaction 
between Fe+2 and FeXn+3-np. In the work reported 
here we have obtained excellent evidence that the 
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isotope exchange reaction involving one fluoride ion 
does indeed occur between Fe+2 and the inner coordina- 
tion sphere complex FeF+2. 

The F- catalysis of the iron(I1) + iron(II1) ex- 
change was first investigated by Hudis and WahLZb 
At a later date Pouli and Smith3 measured the rate of 
formation of FeF+2. We have measured the isotope 
exchange rate in the presence of F- under conditions 
for which the exchange rate and the rate of FeF+2 for- 
mation were comparable and for which Fe+3, Fe(0H) +2, 

and FeF+2 were the main iron(II1) species present. 

Experimental 
Chemicals.-The preparation and standardization of the stock 

*Fe+* (labeled iron( 111)) solution has been described previously.2g 
Prior to  each rate determination a solution of ferric-free ferrous 
perchlorate was prepared by dissolving iron powder (Baker An- 
alyzed Reagent) in perchloric acid. The reaction was carried 
out in a bottle fitted with a self-sealing cap in an atmosphere of 
hydrogen. The presence of ferric ion could not be detected with 
the thiocyanate test4B through about 3 cm. of solution. At 
the concentration of iron( 11) used in this work the solutions were 
chloride-free. The concentration of the ferrous perchlorate 
solution was checked spectrophotometrically as the tris-(a,a‘- 
dipyridyl)iron( 11) complex.4b 

Mallinckrodt A.R. sodium fluoride, dried a t  150°, was used 
as the source of fluoride ion. Stock solutions of sodium perchlo- 
rate were prepared from G. F. Smith anhydrous sodium perchlo- 
rate which was previously dried a t  130’ and stored over PzOa. 
The sodium perchlorate solutions were free from interfering anions 
and oxidizing or reducing impurities. Mallinckrodt A.R. per- 
chloric acid (70-72%) was diluted and analyzed with standard 
sodium hydroxide. The other chemicals used were reagent 
grade. 

Measurement of Isotope Exchange Rate .-A known volume of 
a mixture of standard ferrous perchlorate and unlabeled ferric 
perchlorate in a solution of HC104, NaC104, and NaF was de- 
aerated for about l hr. by passage of water-saturated NZ gas in an 
ice-water bath (0”).  To start the reaction a known volume of 
thermostated, deaerated *Fe(III) solution containing the same 
concentrations of Fe(III), HC104, NaClOe, and NaF as the 
solution in the reaction vessel was added by means of a thermo- 
stated pipet. Stirring was accomplished by a vigorous flow of 
Nz. At a time t ,  a sample of the reaction mixture was withdrawn 
by means of a thermostated pipet and delivered into a 25-ml. 
volumetric flask containing 9 ml. of alcohol, 2 ml. of 0.125 M 
a,a’-dipyridyl, and 3 ml. of 3 M ammonium acetate. A large 
concentration of alcohol was necessary to prevent the precipita- 
tion of the tris-(a&-dipyridyl)iron( 11) complex. The solution 
in the flask was stirred by means of a magnetic stirrer. After the 
addition of the reaction mixture, 2 ml. of 0.1 M Al(N03)3 was 
added followed by 3 ml. of NH4NOs + NHa solution to precipi- 
tate the A P 3  and Fe+3. The solution was then brought to 
volume and filtered. The radioactivity of 5.00-ml. samples of 
each filtrate was then determined using the same procedure as 
that described by Reynolds and Fukushima.zp 

A plot of log [(xm - x)/xm] vs. time, where x is the radio- 
activity in counts/min. of the 5.00-ml. portion of filtrate ob- 
tained from the sample taken at a timet and x o3 is the same quan- 
tity for the “infinite time” sample taken after approximately ten 
half-times of the reaction had elapsed, yielded a straight line. 
The rate of exchange R was obtained from the slope, a, of the 
line. 

Results and Discussion 
Provided the rate of formation of the ferric mono- 

fluoride complex, at low fluoride concentration, is 
(3) D. Pouli and W. MacF. Smith, CUN. J Chem.. 38. 567 (1960). 

rapid compared to the rate of the isotope exchange 
reaction, it can be readily shownzb that the apparent 
rate constant, kapRJ is related to the rate of exchange R 
by the expression 

R = kap, [Fe(II)] [Fe(III)]  ( 2 )  
where 

Values of kapp were calculated from the equation 

kapp = - a / {  [Fe(II)I + [Fe(III)I} 

where [Fe(II)] and [Fe(III)] are the total concentra- 
tions of ferrous and ferric ion, respectively. The 
values of hap,, the half-time calculated for first-order 
dependence on [Fe(II)], [Fe(III)], and [F-] expected 
on the basis of the work of Hudis and Wahl,2b and the 
actual half-times observed are listed in Table I. It can 
be seen from the table that, for given values of [Fe+3] 
and [F-1, kaPP decreases with increasing values of 
[Fe(II) ] and that the calculated half-times, tl/,(calcd.), 
and the apparent half-times, t,,,(app.), are different 
where the ferrous concentrations used by us are larger 
than those used by Hudis and Wahl.2b At 2.5 X 
M Fe(II), the lowest Fe(I1) concentration used in the 
work reported here, and similar concentrations of 
ferric and fluoride ions our results are the same as 
those of Hudis and WahlZb within experimental error. 
However, we can compare our apparent rate constant 
with only one rate constant given by Hudis and WahlZb 
because the latter investigators used larger fluoride 
concentrations than we did in the remainder of their 
experiments. 

(3) 

TABLE I 
VARIATION OF k,,, WITH [Fe(II)] AT [H+] = 0.400 M ,  ,U = 0.500, 

AND 0‘ 
Fe(I1) X Ll/dapp.), tl/z(calcd.) ,a k W P ,  
108, M sec. sec. l./mole sec. 

0.250 1020 935 2.60 zt0.07b 
0.500 555 478 2 . 4 4 i 0 . 0 4 b  
0.750 389 321 2 . 3 4 i 0 . 0 5 b  
1.00 303 242 2.26 A0.04b 
1.50 218 162 2.10AO0.06b 
2.00 172 122 2.00A00.05b 
3.00 123 81 1.873t  O . O @  
0.500 647 611 2.103t0.02c 
1.00 350 309 1.96 3t 0 . 0 4 ~  
1.01 343 305 1 . 9 8 A 0 . 0 2 J  
1.50 247 206 1.86 A 0 . 0 3 ~  
2.00 196 155 1.76 i 0.05” 
2.50 161 124 1.72 i 0 0 . 0 5 c  
3.00 135 104 1.70 3t 0 . 0 7 ~  
4.00 104 78 1.66 f 0.07c 

a ti/, (calcd.) has been corrected for differences in [Fe(II)]  + 
[Fe(III)]. b 1.00 X M Fe+3, 4.584 X M NaF, 
1.95 X M FeF+2, 2.00 X M F-. 0.912 X A4 
Fef3, 2.292 x M NaF, 0.88 X 
M F-. 0.985 X M Fe+3, 2.296 X M NaF, 0.96 X 
10-0 M FeF+2, 1.00 X M F-. 

M FeF+2, 1.00 X 

(4) F. D. Snell and C. T. Snell, “Colorimetric Methods of Analysis,” 
Vol. 11, D. Van Nostrand Co., New York, N. Y., 1949: (a) p. 307; (b) p. 
316. 
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Fig. 1.-Plot of log [(xm - x)/xm] LIS. time: [Fe(II)] = 5.00 
X &I, [Fe(III)] = 1.00 X M, [F-] = 1.00 X M ,  
[H+] = 0.400 M ,  /.i 0.500, 0'. 

It has already been mentioned that under the ex- 
perimental conditions used in this work the rate of 
isotope exchange is comparable with the rate of for- 
mation of the FeFL2 complex. Also a t  low F- con- 
centrations only FeF+* is f0rmed.j Hence the follow- 
ing reactions must be considered. 

ko 
*Fe+3 + Fe-* --+ *Fe+:! + Fe+3 (4) 

k h  
*Fe(OH)+z + Fe-:! + *Fe+L + Fe(OII)+* 

ki 

( 5 )  

*FeFL2 + Fe+2 --f *FeAL + FeF+* 

*FeL3 4- F- + *FeF+2 

*Fef3 + H F  + *FeF+Z + H +  

In this set of postulated reactions we are, a t  constant 
pH, concerned with three rates of reactions which are 
of comparable magnitudes. These three rates may be 
written as 

(6) 

(7) 

( 8 )  

ki'  

kn' 

X I  = kl [Fe+2] [FeF+*] (9) 

Rz = (h' + kz ' [H+]/KH~) [Fe+3]lF-] (10) 

& = (ko + khKh/[H+]) [Fe+3] [Fe+2] (11) 

LetA = [Fe+*] + [*Fe+2]; B = [Fe+3] + [FeOHfz] 
+ [*Fe+3] + [*FeOH+*]; C = [FeFf2]  + [*FeF+*]; 
sao, s b o ,  sCo = specific activities of Fe+2, Fe+3 + 
FeOH+2, FeF+2, respectively, a t  time t = 0; and Sa" = 

specific activity of Fe+2 a t  equilibrium. ,4bell, Bonner, 
and Goishi6 have shown that for systems of this type 
the exchange equation in its general form is 

1 - F = Q l e - ( 4 + P ) t  + Q z e - ( 9 - P ) t  (12) 
where 

F = x/xm 

( 5 )  H. W. Dodgen and G. K. Rollefson, J .  A m .  Chern. SOC., 71, 2600 
(1949) .  
(6) D. F. Abell, N. A. Bonner, and  W. Goishi, J .  Ckem. Phys., 27, 658 

(1957). 

p = +(q* - Y)"* 

1 
Q l = - [ -  2 p A  J ( 4  - P )  + 

(Xi + R3)Sa" - RiS,O - IZjS,," 
S,O - S," -4 

Qz = 1 - Qi 

Equation 12 predicts that, in general, a plot of In 
(1 - F) against t should yield a curve composed 
of two straight lines,6 and a system of this type has 
already been o b ~ e r v e d . ~  However, in our case it is 
readily seen that 

Qae - (q-s) t  >> Qle - ( Q f * ) t  

if the values (ko + khKh/[H+]) = 150  sec -I, 
k1 = 9.7 J9-1 sec -l, and K1 = 9 7 X l o 4  J1-l  for the 
conditions given in Table I are adopted from the work 
of Hudis and WahlZb and if the values kl'  = 1.44 X 
102 M-l sec.-l and kz' = 2 68 sec.-l obtained by 
extrapolating the data of Pouli and Smithd to 0" are 
used where necessary. The acid dissociation con- 
stants K E F  = 1.76 X l o p 3  and KEF,  = 0 28 were 
computed by Hudis and Kah12b from the data of 
Broene and DeVries Therefore eq. 13 is applicable 
(except perhaps for very accurate measurements near 
the start of the exchange reaction) as can be seen in 
Fig. 1. 

0.5 1.0 1.6 2.0 2.5 3.0 3 . 5  4.0 
[Fe(II)I X IO3. 

Fig. 2.--T'ariation of k,,, with [Fe(II)] .  I :  Theoretical curve 
for [Fe+3] = 1.00 X 10+ M ,  [FeF+2] = 1.93 X M, [F-] = 
2 X 10-6 M, [H+] = 0.400 M ,  I/. = 0.500, 0'; 0, experimental 
points under the same conditions. 11: Theoretical curve for 
[Fe+3] = 9.12 X ill, [FeF+*] = 0.88 X 1.0-6 M ,  [F-] = 
1 X 10-6 M ,  [H+] = 0.400 M ,  p = 0,500, 0"; A, experimental 
points under the same conditions. 111: Same as I assuming that 
formation of FeFi2 is not a rate-determining step. IV: Same as 
I1 assuming that formation of FeF+2 is not a rate-determining 
step. 

(7)  N. A. Bonner and W. Goishi, J .  Am.  Cimn. SOC. 83, 8; (1961). 
(8) H. H. Broene and T. DeVries, i b i d . ,  69, 1644 (1947). 
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In (1 - F )  = In Qz - ( q  - p)t (13) 
Hence 

kapp = - (4  - P)/(A + B + C) (14) 
In eq. 14 ( q  - p) is a function of Fe(I1) concentration. 
The theoretical variation of k,,, with [Fe(II)]  a t  
two F- concentrations was calculated using the theo- 
retical value of ( q  - p) (as distinguished from the ex- 
perimental slope) and the results have been plotted as 
the solid curves I and I1 in Fig. 2. It is seen that the 
experimental variation of ka,,P with Fe(I1) concentra- 
tion is in good agreement with the theoretical curve 

derived on the basis of the postulated reactions in 
eq. 4-8. Thus i t  can be concluded that FeF+2 is 
formed as an intermediate and that isotope exchange 
occurs between Fe+2 and FeF+2 rather than between 
FeFf and Fe+3 or between Fe+2 and an outer coordi- 
nation sphere complex of Fe+3 and F-. The results 
do not allow us to distinguish between the bridge or 
outer-sphere mechanisms of electron transfer. 
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Piew rate data are reported for the homogeneous ammonia exchange between Cr111(NHa)6 and liquid ammonia mainly in 
a perchlorate medium. Fur- 
ther ion association decreases the exchange rate. Light 
appears to speed up the exchange. At - 50°, six ammonia 
molecules per chromium atom are “held back.” 

It is suggested that species such as Cr(NHs)6(NH2)(C104)+ are responsible for the exchange. 
An apparent activation energy of ca. 33 kcal./mole was found. 

Addition of benzene to the ammonia causes a reduction in rate. 

Introduction 
We have extended the research reported previously3 

on the Cr’’’(NH3)s exchange system. The former 
work dealt mainly with nitrate salts, and here we 
present new data using perchlorate salts which show 
significant differences in behavior. 

Experimental 
The procedures and methods used were those described ear- 

1ier.s Anhydrous NaC104 was prepared by the method of Willard 
and Smith.4 Anhydrous CrCls was prepared by the method of 
Schlesinger and Hammond.6 Care was taken to maintain 
anhydrous conditions and the runs were made in the dark 
except for some experiments designed to test these factors. 

Results and Treatment of Data 
We have not been able to determine the holdback of 

NH3 by the Cr(II1) ammine species (using nitrate or 
perchlorate salts) in liquid ammonia a t  room tempera- 
ture] but a t  -50” C T ( N H ~ ) ~ ( N O ~ ) ~  is quite soluble and 
some experiments were performed a t  this temperature. 
The procedure was analogous to that used by Hunt 
and Taube6 for the Cr(HzO)63+ system modified 
because of the properties of liquid ammonia. Solu- 
tions of Cr(NH3)6(N03)3 in ammonia of normal 

(1) Supported by United States Atomic Energy Commisson AT(45-1)- 
1031. 

(2) To whom inquiries may be addressed. 
(3) T. W. Swaddle, L. F. Coleman, and J. P. Hunt ,  Inovg. Chem., 2, 950 

(1963). 
(4) H. H. Willard and G. F. Smith, J .  Am. Chem. Soc., 44, 2817 (1922). 
(5) H. I. Schlesinger and E. S. Hammonc, ibid., 66 ,  3971 (1933). 
(6) J. P. Hunt and H. Taube, J .  Chem. Phys., 19, 602 (1951). 

isotopic composition (ca. 2 M in salt) were mixed 
with liquid ammonia containing ca. 1.7 times the 
normal amount of NI5. Solvent was evaporated 
after 2 and 15 min. intervals, trapped, and con- 
verted to Nz in the usual way. The fractiona- 
tion on evaporation is small (ca. 0.1%). The number 
of ammonia molecules held back was found to be 6 =I= 

0.2 per Cr. Since outer-sphere ammonia thus shows 
no measurable holdback a t  -50°, it  seems likely that 
the holdback is also 6 NH3/Cr a t  room temperature. 
The data below have been treated on this basis. We 
have confirmed previous observations that packing 
with glass helices had no effect on the rate. Addition 
of mercury, which could be a contaminant, also pro- 
duced no change in exchange rate. 

The McKay plots of the exchange data were quite 
good with the lines passing through the origin. The 
precision of the data appears to be *5 to 10%. Values 
for R (the total exchange rate) were calculated from the 
relation 

R = 6[CrI[NH31/(6[Crl + [NHBI) X 
(0.693/tl,,) E 6 X 0.693[Cr]/t 

In the earlier worka i t  was found that the exchange 
rate was dependent on the concentration of “inert salt” 
present. This fact raised the question as to how to 
best control what might be termed “medium effects.” 
The ionic strength is not a useful variable in these 
experiments because the low dielectric constant of the 


