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2Ag(II) + Ag(II1) + Ag(1) (13) is not independent of Ag(I1). This mechanism becomes sig- 
nificant only when the direct reaction with the hypo- 
phosphorous acid and the oxidant is very slow. Direct reaction 

present case. 

exist any way, becomes insignificant in the presence of large 

similar to the oxidation of formic acidlW1 involving three terms 
in the rate law which, however, could not be proved in the 

Of Ag(l)* The reaction to be somewhat between the oxidant and is the preferred path in the 

present case on account of high concentrations-of Ag(1) and 
HC104 employed to check the decomposition. 

evidence for a tautomeric equilibrium between 
the normal and active forms of hypphosphorous acid in the 
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The title reaction has been studied in the [H+] range of 0.01-1.0 M at different ionic strengths and temperatures. Unlike 
previous reports, the rate is dependent on the concentration of the hydrogen ions, if it is larger than 0.2 M. The rate laws 
are d[Fe(III)]/dt = 2kl[S20~*-][Fe(II)] for [H'] < 0.2 M and d[Fe(III)]/dr = (kl + k2K[H+])[S,0$][Fe(II)] for [H'] 
>0.4 M. In the [H+] range of 0.4-1.0 M and at I = 1.0 M, k l  (M-' s-') and k,K (M-2 s-l) were found to be 25 f 1.2 
and 83 f 8,18 f 1.2 and 63 f 4, and 11.5 i 0.6 and 55 f 4 at 40,35, and 30 'C, respectively. A plot of log k a  (second-order 
rate constant) vs. N 2  for I < 0.02 M yields a straight line with a slope of -3.83. The slope decreases numerically with 
the increase in the range of ionic strength investigated. The energy of activation (kcal mol-') was found to be 14.7 f 1 
and 7.6 f 2 for the k l  and k2 paths, respectively. The value for the kl path is dependent on the ionic strength showing 
ion pairing. 

Recently the authors have studied' the iron(I1)-catalyzed 
oxidation of hydrazine with peroxydisulfate in aqueous per- 
chloric acid solutions. The study necessitated the investigation 
of the oxidation* of hydrazine with iron(II1) and the oxidation 
of iron(I1) with peroxydisulfate under the conditions employed 
in the catalyzed reaction. Although the catalyzed oxidation' 
operates through the Fe(II)/Fe(III) cycle, the mechanism is 
not simple, and it involves mixed complexes of iron(II1) with 
peroxydisulfate and hydrazine, and there is no evidence for 
a complex of iron(I1) or iron(II1) with hydrazine. The s d n d  
reaction2 substantiates this finding. The reaction of iron(I1) 
and peroxydisulfate is much faster than the catalyzed reaction' 
and also the oxidation of hydrazine with iron(II1). The title 
reaction has been studied by several workers3-* in the past, 
and all of them suggest the same mechanism. The stoi- 
chiometry was studied in detail by Kolthoff and co-w~rkers.~ 

(1) S. S. Gupta and Y. K. Gupta, submitted for publication. 
(2) S. S. Gupta and Y. K. Gupta, unpublished work. 
(3) J. W. L. Fordham and H. L. Williams, J. Am. Chem. Soc., 73,4855 

(4) 

15) 

(1951). 
(a) E. Tunka and J. Matuszewska-Czerwik, Makromol. Chem., 104 
(l), 161 (1967); (b) E. Turska and J. Matuszewska-Czenvik, Polymeri, 
12 (6), 251 (1967). 

. .  I. M. Kolthoff, A. I. Medalia, and H. P. Raaen, J .  Am. Chem. Soc., 
73, 1733 (1951). 

(6) G. Talamini, A. Turolla, and E. Vianello, Chem. I d , ,  47 (6), 581 
(1965). 

(7) S. A. Balabanova and A. M. Markevich, Zh. Fiz. Khim., 40 (4). 775 
(1966). 

(8) L. M. Pozin and V .  L. Kheifes, Zh. Prikl. Khim. (Leningrad), 38 (II) ,  
2469 (1965). 

Table 1. Stoichiometry of the Reaction between Fe(I1) and 
S, Oa2- at Different [ W ]  

105 x 105 x io5 x 

M taken taken remaining [S, 0:-Ireacted 

0.01 5.0 2.0 1.0 2.0 
0.01 
0.01 
0.01 
0.01 
0.50 
0.50 
1.0 
1.0 

10.0 2.0 6.05 
20.0 4.0 12.0 
40.0 4.0 32.0 
10.0 1.0 7.95 
5.0 2.0 1.60 
8.0 2.0 4.5 
5.0 2.0 2.0 
8.0 2.0 4.9 

1.975 
2.0 
2.0 
2.05 
1.70 
1.75 
1.5 
1.55 

Most of the workers3J studied the reaction in buffered solutions 
and found the rate to be unaffected by the change in hydrogen 
ion concentration. In the present investigation, when the study 
is extended to higher acid concentrations, significant depen- 
dence on [H+] was found. The reaction therefore, has been 
fully reinvestigated from the viewpoint of hydrogen ion de- 
pendence. 
Experimental Section 

Materials and Solutions. The chemicals employed in the inves- 
tigation were either BDH AnalaR or E. Merck GR quality. The 
solutions were prepared in doubly distilled water, the second distillation 

(9) I. M. Kolthoff, A. I. Medallia, and H. P. Raaen, J .  Am. Chem. Soc., 
73, 1733 (1951). 
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Table 11. Initial Rates (u,) of the Iron(I1) Dependence in Its 
Oxidation with Peroxydisulfate at 30 “C and I = 1.0 M 

lO’[S,O,’-] =2 .0Mand  [Ht] =0.01 M 
lO’[Fe(II)]/M 1.0 2.0 4.0 8.0 10.0 20.0 40.0 60.0 80.0 
l@u,,/Ms-’ 0.6 0.9 2.2 4.35 5.2 11.2 23.5 35.6 48 

10’ [S,O,’-] = 20.0 M and [H’] = 0.01 M 
10SIFe(II)]/M 1.0 2.0 4.0 8.0 10.0 20.0 40.0 60.0 80.0 
108u,/M s-l 5.0 10.0 18.0 47 50 105 207 300 450 

10’ [ S ,  08*-]  = 2.0 M and [ Ht] = 1.0 M 

l @ u , / M  s-’ 1.57 2.67 6.67 13.8 
10SIFe(II)]/M 1.0 2.0 5.0 10.0 

being from the permanganate. Since iron(I1) solutions have tendency 
to undergo air oxidation, the solutions of ferrous sulfate were always 
freshly prepared. The lithium perchlorate solution was prepared by 
neutralizing 6096 Riedel AnalaR perchloric acid with lithium carbonate 
to pH 6.8. Potassium peroxydisulfate solutions older than 1 day were 
not used. 

Kinetic Procedure. The solutions of peroxydisulfate and other 
reactants were temperature equilibrated separately in a thermostat 
at 30 & 0.1 O C .  The reaction was initiated by adding a calculated 
volume of the solution of peroxydisulfate to the other reactants in 
a flask. Aliquots (5 mL) were taken out at different intervals of time 
and added to 5 mL of a 0.6 M solution of ammonium thiocyanate, 
and iron(II1) formed, determinedlo colorimetrically with 470-nm filter 
on a Coleman colorimeter. The extinction coefficient of the iron(II1) 
thiocyanate complex at I = 1.0 M was found to be 8382 30. 

Initial rates were determined by the plane mirror method.” 
Second- and first-order plots were also made wherever possible. The 
results were closely comparable. The duplicate measurements were 
reproducible to *5%. 

Stoichiometry. The stoichiometry of the reaction was studied by 
taking excess iron(I1) which was estimated,* on the Spectronic 20 
(Bausch and Lomb) colorimeter with a 515-nm filter as a complex 
of Fe(I1)-o-phenanthroline (extinction coefficient = 12 400 & 50). 
Fe(II1) was also determined as discussed above. The stoichiometry 
could not be determined with excess peroxydisulfate since there is 
no method available to determine it in the presence of iron(II1). It 
was found that 2 mol of iron(I1) are required for each mole of per- 
oxydisulfate at low [H’]. However, the amount of iron(I1) oxidized 
becomes less at higher [H’]. These mixtures slowly evolved oxygen. 
Stoichiometric results are given in Table I. 

Results 
Iron(I1) Dependence. The concentration of iron(I1) was 

varied from 1 X M at two fixed concen- 
trations of peroxydisulfate. The results are given in Table 11. 
A plot of initial rates vs. Fe(I1) yielded a straight line passing 
through the origin showing first-order dependence in iron(I1). 
Since it would be seen later that the reaction is somewhat 
different at high acid concentration, Fe(I1) dependence was 
investigated at 1 .O M HC104 also and found to be again first 
order. The second-order rate constants (obtained by dividing 
the initial rates by the concentrations of peroxydisulfate and 
iron(I1)) at the two concentrations (2 X 
M) of peroxydisulfate were found to be 29.6 and 26.4 M-’ s-I 
at 30 O C  and I = 1.0 M and [H+] = 0.01 M. At 1.0 M HC104 
and at the same temperature and ionic strength, the rate 
constant was found to be 66 M-’ s-l. 

Peroxydisulfate Dependence. The concentration of per- 
oxydisulfate was varied from 5 X M at two 
different fmd concentrations of iron(I1). The results are given 
in Table 111. Conditions were such that [S20s2- ]  was at least 
10 times [Fe(II)] and first-order plots with respect to iron(I1) 
could be made. A plot of first-order rate constant (k,) vs. 
[S20s2-] yields a straight line with a slope of 27.3 M-I SKI, a 

to 80 X 

and 20 X 

to 100 X 

(10) I. M. Kolthoff and E. B. Sandell, “Textbook of Quantitative Analysis”, 
3rd ed., Macmillan, New York, 1952, p 635. 

(11) M. Latshaw, J .  Am. Chem. SOC., 47, 793 (1925). 
(12) A. I. Vogel, “A Textbook of Quantitative Inorganic Analysis”, 2nd ed., 

Longmans, Green and Co., London, 1951, p 647. 

Inorganic Chemistry, Vol. 20, No. 2, 1981 455 

aa P 

F w e  1. Variation of [H’] with HClO,, H$04, and HCl at different 
temperatures and ionic strengths in the oxidation of Fe(I1) with S20& 
0 , 4 0  OC and I = 1 .O mol dm-3: A, 35 OC and I = 1 .O mol dm-3; 0, 
30 OC and I = 1.0 mol dm-3; 0, 30 “C  and I = 0.5 mol dm-’; X, 30 
OC and I = 0.25 mol dm-3. 

value of the second-order rate constant which is comparable 
to those obtained from Table I1 at [H’] = 0.01 M. 

Hydrogen Ion Dependence. The previous workers3-* in- 
vestigated the reaction at a hydrogen ion concentration lower 
than 0.02 M and found no effect on the rate. Some of them 
have not m e n t i ~ n e d ~ . ~  the hydrogen ion concentration at all. 
The present study has been made from 0.01 to 1.0 M [H+] 
varied with perchloric acid at an ionic strength of 1.0 M 
adjusted with lithium perchlorate. These results given in Table 
IV show that there is no significant change in the rate in the 
0.01-0.2 M [H’] range and that beyond this the rate increases 
in a linear way. Similar results were obtained by employing 
HCl and H s 0 4 ,  ionic strength being adjusted with NaCl and 
NaHS04, respectively. These results indicate that there are 
two distinct pathways for the reaction. A plot of second-order 
rate constant vs. [H’] is given in Figure 1. 

Effect of Ionic Strength. The effect of ionic strength was 
investigated by employing lithium perchlorate. Reactions were 
carried out at low ionic strength, and the rate was found to 
decrease with the increase of ionic strength. Since the hy- 
drogen ion dependence shows a different path for higher range 
of hydrogen ion concentration, the ionic strength effect was 
investigated also at 1.0 M [H’]. The rate decreases in this 
case too, but the extent to which this happens is less than that 
at low [H’]. All these results are given in Table V. 

Energy of Activation. From Figure 1 the rate constants for 
the two distinct paths are obtained by the intercepts and the 
slopes of the straight-line portion of the curves. The energies 
of activation for these two paths, by a plot of log k vs. 1/T, 
were found to be 14.7 f 1 (k,) and 7.6 f 2.1 kcal mol-’ (k&, 
respectively, at I = 1.0 M. The reaction at low [H’] was 
studied at three different ionic strengths and the results are 
given in Table VI. The energies of activation (kcal mol-’) 
were found to be 12.8 f 1.6, 13.0 f 1.5, and 13.9 f 1.0 at 
0.05 M [H’] and 30 OC for the ionic strengths 0.05, 0.1, and 
0.2 M, respectively. Thus the energy of activation slightly 
increases with the increase of ionic strength. 
Discussion 

The previous workers have studied the reaction at low [H+] 
and low ionic strength and have suggested the rate-determining 
step 

S20s2- + Fez+ - S042- + SO4- + Fe3+ 
ki 

(1) 

(2) 
followed by the fast step 

SO4- + Fe2+ -+ S042- + Fe3+ 
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Table 111. First-Order Constants ( k )  of the Peroxydisulfate Dependence in the Oxidation of Iron(I1) with Peroxydisulfate at 30 "C and 
I =  1.0Mand [H'] =0.01 M 

Gupta and Gupta 

105[Fe(II)] = 2.0 M 

103kls- 1.31 2.09 2.39 4.04 5.36 8.06 11.2 16.7 21.3 27.2 

lo5 IFe(1I)J = 1.0 M 

lo'[& OB2-]/M 6.0 8.0 10.0 15.0 20.0 30.0 40.0 60.0 80.0 100.0 

lo5  [S,O,'-]/M 5.0 10.0 20.0 
10 3 kis-1 1.15 2.30 5.40 

Table IV. Second-Order Rate Constants of the Hydrogen Ion 
Dependence in the Oxidation of Fe(1I) with Peroxydisulfate at 
Different Temperatures and Ionic Strengths" 

I =  I =  I=1 .0M,3O0C 0.5 0.25 I =  1.0 M ["I/ M, M, ko-  ko-  
M 30°C 35 "C 40°C 30°C 30°C (H,SO,) (HCl) 

0.01 23 36 
0.02 22 30 38.5 
0.04 23 38 30 39.5 
0.08 24 37 50 
0.10 23 37 52 32 39.5 15.5 21 
0.20 25 38 52.5 41.5 14.8 20.7 
0.30 28 39 53 34 42 
0.40 31 43.5 57 36 15.8 22 
0.60 40 58 75 16.6 23 
0.70 46 83 
0.80 53 71 90 19.5 26.6 
0.90 58 75 100 
1.0 64 84 108 21.7 30.6 
[ S 2 0 , 2 - ]  = 4.0 x lF5 M; [Fe(III)] = 2.0 X l(T5 M. 

Table V. Effect of Ionic Strength on the Rate (u,) in the 
(kidation of Fe(I1) with Peroxydisulfate at 30 "C? lo5 [ S, OB2-] = 
2.0 M; l o 5  [Fe(II)] = 2.0 M 

[HClO,] = 1.0 M 
[LiClO,]/M 0.0 0.2 0.4 0.6 1 .o 
I I M  1.0 1.2 1.4 1.6 2.0 
108u,/M s-' 6.3 3.8 3.2 2.13 1.2 

[HClO,] = 0.005 M 
103[LiC10,]/M 0.0 2.0 3.0 4.0 8.0 12.0 16.0 
I /  M 5.2 7.2 8.2 9.2 13.2 17.2 21.2 
108u,/M 6' 17.3 15.3 14.3 13.0 11.7 10.0 9.0 

lo4 [Fe(II)] = 5.0 M; lo4 [S20,2-] = 5.0 M; [HClO,] = 0.01 M 
[LiClO,]/M 0.2 0.4 0.8 1.0 1.2 1.4 1.6 
I / M  0.21 0.41 0.81 1.01 1.21 1.41 1.61 
1O6u0/M SP 32.8 12.0 10.0 8.2 8.2 7.6 6.5 
1O6uo/([Fe(II)]~ 131 48 40 33 33 30 26 

a 105[S20B2-] =2 .0  M; 1O5[Fe(III)] = 2.0 M. 

[ s, 0: - 1 )/M-' f ' 

Table VI. Second-Order Rate Constants (kobsd), at 30, 35, and 
40 "C for Different Ioiuc Strengths in the Oxldation of 
Fe(I1) with S, OR2- " 

~ 

30 "C 35 "C 40 "C 

I /  M 0.05 0.1 0.2 0.05 0.1 0.2 0.05 0.1 0.2 

a 10' [Fe(II)] = 2.0 M; 10s[S2 OB2-] = 4.0 M; [HClO,] = 0.05 M. 
kobsd/M-' s-' 92 53 33 121 80 50 183 110 70 

Our results of [H'] dependence, ionic strength, and energy 
of activation clearly show that there are two distinct paths for 
the reaction. The reactive species at low [H+] and ionic 
strength are Fez+ and SzOs2-, and at high [H'], the only 
change in the species expected is the protonation of S2082-. 
No hydrolysis of Fe2+ seems to be involved since the hydrolysis 
constant for Fe2+ is very small. Kolthoff and Miller13 have 
considered HS208- as the reactive species in acid solution for 

(13) I. M. Kolthoff and I. K. Miller, J .  Am. Chem. SOC., 73, 3055 (1951). 

30.0 35.0 40.0 50.0 60.0 
7.70 8.45 11.5 13.8 15.6 

the decomposition of S2OS2-. Similary IrvineI4 also has as- 
cribed the acid catalysis to the formation of HS208- in the 
oxidation of tris(dipyridyl)osmium(II). Thus if kz is the rate 
constant for the reaction Fez+ + HSz08-, the complete rate 
law is 

(3) 
where koM is the apparent second-order rate constant and K 
is the protonation equilibrium constant (see eq 4). 

kobsd = (kl + kZK[H+1)/(1 + K[H+1) 

S 2 0 2 -  + H+ 5 HS20s- (4) 
Since the straight-line portion of the curve of Figure 1 must 

conform to an equation for the straight line, it is obvious that, 
in the denominator of eq 3, 1 >> K[H+] even at [H'] = 1.0 
M. With 5% precision in the present work, the value of K 
appears to be less than 0.05. This would give a minimum value 
of 20 for the dissociation of HS208-. In the acid-catalyzed 
decomposition of peroxydisulfate Kolthoff and MillerI3 have 
suggested a minimum value of 1 for the acid dissociation 
constant of HS208- and hence a maximum value of 1 for the 
protonation constant. Hence our finding in a way is an ex- 
tension of their conclusion. It may also be stated that Ohyoshi 
and co-worker~'~ have assumed a value of 1.4 X for the 
dissociation constant of HSZOs- in the oxidation of Am(II1) 
with peroxydisulfate. This would lead to a value of about 70 
for the protonation constant. This seems to be unlikely. 
Reactions at more than 1.0 M [HC104] could not be carried 
out for two reasons. The reaction becomes too fast for a 
conventional method of analysis, and second, peroxydisulfate 
hydrolyzes16 to HS05- which would create complications in 
the system. However, it is obvious that with a value of 0.05 
for K, eq 2 will reduce to eq 5 .  

( 5 )  
If one ignores the results at lower [H'], one obtains a 

straight line, which on extrapolation gives an intercept on the 
rate constant axis, and this is in accordance with eq 5 .  The 
slopes (k2K/M-' s-*) and intercepts (kl/M-' s-I) of these lines 
are 83 f 8 and 25 f 1.2,63 f 4 and 18 f 1.2, and 55  f 4 
and 11.5 f 0.6 at 40, 35, and 30 OC, respectively, at I = 1.0 
M. If one considers the results at lower [H'], one obtains rate 
constants (k,/M-' s-l) of 51 f 0.6, 36 f 1.2, and 23 f 0.6 
at 40, 35, and 30 OC, respectively. The difference in the values 
of intercepts (k,) by a factor of 2 under the two situations can 
be explained by the variation in the stoichiometry. It appears 
that SO4- produced in the acid-catalyzed path gets rapidly 
protonated and reaction of the latter is faster with H 2 0  giving 
oxygen than with Fe2+ (eq 6-8). 

Fe2+ + HS20s- - Fe3+ + SO,+ HS04- (6) 

koM = kl  + k,K[H+] 

k2 

H+ + SO4- + HS04  
HSOl + H 2 0  - O2 + other products 

(7) 
(8) 

Consequently, the stoichiometries of the two paths become 
different. Kolthoff and co-workers9 have reported the decrease 

(14) D. H. Imine, J .  Chem. SOC., 2166 (1958). 
(15) A. Ohyoshi, A. Jyo, and T. Shinohara, Bull. Chem. Soc. Jpn., 44,3047 

(1971). 
(16) Y .  K. Gupta, J .  Indian Chem. SOC., 37, 755 (1960). 
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in the stoichiometry upon slow addition of Fe(II), which can 
be explained by the Occurrence of steps 7 and 8 in the absence 
of iron(I1). Such unexpected situations of stoichiometry are 
not uncommon in peroxydisulfate oxidations. It is found in 
the ox ida t i~n '~  of Ce(II1)- and Cu(I1)-catalyzed oxidation18 
of hydrazine. The rate laws under the two conditions are 
shown in eq 9 and 10. 

d[Fe(III)]/dt = 2kI[Fe(III)][S2Os2-] at [H'] < 0.2 M 
( 9 )  

( k ,  + k2K[H+])[Fe(II)][S2082-] at [H'] > 0.4 M (10) 

The effect of ionic strength under the two conditions is found 
to be quantitatively different. At low [H'] = 0.005 M and 
30 "C and with an ionic strength less than 0.02 M, a plot of 
log kobd vs. Z1/2 yielded a straight line with a slope of -3.83. 
This is quite close to the theoretical value,19 and hence the 
reaction appears to be ideally suited for the verification of the 
Bronsted-Bjerrum20 relationship since the concentrations of 

d[Fe(III)]/dt = 

(17) S. Fronaeus and C. 0. Ostman, Acta Chem. Scand., 9, 902 (1955). 
(18) A. P. Bhargava, Ratan Swaroop, and Y. K. Gupta, J .  Chem. SOC. A ,  

(19) R. S .  Livingston, J .  Am. Chem. Soc., 48, 53 (1926). 
(20) J. N. Bronsted, Z. Phys. Chem., 102, 169 (1922); N. Bjerrum, ibid., 

108, 82 (1924). 

2183 (1970). 

the reactions required for conventional study are small and 
the ionic strength should be kept less than 0.01 M. When the 
ionic strength was varied in the range 1-2 M at constant [H+] 
= 1 .O M, the slope of the relevant line (plot of log k vs. Z1/2) 
decreased to -1.6. This is another indication of a different 
path of reaction in high [H'] which would probably be be- 
tween Fe2' and HS208-. 

The energy of activation has been variously r e p ~ r t e d ~ , ~  by 
previous workers from 8.1 to 12.1 kcal mol-, though [H'] was 
low. Turska and Matuszew~ka-Czerwik~~ have reported a 
value of 4.34 kcal mol-', but the hydrogen ion concentration 
and the ionic strengths are not speclfed. Our values vary from 
12.8 to 14.7 kcal mol-' with the increase of ionic strength. It 
appears that the energy of activation is slightly dependent on 
the ionic strength and that ion pairs21,22 like KS208- and 
FeC104+ are likely to participate in the redox process. Our 
results yield a value of 200 M-' s-' at 30 "C and zero ionic 
strength. Other values at the same ionic strength are 187.8 
(30 0C),3 135 (30 0C),7 and 115 (25 oC).8 One more value4a 
at unspecified ionic strength and hydrogen ion concentration 
is 0.013 M-' s-' which is unusual and unexpected even at high 
ionic strength and [H']. 

Registry No. Fe2+, 15438-31-0; S20g2-, 15092-81-6. 

(21) M. K. Basu and M. N. Das, J .  Chem. SOC. A ,  2182 (1968). 
(22) R. W. Chlebek and M. W. Lister, Can. J .  Chem., 44, 437 (1967). 
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Aquo Chemistry of Monoarene Complexes of Osmium(I1) and Ruthenium(I1) 
YANN HUNG, WEI-JEN KUNG, and HENRY TAUBE* 

Received March 26, 1980 
A number of derivatives of &H60S1' (Bzos") were prepared, exploiting the three positions not preempted by the arene 
ring and emphasizing ligands which are saturated. The species synthesized include [BzOS(NH~)~] '+,  [BZOS(NH,)~C~]+, 
and [BzOs(en)Cl]'. It was shown that a 2+ ion, presumably [BZOS(H~O)~!~', is produced in an acidic solution of BzOsCl, 
when CI- is removed by Ag+. The determination of the acidity of the coordinated water for the aquo species is complicated 
by the condensation of the hydroxo form. However, [BzOs(en)H20]*+ prepared from [BzOs(en)Cl]+ by adding Ag+ behaves 
normally, and the value of pK, was found to be 6.3 a t  20 OC; for [ B Z O ~ ( N H ~ ) ~ H ~ O ] ~ +  it was found to be 6.4, and for 
[BzRu(en)H20I2' it is 7.9. The quotient governing association of C1- with [BzOs(en)H,O]*+ was measured as 1.1 X lo2. 
The acidity of the aquo ion and the stability of the chloride complex testify to the electron-withdrawing ability of the arene 
ring. 

The work being reported was undertaken to develop the 
aquo chemistry of some monoarene complexes of Os(I1) and 

resist hydrolysis, and there is a good prospect then that species 
such as [a-C6H60s]2+(aq) can be characterized. (It is virtually 
certain for the work to be reported that the species exists as 
a trihydrate, and it will hereinafter be represented as such). 
Taking the work in this direction seems worth while, purely 
for its descriptive content but also because it helps to bridge 
the gap between organometallic chemistry and so-called 
classical coordination chemistry.l,2 Of special interest to us 
were observations which bear on the issue of how the arene 
ring in replacing a number of saturated ligands, three in our 
cases, influences the reactivity at the remaining sites (sub- 
stitution reactions) and of the complex as a whole (redox 
properties). In studying the substitution properties, we are 
interested in how the affinities of Os(I1) for different ligands 
are affected by the ?r-arene unit and, as well, how the rates 

Ru(I1). The ?pC&j-@(II) and &6H6-RU(II) bonds both 
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of substitution are affected. The equilibrium data in particular 
are useful in assessing the electron-withdrawing capacity of 
the arene ligands, and the simplest and most direct data of 
this kind which bear on this issue involve the replacement of 
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