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The solubility of MgHP04.3H20 is determined in the ternary system Mg(OH)2-H3P04-H20 at 25 "C in the range 5.0 
C pH < 7.3. The solubility behavior can consistently be described by taking into account the formation of the ion pairs 
of MgH2P04+ and MgHPO,,. The thermodynamic solubility product of MgHP04.3H20 and the thermodynamic association 
constants for MgH2P04+ and MgHP04 with their standard error are determined as (1.67 * 0.03) X lod mo12/L2, (1.89 
f 0.17) X 10 M-I, and (7.12 * 0.23) X lo2 M-I, respectively. 

Introduction 
Magnesium hydrogen phosphate trihydrate (hereafter re- 

ferred to as MHPT), MgHP04.3Hz0, is found as the mineral 
newberyite and as a constituent of human and animal calculi.2 
Knowledge of its solubility behavior is pertinent to the study 
of the formation and stability of this phosphate whether 
mineral or bi~logical .~ 

Only two values are reported in the literature for the 
thermodynamic solubility product of MHPT at 25 0C.495 
They were calculated on the assumption that only Mgz+ and 
H P 0 2 -  ions form ion pairs. However, the values for the 
thermodynamic association constant for the MgHPO, ion pair 
reported in the literature are not in good 
Moreover, there are indications that Mg2+ and H2P04- also 
form ion pairs to a significant extent.*-1° Apart from a few 
values for the apparent association constant for the MgHZW4+ 
ion pair, which vary with the experimental conditions used,*12 
no value for the thermodynamic constant is reported. 

Since the value of the thermodynamic solubility product of 
MHPT depends on the values of the ion-pair association 
constants used, the solubility of MHPT was determined in the 
dilute range of the system Mg(OH),-H3PO4-HZO at 25 "C 
in the pH range 5.0-7.3. From the solubility data the ther- 
modynamic solubility product of MHPT and the thermody- 
namic association constants of MgH2PO4+ and MgHPO, were 
estimated by using a generalized least-squares procedure. 
Equilibrations were made in the ternary system to avoid 
complications in the interpretation of data that might result 
from the presence of other ions. 
Experimental Section 

Chemicals. For the preparation of solutions and samples analytical 
reagent grade chemicals were used throughout. Only water freshly 
generated by a Milli-Q system (Millipore) and kept free of C 0 2  was 
used. 

MHPT was prepared by using a slight modification of the method 
described by Taylor et aL5 The pH of the magnesium- and phos- 
phate-containing solution was adjusted to 4 by the addition of acetic 
acid, and MHPT was precipitated at 40 OC. The precipitate was left 
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in contact with the mother liquor overnight at 40 OC and then for 
1 day at room temperature. The solid was filtered off, washed re- 
peatedly with small quantities of water, and dried at 60 OC. The 
precipitate consisted of homogeneous crystals containing 13.97 0.03 
wt % Mg, 17.81 * 0.04 wt % P, and 36.14 f 0.04 wt 9% H 2 0  (the- 
oretical: 13.95, 17.77, and 36.17 wt %, respectively). The X-ray 
diffraction pattern and the IR spectrum showed sharp and well-resolved 
peaks, indicating a good crystallinity. All peaks in the diffraction 
pattern could be indexed on the basis of the orthorhombic space group 
Pbcu of MgHP04-3H20.2a'3 The lattice parameters were determined 
from the position of 36 reflections in the X-ray diffraction pattern 
obtained in a Philips Guinier camera (Type XDL 700) using Cu Ka 
radiation and a-A1203 as an internal standard. The parameters a 
= 10.204 f 0.004 A, 6 = 10.675 f 0.004 A, and c = 10.008 * 0.007 
A agree with those reported by Abbona et aI.l3 

Phosphoric acid solutions used in the equilibrations were prepared 
from a H3P04 stock solution. The concentration of these dilute 
solutions was checked regularly, and the uncertainty in the concen- 
tration was estimated as 0.5%. 

Equilibrations. Weighed amounts of MHPT were added to 250 
mL of phosphoric acid solution in 500-mL polyethylene flasks. The 
flasks were slowly rotated end-over-end in a water bath at 25.00 f 
0.02 "C. Preliminary equilibrations, lasting up to 21 days, showed 
that the solution attained a constant composition within experimental 
error after 2-3 days' equilibration. Therefore, in all subsequent 
experiments the samples were equilibrated for at least 10 days. After 
equilibration, the suspensions were filtered through Millipore filters 
(0.22-pm pore size). Samples of the clear filtered solutions were taken 
for pH measurement and for determination of magnesium and 
phosphorus. 

During all manipulations care was taken to avoid contamination 
of the solutions with atmospheric C02. 

Aualyses. The magnesium content of solutions containing M 
Mg or more was determined by titration with EDTA after separation 
of the phosphate by means of an anion exchanger in the chloride form. 
The uncertainty in the amount analyzed was determined as 0.3%. In 
less concentrated solutions, magnesium was determined by atomic 
absorption spectrometry. Lanthanum was added to samples and 
standards to suppress interference by phosphate. In that case the 
uncertainty was 1.50%. 

Phosphorus was determined spectrophotometrically as ortho- 
phosphate by using a slight modification of the method of Brabson 
et al.I4 The uncertainty is 0.5% on the amount of phosphorus 
analyzed. 

The glass electrode and saturated calomel electrode pair used in 
the pH measurement was calibrated with certified NBS buffer 
 standard^.'^ The uncertainty in the pH measurements is estimated 
as 0.015 pH unit. 

Calculations. The ion activity product of MHPT defined by 

I p  = uMgz+aHw41- (1) 

was calculated from the molar activities ax of the species X in solution 
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Table 1. Composition and Calculated Quantitiesa of Solutions Equilibrated at 25 "C with MgHP04.3H,0 in the System 
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Mg(OH), -H3P04-H, 0 

eq u il i- 
bration 1061 

1 21.9, 23.5, 45.3 5.02, 1 .oo 7.06 1.24 2.31 
2 21.9, 23.7, 45.6 5.04, 1 .oo 7.12 1.34 2.44 
3 16.4, 18.2, 34.7 5.22, 0.99, 5.48 1.10 2.37 
4 16.4, 18.1, 34.7 5.23, 0.99, 5.41 1.02 2.40 
5 10.9, 12.8, 23.8 5.50, 1 .oo 3.89 1.20 2.42 
6 10.9, 12.9, 23.9 5.50, 0.99, 3.90 1.13 2.45 
7 8.21 10.1, 18.5 5.70, 0.99, 3.09 0.94 2.47 
8 8.21 10.1, 18.5 5.69, 0.99, 3.09 0.95 2.43 
9 5.48 7.49 13.0, 5.95 g 0.98, 2.3 1 0.81 2.48 
10 5.48 7.39 12.9, 5.95, 0.98, 2.29 0.75 2.39 
11 4.11 6.17 10.3, 6.13, 0.98, 1.93 0.76 2.48 
12 4.1 1 6.14 10.3, 6.1 3, 0.98, 1.92 0.77 2.43 
13 2.74 4.97 7.74 6.40, 0.99, 1.60 0.73 2.64 
14 2.14 5.00 7.78 6.40, 0.99, 1.61 0.75 2.67 
15 1.09, 3.80 4.84 6.90, 1.01 1.31 0.72 3.05 
16 1.09, 3.79 4.87 6.91, 1.01 1.31 0.65 3.09 
17 0.54, 3.38 3.91 7.24, 1 .oo 1.23 0.46 3.25 
18 0.54, 3.41 3.95 7.24, 1 .oo 1.24 0.46 3.30 
19 0.109, 3.30 3.79 7.28, 0.89, 1.21 0.41 3.22 
20 0.109, 3.32 3.83 7.27, 0.89, 1.21 0.4 1 3.22 

no. i o 3 C o p ,  M 103cM,, M 1o3cp, M PH DR 1021, M 1 0 3 d ~ + ,  M moi2f i  

a Dissolution ratio D R  (eq 12), ionic strength1 (eq 7),  deviation from electroneutrality dE+ (eq 9), and ion activity product of 
MgHPO4~3H,O1, (eq 1) were calculated by disregarding ion pairs. 

by the procedure described by Gregory et aLL6 The thermodynamic 
dissociation constants at 25 OC for phosphoric acid and for water were 
taken from Smith and Martell.17c The association constants cor- 
responding to the formation of ion pairs, i.e. 

Mg2+ + HP042- * MgHP04 

Mg2+ + H2P04- * MgH2P04+ 

(2) 

(3) 

are respectively given by 

and 

(4) 

The activity coefficient yx of a zx-valent ion X was estimated by 
using the Davies approximationlS8 

with A a temperature-dependent constantlEb and I the ionic strength 
defined by 

(7) 

where the summation includes all ionic species present in solution and 
the square brackets denote the molar concentration of the X ion. 
Because the results of the calculation also reflect the particular ap- 
proximation chosen for the activity coefficients, calculations were also 
performed by using the Debye-Hiickel equationlEb 

A Z ~ ~ I ~ / ~  

1 + B B ~ I I I ~  
-log yx = 

~ ~ ~ 
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where B is a temperature-dependent constantIEb and A, denotes the 
distance of closest approach for the X ion.lg Equations 6 and 8 are 
only valid for dilute electrolyte solutions with an ionic strength up 
to I 

The best estimates for the thermodynamic solubility product of 
MHPT, Kap, and for the thermodynamic association constants K ,  and 
K2 were calculated by a generalized least-squares procedure simul- 
taneously adjusting the observed values of the observations.16*20 This 
procedure, described in greater detail by Gregory et a1.,16 consists of 
minimizing the weighted sum of squares of residuals of four obser- 
vations per equilibration (i.e., total molar concentration of magnesium, 
C M ~ ,  total molar concentration of phosphorus, cp, initial molar 
phosphoric acid concentration, cop, and pH) subject to three condition 
functions given by 

0.1 M,lS as in the present study. 

dE = Czx[X] 0 (9) 

Ip - Ksp E 0 

with 

the dissolution ratio. In eq 9, defining the deviation from electro- 
neutrality, dE+, the summation includes all ionic species present in 
the system Mg(OH)2-H3P04-H20. Equations 9-1 1, respectively, 
require for each equilibration that the conditions of electroneutrality, 
saturation with respect to MHPT, and congruent dissolution of MHFT 
are satisfied simultaneously. The observations were weighted according 
to Gregory et a1.16 

Results 
Table I summarizes the pH and the analytical concentration 

of magnesium and phosphorus of the solutions after equili- 
brating 4-20 g/L of MHPT in dilute phosphoric acid solutions 
with concentration cop. The last four columns give DR and 
the quantities I ,  dE+, and I p  calculated by using the Davies 
approximation for the activity coefficients (eq 6 )  and disre- 
garding ion-pair formation. It is seen from the table that the 
solution composition of duplicate measurements agrees within 
experimental error. Moreover, plots of cw, cp, and pH vs. each 
other, as shown in Figure 1, yield smooth curves, indicating 

(19) Kielland, J. J .  Am. Chem. SOC. 1937, 59, 1675. 
(20) Deming, W. E. 'Statistical Adjustment of Data"; Dover Publications: 

New York, 1964. 
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Table 11. Solubility Product and Association Constants Calculated 
according to the Generalized Least-Squares Method Using the 
Davies and Debye-Huckel Equations for Activity Coefficients P 

Mg 
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Figure 1. Logarithm of the analytical concentrations of magnesium 
(Mg) and phosphorus (P) plotted against pH. The curves represent 
the solubility isotherms at 25 O C  calculated according to the gen- 
eralized least-squares method. 

the internal consistency of the results. 
With the exception of equilibrations 19 and 20, the disso- 

lution ratio DR equals, within experimental error, the stoi- 
chiometric 1 :1 ratio required for a congruent dissolution. 
Moreover, for these equilibrations the X-ray diffraction pattern 
of the solid remained qualitatively and quantitatively un- 
changed after equilibration, indicating that no recrystallization 
occurred. For equilibrations 19 and 20 the patterns of the solid 
after equilibration showed some weak additional reflections 
corresponding to the most intense reflections of bobierrite, 
Mg,(P04)2.8H20.21 Apparently, in experiments 19 and 20 
bobierrite was formed during the equilibration of MHPT 
according to 
2[MgHP04.3H20(s)] + Mg2+(aq) + 2 H 2 0  - 
resulting in a lower DR value and an apparent decrease in 
solubility. 

Table I shows that for all equilibrations dE+ is positive and 
significantly greater than the anticipated experimental error. 
Moreover, dE+ depends on the solution composition, decreasing 
with increasing pH. Within experimental error the ion activity 
product of MHPT is independent of the solution composition 
up to pH -6; above this pH, Zp significantly increases with 
increasing pH. The same dependency of dE+ and I on the 
solution composition is found when the activity coefficients 
are estimated with the Debye-Huckel equation (eq 8). These 
observations indicate that the formation of ion pairs cannot 
be neglected in the calculations. 

From the analytical data in Table I, the best estimates of 
the thermodynamic solubility product Ksp and the association 
constants K ,  and K2 were obtained by the generalized least- 
squares procedure. Since the condition given by eq 11 is not 
satisfied for equilibrations 19 and 20, the corresponding 
analytical data were not included in the calculations. The 
activity coefficients were approximated with the Davies 
equation (eq 6) or with the Debye-Huckel equation (eq 8). 
In both cases the calculation converges, resulting in the es- 
timates of Ksp, K1 ,  and K2 with a standard deviation of the 
adjustment, s, as given in Table 11. For 51 degrees of freedom, 
the values of 42.2 and 43.0 found for x 2  when the Davies and 
Debye-Huckel approximations, respectively, are used, lie well 
within the critical range of x295%, 33.17-72.61, indicating the 
goodness of fit.20 Table I1 shows that the estimates of Ksp, 
K 1 ,  and K2 statistically do not significantly differ when the 
activity coefficients are calculated with the Davies equation 

Mg3(P04)2'8H20(s) + 2H+(aq) (13) 

(21) ASTM Powder Diffraction Data File No. 16-330. 

Davies 1.67, * 0.03,a 18.9 * 1.7 712 * 23 9.1 * 0.9 
Debye-Huckel 1.70, t 0.03, 24.0 f 1.7 707 f 23 9.2 f 0.9 

a Standard deviation according to the generalized least-squares 
method. 
as defined in ref 16. 
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Figure 2. Above: Fraction of magnesium present as ion pairs ac- 
cording to eq 14 and 15. Below: Ion activity product of MgHP- 
04.3H20 corrected for ion-pair formation plotted against pH. 

or with the Debye-Huckel equation. 
With only a few exceptions, the adjustments on the obser- 

vations are smaller than the anticipated experimental error 
on the analytical figures. Only the adjustment of the pH of 
equilibration 1 differs statistically significantly from the an- 
ticipated experimental error. Disregarding the data of 
equilibration 1 in the calculation results in estimates of Ksp, 
KI, and K2 that agree within the reported error with the data 
presented in Table 11. The agreement between calculated and 
measured data is seen in Figure 1, where the solid lines cor- 
respond to the values of cM cp, and pH adjusted on the basis 
of the Davies equation ancf'the conditions given by eq 9-1 1. 

By use of the values for KI and K2 given in Table I1 and 
the Davies approximation for the activity coefficients, Zp and 
the fraction of Mg present as ion pairs were calculated from 
the analytical data in Table I. The results are represented in 
Figure 2 where 

L Y ~  = 100[MgHP04]/cMg (14) 

 CY^ = 1 oo[ MgH2P04+] / C M ~  (15) 

denote the fraction of Mg present as MgHP04 and MgH2P04+ 
ion pairs respectively. The broken line corresponds to the value 
of Ksp given in Table 11. A calculation based on the Debye- 
Huckel equation results in the same picture as shown in Figure 
2. From the figure it is seen that the dependency of Ip  on the 
solution composition, as noted from Table I, disappears when 
the formation of MgHP04 and MgH2P04+ ion pairs is taken 
into account. Moreover, the figure clearly shows that the 
concentration of MgH2P04+ cannot be neglected at  low pH 
values. 
Discussion 

The consistency of the data, the smoothness of the solubility 
isotherms, and the convergency of the generalized least-squares 
procedure in the calculation of Kw over a wide range of solution 
compositions indicate that the MHFT sample dissolves con- 
gruently and is in equilibrium with the aqueous phase after 

and 
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the equilibration. Consequently, the present data are repre- 
sentative for the solubility behavior of a stoichiometric and 
well-crystalline MgHP04.3H20 sample free from extraneous 
phases. 

The dependence of the ion activity product of MHPT on 
the solution composition as seen from Table I is consistent with 
the formation of the ion pairs MgH2PO4+ and MgHP04. In 
fact, the fraction of magnesium present as ion pairs, Le. the 
sum of a1 and a2 (eq 14 and 15 and Figure 2), shows the same 
trend with respect to pH as the ion activity products given in 
Table I. Figure 2 shows that when ion-pair formation is taken 
into account, the ion activity product becomes independent 
of pH and equals the thermodynamic solubility product. 
As mentioned in the Introduction, several investigators have 

studied the ion-pair formation between magnesium and or- 
thophosphate species. In general, the experimental data could 
be accounted for on the assumption that MgH2P04+ and/or 
MgHP04 are present in acidic to neutral aqueous solu- ' More direct evidence for the formation of these 
ion pairs is given by the conductance data of Tabor and 
Hastings22 and the electromigration experiments of Kulba et 

Childs'O titrated aqueous solutions containing H3P04 and 
Mg(N03)2 with KOH at 37 "C using 0.15 M KNO, to keep 
the ionic strength constant. A least-squares analysis showed 
that the best fit of his pH measurements was obtained when 
the species MgH3(P04)2- and MgH2(P04)2 also were included 
in the solution model. In view of the rather high concentrations 
of phosphate and Mg2+ (9 X up to 8.4 X lo-, M) as 
compared to that of the supporting electrolyte KNO,, the 
improvement in fit by accepting the presence of such poly- 
nuclear species can also be due to compensating errors, the 
latter arising from a change in activity coefficients. Havel and 
Hogfeldt' I performed quite similar titrations in the medium 
[NaClO, + Mg(C104)2] = 3 M. These authors only found 
some indication of the formation of the dimer MgH2(P04)2 
but considered it too uncertain for the existence of this species 
to be regarded as confirmed. According to Havel and Hogfeldt 
the improvement in fit could equally well be obtained by taking 
into account the change in activity coefficients on replacement 
of Na+ with Mgz+ in such media of high ionic strength. In 
the present study it was not necessary to introduce such ad- 
ditional ion pairs in order to obtain statistically acceptable 
values for K!,, K1, and K2.  

A comparison of the association constants listed in Table 
I1 with literature values is rather difficult. In general, apparent 
association constants were determined by using experimental 
conditions that varied from investigation to investiga- 
tion~9-lZ,17,23-27 Since the value of an apparent association 
constant depends not only on the quantitative but also on the 
qualitative composition of the medium, a direct comparison 
with the association constants K1 and Kz found in the present 
study is not feasible. However, Turner et a1.28 compiled and 
evaluated a critical data base from literature data. According 
to this data base the apparent association constants of 
MgH2P04+ and MgHP04 at infinite dilution and 25 "C are 
14.8 and 759 M-l, respectively, which agree with the values 
given in Table 11. 

The value for K ,  in Table I1 lies between the values 5 12 and 
806, respectively, reported by Clarke et al.7 and Taylor et al.5 

a1.9 
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The former performed potentiometric measurements in a 
rather restricted pH range, i.e. 6.2 < pH < 6.7, using the molal 
concentration scale, whereas the latter obtained K1 from a 
solubility study of MHPT. In both studies the concentration 
of MgH2P04+ was assumed to be negligible. According to 
Figure 2, this assumption certainly does not hold in the pH 
range 5.2 < pH < 7.4 used by Taylor et ales Consequently, 
their estimate of K1 will be somewhat too high. 

A comparison of the association constants of MgH2PO4+ 
and MgHP04 in Table I1 with those of the corresponding 
calcium-phosphate ion pairs16,z9-31 shows that the latter are 
smaller. This agrees with the general trend found in the 
literature.6~10~12~24~28~3z Moreover, it is consistent with the 
expectation for ion-pair formation in which purely electrostatic 
bonding predominates; Le., the association constant will de- 
crease with increasing cation size. 

Some investigators have determined an apparent solubility 
product for MHPT.8*22s33 However, as Holt et al.34 properly 
pointed out, the results of Greenwald,, and Tabor and 
Hastingsz2 cannot be regarded as representative for the solu- 
bility behavior of pure and well-crystalline MgHP04.3H20. 
In both studies no characterization of the solid is given nor 
is the stoichiometry of the dissolution reaction controlled. In 
view of the relatively high pH values reported in these solubility 
studies, the possibility cannot be ruled out that a more basic 
magnesium phosphate is the solubility-controlling phase (see, 
e.g., equilibrations 19 and 20 in Table I). 

Racz et a1.4,35 determined the solubility of a MHPT sample 
by equilibrating the solid in water, MgClZ solutions, and HCl 
solutions at 25 "C. Taking into account the formation of 
MgHP04 ion pairs, a constant value of 1.48 X mo12/LZ 
was found for the thermodynamic solubility product of 
MgHP04.3H20 over a rather restricted pH range. This value 
is slightly lower than that found in the present study. However, 
the composition of the sample used by Racz et al.35 deviates 
significantly from that required by the MgHP04.3H20 stoi- 
chiometry. Moreover, when the dissolution ratio is calculated 
from their data, DR values are found which are mostly lower 
than unity and which decrease with increasing concentration 
of the MgClz used for the equilibration. Considering the 
solution compositions and the hydrolysis experiments of 
MHPT performed by this is a strong indication that 
during the equilibrations of Racz et aL4 Mg,(P04)z.8H20 is 
formed according to eq 13. Consequently, the final solution 
compositions found by Racz et al. may have been controlled 
by this phosphate. 

Although Taylor et al.s neglect the formation of MgH2P04+ 
ion pairs, their value of (1.5 f 0.1) X lod mo12/L2 for the 
thermodynamic solubility product of MHPT is in good 
agreement with the estimate found in the present study. A 
recalculation of the ion activity product of MHPT from their 
data, taking into account the association constants given in 
Table I1 and using the Davies approximation for the activity 
coefficients, results in Zp values of 1.3 X 10" and 1.5 X lod 
molZ/LZ at pH -5.30 and 6.8, respectively. Apparently, Zp 
depends slightly on the solution composition and is somewhat 
smaller than the Ksp value 1.67 X of Table 11. Since 
Taylor et al.s also equilibrated their sample until a constant 
Zp was obtained, these differences most probably are due to 
the single-point calibration of the glass-reference electrode 

(22) Tabor, H.; Hastings, A. B. J .  B i d .  Chem. 1943, 148, 627. 
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(26) Holroyd, A.; Salmon, J. E. J.  Chem. Soc. 1956, 269. 
(27) Trevelyan, W. E.; Mann, P. F. E.; Harrison, J. S. Arch. Biochem. 

Biophys. 1952, 39, 440. 
(28) Turner, D. R.; Whitfield, M.; Dickson, A. G. Geochim. Cosmochim. 

Acta 1981, 45, 855. 

(29) McDowell, H.; Brown, W. E.; Sutter, J. R. Inorg. Chem. 1971, 10, 1638. 
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208. 
(31) Davies, C. W.; Hoyle, B. E. J .  Chem. Soc. 1953, 4134. 
(32) Smith, R. M.; Alberty, R. A. J .  Am. Chem. SOC. 1956, 78, 2376. 
(33) Greenwald, I. J .  B id .  Chem. 1945, 161, 697. 
(34) Holt, L. E.; Pierce, J. A.; Kajdi, C. N. J .  Colloid Sci. 1954, 9, 409. 
(35) Webber, M. D.; Racz, G. J. Can. J.  Soil Sci. 1970, 50, 243. 
(36) Duff, E. J. J .  Chem. SOC. A 1971, 2736. 
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pair with a potassium biphthalate buffer of pH 4.00 in their 
pH measurements as compared to the multipoint standardi- 
zation used in the present study. It is known that in practical 
pH measurements the potential-pH slope of glass-reference 
electrode pairs mostly is less than the theoretical s l ~ p e . ~ ' > ~ *  
Consequently, the pH measured on the basis of a single-point 
calibration will systematically differ from the actual pH, the 
deviation being greater, the greater the difference between the 

actual pH and the calibration pH.38339 On this basis and in 
view of the rather severe restrictions imposed on the analytical 
data by the least-squares adjustment, the estimates of the 
thermodynamic solubility product of MgHP04.3H20 and of 
the association constants of MgH2P04+ and MgHP04 ob- 
tained in the present study form a consistent and more reliable 
set of constants. 

Registry No. MgHP0,.3H20, 7782-75-4. 
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Absorption spectroscopy indicated that the addition of WC16 or KWC16 to the basic aluminum chloride-1 -methyl-3- 
ethylimidazolium chloride ionic liquid produced the tungsten(V) chloro complex [wcl6]-. This species can be reduced 
to [Wc16]*- and [wc16]'- via two consecutive, reversible, one-electron reduction processes with voltammetric half-wave 
potentials of 0.45 and -0.80 V, respectively, referenced to aluminum in 66.7:33.3 mol % melt. The metal-bonded tungsten(II1) 
dimer [W2Clg] 3- exhibited two one-electron voltammetric oxidation waves with half-wave potentials of -0.07 and 0.43 V, 
respectively. The first wave corresponded to the formation of [W2Clgl2- and was reversible and uncomplicated on the 
voltammetric time interval. The second wave did not exhibit a reverse current. However, the oxidation of [W2C19]'- consumed 
two electrons per mole of [W2Cl9I3- on the time interval encompassed by controlled-potential coulometry and [wC16l2- 
was the sole product. This suggested that coulometric oxidation of [W2Clgl3- follows an ECE pathway with the following 
steps: (1) one-electron oxidation of [W2Cl9]'- to [w2Cl9l2-, (2) slow disproportionation of [W2Cl9I2- to [Wc16]'- and a 
tungsten(II1) complex, and (3) one-electron oxidation of the tungsten(II1) complex to [WC&I2-. The Stokes-Einstein equation 
was applicable to [wc&]-, [wC16l2-, and [WzC19]3- over a large range of melt composition. Diffusion coefficients for 
these species in 44.4 mol % melt at 40.0 'C were (2.8 f 0.2) X cmz s-', 
respectively. Close agreeement was obtained between experimental solvodynamic and calculated structural radii for both 
[WC16]- and [WCl6I2-, which suggested that these species were essentially unsolvated in the melt. 

(2.2 * 0.1) X and (1.5 & 0.1) X 

Introduction 
Aluminum chloride can be combined with certain organic 

salts to produce ionic liquids at  room temperature. Familiar 
examples of such liquids are mixtures of aluminum chloride 
with 1-n-butylpyridinium chloride (BPC) or l-methyl-3- 
ethylimidazolium chloride (MEIC).1,2 Both systems have been 
found to be good solvents for electrochemistry and spectros- 
copy. The Lewis acid-base properties of these ionic liquids 
can be varied by adjusting the ratio of AlCl, to organic salt. 
Melts in which the apparent mole fraction of AlCl, exceeds 
0.5 are acidic, owing to the presence of the heptachloro- 
aluminate ion, which is a chloride ion acceptor. Those melts 
with an A1C13 mole fraction less than 0.5 are basic, since they 
contain uncomplexed chloride ion. 

The results obtained during previous studies indicate that 
transition-metal ions form very stable anionic chloro complexes 
in basic AlC1,-BPC or basic A1Cl3-MEIC.'-" Tetrahedral 

(1) Chum, H. L.; Osteryoung, R. A. 'Ionic Liquids", Inman, D., Lovering, 
D. G., Eds.; Plenum Press: New York, 1981; pp 407-423. 

(2) Hussey, C. L. Adv. Molten Salt Chem. 1983, 5, 185. 
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[MCl4IA chloro complex anions were found for most dipit ive 
and t r ip i t ive  3d ions in these A series of [MCl,] I-P 
complexes with 2 I p I 4 were detected for copper(I)8 and 
~ilver(I).~ Titanium(IV), octahedrally complexed as [TiCl6I2-, 
was found to exist in equilibrium with an oxychloro complex, 
[TiOCl4I2-, when oxide ion was introduced into the melt by 
dissolution of Li2CO3.Io Basic AlC1,-MEIC was found to be 
a useful solvent for stabilizing the [MoCl6I2- ion, which had 
not been studied in solution previously." 

Several studies have been concerned with the chemistry of 
tungsten chloro complex solutes in alkali-metal chloride based 
chloroaluminate melts,12-14 molten alkali-metal  chloride^,'^-^^ 
and conventional aprotic so l~ents . '~J~  Marshall and Yntema12 
examined the deposition of tungsten metal from fused Al- 

~ ~ ~~ ~~ ~ ~ ~ 
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