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SIMPLE ELECTROSTATIC CORRELATIONS OF FLUORIDE COM- 
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A. INTROIXJCTiON 

It’ was stated in a recent review 1 that ‘“the justification for treating fluorides separate- 
ly from the other halides would seem to be that very often their chemistry is different”. 
There are, however, some other tangible reasons why metal ion-fiuoride complexes 
warrant special attention, not only relative to the other-halides, but indeed in relation ta 
ah other species. 

Firstly, no other simple species provides as large a number of complexes with measuiabh 
stabiIities2. SecondIy,‘the other halide ions show a mudh greater tendency than the 
fluoride ion to form inner and outer sphere cornpIexes’ s comphcating discussion: of ., 

simple trends. However, the greatest ~~~s.‘to.s~dy ~~o~de,~mpIex~s is associated 
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with the unique electronic characteristics of the fluoride ion itself. 
The fluoride ion is the smallest simple anion which can exist in aqueous solution and, 

unlike the other halides, has nod orbit& of suitable energy to participate in covalent rr 
bonding (either hgands to metal or metal to l&and). These two factors suggest that inter- 
actions between metal and fluoride ions, more than for any other ligand, should be 
governed by electrostatic considerations. Thus, fluoride complexes provide a unique op- 
portunity to test basic eIectrostatic theories of compiexation whilst avoiding the formi. 
dable quantum mechanical problems associated with covalent bonding. 

Some aspects of fluoride complexation have been discussed briefly in a number of 
reviews4-7 but since the most recent of these, a significant body of new data has become 
available, mainly through the development of a fluoride ion-selective electrode. Suf- 
ficient data now exist to allow a realistic appraisal of elementary complexation theories 
and, for the first time, to make a critical assessment of the reliability of the data them- 
selves. This is the aim of this review. 

Accurate measurement of stability constants in soIution is fraught with difficultiesS, 
and it is not unusual to fiid independent studies differing as to the strength and even the 
number of complexes present * . Fortunately, this situation is improving as investigators 
standardise their approaches and become more aware of the often subtle factors (e.g. 
activity coefficient changes’, calculation procedures”, etc.) which can cause discrepan- 
cies. Improvements are also being wrought by the development of new techniques, such 
as ion-selective electrodes, and from improved instrumentation in established techniques. 

Indeed, the major deficiency nowadays is not the lack of reliable stability constants 
but the paucity of corresponding enthalpy data. This situation is aggravated because many 
of the extant enthalpy data have not been obtained by direct calorimetry but, despite 

” widespread criticism , from the rather dubious method of measuring the temperature 
variation of the stability constant. The recent commercial availability of calorimeters 
should do much to overcome this situation. 

Studies of fluoride complexes have in the past been hindered by a number of experi- 
mental obstacles. The major difficulty was the lack of a direct method of measuring free 
fluoride concentrations. This has now been overcome by the invention of the fluoride 
ion-selective eIectroder2 or circumvented by the application of techniques such as polar- 
ography ’ 3 which are not dependent on a knowledge of free fluoride concentrations. 
The second problem in the study of fluoride complexes is the etching of canventional 
glass equipment by acidic fluoride solutions. This has been solved by the development of 
HF-resistant plastics such as Teflon and Kel-F. A further complication peculiar to the 
fluoride ion among the other halides is the low K, value (- I Oq3 mofe.l-r) of HF in 
aqueous solution’ _ Thus at the low pH values which are often necessary to prevent metal 
ion hydrolysis in aqueous solution* there is competition for the fluoride ion between 
@ (as,) and the metal ion of interest. This problem is, of course, inherent to the study 
of ail complexes of the anions of weak acids, but it is exacerbated in the case of the 
fluoride ion by an inability to use the reliable glass electrode because of attack by HF. 
The problem can be minim&d in many cases by careful solution preparation’4. Further- 
more, a number of accurate determinations* ’ “-* of the thermodynamic parameters of 
complexation between hydrogen and fluoride ions under a variety of conditions have 
diminished the uncertainties associated with this problem. 
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TABLE 1 

Thermodynamic parameters for the reaction 
Mn+ (aq.) + F- (as.1 3 hfF(n-l)* (aq.) 

Conditions e Contirrna- Ref. g 
tionf 

0.34 4.90 
0.75 1.30 
I .05 0.63 
1.18 0.15 
1.38 -0.30 
0.83 6.19 
0.95 3.93 
1.15 2.67 
1.18 2.8 1 
1.16 3.01 
1.15 3.09 

1.13 3.12 

1.13 3.19 
1.11 3.31 
1.09 3.42 
1.07 3.46 
1.05 3.52 
1.04 3.54 
1.04 3.56 
1.00 358 
0.99 3.61 
1.18 2.72 
0.80 -8.8 

0.86 -8.2 

1.02 7.80 
0.98 7.87 
0.65 4.36 
0.97 7.15 

0.91 0.62 
0.62 55 
0.95 -8.3i 

0.83 0.82 
0.67 5.17 
0.93 6.77 
0.82 0.40 
1.07 3.39 
0.78 0.34 
1.06 3.34 
0.72 0.70 
1.13 0.17 
0.83 0.75 
099 0.46 

-0.35 21 
3.2 17 
35 15 
4 14 

-0 -0 
0.4 h 30 
1.2 22 
4.0 26 
4.8 29 
5.7 33 
6.8 37 

9.4 46 

9.2 45 
8.9 45 
7.5 41 
7.0 39 
7.3 40 
7.4 41 
8.7 45 
9.6 49 
9.5 49 

2.4 32 

0.9 h 6 
2.8 h -10 
2.0 10 
1.1 6 

** 
** 
** 
** 
** 

0.5 (NaCI04) 
OS(NaC104) ** i 

* 
* 

* 
* 

L 

* 

2.O(Na, * 
HC104) 
3.O(Na, 
HC104) 

* 
3.0(HC104) 
0.5 (NaCIOJ 
2.O(HCIO.& * 
20” 

I 
2.O(HCIOJ 1 
4.O(HCIO&. 
20” 

05 (NaCIOa) l 

1 .O(iiNO3~ 

OS(NaCiOa) 
+ 

0.5(Nilci0~) 
0.5 (NaCltl4) ’ 

0.5 (NK104) l 

1 

IS 

19,20 

19,zo 

19,20 

x9,20 

7,21,22 

7,23,24 

24 

24 

24 

24 

24 

24 

24 

24 

24 

24 

24 

24 

24 

?5 

25 

16 

28 

29 

30 

31 

Ia 

32 

33 

14 

7 

34 

I4 

35 

14 

3s 

21 

36 

37 

38 
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TABLE 1 (continued) 

ioIl= r*& ~OglOPl 

G. HEmR 

AfflC asi d Conditions e Confirma- Ref.g 
tionf 

Hg” 
.4P 
Ga* 
IR” 
Ti+ 
Sn% 
Pbb 
SbS 

Bi3+ I.20 4.7 

1.12 1.03 
0.55 6.31 
0.62 4.38 
0.92 3.69 
1.29 ?I 
1.02 4.00 
1.32 1.47 
0.92 -6 

0.8 h 8 0.5 (NaC104) 
0.7 31 ** 
25 29 **k 
2.2 24 wk 

* 
* 
* 

2.O(Na, 
HC104) 
l.89(HQ04) * 

21 

39 

39&O/7 

41 

42 

43.44.10 

45,46 

47 

48 

-~- 
a 

b 
ions arranged in same order as ref. 2. 
Empirical cation radii in Angstrom, from A.R. VOR Hippel (Ed.), Molecular ScienceandMolecu~ar 
Engineering, Technology Press of M.I.T./Wrtey, 1959, pp. 148-9. 

fi 
Enthalpy in kcal.moIe-’ , rounded off to the second significant figure. 
Entropy in cal.deg-‘.mole-’ , rounded off to the second significant figure. 

; 
Unless otherwise stated, measurements were made at I = 1 .OM (NaCI04) and T= 2S9C. 
One asterisk denotes fog 61 value has been independently confirmed (to two or more significant 
fgures). Two asterisks indicate enthalpy (and entropy) values have been similarly confirmed. 

g Only major reference is given except where conf&natory references cannot be obtained from the 
standard compilation’. 

h Indicates AFfr was determined from temperature variation of the stability constant. All other 
values were calorimetrically determined. 

i AiYt and &Sl in good agreement with one independent determination’ which g&es Aff, = 2.2 
kc&mole-r, ASI = 25 caI.deg-‘.mote-’ , but in serious disagreement with another determination% 
which gives AH1 = 8.0 kcal.mole-r and AS1 = 44 cal.deg-r.mole-‘. 

i 
k 

Obtained by assuming log& {IIF> = 35 at 4.0 (HClO& 20°C. 

1 
Only fair agreement of Mr and A& wit? other reports. 
Pl J 0, Iogloal =? 

B. PRESENTATION OF DATA 

li) Selection of data 

Table 1 lists thermodynamic parameters for the formation of the first fluoride com- 
plex of most metal ions. The data have been taken from standard compilations’* l8 which 
cover the Iiterature up to 1968-9 and from a survey of the general Sterature up to the 
end of 1972. The data in Table 1 have been limited to simpfe metaI ions. AZhough this 
means many well known and well studied ions such as VO’+, UOP, etc., are excluded, it 
is necessary if comparisons of data with metal ion properties are to be meamugful. 
Similarly, only the formation of the fust camprex is considered. The data in Table 1 are, 
in the author’s opinion, the most reliable from the published literature but of course 
they cannot be considered definitive. Further explanation is contained in the footnotes 
of the table. 



ELECTROSTATIC CORRELATIONS OF FLUORIDE COMPLEXES 225 

(ii) CIaoice of standard conditions 

Choice of standard conditions is somewhat arbitrary. Temperature presents no prob- 
lem because almost all measurements are reported2 at 25”C, but the media which have 
been employed are much more varied. Formerly, quotation of stability constants at 
zero ionic strength was favoured by many author@ s*r on the grounds that specific me- 
dium effects were eliminated. These so-called “thermodynamic stability constants” were 
usually obtained by determining the variation of the stability constants with ionic strength 
and extrapolating to zero. This procedure may be criticised on the following grounds. 

(1) All extrapolation procedures are based on electrolyte theories, such as that of 
Debye and Huckei4’ , which are derived from non-thermodynamic considerations. Con- 
stants obtained in this manner can hardly be called “thermodynamic”. 

(2) The variation of many stability constants sometimes cannot be expressed as a 
simple function of ionic strength, making any extrapolation rather awkward. 

(3) Ln order to prevent activity coefficient changes’ or hydrolysis of the metal ion5’, 
most stability constant measurements are made at ionic concentrations for which common 
electrolyte theories do not apply. 

Conversion of stability constants measured at one (usually high) ionic strength to a 
zero ionic strength value by the use of empirical or semi-empirical equations employed 
by some author? J’ would not appear to be very reliable. 

An ionic strength of 1 .O is frequently used by many workers’ and has been chosen as 
the standard medium for this review as a suitable compromise. Where data are not avail- 
able at this ionic strength the most reliable value at the closest ionic strength has been 
chosen. Variation in the choice of salt for the medium, especially if it is a perchLorate salt 
(e.g., the use of LiC104 rather than the usual NaC104) would not be expected to cause 
a significant alteration to the quoted value. Thus, although some of the stability con- 
stants reported in Table 1 may include some specific interaction effects, the data as a 
whole have the advantage of reflecting relative values of real solutions rather than some 
hypothetical and unobtainable ideal state. 

C. SIMPLE ELECTROSTATIC CORRELATIONS WITH log PI 

Various speciahsed theories have been propounded to explain the (often subtle) dif- 
ferences in stability constants of particular groups of ions, e.g. crystal field effects for the 
fast transition row metal ionsr ‘, etc. Although such theories are often highly successful 
in accounting for minor variations within particular groups of ions (and are interesting in 
themselves) for the present purpose they only represent embellishments on more basic 
concepts and thus will not be considered further. This obviously precludes any simple 
theory from exactly accounting for the fluoride stability constants of all cations. However, 
it is important to consider what general patterns, if any, do in fact emerge from simple cor- 
relations in order to determine inadequacies in both theory and data. 

Two simple approaches may be used to treat electrostatic interactions quantitatively- 

(a] ion-ion. The Coulombic attraction between a cation and anion of charge 2, and Z_ 
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Fig. 1. Piot offog&r vs. ZJci, + t_). Data from Table 1 aSSum&PF- = 1.33 A. {----) Computer fitted 
(Zeast squares) line of best fit. 

respectively in a medium of dielectric constant E may be written as 

where e is the electronic charge and r the distance of separation. Thus log@, might be ex- 
pected to correlate with (Z,/(l; fr_)), where r+ and r_ are the radii of the &ion and 
anion respectively (r = r+ f r_). A plot of this function against fog & is shown in Fig. t. *. 

(b/Ion-d&o/e. Ionic hydration energies can be accounted for reasonably well by a con- 
sideration of ion-dipole interactions only (the Born equation). This equation may be ex- 
pressed’ * 

162.2~ 
- AC,,, = - 

-t I ‘+ 

The formation of t : I fluoride complexes in aqueous solution may be represented 

M(H,O)$++ F(H,O); r”:MF(H20)$+l)+ +(x-i-y -z)H,O (1) 

Thus, in so far as the hydration energy of M rr+ is directIy related to 2:/r+, log fit vahres 
would also be expected to correlate with this quantity5*. This plot is shown in Fig. 2. 

* Stmigbt iines in Figs. I, 2 and 4 have been fitted to all points except Pb, Sn, Hg, Be, Bi and Sb. These 
are excluded for reasons which will become obvious later in the text. Charges on these ions are as in 
Table 1. 
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Fig. 2. Plot of log&t vs. 2:/r,. Data from Table 1. (--- ) Computer fitted (least squares) line of best 
fit. 

Comparison of Figs. 1 and 2 indicates that both electrostatic models show a reasonable 
correlation with log fir values for most ions. This is not necessarily unexpected as the 
two approaches are really complementary rather than alternative. However, when the 
uncertainties in ionic radii and the stability constants are considered, the extent of agree- 
ment is gratifying. 

It has been claimed” that straight line correlations like the above are fortuitous be- 
cause all the functions used are approximately linear functions of l/r+ for the values of 
ionic radii found in nature. That this is not so for the correlations in Figs. 1 and 2 can be 
readily seen from the data in Table I. Any relationship between log & and I/r+ is obvious- 
ly charge-dependent (e.g. Sr*+ and La3*) but even for ions of the same charge, any cor- 
relation is poor. This is amply demonstrated by the data shown in Fig. 3; it may be con- 
cluded that the correlations in Figs. 1 and 2 represent real effects. 

As with most models it is the exceptions which provide a more fruitful field for further 
consideration. Figures 1 and 2 are particularly useful in that they show which ions are 
“anomalous” in terms of “normal” electrostatic behaviour. Many of these ions, e.g. Sc3’, 
Cr3+, Pu4’, have been poorly investigated and warrant further study before any conclu- 
sions can be drawn about them. There is, however, a group of ions from the lower right hand 
side of the Periodic Table, including Hg2+, Pb2*, Sn ‘+ Sb3+ and Bi3+ whose log fir values , 
are decidedly “anomalous”. These ions, which seem to form a distinct ckass, will be further 
discussed later. 

D. REFINEMENTS TO SIMPLE THEORIES 

It is well known that simple electrostatic theories contain compensating features which 
can give better correlations between ionic parameters and experimental data than seem 
logically possible (an interesting example of this is given on p. 169 of ref. 52). To test such 
a possibility a few logical refmements will be attempted. 



228 G. HEFTER 

Eli* 

l Zr 

W* l Hf 
m--Pa 

U- 
-PU 

SW l sc Al* 

*Mn3* 
‘Fe=’ Be* 

Fig. 3. Plot of loglop, vs. 2+/r+. Data from Table 1. 

The choice of individual ionic radii is somewhat arbitrary as quite different sets of 
values have been proposed by various authors 54. Furthermore, recent direct X-ray de- 
terminations of electron-de~ity distributions have indicated that commonly accepted 
single ion values based on a number of arbitrary assumptions are gravely in errors5. This 
factor and the use of crystal radii (see Table 1) for ions which are known to be hydrated 
in aqueous solution needs to be clarified. 

The function Z+/(r, + r,) (Fig. X) is a measure of the electrostatic attraction of the 
ions in ilre complex. Assuming all the complexes are inner sphere (i.e. the constituent ions 
are not separated by water molecules), then the distance of separation of ions in the com- 
plex is probably quite similar to the separation observed in crystals. Also, the function 
uses a sum of anionic and cationic radii and therefore does not suffer the arbitrariness of 
single ion radii. Thus the radii chosen should be satisfactory for the function Z+/(r, + r-1. 
However, in the 2:/r+ function (Fig. 2), r+ refers to the radius of the uncomplexed 
hydrated ion. Use of any set of crystal radii does not, except as a crude approximation, 
seem justified, and a more realistic alternative must be found. 

Various methods have been proposed for determining ion size in aqueous sohrtion but 
most (e.g. that of Stokes and RobinsonS6) require a knowledge of the hydration number 
of the ion. Unforrunateiy, the literature on hydration numbers is in a state of almost 
complete confusion ” *sil . No values are generally accepted and the disagreement between 
values obtained by different methods is disconcerting, so it seems that this attractive 
avenue of approach cannot be pursued at this stage. 

A useful semi-empi&a.l result first introciuced by Latimer et rd.” is to add O.SS.(the 
radius of an oxygen atom in a water molecule) to the crystal radius to give an effective 
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Fig. 4. Plot of log,& vs. 2,2/r,ff_ Data from Table 1. raff=r+ + 0.85. (-1 Computer fitted Oeast 
squares) line of best fit. 

solution radius. Figure 4 gives a plot of log (3, vs. .Z:/reP The fit to the straight line in 
Fig. 4 is somewhat better than Fig. 2 and is now in better agreement with Fig. 1. It is ob- 
vious, however, that the uncertainties in the absolute values of single ion radii and the 
indirect relation of log & to Born-type functions must inevitably mean correlation of 
these two properties is less straightforward than with the simple Coulombic function. 

(iij Effective chmge 

The agreement which exists between the two electrostatic approaches (Figs. 1 and 4) 
shows positively that many of the metal ions of the lower right hand side of the Periodic 
Table have ‘%nomalously” large fluoride stability constants, i.e. their log & values are 
much higher than would be expected on electrostatic grounds. 

The lower abihty of d andforbitds compared with s and p orbitals to shield the 
nuclear charge of an atom (or ion) is weft known. Hence, effective charges on ions to the 
right of the transition series in the periodic Table would be expected to be greater than 
ions of the same formal charge to the left of the transition series. On this basis ions such 
as EIg’*, Sb3+ etc. would be expected to have much higher log & values than formally 
similar ions S?, Y3’ etc. Very little use seems to have been made of this important con- 
cept, probably because of the difficulty in making a quantitative correction. 

Frobably the simplest method is to calculate the effective nuclear charge using Sfater’s 
rules6*. Unfortunately, charges obtained in this way become unreliable6’ as soon as 
orbit& with total quantum number greater than 4 are reached. More precise orbitals, 
such as Hartree-Fock type” , could be used altemativeiy but the length of the calcula- 
tions places them outside the scope of this review. 

Despite the lack of rigour. a few semiquantitative calculations derived from Slater- 
type effective nuclear charges seem worthwhile. Values for a number of elements have 



230 G. HEFTER 

been listed by Allred and Rochow62 and will be used for convenience. The values listed 
for strontium and tin are respectively 2.50 and 5.30. If strontium is considered to re- 
present “normal” electrostatic behaviour, i.e. lies close to the lines of best fit in Figs. I 
and 4, then a rough correction for effective charge can be made by m~tipIying the for- 
mal charge by the ratio 5.30/2.50. This correction shifts tin(U) from the far left to the 
far right of the lines in Figs. 1 and 4, i.e. the “‘corrected” log & value is now less than the 
“‘normal” electrostatic value. Analogous corrections to the other ions of this group have 
a sin&r effect. Despite the crudity of this procedure it nevertheless suggests that the 
position in Figs. 1 and 4 of ions in this “group” is the result of more than an effective 
charge factor. 

(iii) &her possible factors 

One distinguishing feature of the meta ions of the lower right hand side of the Peri- 
odic Table is their high polar&ability (e-g. compare the vdues63 of Sr2* (a = 1.7 A’) and 
Pb2+ (a = 4.8 A3 )). 

Although the concept of polarizability is poorly understood, it has been related by 
some worked3 to covalency. In the Introduction it was pointed out that the fluoride 
ion in aqueous solution has a relatively low tendency to form covalent bonds. Thus it is 
conc&vable that the interaction of this “group” of ions with the fluoride ion would be 
less favourable than expected on electrostatic grounds (after allowing for effective charge 
differences). In the “hard-soft” terminology of Pearson64 this would be expressed as the 
interaction of like ions being preferred over unlike ions. 

Doubtless, given the complexity of chemical interactions, other factors are also at 
work in determining the positions of ions in Figs. 1 and 4. The position of the unstudied 
T13+/F system is of interest. On an electrostatic basis one would expect log Pr (TIF’+) 
= 3.4. However, OR the basis of the Pr values of the Bi3+ - and Pb2+ - fluoride systems, 
log & (TIF?) may in fact be much larger: an interesting situation awaiting experimental 
resolution. 

E. CORRELATIONS WITH ENTHALPY AND ENTROPY 

In order to gain greater insight into equilibrium solution processes than can be ob- 
tained from log fll values alone (in effect AG) it is usual to consider the enthalpy and 
entropy components of AG separately’ ‘, these quantities being related by the familiar 
thermodynamic equation 

AG=AH-T AS 

(i) Correlatiorts with AH, 

Inspection of the data in Table 1 indicates that the formation enthalpy AHI of the 
fast metal ion-fluoride complex shows no systematic dependence on metal ion proper- 
ties, all values being very close to zero. Note that this does not mean that the entbalpy 
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change associated with the metal ion-fluoride bond formation itself is small, but simply 
that the enthalpy change of the overall process of complex formation in solution is small. 

The observed enthalpy change of reaction (1) may be written, omitting charges for 
simplicity 

where MM_., p re resents the enthalpy change associated with the formation of the metal 
ion-fluoride bond, and AHM_HzO and A&_-HI0 represent the enthalpy changes associa- 
ted with the breaking of ion-water bonds which must occur if an inner sphere complex 
is formed. 

The implication of eqn. (2) is that AH, is basically the result of two very large terms, 
one bond making and favouring the reaction (AHkI_F) and the other bond breaking and 
oPPosbg it (~~-4-1~0 + A&+0)- For a series of metal ions both bond making and 
bond breaking terms would be expected to depend on, and to show variation with, the 
properties of the metal ions to a vezy similar extent and thus no correlations with such 
properties will be observed. 

It is interesting to note that even for the strongest complexes AHI is positive, i.e. is 
unfavourable to compIex formation. Only Be*’ and A$ appear to have negative AH1 
values. Complexation reactions of A$ are normally considered to be governed by co- 
valent interactions4 t6’ *66 , which suggests that a certain amount of covaIency might be 
associated with Be2*jF interactions, This is also expected67 on the basis of the excep 
tionally high electronegativity of Be*+ (x = 1.5) compared with similar ions (e-g. Mg*+, _ 
x = 1.2). The possibility of covalent bond formation, which in the present context may,,“‘. 
be considered as a ‘specific interaction”, probably accounts for the anomalous position 
of Be2+ irr. Figs. 1 and 4. 

Although the enthalpy data in Table I show no systematic correlation with metal ion 
properties, the corresponding entropy data are insufficient to allow definite conclusions to 
be reached. However, some comments are worthwhde. 

Figure 5 shows a plot of the most reliable aS, data against (Z+/(r.+ f r_))- The 
laneanide values have not been included because they appear to be suspiciously high*. 
Despite the limited availability of data a rough linear correlation is apparent. This may be 
explained as follows. 

The observed entropy change for reaction (1) may be written, omitting charges for 
simplicity, 

(3) 

For a series of metal ions S&Q and (x 4-y - z) will be approximately constant. The re- 
maining terms in eqn. (3), which would be expected to correlate with metal ion proper- 

* Unfortunately, no independent enthtipy data are avaiiabb for the Ianthanide fluoride compIexes. 
Afft(YF”) reported in the same paper as the lanthanidesz4 _ _ 1s m serious disagreement with two 
other determinations (see Table l}_ It is pointed out, however, that if the kmthanide data are eor- 
rect, then the “correlation” in Fig. 5 would not be observed. 
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Fig. 5. Plot of ASI vs. ZJ@-+ + r-1. Selected data from Table 1 (see text). (- - -) Line of best fit, 
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Fig. 7. Half Lives for water substitution in the inner coordination sphere of metal ions. Data from ref. 
68. 

It is interesting to note in passing that the same factors which are responsible for the 
very small &II values, namely the similarity of the Mnc-- Hz0 and F’- Hz0 inter- 
actions, are also responsible for large positive MI values. 

F. OTHER CORRELATIONS 

(i) Correlations with other metal ion properties. 

Many correlations of complexation parameters with metal ion properties have been 
summarised by Rossotti’ ’ . Apart from the functions discussed above, those used most 
frequently employ ionisation potentials (or electron affmities) of the metal ion. 

Figure 7 shows a representative plot of some log PI values against the appropriate metal 
ionisation potentials ” . Little correlation between the two variables is observed_ A simi- 
lar spread is obtained if the total ionisation potential is used. Other commonly employed 
functions such as tx (x = electronegativity) have been shown by Rossotti” to be equi- 
valent to ionisation potentials. 

(ii) Orrelations with the other halide ions. 

Although until recently it has been experimentally easier to study the complexation 
reactions of chloride, bromide and iodide ions, the data which exist for such complexes 
are surprisingly few. Table 2 lists a critical selection of the data from the “Stability Con- 
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TABLE 2 

Comparison of iogt& values of halide complexes in aqueous solution 0 

Metal ion F- a- Br- 

SC* 6.19 1.07 1.21 
Yy 3.93 0.36 0.45 

is+ * 8.8 8.2 0.30 0.38 -0.10 
I-h& 7.80 0.18 

s 7.15 4.34 -0.65 0.78 -2.65 0.30 
bin” 5s 0.95 

Fo*+ Fe; 
0.82 0.36 
5.17 0.40 -0.14 0.66 -0.12 -0.30 

Ni*+ 0.34 -0.24 -0.12 
CU2* 0.70 0.74 0.55 
Ag+ -0.17 3.31 4.30 
ZRZ4 0.75 -0.2 (37) -0.6 (37) 
Cd= 0.46 1.3.5(72) l-76(38) 
IQ*+ 1.03 6.62 8.94 
GZg 4.45 -0.10 

% 
3.69 2.1X41) 1.98(41) 
UO 0.64 1.05 

Tl* 7.10 9.62 
srl=+ 4.0 l.lS 0.7 3 
Pb2* 1.47 0.94(7 3) 1.09(73) 
Sb* 6 2.3 
Bi* 4.7 1 2.34 2.36 

p- 
s- 

- 0.46 

- 4.16 0.18 

- 1.52 
8.13 

- 1.5 (37) 
1.88(72j 

12.87 
- 0.24 

1_00(41) 

11.4; 
0.70 
1.27673) 

2.90 

0 Fluoride values are taken from Table I _ Ali other v&ues taken from ref. 2 urtiess indicated by a refe- 
rence in parentheses. 

stant Handbook”‘*. Although there is much less uniformity of experimental conditions, 
data at 25°C and ionic strength 1 .OM are quoted wherever possible. As only general 
trends are of interest in the following discussion the differences should be unimportant. 
Values listed in tie ‘fluoride colur&,‘are taken from Table I. Metai ions are included 
only if data exist2 for more than one of the halide complexes. 

A nmnber of features-are imvehiately apparent from the data in Table 2. Firstly, 
simple correlations of the type observed for fluoride complexes do not exist for the other 
h&de complexes. Secondly, differences in stability of successive halide complexes of the 
same metal ion are greatest between the fluoride and chloride complexes. Thus, with 
very few exceptions the stability constants of metal ions always fall into two well de- 
fmed sequences: F 9 Cl > Br > I (class r’a”4 or “hard”64 ions), or F 4 Cl< Br C I (class 
rrb’r4 or ‘rsoft”64 ions), These sequences are illustrated clearly in Fig. 8 by @’ and Ag* 
respectively (data from Table 2). 

The first sequence basically reflects decreasing electrostatic ~te~ctio~ due to in- 
creasing halide size. Stability constant differences are most pronounced between fluoride 
and chloride because of commensurately greater change in size (_ = 1.33, 1.8 1, 1.96, 
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Fig. 8. Comparisan of loglo& data for the halide complexes of various types of metal ions See text). 

and 2.20 A for F’, Cl-, Br” and I- respectively). The second sequence largely reflects the 
increasing strength of covalent interaction of the halide ions down the group. That this 
difference is also greatest between the fluoride and chloride complexes is a refiectian of 
the well known electronic differences which exist between first end second row elements 
of the Periodic TableT I probably due to the absence in the former of d orbit& at 
energy levels suitable for bond formation. The interplay of these two factors accounts 
for the absence of correlations between metal ion properties and the stability constants of 
the non-~uo~de halides. 

Figure 8 also includes plots of two ions from the lower right hand side of the Periodic 
Table. Ions in this group, including TP, Srtz*, Pb*+, Bia+ and probabiy others (see Table 2) 
show abno~ally little variation in the streng~ of their halide complexes compared with 
most other ions (see Fig. 8). Such behaviour may be superficially attributed to the inter- 
play of electrostatic and covalent factors, but it also stresses the singular behaviour of 
this “group” compared with the other metal ions. Furthermore, it lends weight to a pre- 
vious contention (made in relation to the fluoride complexes) that the strength of com- 
plexation of these ions is governed by a number of subtle factors which are relatively unt 
important for other metal ions. Consequently, their behaviour cannot be even semi- 
quantitatively explained by simple theories. 

Thus classifications* 2’ &4-66 which attempt to unite all ions into one system must 
@tore obvious differences in behaviour, just as this short review has not made any 
allowance for crystal field’ * or symmetry6 differences among metal ions.. Such simplifr- 
cations must be borne in mind if confusion and subsequent misuse are to be avoided. 
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G. CONCLUSIONS 

The fluoride complexes of metai ions in aqueous solution form a unique series both in 
extent and character. The stabifity constants of these complexes correlate very well with 
simple electrostatic parameters such as ion size and charge. Large deviations can mostly 
be accounted for by making allowances for effective size or specific interactions, although 
a small number of ions remain “anomalous”. The behaviour of these metal ions, which 
are all found in the lower right hand side of the Periodic Table, is probably related to 
their unusual eIectronic properties such as higher effective charge and polarisability. 
Enthalpy values for the complexation reactions were found not to correfate with ionic 
properties although there is some indication that entropy values might. 

Stability constant correlations are good enough to suggest that some reported data 
may be incorrect. 

H.THEFUTIJRE 

The most important work which needs to be done on fluoride complexes in aqueous 
solution at present is: 

(I) Determination of & values for the unstudied but experimentalIy difficult ions such 
as Ti*‘, V**, V3*, Cr*+, Ti3+, Co3+ and for simple omissions such as TISf and Rh3*. 

(2) Careful reinvestigation of all unconfirmed stability constants (see Table 1) using 
standardised conditions and techniques, where possible. 

(3) Careful investigation or reinvestigation of nil enthalpy values by calorimetry under 
standard conditions, where possible. 
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