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The dissolution of silicate minerals by hydrofluoric acid has been found to be catalyzed by salts 
such as NHgC1, NaC1, and LiCI as well as by strong acids. This catalysis is a strong function 
of pH and is attributed to the competitive adsorption of cations at surface hydroxyls. A kinetic 
model has been developed which represents the dissolution process as a combination of parallel 
uncatalyzed and catalyzed reactions. The model gives excellent agreement with initial rates of dis- 
solution for kaolinite and quartz, obtained by experiments with a slurry reactor. 

INTRODUCTION 

During the past several years this labora- 
tory has studied the dissolution of silicate 
minerals by hydrofluoric acid. One of the 
significant results of this work has been the 
determination that these reactions constitute 
a catalyzed system. In a previous paper (1), 
it was shown that the hydrofluoric acid dis- 
solution of silicates is catalyzed substantially 
(as much as 900%) by the presence of strong 
acids such as HC1. This catalysis was at- 
tributed to the protonation of surface sites 
by the adsorption of H ÷ ions. Kinetic rate 
laws were determined which show that the 
catalyzing effect of any strong acid may be 
related to its activity in the bulk solution by 
means ofa Langmuir adsorption isotherm. It 
was shown that the magnitude of catalysis 
is a strong function of the nature of the 
mineral surface, thus suggesting possible 
applications in the field of selective dissolu- 
tion from mixed mineral media. 

Continuation of this work has resulted in 
an even more exciting breakthrough in which 
a similar catalytic effect by neutral salts such 
as NH4C1, NaC1, and LiC1 has been de- 
scribed. The fact that electrolytes other than 
acids also increase the rates of silicate dis- 
solution is not well known, and the literature 
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consists of only a few sketchy references 
to the dissolution of quartz, ller (3) and Van 
Lier et  al. (4) observed qualitatively that the 
attack of quartz by strong acids is enhanced 
by the presence of salts, while Kamiya and 
Shimokata (5) showed that these rate in- 
creases are a function of pH. The fact that 
these salts also increase the rates by which 
silicates are dissolved in hydrofluoric acid 
solutions was reported by Palmer (6) and 
Kozhevnikov et  al. (7), who noted only that 
the presence of ammonium salts increases 
the rate of dissolution of quartz by as much 
as 100%. No explanation or characteriza- 
tion of the phenomenon has been offered 
until now. 

This paper provides a description of the 
manner in which salts catalyze the hydro- 
fluoric acid dissolution of quartz and kaolin- 
ite clay. The results are discussed in three 
parts. First, experimental data are presented 
to quantify the catalytic effect and identify 
the determining parameters. Next, a kinetic 
model is developed based on adsorption and 
parallel surface reactions. Finally, the pa- 
rameters that characterize the model are 
evaluated and interpreted, and the model 
is tested. 

EXPERIMENTAL 

The rates at which silicate minerals dis- 
solve in hydrofluoric acid, hydrochloric 
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FIG. 1. Catalysis o f  hydrof luor ic acid dissolution o f  kaol ini te at 25°C. 

acid, and salts were measured using a slurry 
reactor technique discussed previously (1). 
The progess of dissolution was followed by 
analyzing slurry filtrate samples for dissolved 
lattice components as a function of time. It 
has been shown (1, 2) that when silicates are 
dissolved by hydrofluoric acid the dissolution 
rates with respect to aluminum and silicon 
correspond in all cases to their relative 
stoichiometric ratios within the mineral 
lattice. 

The chemical nature of the system severely 
limits the number of salts that can be tested 
for catalytic activity. All of the divalent cat- 
ions form insoluble fluoride precipitates in 
HF solutions. Likewise, even monovalent 
cations such as sodium and potassium form 
precipitates (8) with the reaction product 
fluoride complexes (i.e., K~A1Fr, K2SiFr, 
NaA1Fr, Na2SiFr). Therefore the bulk of the 
experiments in which salt catalysis was in- 
vestigated used ammonium salts, which form 
the most soluble product complexes. The 
problem of precipitation also imposes limita- 
tions on the investigation of salt catalysis 
as a function of the concentration of H +. 
Ammonium fluoride is used to suppress the 
dissociation of HF to H ÷ and F- .  It was 
found, however, that precipitation resulted 
at NH + concentrations greater than 4 g 
moles/liter. Hence the minimum concentra- 
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tion ofHzO ÷ at which dissolution rates could 
be measured was of the order of 10 -4 molar. 

The pure component activities used in this 
work were obtained by multiplying the molal 
concentrations by molal activity coefficients 
obtained from literature tabulations (9, 10). 
The activity coefficients in mixtures of elec- 
trolytes were calculated from correlations 
given by Harned (10), 

DESCRIPTION OF THE CATALYTIC EFFECT IN 
MIXTURES OF HYDROFLUORIC 

ACID AND SALTS 

The manner in which salts catalyze sili- 
cate dissolution reactions was investigated 
by initial rate experiments in which the salt 
concentration was varied at constant con- 
centrations of the undissociated HF mole- 
cule. For each HF concentration, the 
uncatalyzed rate - r e  used as a basis for 
comparison was evaluated at zero salt con- 
centration and, by extrapolation, at an H + 
concentration of zero (1). This procedure 
is necessary because the presence of H +, 
even in the small quantities resulting from 
HF dissociation, also catalyzes the dissolu- 
tion of silicates. The fraction by which the 
catalyzed dissolution rate - r  is greater than 
the uncatalyzed rate -r0 is defined as the 
degree of catalysis, D c. 
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Fro. 2. Catalysis  of  hydrofluoric acid dissolution of  quartz  at 60°C. 

r 
Dc = - -  1. [1] 

ro 

The increases in silicate dissolution rates 
resulting from the presence of salts cannot 
be attributed to independent dissolution by 
the salts themselves. For short reaction times 
silicate lattices are virtually impervious to 
electrolyte solutions which do not contain 
hydrofluoric acid. In contrast, the amounts 
by which even small concentrations of salts 
can increase the rate of attack by HF are 
startling. Figures 1 and 2 show the degree of 
catalysis as a function of the molal activities 
of NH4C1 and HC1 for the dissolution of 
kaolinite and quartz, respectively. It can be 
seen that for both minerals the catalysis by 
NH4C1 is substantial at molal activities as 
low as 0.01, and that these increases are 
asymptotic to an upper limit of D c = 1.1. 
For the dissolution of kaolinite the catalysis 
by NH4C1 is greater than the corresponding 
catalysis by HC1 at low concentrations, 
while the opposite is true at high concentra- 
tions. It has been shown previously (1) that 
at molal HC1 activities greater than 25, the 
HC1 catalysis of kaolinite dissolution be- 
comes asymptotic to an upper limit of 
D c = 5.0. The salt catalysis of the hydro- 
fluoric acid dissolution of quartz, on the 

other hand, was observed to always be 
greater than or equal to the catalysis by 
strong acids. The maximum values of the 
degree of catalysis are the same for both 
NH4C1 and HC1, but for HC1 this upper limit 
is approached only at very large hydrogen 
ion activities (all > 100). 

As can be seen from Fig. 3, the catalytic 
effect of ammonium chloride is independent 
of the concentration of HF. At any fixed 
concentration of H ÷, the fraction by which 
a given concentration of NH4C1 increases 
the rate of dissolution of a given silicate is 
always the same, regardless of the concen- 
tration of HF and the uncatalyzed rate -r0. 
This independence indicates that the cataly- 
sis cannot be explained by a "salting out" 
effect whereby the presence of an electro- 
lyte decreases the solubility of free HF and 
hence increases its activity. If this were the 
case the increases in the rates of dissolution 
would be a function of the concentra- 
tion of HF, a dependence that is not ob- 
served. Instead, the origin of the observed 
catalysis is believed to result from adsorp- 
tion of the catalyzing ions on the silicate 
surfaces. It has been shown previously (1) 
that the degree of catalysis in systems cat- 
alyzed by strong acids is also independent 
of the concentration of HF. This catalysis 
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was described by a kinetic model based on 
the independent adsorption of HF and H ÷ 
at different sites. The rate laws which de- 
scribe each of the other possible mecha- 
nisms of adsorption and surface reaction are 
characterized by cross terms representing 
the catalysis as a function of the concen- 
tration of HF. 

It can be seen from Fig. 3 that the in- 
creases in reaction rates resulting from the 
presence of a number of different ammonium 
salts are virtually identical. Consequently 
the observed catalysis is independent of the 
identity of the anion and may be wholly at- 
tributed to the cation. 

As mentioned earlier, dissolution rate ex- 
periments in the presence of cations other 
than H ÷ or NH4 + are restricted by precipi- 
tation of the reaction products. However, 
a few experiments with sodium and lithium 
salts were possible at low salt concentra- 
tions. The increases in reaction rates (Fig. 1) 
were the same as those resulting from identi- 
cal activities of NH4C1, indicating that salt 
catalysis is a function only of the total salt 
concentration, MC1, rather than the specific 
cation M ÷. The unique catalytic effect of 
the H + ion is attributed to the chemical ad- 

sorption of protons by hydroxyl groups 
present at the silicate surfaces (3). In con- 
trast, the adsorption of NH +, Na +, and Li ÷ 
at the surfaces of kaolinite and quartz is 
electrostatic (3). 

The total cation concentration in slurries 
of dissolving kaolinite also includes the dis- 
solution products Al+% A1F +2, and A1F +. 
The total equilibrium concentration of all 
three of these aluminum cations, however, 
is always extremely small, and is comprised 
almost entirely of the monovalent A1F2 + ion. 
Even at the highest total aluminum concen- 
tration measured at the end of any given 
initial rate experiment (100 ppm), it can be 
shown that the concentration in the form of 
cations is less than 0.1 ppm, or 1.5 × 10 -6 
cm moles/liter (based on A1FE). As can be 
seen from Figs. 1 and 2, the degree of catalysis 
resulting from a cation concentration of 1.5 
× 10 -8 gm mole/liter is negligible. Hence 
the description of catalysis as a function of 
the activity of salts in solution with HF need 
not account for catalysis by the reaction 
products. 

CATALYSIS  IN M I X T U R E S  OF H Y D R O F L U O R I C  

A C I D ,  H Y D R O C H L O R I C  A C I D ,  A N D  S A L T S  

In hydrofluoric acid solutions containing 
both strong acids and salts catalysis is ef- 
fected by both the H + ions and the M ÷ ions. 
If -rH+ is the rate of catalyzed dissolution 
where catalysis is only by H +, the degree 
of acid catalysis, DAC, is defined as 

FH+ 
DAC --  1. [2] 

r0 

Since an equilibrium concentration of dis- 
sociated HF is always present in solutions 
of hydrofluoric acid, any measured rate of 
dissolution will be catalyzed to some extent 
by H ÷. (Recall that the uncatalyzed rate 
-r0 represents a limit obtained by extrap- 
olation.) Therefore the degree of salt catal- 
ysis, Dsc, is defined as the fraction by which 
salt catalysis increases the rate of dissolu- 
tion beyond the rate of dissolution in a cor- 
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FIG. 4. Degree of salt catalysis of kaolinite in HF/HC1 mixtures. 

responding HF solution where H + is the only 
cation. 

r 
Dsc - - -  1. [3] 

FH+ 

Consequently, the total catalysis, Dc, is re- 
lated to DAC, and Dsc by the function 

D c = (1 + DAC)(1 + Dsc) - 1. [4] 

For any given silicate, the degree of acid 
catalysis, DAc, is a function only of tempera- 
ture and the activity of the hydrogen ion, 
aH (1). The degree of salt catalysis, on the 
other hand, is a function of temperature, 
the activity of the salt cation, aM, and the 
hydrogen ion activity. The dependence of 
the degree of salt catalysis on an is illus- 
trated in Fig. 4, which shows the degree of 
salt catalysis as a function of the activity 
of the ammonium ion at various concen- 
trations of HC1. In 0.5 N HF the degree of 
salt catalysis at large concentrations of salt, 
Dsc=, is 1.0. In a solution of 0.5 N HF con- 
taining 0.5 N HC1, on the other hand, the 
asymptotic limit Dsc= is only 0.3. The trend 
by which Dsc decreases as the activity of 
the hydrogen ion is increased is shown in 
detail by Fig. 5. One observes that there 
exists a molal hydrogen ion activity fiH (fill 
= 0.72 for the dissolution of kaolinite at 

25°C) where the degree of salt catalysis is 
reduced to zero at any concentration of salt. 
The parameter hH is termed thepoint o f  zero 
salt catalysis. 

The description of the catalysis by mix- 
tures of strong acids and salts is made even 
more complex by the fact that the limiting 
value of the total degree of catalysis at large 
concentrations of salt, Dc~, is independent 
of the hydrogen ion activity. In Fig. 6 one 
notes that the limiting value Dc~ is equal to 
1.1 for the dissolution of kaolinite in 0.5 N 
HF as well as in solutions of 0.5 N HF and 
0.5 N HCI. This limit can be related to fill, 
the hydrogen ion activity at which the degree 
of salt catalysis goes to zero. Since 
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o~ . NH4CL = 20N • 
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FIG. 5. Degree of salt  catalysis  of kaol ini te  as a func- 
tion of the hydrogen ion activity.  
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Dsc = = (Dc~ + 1)/(DAc + 1) -- 1 [5] 

the magnitude of  Dsc ~ goes to zero when 
DAC -- Dc=. Therefore  the point of  zero salt 
catalysis is the hydrogen ion activity at 
which the catalysis by the H + ions in 
solution is equal to the limiting value of  the 
total  degree  Of catalysis  as the salt 
concentrat ion goes to infinity. 

The important  result derived from Figs. 4 
through 6 is that the respective catalytic 
effects of  H + ions and salt cations are com- 
petitive. This relationship is clearly illus- 
trated by Fig. 7, which shows that the over- 
all catalysis passes through a minimum as 
the activity of  the hydrogen ion is increased. 
To the left of  the minimum, the action of  the 
salt cations dominates the catalysis. To the 
right of  the minimum, it is the catalysis by 
HC1 that is most important. 
• The competi t ive nature of the catalysis of 

kaolinite and quartz indicates that the action 
of the salt cations is direct, and not simply an 
ionic strength effect that enhances the 
adsorption of hydrogen ions at the constant 
potential oxide surfaces. Moreover ,  it can 
be further concluded that the catalysis is a 
function of the total charge at the kaolinite 
or quartz surface, as determined by the con- 
centration of adsorbed cations. This inter- 
pretation was confirmed by experiments 
with sodium montmorillonite clay. The sur- 

face charge of  sodium montmorillonite is 
dominated by substitutions within the lat- 
tice, and is hence virtually independent  of 
ionic strength. It was found that e v e n  high 
salt concentrat ions did not catalyze the dis- 
solution of. these constant surface charge 
particles. 

In addition to fixing the magnitude of  the 
degree of  salt catalysis, the activity of the 
H + ion also determines the manner  in which 
Dsc increases from zero toDsc~ as the cation 
activity aM is increased. This effect is shown 
in Fig. 8, which plots the fraction of the 
asymptotic limit of the degree of salt cataly- 
sis, Dsc/Dsc~, as a function of the activity 
of the ammonium ion for kaolinite dissolu- 
tion at 25°C. It can be seen that the greater 
the concentrat ion of H +, the greater the con- 
centration of salt required to attain a given 
fraction of  the limit Dsc ~. 

Figure 8 may be further  reduced to the 
single curve of  Fig. 9 by plotting the fraction 
of the net salt catalysis as a function of  the 
ratio of the NH4 + and H ÷ activities, aM/an. 
The resulting normalized curve is well repre- 
sented by an equation of  the form: 

Dsc K(am/aH) 
Dsc= 1 + K'(am/aH) 

This same relationship can be derived from 
first principles by coupling the surface reac- 
tion kinetics with the well-known site build- 
ing model of adsorption at oxide surfaces. 
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FIG. 7. Overall catalysis of kaolinite dissolution by 
mixtures of NH4C1 and HC1 as a function of all. 
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D E R I V A T I O N  O F  T H E  K I N E T I C  M O D E L  

Since the HF molecules and the catalyz- 
ing cations are adsorbed independently at 
different sites, the respective surface equi- 
libria may be considered separately. It has 
been shown (2) that the uncatalyzed reaction 
can be represented by a rate law of  the form 

koK AaHv 
r 0  - , [61 

1 + KAaHF 

w h e r e  K A is the adsorption equilibrium con- 

stant for the equilibrium between the HF 
molecules and the surface, k0 is the specific 
rate constant,  and aHr is the activity of  mo- 
lecular HF. 

It has been established that the adsorp- 
tion of  cations at the surfaces of  quartz (11 -  
14) and kaolinite (15) take place at surface 
hydroxyls .  As a result of  dissociation or ad- 
sorption, these - O H  groups can assume a 
negative, neutral, or a positive charge. Let- 
ting X represent either aluminum or silicon, 
therefore, we can identify four different sites 
in equilibrium with the electrolytes in the bulk. 
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OH ?H~ o-  

S- = O - X - O  S = O-X-O H-S = O-X-O 

0-M + 
I 

M. S = O-X -O  

Consequently three separate expressions 
may be written to describe the adsorption 
of  H ÷ and the salt cations (M+). 

S-  + H + ~ S ,  

S + H+~---~ H-S ,  

S-  + M + m  M ' S ,  

The surface concentrat ions are related by 
the following equations 

Cs = K,aHCs-, 

CH.S = (KIaH)(K2aH)Cs-, 

CM.S = K3aMCs-, 

where an and aM represent  the activities of  
the H ÷ and M ÷ cations, respectively.  The 
overall adsorption constants K, ,  K2, and K3 
are lumped parameters  which are functions 
of both the electrostatic surface potential 
and any other  chemical potentials. This 
simplification is possible owing to the fact 
that the surface ions are the only portion of  
the electrical double layer catalyzing the dis- 
solution. 

Since the total concentrat ion of sites is 
given by 

C T = C s -  -it- C S + CH. S + CM. S 

one can write 

CT 
Cs- = [7] 

1 + K,aH(1 + K2aa) + K3aM 

K,aHCT 
C s  = [8] 

1 + KlaH(1 + K2aH) + K3aM 

K,aHK2aHCT 
CH. S = [9] 

1 + KlaH(1 + K2aH) + K3aM 

K3aMCT 
CM.s = [ 10] 

1 + K,aH(1 + K2an) + K3aM 

The adsorption constants K 1 describe the 
acidity of  the hydroxyl  groups associated 

with aluminum or silicon atoms at the sur- 
face. Therefore  these constants can be esti- 
mated from published pK data (9) for alu- 
mina and silicic acid. At 25°C 

K , =  1 . 6 x  10 '1 if X = A 1 ,  

K1 = 5.9 × 10 9 if X = Si. 

Even at the smallest concentrat ion of  H + 
used in these experiments,  10 -4 gm mole/l, 
the magnitude of  the product  K,aH is very 
large with respect  to unity, and [1 + KlaH(1 
+ K2aH) + K3aM] ~ [ K l a n ( 1  + K 2 a n )  
+ K3aM.] Hence  Eqs. [7] through [10] re- 
duce to 

(1/KlaH)CT 
Cs- = [11] 

1 + K2an + (Ka/KO(au/an) ' 

CT 
Cs = [12] 

1 + K2an + (KJKO(aM/aH) ' 

(K~aH)CT 
Cn.s = 1 + K2an + (K3/K1)(aM/aH) ' [13] 

(K3/K1)(aM/an) 
CM.S = [14] 

1 + K2aH + (K3/K1)(aM/aH) 

Due to the fact that the product  KlaH is 
always large, it can be seen from Eq. [11] 
that the equilibrium concentrat ion of  un- 
occupied negative sites, Cs-, remains very 
small throughout the experimental  range of  
bulk H ÷ concentrations.  Even at the lower 
limit of  a H =  10 -4, for instance, the equi- 
librium fraction Cs-/CT is less than 10 -5. Upon 
the addition of  strong acids to the bulk solu- 
tion, therefore, virtually all of  the adsorbed H + 
results in the formation of H- S sites. All of 
the adsorbed M ÷ cations, of  course,  result 
in the formation of  M. S sites. 

Consequently one can write two separate 
kinetic expressions for the catalyzed reac- 
tions that superimpose upon the uncatalyzed 
reaction rate - r0 .  The catalyzed reactions 
are taken to be proportional  to the concen- 
trations of sites occupied by HF and the con- 
centrations of  sites occupied by adsorbed H + 
and M ÷ ions, respectively.  
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-r~ = k l C H F . s ,  C r I . S  = 

--rs = k s C H F . s ' C M . s  = 

kl(KAaHF)(KsaH) 
(1 + KAaHV)(1 + K2a. + (K3/K1)(aM/aH)) 

k2( K AaHF)( ~aa --~HH ) 

( 1 +  KAaHv)(I + KsaH + K--ZKI aM)all 

The overall rate of dissolution is given by 
the sum of the uncatalyzed and catalyzed 
reaction rates. 

--/'overall = - - r0  -[- - - r l  -}- - - r2  

o r  

koK Aanv 
--roverall  --  

1 + KkaHr 

kl KeaH + ks K3 aM \ 
ko ko K1 a H )  . [17] 

× 1 +  K3 aM 
1 +K2aH + K~ aH 

Since the first term of Eq. [17] is simply 
the uncatalyzed reaction rate, -ro, the de- 
gree of catalysis Dc can be expressed en- 
tirely in terms of the activities of the H + 
and M + ions. 

[15] 

[161 

r 
Dc = - -  1 

F0 

kl Ksan + ks Ks aM 
ko ko K1 aH 

K 3  aM 
1 + KSaH + - - - -  K~ aH 

[18] 

While this expression involves six different 
constants, it is emphasized that each has 
physical significance with regard to the un- 
catalyzed and catalyzed reactions. One can 
also write 

and 

Ka aM(k~o ° 
r K1 aH 

Dsc - - -  1 = 

1 + K2aH 

One readily observes that the model pre- 
dicts that the degree of salt catalysis de- 
creases as the activity of the H + ion is in- 
creased. Taking the limit of Eq. [20] at very 
large salt concentrations gives 

D s c ~  

( 1 +  K2aH)(~ (kJ/k°)K2aH1 + K~aH ]1 
= [21] 

(1 +K2aH+~oKsaH ) 

Dividing Eq. [20] by Eq. [21] gives the frac- 
tion of this limiting value of the degree of 
salt catalysis. 

rH+ kl K e a H  
DAC -- 1 -- [19] 

ro ko 1 + K2aH 

(kJko)K2aH t 

[201 kl ) 
1 + K2aH + ~o K2aH 

K 3  aM 

Dsc K~ aH 
-- [22] 

Dsc~ K3 aM 1 + K2aH + - - - -  
K1 an 

In a previous study of the acid catalyzed 
dissolution of kaolinite (1) it was shown that 
the value of the apparent adsorption constant 
Kz is 0.39 at 25°C. Therefore the magnitude 
of the term Kzan in Eq. [22] is less than 0.1 
when the HCI concentration is less than 0.5 
N (an < 0.38). In this region of small values 
of KzaH the expression for the fraction 
Dsc/Dsc~ depends only on the ratio, aM~an. 
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K s  aM 

Dsc K1 aH 

Dsc= Ks aM 
l + ~ - -  

Ks an 

which is exactly the functionality indicated 
by the experimental data in Fig. 9. This sim- 
plification of [22] also holds over a wide 
range of HC1 concentrations for the catalyzed 
dissolution of quartz, which is characterized 
by adsorption constants K2 yet an order of 
magnitude smaller than those measured for 
kaolinite (1). 

E V A L U A T I O N  A N D  I N T E R P R E T A T I O N  OF T H E  
RATE L A W  P A R A M E T E R S  

Equation [18] predicts that the total de- 
gree of catalysis by mixtures of strong acids 
and salts is a function of the activity of the 
H ÷ and M ÷ cations. 

k~ K 2 a H  + k2 Ks aM 

ko ko K~ aH 
Dc = [18] 

K3 aM 
1 + K2aH + - - - -  

K 1 a n  

The parameters kJko and K2, which charac- 
terize the catalysis by the H + ion, have been 
reported previously (1). The ratio of specific 
rate constants k~/ko can be described as a 
potential, since this parameter fixes the 
asymptotic degree of acid catalysis at high 

1.2 

1,0 

.8 

"8 4 

.2 

0 

H F = O . 5 N  

Line 

I i F , F r I , I ~ I i I , I ~ I ~ I 
.2 4 .6 ,8 1.0 t.2 14 1.6 1.8 2.0 

OH/O M 

T A B L E  I 

Values of  the  Rate  Law Parameters  

Tempera- kJko 
Mineral ture k,/ko - Dc= K2 Ka/K~ 

Kaolinite 25°C 5 1.1 0.39 1.8 
Kaolinite 50°C 5 1.1 0.18 3.3 
Quartz  60°C 1.1 1.1 0.045 0.29 

concentrations of strong acids. The adsorp- 
tion constant K2 represents the equilibrium 
between the H ÷ ions and the silicate sur- 
face. In an analogous manner, the constants 
kz/ko and K3/K1 describe the catalysis by 
salts. The ratio of rate coristants k2/ko gives 
the previously described parameter, Dc=, the 
asymptotic limit of the total catalysis at very 
large concentrations of salt. The ratio of 
equilibrium constants KJK1 describes the 
competitive adsorption of M + and H ÷ cations. 

Substantiation of the rate law given by 
Eq. [18] is obtained by plotting the data 
Dc~/Dc - 1 as a function of aH/a M at small 
values of all. Straight lines were obtained 
for both kaolinite and quartz at each tem- 
perature investigated, as illustrated by Fig. 
10. The values of KJKa calculated from the 
slopes, along with the previously determined 
values of k2/ko = Dc~, kl/ko, and K2 are pre- 
sented in Table 1. 

One notes from Table 1 that the ratios 
k2/ko and kl/ko are both independent of tem- 
perature, indicating that the rate constants 
ko, kl, and k2 are characterized by the same 
apparent activation energy. Several possible 
explanations were discussed in a previous 
paper (1), the most likely being that the pro- 
ton of the HF molecule plays a role in the 
uncatalyzed reaction similar to that of the 
catalyzing H ÷ or M + ions, resulting in similar 
intermediates. 

Another intriguing result is the fact that 
the maxima k2/ko are the same for kaolinite 
and quartz. A possible interpretation is that 
the salt catalysis of the dissolution of kaoli- 

Fro. 10. Linearization Of model for dissolution ~ of nite results totally or predominately from 
kaolinite at 25°C. adsorption at the silica sheets. However, 
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such a hypothesis cannot be substantiated to zero when 
on the basis of kinetic data. Further investi- 
gations such as spectroscopic studies of the ks 
surface and of the reactive intermediates k0 
are required, or 

The fact that the ratio of adsorption con- 
stants K~IKI is greater than unity for kaoli- 5H = 
nite implies that the exchange equilibrium 

Substituting 
OH O - M  + 

I I 
- X -  + M + = - X -  +H + 

is appreciably shifted to the right even at 
comparable concentrations of H + and M +. 
When the ratio aM~all is large, most of the 
adsorption sites are of the form 

O-M + 
I 

-X -  

This finding is consistent with the conclu- 
sions of Ferris and Jepson (15) who studied 
the adsorption of radioactively tagged cat- 
ions on kaolinite particles. These investiga- 
tors determined that any ion exchange ca- 
pacity ascribed to kaolinite may be wholly 
attributed to adsorption at the surface hy- 
droxyl sites. They found no evidence to sup- 
port the traditional view (16) that this 
exchange capacity is primarily a result of 
isomorphous substitutions within the lattice 
and broken bonds at the unit cell edges. 

Equation [18] can now be used to predict 
the rates of dissolution in mixtures of hydro- 
fluoric acid, strong acids and salts. The solid 
curves in Figs. 4 through 9 were calculated 
by substituting the experimentally deter- 
mined parameters into Eqs. [18] through 
[22]. In each case the agreement between 
the predicted catalysis and the experimental 
measurements is excellent. 

P O I N T  OF Z E R O  S A L T  C A T A L Y S I S  

From Fig. 5 it can be seen that the model 
predicts the hydrogen ion activity h H at which 
the degree of salt catalysis goes to zero. This 
point is determined by Eq. [20], which goes 

(ka/ko)KzaH 
- 0  

1 + Kzan 

Kz((kl/ko/Dc=)- 1) 
[23] 

the appropriate parameters 
from Table 1 for the dissolution of kaolinite 
at 25°C gives a value of 5H = 0.72, which 
is consistent with the point of zero salt catal- 
ysis indicated by the experimental data in 
Fig. 5. Evaluating Eq. [19], the expression 
for the degree of acid catalysis, at 5r~ gives 

DAc(~r~) = kz/ko = Dc~ 

thus confirming the previous conclusion that 
at the point of zero salt catalysis the cataly- 
sis by the H ÷ ions is equal to the limiting 
value of the total degree of catalysis as the 
salt concentration goes to infinity. Salts will 
no longer increase the rate of dissolution 
when DAc is greater than or equal to Dc=. 

One observes further from Eq. [20] that 
the degree of salt catalysis is negative when 
an is greater than 5H. The model predicts 
that the addition of salts to HF solutions 
containing large concentrations of strong 
acids can theoretically reduce the total ca- 
talysis from D c = kl/ko to De =-kJko, a re- 
duction of 78% for the dissolution of kaoli- 
nite at 25°C. Consequently, an important 
experimental test is the manner in which the 
overall degree of catalysis changes as a func- 
tion of the concentration of salt at H + ac- 
tivities greater than the point of zero salt 
catalysis. 

Figure 11 compares the catalytic effect 
of NH4C1 in solutions of 0.5 N HF mixed 
with 0.5 N HC1 (less than the point of zero 
salt catalysis) and 1.0 N HC1 (greater than 
the point of zero salt catalysis) on the dis- 
solution of kaolinite at 25°C. Since the de- 
crease in the degree of catalysis is a function 
of the ratio aM~all, only small reductions can 
be observed over the range of practical salt 
concentrations (<4 N). It can be seen, how- 
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Fla .  11. Effect of  adding salts on either side of the 
point of  zero salt catalysis for kaolinite dissolution 
at 25°C. 

ever, that the prediction of negative cataly- 
sis beyond the point of zero salt catalysis is 
confirmed. 

A special case of the relationship between 
the catalysis by salts and the activity of the 
hydrogen ion is illustrated by the catalysis 
of the hydrofluoric acid dissolution of quartz. 
For quartz it was determined that the 
asymptotic limit of catalysis by strong acids 
is the s a m e  as the limit reached at very large 
salt concentrations (i.e., kl/ko = kJko  = 1.1). 
From Eq. [23], therefore, it can be seen that 
the degree of salt catalysis goes to zero only 
as an becomes infinite. Hence the addition 
of salts to the HF solution will always in- 
crease the rate of quartz dissolution, and a 
finite point of zero salt catalysis does not 
exist. 

As a practical matter, however, the de- 
gree to which the salt catalysis of the dis- 
solution of quartz approaches the asympto- 
tic limit is restricted by the fact that the 
parameter K J K 1  is relatively small (0.29 at 
60°C as opposed to 3.3 at 50°C for kaolinite). 
In the presence of 1.0 N HC1, for example, 
it can be calculated that a mean molal NH4C1 
activity of 17 is required before the total 
catalysis reaches 90% of the asymptotic 
limit. Experimentally, however, it was found 
that the dissolution products begin to pre- 
cipitate at molal NH4 + activities greater 
than 4. 

S U M M A R Y  

This investigation has established the sig- 
nificant fact that the catalysis of the hydro- 
fluoric acid dissolution of silicates is not 
limited to strong acids. Rather, experimental 
kinetic evidence indicates that the rates of 
dissolution can also be increased by the sur- 
face adsorption of cations such as NH +, 
Na ÷, and Li ÷. A model was developed that 
successfully describes the kinetics of the 
catalyzed dissolution of kaolinite and quartz 
as the sum of three parallel reactions--un- 
catalyzed attack by HF molecules and sur- 
face reactions catalyzed by H + and salt cat- 
ions, respectively. 

The catalysis by strong acids and salts 
results from the formation of 

OIH2 + and O-M + 
I 

x x 

groups by adsorption at surface hydroxyls. 
The hypothesis that the H + and M + cations 
are in competition for these sites is sup- 
ported by the fact that strong acids and salts 
do not affect the reaction rates independ- 
ently. The catalytic action of a given con- 
centration of salt is a function of the ratio 
aM~all, and it was shown that the rates of 
dissolution pass through a minimum when 
strong acids are added to mixtures of HF 
and salts. In addition, a parameter called the 
point of zero salt catalysis can be identified, 
which is the hydrogen ion activity at which 
the net catalysis by any concentration of 
salts is zero. At H + concentrations less than 
the point of zero salt catalysis the presence 
of salts increases the rate of dissolution. At 
H + concentrations greater than this point the 
addition of salts actually inhibits the rate of 
attack. 
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