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ABSTRACT 

A systematic investigation of the aqueous chemistry of aluminum(III) is 
presented. Aluminum hydroxide precipitates were defined by several experimental 
techniques and the principal ionic species determined. The pH-concentration limits 
of aluminum hydroxide precipitation and dissolution were defined by light scattering 
over a broad range of aluminum concentrations at various times after mixing the 
reagents* Aluminum hydroxide solubilities were strongly a function of solution age 
and activity of the condensed phase. Crystalline structures identified by X-ray 
diffraction measurements were gibbsite, pseudoboehmite, bayerite, nordstrandite" 
and amorphous Al(OH)g(c), A colloidal aluminum hydroxide hydrosol formed in 
acid solutions up to hydroxide/aluminum ratios of 3.0 and a settleable precipitate 
formed between 3.0 and 4.0. 

The principal aluminum species detected in acid solutions by computer 
analysis of potentiometric data were AlOH^and Al8(OH)2j . Identification of the 
octameric ion correlated very well with analysis of the boundaries of precipitation 
in the acid pH range. The practical formation constants refined by the computer 
program were log *Kj. = -5.55 and log ^g 20 = ~^8. 7 (Ionic Strength = 0.15 M , 
25°C). Equilibrium constants for aluminum hydroxide and the aluminate ion were 
also calculated for various solution ages. Using these constants, the distribution 
of the various fractions of soluble and insoluble aluminum species were calculated 
along with pH limits of precipitation and dissolution at various concentrations. The 
calculated limits were almost identical to those determined experimentally at 24 
hours. 

Precipitation experiments conducted in nitrate, chloride, sulfate and phosphate 
media indicated the solubility and colloidal stability of the precipitate is strongly 
affected by the type and concentration of anion present. The order of effectiveness 
was nitrate < chloride < sulfate < phosphate. Various structures of the soluble 
species and insoluble mixed salts are postulated and discussed. 

Comparison of pH-concentration limits of solubility and colloidal stability 
of aluminum hydroxide precipitates with published coagulation domains using similar 
salts indicates a very close agreement. Apparently, precipitation of insoluble 
hydroxide is an important factor in the coagulation process when using hydrolyzing 
metals such as aluminum. 
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Chapter I 

INTRODUCTION AND BACKGROUND 

Purpose, Scope and Limitations 

Aluminum salts, principally aluminum sulfate which is known as alum, have 
been used extensively for the clarification of raw water for drinking purposes, in 
the treatment of industrial wastewater and recently in the chemical treatment of 
municipal sewage. These aluminum salts are commonly called caagtd.ants and the 
process is generally known as "coagulation. " Although the ncoagulationT! of various 
coUoidally dispersed suspensions has been investigated and reported in the literature, 
with few exceptions most of these studies have been somewhat empirical and the 
results have been ambiguous. Because many researchers disagree over the exact 
nature of the hydrolyzed aluminum, it is not surprising that there is also not much 
agreement over the role of aluminum in coagulation processes, especially as to 
whether the active hydrolysis products are soluble or insoluble. This disagreement 
is quite understandable in that the aqueous reactions are very complicated and 
difficult to define. 

In addition, there are semantic inconsistencies in the terms used to describe 
aluminum systems. The word "precipitation" is one such term that is often used 
ambiguously. Several researchers , when discussing the aluminum system, have 
stated that precipitation occurred when a sediment collected in the bottom of the 
vessel . However, most chemists, especially analytical chemists, (49,82) view 
precipitation as the formation of a solid phase when the product of the active masses 
of the reactants exceeds the solubility product. They recognize that although p re 
cipitation of an insoluble phase occurs, a settleable recoverable precipitate may 
not always form. Sometimes the precipitate is coUoidally dispersed either during 
its formation because of adsorption of potential determining ions or through pep
tization during washing or dilution. Colloid chemists sometimes refer to the 
settling of sols after coagulation as precipitation. However, for the purposes of 
this report, precipitation will be defined as the formation of an insoluble phase from 
soluble reactants as a result of their active masses or concentrations exceeding that 
predicted by the solubility product, but does not refer to the settleability of that phase. 

In some cases, the formation of a solid phase does not always occur when the 
active masses of the reactants or the ion product exceeds that predicted by the 
solubility product. In this case, the solution is said to be oversaturated or metastable 
with respect to formation of a solid phase. A metastable solution may persist over 
a long period of time even though precipitation has occurred because the solid phase 
has not evolved into its most ordered or inactive state. A solution cannot be con
sidered stable until the ion product equals the solubility product for the most 
inactive phase for that particular pH, temperature, and ionic strength. If any of 



these conditions are changed, the solution will be metastable until true heterogeneous 
equilibrium is re-established. Metastable solutions are often studied in actual 
practice because metastable conditions generally prevail. 

The stability of a solution, which refers to a state or condition of that solution 
with respect to formation of the most insoluble or inactive solid phasef must be 
carefully distinguished from the colloidal stability of the precipitate. A precipitate 
which is dispersed as a sol is colloidally stable and may not settle even after long 
periods of time. A precipitate, which is not colloidally dispersed and therefore 
would settle if allowed to stand undisturbed, is generally referred to as unstable. 

Because the heterogeneous reactions of aluminum have not been well defined, 
especially the solubility and colloidal stability of the condensed phase in metastable 
solutions, it is difficult to develop a rational model of TtcoagulationtT using aluminum 
salts. Therefore, the purposes of this research were: 1. to examine the aqueous 
reactions of aluminum (IE) over a wide range of pH and metal ion concentrations, 
and 2. to develop a rational model of the aqueous chemistry of aluminum(III). 

The scope and specific objectives of this work are: 

1. To examine the solubility and colloidal stability of aluminum hydroxides 
after various times of aging. Because a condensed phase forms in aluminum solutions 
over such a wide range of pH and metal ion concentrations, the limits of precipitation 
and settleability must be determined if the aqueous chemistry is to be investigated. 

2. To determine the hydrolyzed aluminum complexes in equilibrium with 
the precipitate. The soluble species in equilibrium with the solid phase must be 
determined because to study one without the other would lead to unjustified con
clusions. 

3. To define the effects of various diverse ions on the solubility and colloidal 
stability of aluminum hydroxides and other precipitates. If the diverse ion forms 
soluble complexes with aluminum, it would be expected that the solubility and colloidal 
stability of the precipitate would be affected. 

The research was limited to pure systems in well defined solutions. Although 
the results are compared to ncoagulationn systems which were examined under 
similar experimental conditions, no dispersed solid phase other than that formed 
through hydrolysis was present. There are numerous aluminum TTcoagulationfT 

investigations already reported in the literature with which to compare the results. 
For the diverse ion experiments, only nitrate, chloride, sulfate, and phosphate 
were considered. 



Colloidal Stability of Precipitates 

When precipitation of a condensed phase occurs, the first step is the 
formation of nuclei and the second is particle growth. At the onset of precipitation, 
there must be a critical number of ions or molecules associating in clusters. These 
clusters grow rapidly through aggregation to a quasi-stable size and can be considered 
as nuclei. After the initial burst of nuclei, equilibrium is established through growth 
of these small particles rather than through formation of more nuclei. Some of the 
particles grow at the expense or dissolution of the smaller ones. This phenomena 
is usually referred to as "Oswald Ripening". The rates of nuclei formation and 
particle growth of a condensed phase are both a function of the concentration gradient 
between that of a saturated solution at equilibrium and a supersaturated solution 
which is formed at the instant of mixing the reactants (59,101). If the precipitate 
forms micelles or stable sols rather than large settleable particles, the suspension 
has special properties typical of a colloidal suspension such as "Tyndall" light 
scattering. 

In general, inorganic precipitates are typical of hydrophobic sols which 
are stable in suspension because of the formation on their surface of repulsive 
electrical charges. The source of the electrical surface charge is either adsorption 
of active ions from solution, ionization of surface groups, or lattice defects in the 
surface. The classical view of the distribution of electrical charges surrounding a 
particle of colloidal dimension shows a stationary layer of ions at the surface of the 
particle extending out into the solution. A sharp drop in potential occurs through 
the stationary layer and then decreases in a more gradual fashion through a diffuse 
layer of ions surrounding the particle. The potential at the surface of shear or 
boundary of the immobilized layer which extends into the bulk of the solution has 
been commonly referred to as the zeta potential (1,46). Coagulation or particle 
agglomeration occurs when ions opposite in charge to that of the surface compress 
the double layer and reduce the repulsive surface electrical forces to a level where 
the overall forces of attraction are greater. 

It has been shown that the coagulating power of simple ions, hydrated but 
unhydrolyzed, increases very rapidly with charge. For example, simple trivalent 
ions are much more effective than divalent ions and these divalent species in turn 
are much more effective than monovalent ions. This relationship between coagulating 
power and ionic charge is generally referred to as the Schulze-Hardy Rule. However, 
some species such as long chain organic ions and large chelated ions coagulated sus
pensions at much lower concentrations than would be predicted by the Schulze-Hardy 
Rule (57). Both specific adsorption or chemical interaction with the surface would 
account for their coagulating and restabilizing power. JMatijevicTand Allen (57) have 
attempted to relate the relative coagulating power of various types of counter-ions 
to their size, hydration, complexation and various other factors. They distinguished 
between the various ions or categorized them as to their coagulating or destabilizing 
power. It was noted that the four classifications applied only to lyophobic sols and 
the most important single factor was ion adsorptivity. 



Coagulation with hydrolyzing metals has been studied extensively by Stumm 
and coworkers (28,91,92,93). They have demonstrated that hydrolyzed aluminum(III) 
and iron(III) ions do not follow the Schulze-Hardy Rule as these metals destabilize 
at very low concentrations and restabilize at higher concentrationsm Adsorption 
isotherms for iron(III) and aluminum obtained with silica suspensions indicated a 
specific interaction between the hydrolyzed metal and the colloid. Since destabilization 
with hydrolyzing metals did not follow classical concepts of coagulation, the term 
nAdsorption coagulation" was used to describe the mechanism. 

Solubility of Metal Hydroxides 

The solubility of a metal hydroxide such as that of aluminum is generally 
written as a dissociation reaction in the following manner: 

Me(OH)n(s) ^ Me T + nOH . • -(1) 

so that: 

K = {Me114} t>H~> n • • . (2) 
So 

where Kg is the thermodynamic solubility product and the braces indicate activities. 
The reaction can also be written as hydrolysis: 

Men++nH2O ^ Me(OH)n (c) 4- nH* . . .(3) 

and as before: 

{ Me114} 

If the metal hydroxide were formed by the simple combination of one metal ion and 
n hydroxides, both of these expressions could adequately explain the solubility as a 
function of pH. But since hydrolyzed species form both in the acid and alkaline pH 
range, these must be considered in order to calculate the true solubility. The 
solubility of the metal hydroxide is therefore the sum of the concentrations of all 
the soluble species: 

p q 
{ Me) , U1 ={Men+}+ > / p{Me (OH) ^nP""^ } m # .(5) 
L  L Soluble  JL I— P H 

and substituting. 

^Metoluble = (MenVf f  P ^ P t q
{ M e . • .(6) 



p q is the overall formation constant for the generalized species Me (OH) whose 
charge is (np-q)-e . 

In the presence of the precipitate the concentration of the free metal ion 
Me is determined by the solubility product. Therefore, Equation 4 can be solved 
for Me114" and substituted into Equation 6. 

Me}
s o l u b l e 

*KSo 

If all the hydrolyzed species and the formation constants are known, the true 
solubility of the metal hydroxide can then be calculated using Equation 7. 

If the ionic species in equilibrium with the precipitate are not known, they 
can be postulated by analysis of experimental solubility data. Basically, this 
approach consists of determining the solubility of the metal hydroxide at various 
concentrations as a function of pH and constructing a log-log solubility diagram by 
plotting log concentration soluble metal against pH. If the solubility curve or pre
cipitation boundary is curved indicating that there is not a predominant species in 
equilibrium with the precipitate over the concentration range under consideration, 
Equation 7 can be applied. In general, various complex species are postulated and 
with the aid of a computer, the constants of the postulated species are refined by 
least squares adjustment until the difference between the calculated solubility and 
experimental solubility are a minimum. In this way, the structure and equilibrium 
constants of the hydrolyzed species can be postulated. This approach, as outlined, 
has been reported by Bilinski, Branica and Sillen (7) for zirconium hydroxide using 
a computer program !tLETAGROPn developed by Sillen and Ingri (86). 

If the solubility curve is linear over the concentration range under considera
tion, then an assumption can be made that there is but one predominant species in 
equilibrium with the precipitate. This approach, which has been used extensively 
by Te£ak and coworkers, has been summarized by Furedi (101): 

pMe(OH)n(c) + (np-q)H+^ Mep(OH)q
(nPq)+-f (np-q) H2O 

Ks s {Me (OH) ( n p ~ q > + } • . . ( 8 ) 
qp  ^ y 

taking logarithms and rearranging into a linear form of y = mx -*- b: 



log {Me (OH) <nP~<l)+} m -(np-q)pH - pK . # .(9) 
P q Sqp 

If there is but one species in equilibrium with the precipitate, then it can be assumed 
that the total concentration of the metal is the concentration of the complex. There
fore, the concentration of the hydrolyzed species is equal to the total soluble metal 
concentration Cy[e divided by p, the number of metal ions per complex. 

l o g C M e = -(np-q)pH - (pKg - log p) . • • <!(>) 
<3P 

Therefore, by plotting log CM against pH, the charge of the hydrolyzed complex 
can be determined from the slope (np-q) and the solubility constant from the inter
cept. 

However, there are several limitations to this technique of analyzing pre
cipitation boundaries or pH limits of solubility* First of all, the experimental 
boundary must represent or closely approximate the true solubility curve. Under 
most experimental conditions, the precipitation boundary represents the limits of 
a metastable solution assuming homogeneous precipitation, whereas, the true 
solubility curve represents a saturated solution. If there is a substantial difference 
between a metastable and a saturated solution, the experimental solubility constant 
will indicate that the precipitate is more soluble than it actually is. In a similar 
fashion, especially with very insoluble salts, localized precipitation which may 
occur during mixing will shift the precipitation boundary in the opposite direction 
indicating the solid phase is more insoluble. But the effects of both localized 
precipitation and supersaturation can be minimized if the system is at equilibrium 
when the solubility limits are measured. The primary limitation to this approach 
for determining hydrolyzed metal complexes is that it is impossible to distinguish 
between monomers and polynuclears with identical charge. 

Aqueous Chemistry of Aluminum(III) 

The extremely complex and diverse nature of the aqueous chemistry of 
aluminum is reflected both in the past and present literature. The hydrolytic 
reactions of aluminum have been studied by many investigators of various disciplines 
for many purposes. Although there are many areas of agreement, there are also 
several of disagreement. The principal area appears to be whether the hydrolyzed 
aluminum species are mononuclear or polynuclear. Part of this ambiguity must be 
attributed to the fact that aluminum solutions are very slow to approach a true 
equilibrium state so that meaningful measurements are difficult to obtain. 

When aluminum salts are dissolved in water in the absence of complexing 
anions, the free metal ion Al3+first hydrates, coordinating six water molecules in 
an octahedral orientation (23), and then reacts forming various hydrolytic species. 
The first step in hydrolysis has been assumed by many to proceed in the following 



manner: 
3+ 2+ 

A1(H2O)6 + H2O A1(H2O)5OH 4-H+ . . .(11) 

and the thermodynamic equilibrium constant for this reaction is given by 

_ • . ,(12) 

where {A1OH }and{Al Jare the activities of A1(H2O)5OH and A1(H2O)6 , r e 
spectively, the waters of hydration being omitted for simplicity. This reaction 
has been studied primarily by dissolving pure aluminum salts in water and diluting 
to various concentrations. Using either potentiometric and/or conductimetric 
techniques, the concentrations of the reacting species were determined and the 
constant calculated. There appears to be good agreement on the value of *K^ at 
zero ionic strength of approximately 10~5 as listed in Table 1. 

Table 1


Summary of Constants for A1OH


Source P*KT Temp. °C 

Bronsted and Volquartz (14) 4.89 15 

Hartford (35) 4.96 25 

Schofield and Taylor (79) 4.98 25 

Ito and Yui (43) 5.10 25 

Kubota (47) 5.03 25 

Frink and Peech (25) 5.02 25 

Raupach (72) 5.00 25 

Hem (36) 4.75 25 

The second step in monomeric hydrolysis which involves formation of the 
dihydroxo-aluminum(III) species Al(OH)^ is not so well documented. Most of the 
evidence for monomeric hydrolysis which was first postulated by Bronsted and 
Volquartz (14) has been gained from solubility studies. Typical of this approach, 
Raupach (71) equilibrated various aluminum crystalline phases (freshly prepared 
Al(OH)3(s), gibbsite, diaspore, and bauxite) in solutions of varying pH. The 



solutions were adjusted to 0.01 M_ with potassium sulfate because colloidal materials 
were observed to remain in solution after centrifugation using the same concentration 
of potassium chloride* The residual or soluble aluminum was determined after 
separation from the solid phase and was plotted on a graph as a function of pH. 
The solubility curves were compared with theoretical curves which were calculated 
assuming the monomers A1OH2**, Al(OH)2*and A1(OH)4 . A similar solubility study 
has been reported by Gayer, Thompson and Zajick (26) for aluminum hydroxide. 
They determined the solubility constants for Al , A1OH , Al(OH)£and A1(OH>4 
in equilibrium with a crystalline phase which, according to Hem and Roberson (36), 
was bayerite. Using a somewhat different approach, Reesnan (75) has also inter
pretedJiis solubility results for ajujninumrbearing minerals only in terms of mono
meric hydrolysis* He measured the migration of aluminum ions at different pH on 
chromatographic paper strips at an applied voltage of 800 volts and concluded that 
the principal aluminum ions over the pH range 3#0 to 9.0 were A1(OH>4 and Al(OH)2 . 

There are numerous investigators who have not been able to interpret their 
data by assuming simple monomeric aluminum hydrolysis. Since 1908, when 
Bjerrum (85) first detected polynuclear chromium(III) complexes, many other 
metals have been shown to form polymeric species. Over the years, the principal 
group of investigators who have studied metal ion hydrolysis have been Sillen and 
his Swedish coworkers (6,85). They have developed many mathematical and 
graphical techniques to analyze the complex metal hydrolysis equilibria and cal
culate equilibrium constants (83t 86, 87). Most of their studies have been conducted 
with aqueous solutions at 25°C and at constant ionic strength (usually 3 M NaClO^). 
They have interpreted their data primarily by assuming either a single polynuclear 
complex or a series of polynuclears with a basic "core" and various number of 
attached "links". One of the more extensive potentiometric investigations into 
the aqueous chemistry of aluminum(III) was conducted by Brosset (15), a member 
of this group. He originally analyzed the data by assuming an infinite series of 
complexes of the form Al[(OHJ3Al] ^4in the acid range and {A1(OH)3] nOH~ in 
the alkaline range. However, two years later, Brosset, Biedermann and Sillen 
(16) reviewed the same data and concluded with reservations that a single complex 
with hexameric structure, Alg(OH)^g , was the principal species in acid solutions 
and that the aluminate ion is predominant in alkaline solutions. They did not rule 
out other conceivable complexes such as Alg(OH)9Q i>ut since the hexamer was 
similar in structure to crystalline gibbsite, Alg(OH)^ was a logical product of 
aluminum hydrolysis. In a later paper, Biedermann (6) described a study of 
aluminum(III) hydrolysis conducted at 50?Cto accelerate hydrolysis reactions. 
His results indicated a septamer Al^OH)^ and a large polycation, Al-.(OH) 

Biedermann also concluded, however, that even though the studies were conducted 
at 50 C,at 50 C, the uncertainty of the data was high because of the non-equilibrium con
ditions.



4+ 
Kubota (47) and Faucherre (21) found evidence of a dimer Al tOH^ i 

acid solutions. Faucherre suggested that at aluminum concentrations greater than 
0.01 M^ the dimer formed and a monomer formed below 0.005 ML Aveston (4) 
also postulated a dimer in aluminum perchlorate solutions using both equilibrium 
ultracentrifugation and potentiometric techniques. Analysis of the potentiometric 
data with a computer program employing least squares approach indicated both a 
dimer and a large polycation, A1-. o(OH)g2 • Using equilibrium constants refined 
by the computer program, the degree of polymerization was calculated and agreed 
with the ultracentrifugation results. 

Matijevic and coworkers have also studied aluminum(III) hydrolysis 
(51,53,54,55) and complexation (56,90). The concentration of various metal ionic 
species just required to coagulate and restabilize sols was correlated to the charge 
and, hence, to its extent of hydrolysis or complexation. By analyzing the boundaries 
between concentration regions of coagulation and restabilization, the ratio of ligand 
to metal ion was deduced. Using criteria such as this, Matijevic, Mathai, Ottewill 
and Kerker (54) suggested the octamer A1Q(OH)2Q as the principal hydrolyzed 
species in aqueous aluminum solutions. 

The initial products of precipitation are amorphous with no definite ordered 
structure, but with aging they evolve into identifiable crystalline phases. At normal 
temperature, gibbsite forms very slowly in the acid pH range. Mixtures of pseudo-
boehmite, bayerite and possibly nordstrandite form in the alkaline range. A recent 
review of Schoen and Roberson (80) discusses the formation of these crystalline 
phases of aluminum hydroxide in detail. Papers by Hsu (39,40,41), and Hem and 
Roberson (36) provide a good background. The values of solubility constants of 
the various phases are listed in Table 2. 

The effects of various anions on the precipitation of aluminum(III) and other 
hydrolyzing metals has been studied extensively by Thomas and coworkers 
(e.g., 50,97, 98). Their work has been reviewed by Pokras (68, 69, 70). They 
found that various anions significantly affected the solution pH, form and nature of 
the aluminum precipitate, and pH of maximum precipitation. The order of stability 
of aluminum(IH) complexes was reported to be oxalate > sulfate > chloride 
bromide > iodide > nitrate. The rate of solution of hydrous alumina in various 
acids was found to follow the same order except that phosphoric acid was more 
effective than oxalic acid. They found that the stability of the aluminum(IH) complex 
significantly affected the pH of maximum precipitation of aluminum hydroxide 
depending on whether the anion was incorporated into the precipitate or displaced 
by the hydroxide ion. Heat and solution age also had a profound effect on the proper
ties of aluminum hydroxide sols. Marion and Thomas (50) proposed that aluminum 
polymerized through a bridging mechanism which they termed "olation" where two 
aluminum ions are bound by two hydroxide ions. As the polymers age, hydrogens 
split off from the bound hydroxides resulting in an fToiationn bonding. The "oxalation
olation11 bridging mechanism was to account for the observed decrease in pH of 
aluminum solutions. 



Table 2 

Summary of Solubility Constants 
for Aluminum Hydroxide 

Ks	 *Ks
Phase log o log	 4 

Boehnite (Pseudo) -32. 90 (20°C)	 -12.74 
-31 . 72 (30°C)	 -12.87 

-12.5 
-12.70 

Bayerite -32. ,95	 -14.53 
-13.95 
-13.84 

Gibbsite -32.65 
-33.51 

Note: All values listed were determined at 25°C, except 
where indicated. 

10




Using a somewhat different method of studying precipitation, Willard and 
Tang (107,108) and Gordon (27) have investigated the effects of various anions on 
the homogeneous precipitation of aluminum (III). The pH of aluminum solutions 
were adjusted by adding urea, which when heated decomposes into carbon dioxide 
and ammonia. The increase in pH was controlled precisely by heating and sub
sequent cooling which stops the decomposition. Sulfate was found very effective 
in promoting the formation of a dense settleable precipitate. The method was also 
used to separate hydrolyzing metals by a careful control of the pH of precipitation. 
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Chapter E 

EXPERIMENTAL METHODS AND MATERIALS 

Preparation of Solutions 

All solutions were prepared by dispersing reagent grade chemicals in 
double-distilled deionized water. Double-distilled water supplied by the Ohio State 
University Chemistry Department was passed through a Crystallab nDeeminizern 

ion exchanger and stored in polyethylene bottles* Periodic conductivity measure 
ments indicated that the water was suitable for the purposes of these studies (less 
than 0. 1 ppm as NaCl). All solutions were filtered twice through a Millipore 
membrane filter with a 0.45 micron pore size to reduce their turbidity to a low 
constant value. 

Stock acid solutions were prepared by diluting concentrated nitric acid and 
were standardized periodically against tris (hydr oxy methyl) aminomethane which had 
been dried at 105°C and stored in a vacuum desiccator using methyl purple as the 
indicating dye. Stock base solutions were prepared by dispersing sodium hydroxide 
pellets in distilled water, heating overnight and filtering to remove any insoluble 
carbonates. These solutions were standardized against nitric acid using phenopthalein 
indicator while nitrogen gas was bubbled through solution to exclude carbon dioxide. 

The aluminum nitrate, aluminum chloride and aluminum sulfate stock solutions 
were prepared in concentrations greater than 0.10 M t̂o prevent hydrolysis and sub
sequent aging of the solutions (51). The concentration of each aluminum solution 
was determined by alkalimetric titration or colorimetrically using eriochrome 
cyanine R (ECR) as the chromogenic reagent. The latter procedure was modified 
slightly in that the samples were buffered at pH 5.5 instead of 6.0 (81). This 
adjustment of pH resulted in a more sensitive measurement of the aluminum con
centration. The molar absorbtivity of the aluminum-ECR complex was calculated 
to be 67,500 at this pH. 

Sodium nitrate, sodium chloride and sodium sulfate solutions were prepared 
by accurately weighing the dried reagent grade salts. Sodium and potassum di
hydrogen phosphate solutions were prepared in a similar manner and standardized 
colorimetrically (3) or by alkalimetric titrations. 

All pH measurements were made using Sargent model DR or model NX pH 
meters with Sargent combination electrodes. The pH meters were calibrated with 
buffers before, during and after each experiment. If the instrument required 
adjustment during a set of measurements, the pH of each sample was redetermined. 
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Determination of Precipitation Limits 

The turbidities of the aluminum solutions were estimated using 90° light 
scattering measurements. A Coleman model 9 nephelometer with unfiltered white 
light was used for the more concentrated aluminum solutions in combination with a 
Coleman solid state regulated D.C. power supply with three voltage settings. 
Although the nephelometer was designed to be operated at 6. 2 volts, operation at 
7.2 and 8.5 volts expanded the useful range of measurements. The turbidity 
measurements are expressed as "relative scattering11 units on a 0 to 100 scale. 
Prior to each experiment, round 19 x 105 mm Coleman cuvettes were matched to 
within 0.5 relative scattering units using distilled water. The nephelometer was 
calibrated before each set of measurements using Coleman turbidity standards at 
a power setting of 7# 2 volts. 

For the dilute aluminum solutions, light scattering determinations were 
made using a Brice-Phoenix Light Scattering Photometer, Universal 1000 series, 
in accordance with the directions detailed in the operation manual OM-1000A. A 
large cylindrical cell was used for all the measurements (Brice-Phoenix model 
C*101). The cell was cemented to a small rectangular glass plate which fit 
exactly in a slot in the rotating arm of the instrument and aligned so the flat 
entrance window of the cell was precisely perpendicular to the incident light beam. 
The alignment was checked by observing the image of light reflected back on the 
collimating tube diaphragm. The cell was properly aligned as maximum transmit
tance was observed at an angle of 0° . The reported values are measurements 
using blue light at a wavelength of 436 mu. Both the Coleman nephelometer and 
Brice-Phoenix scattering photometer gave identical results with solutions at inter
mediate aluminum concentrations. 

For each experiment, the concentration of aluminum(III) and excess salt 
(if used) was held constant and the pH systematically varied by adding sodium 
hydroxide. Samples for the excess salt experiments and the more turbid aluminum 
solutions which could be analyzed with the Coleman nephelometer were prepared by 
pouring the contents of glass vials containing the exact amounts of base, distilled 
water and salt (if used) into round cuvettes containing aliquot portions of aluminum 
solution. The concentration of the aluminum reported is the total concentration in 
the final 15~ml sample. The cuvettes were stoppered, mixed for 20 seconds and 
placed in the nephelometer for the first reading* The cuvettes were then removed, 
the pH was measured and were stored without further agitation until time for the 
next reading. 

Samples for the aging studies and the less turbid aluminum solutions were 
prepared by diluting aliquot portions of aluminum and exact amounts of base to 100 
mis in a volumetric flask. The samples were mixed thoroughly and transferred 
to 4-oz# plastic bottles. The plastic bottles were placed in an Eberbach shaker 
and agitated vigorously at 200 rpm for 15 minutes and then transferred to the con
stant temperature shaker bath thermostatted at 25°C and shaken at 80 rpm. The 
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samples were periodically removed for pH and turbidity measurements. For the 
turbidity measurements, the samples were allowed to stand undisturbed for one 
hour before 15 mis were withdrawn from the top with a pipette and transferred to 
the cuvettes. For the samples aged only one hour, only about ten minutes were 
allowed for settling. 

Computer Studies 

Because aluminum solutions are slow to approach equilibrium, a serial 
pH titration technique was employed. A series of samples was prepared in 4~oz. 
plastic bottles which had been rinsed in 1:1 nitric acid, scrubbed with Alconox 
detergent, rinsed several times with distilled water, and allowed to air dry. 
Aliquot portions of aluminum nitrate, sodium nitrate and nitric acid were pipetted 
into 100-ml volumetric flasks, diluted to the mark and transferred to the plastic 
bottles. The aluminum concentrations studied were between 1.0 x 10 M and 
1.0 x 10" M, above pH 3 and below the pH where precipitation was first detected 
by light scattering. Nitric acid was added to the samples to lower the pH so that 
only the free metal ion was present initially and if any acid was present in the 
aluminum nitrate salt, the amount added was much larger than that originally 
present. Addition of the acid also minimized the adsorption of aluminum onto the 
glass surface of the volumetric flask during preparation. Sodium nitrate was added 
to adjust the final ionic strength to 0.15. Exact amounts of sodium hydroxide were 
added with a 2-ml microburet while the samples were swirled to insure mixing. 
The samples were placed in an Eberbach shaker-bath thermostatted at 25°C and 
shaken at 80 rpm. The samples were removed periodically and the pH measured. 
While the pH of the samples was being measured, nitrogen gas was bubbled into 
the solution after passing through a series of scrubber bottles containing pyrogallol 
to remove oxygen, saturated lime solution to remove carbon dioxide, and distilled 
water. Bubbling of the nitrogen through the samples insured mixing of the solutions 
and exclusion of carbon dioxide. Light scattering measurements were made to check 
for the presence of precipitate and only the clear samples were retained for analysis. 
After the solutions had aged 3 months at 25°C the sample bottles were heated 5 days 
at 65 C, cooled to 25°C and the pH measured. Approximately 25 samples were 
prepared at each of three concentrations along with a series of duplicates at 1.0 
x 10~3 M_. 

X-Ray Diffraction Studies 

Samples for X-ray diffraction analysis were prepared by titrating 500 mis 
of 0.0378 M_ aluminum nitrate and 0.30 M_ sodium nitrate (if used) with 0.910 M_ 
sodium hydroxide. The base was added very slowly over a period of 30 minutes 
to the aluminum solutions which were vigorously mixed with a magnetic stirrer. 
Nitrogen gas was bubbled through the solution to exclude carbon dioxide. The pH 
was adjusted so that a colloidal suspension of aluminum hydroxide would form in 
two sets of samples and a settleable precipitate would form in two other sets of 
samples. A fifth set of samples was prepared with 0.30 M sodium nitrate to 

determine the effects of a high concentration of salt on the~X~ray diffraction patterns. 
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After the final adjustment of pHf the solutions were transferred to 16-oz, 
plastic bottles. The solutions were "aged" in two ways. Most of the sample bottles 
were placed in a constant temperature Eberbach bath maintained at 25 C and shaken 
at 80 rpm. The rest of the samples were placed in a constant temperature bath at 
65 C. The sample bottles were removed at specific intervals, the pH measured and 
precipitates recovered by centrifuging 50-ml aliquots of the solution in a Sorval Model 
SS4 Manual Superspeed Centrifuge at 10,000 rpm for 10 minutes. In those solutions 
where the precipitate was colloidally dispersed, the precipitate was recovered by 
adding enough sodium nitrate to coagulate the sol followed by centrifugation. The 
precipitate was transferred from the centrifuge tubes and dried in a vacuum dessi
cator over calcium sulfate (Drierite). The precipitates were extensively hydrated 
and decreased over 95% in volume on drying. The dried precipitates recovered from 
the acid solutions at an hydroxide per aluminum ratio of less than 3.0 were hard, 
brittle and transparent. Precipitates recovered from solution at hydroxide per 
aluminum ratios of greater than 3.0 were softer and milky white in color. All the 
dried precipitates were ground with a mortar and pestle to a powder having the 
consistency of flour. The ground samples were mounted in an aluminum holder and 
analyzed with a Norelco high angle X-ray diffractomer using Cu-K# (Ni filtered) 
radiation. 
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Chapter III 

RESULTS: STUDIES ON THE PRECIPITATION OF ALUMINUM(in) 

Determination of Precipitation Limits 

The solubility and colloidal stability of aluminum(III) hydroxide precipitates 
were studied using light scattering techniques. Basically, with each experimental 
series, the critical pH limits of precipitation and dissolution were determined by 
obtaining curves of scattering intensity as a function of pH at a given aluminum salt 
concentration* Typical results at 1.0 x 10 M̂  aluminum nitrate obtained with the 
Coleman nephelometer are shown in Figure 1. The formation of condensed phase 
in acid solutions is indicated by a sharp increase in turbidity which occurs over a 
very narrow pH range. By extrapolating the data points back to the initial scattering 
values, the pH limit of precipitation can be determined. This pH limit, designated 
as the pH , is the critical hydrogen ion concentration at which condensed phase just 
begins to form. Below this pH no solid phase is detected. In alkaline solutions, as 
the pH is increased, a sharp decrease in scattering again occurs over a narrow pH 
range and the pH of dissolution can be determined in a similar fashion. This limit, 
designated as the pH^, is the critical hydrogen ion concentration at which the pre
cipitate is just completely dissolved. The pH range over which a given concentration 
of aluminum(III) is insoluble at a specified time is defined by the pIL and the pH^. 
Thus, for 1.0 x 10~̂ M^ aluminum nitrate the pH range of precipitation at one hour 
was experimentally determined to be pH 4# 55 to 9.25. 

The precipitate was colloidally dispersed in acid solutions. Above neutrality, 
as indicated by the 10 and 60-minute scattering curves in Figure 1, the precipitate 
settled rapidly. The boundary between the stable and settleable precipitate is 
designated as the pHc or pH of coagulation and was determined by extrapolation back 
to the initial scattering value. The solutions in the acid pH range where the stabilized 
precipitate formed were perfectly clear to the naked eye, but a well defined Tyndall 
beam was observed when placed in the nephelometer. 

Figure 2 shows typical results obtained with the Brice-Phoenix Light 
Scattering Photometer. Generally, this instrument was used for aluminum concen
trations below 5.0 x 10"" M̂  which was about the lower limit of sensitivity for the 
Coleman nephelometer. The results are in good agreement with previous results 
at higher aluminum concentrations. A stabilized precipitate formed in the acid range 
up to about pH 7 and a flocculent precipitate formed above neutrality. Light scattering 
measurements of the large flocculent particles were impossible because of the sensi
tivity of the instrument to the particle size using blue light at 436 mu. The floc
culent aluminum hydroxide which had originally settled in the plastic bottles used 
for preparation of the samples was redispersed when the solutions were transferred 
to the scattering cell. The boundaries were well defined, however, and the limits 
of precipitation were pH 4# 69 to 8.95 at 5.0 x 10~4M aluminum nitrate. 
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Figure 2. Comparison of OH/Al Ratios and Streaming Current 
Data With Light Scattering Curve of Fresh Solutions 
of 5.0xl0~4M AI(NO3)3. 
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Also shown in Figure 2 is a plot of applied OH/A1 as a function of pEL This 
relationship indicates that in freshly prepared solutions, a condensed phase was 
initially detected after one hydroxide per aluminum had been added and the precipi
tate dissolved after four hydroxides had been added. The pH of 7.1 corresponded 
to an OH/A1 rat io of approximately 3, which can be considered the equivalence 
point in the titration of aluminum by sodium hydroxide. In addition to light scattering 
data and applied OH/A1 ra t ios , Figure 2 shows streaming current measurements 
obtained with a Wai ter ' s Associates Streaming Current Detector as a function of pH. 
Streaming current data indicate that aluminum hydroxide hydrosols a re strongly 
positively charged and that the precipitate in the alkaline pH range was weakly 
negative. A zero point of charge (ZPC) of approximately pH 8 was obtained by 
connecting a smooth curve through the experimental points and determining the pH 
corresponding to zero SCD units* Although it is uncertain what is the exact e lec t ro
chemical property of the precipitate that is being measured by streaming current , 
the ZPC obtained does appear logical in that pH 8 corresponds to the middle of the 

Figure 3 shows the light scattering character is t ics of 1.0 x 10" M_ aluminum 

pH range where the settleable precipitate forms. The pH is consistent with resul ts 
determined by. other methods (26,48), 

—3 

nitrate solutions aged 24 hours and 1 week compared to fresh solutions measured 1 
hour after preparation. The one-hour scattering curve is typical of freshly prepared 
aluminum solutions and the limits of precipitation are almost identical to Figure 1. 
However, light scattering measurements of aluminum solutions aged 24 hours a re 
entirely different. The turbidity of solutions in the acid pH range up to pH 6 decreased 
and the pH of precipitation is not well defined. The decrease in light scattering 
intensity is apparently due to dissolution of particles formed during preparation. 
The increase in turbidity above pH 6 is due to a breaking up of the flocculent 
settleable precipitate into small par t ic les which are dispersed into solution because 
of the shaking action. The pHj or pH of precipitate dissolution shifted to higher pH 
with aging t ime, thus widening the pH range of precipitation. The pH boundary 
between the stable sol and settleable precipitate or the pHc at 24 hours was determined 
to be pH 5.90, compared to a pH of 7.0 at one hour. The change of both the pHc 

and pH^ of the aluminum hydroxide precipitate after 24 hours of aging was due to a 
change in solution pH. For example, the pH of a solution prepared with an applied 
hydroxide per aluminum ratio of 3.0 was determined to be 6. 80 at one hour and 
5.90 after 24 hours of aging. Similar shifts in pH were observed in those solutions 
prepared in the alkaline range, except the pH increased with age. 

In Figure 3, only part of the light scattering - pH curve defining the limits 
of precipitation for aluminum nitrate solutions aged one week is shown because the 
solutions in the intermediate pH ranges were too turbid to be measured. The pH 
range of precipitation measured at one week was well defined and the scattering 
boundaries were sharp with respect to pH. It was coincidential that the pKL at one 
week was almost identical to that determined at one hour. 
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The light scattering data shown in Figure 3 was also plotted as a function of 
the applied OH/A1 ratio and shown in Figure 4. The 1 and 24 hour data indicate that 
although the pHc and pH^ changed with aging, the OH/A1 ratios corresponding to 
these limits did not change. Even after aging for one week, no precipitate was 
detected in solutions with OH/A1 ratios greater than 4.0. 

The turbidity data does not clearly indicate the boundary between the colloidal 
aluminum sol and settleable precipitate, but this limit was an OH/A1 ratio of 3.0. 
The difficulty in obtaining turbidity data to support this value resulted from the fact 
that the flocculent precipitate, which formed in the range OH/A1 of 3.0 to 4.0, was 
dispersed by shaking during aging for periods of 24 hours and longer; even after 
the samples were allowed to stand undisturbed for one hour, the solutions were still 
turbid. However, when the samples were viewed in the nephelometer, there was ~ 
a distinct difference between the opaque solutions of the colloidal sols and suspensions 
of small discrete particles. 

Although the OH/A1 ratios corresponding to the limits of coagulation and 
precipitate dissolution did not change with aging, the OH/A1 ratio at which precipi
tation was initially detected did change. At 1 hour, this ratio was 1.0, at 24 hours 
it was 2.0, and at one week it was 0. 75. Apparently the shift from 1.0 to 2.0, 24 
hours after initial preparation, is due to dissolution of particles or localized pre
cipitate formed during mixing. The shift from 2.0 to 0.75 after one week indicates 
a solution proceeding from a highly oversaturated state to a saturated or equilibrium 
condition. 

The pH limits of solubility and stability of the aluminum hydroxide precipitate 
determined from the results shown in the figures and similar data are summarized 
in Table 3. These data were also plotted against pH as a function of the logarithm 
of the applied aluminum (III) concentration, as shown by Figure 5. One-hour data 
are represented by circles, 24-hour data by triangles and 3-month data by squares. 
The pH-concentration limits of solubility and colloidal stability of the aluminum 
hydroxide precipitate formed in aluminum nitrate solutions were defined by drawing 
straight lines through the critical pH values. The slope, intercept and related 
statistics were calculated using a Least Squares computer program and are listed 
in Table 4. 

In general, precipitation of aluminum hydroxide was detected over wide 
ranges of aluminum nitrate concentrations and pH. The limits of precipitation were 
easily defined at the higher concentrations but very precise, sensitive experimental 
techniques were required at the very low aluminum nitrate concentration. Lower 
limits of detection were approximately 5.0 x 10 M_. The pH-concentration region 
of aluminum hydroxide solubility was defined by the experimental pHp and 
limits of precipitation and dissolution determined at each aluminum concentration. 
The lines drawn through the pH limits of colloidal stability further divided the pH-
concentration region of solubility into two regions (see Figure 1). A region of 
precipitate stability was defined in the acid pH range where a colloidal aluminum 

22




Table 3 

Summary of Critical pH Limits of Precipitation in Aluminum Nitrate Solutions 

Molar Cone. 
A1(NO)3 

M 

5.0 x 10~2 

4.0 x 10~2 

3.3 x 10"2 

3.0 x 10 
2.7 x 10~2 

2.0 x 10 
1.7 x 10~2 

to 1.5 x 10 
CO 

1.0 x 10~2 

5.0 x 10~3 

3.0 x 10~3 

1.0 x 10"3 

5.0 x 10"4 

3.3 x 10"4 

2.0 x 10~4 

1.0 x 10~4 

7.5 x 10~5 

5.0 x 10~5 

Log M 
P HP P HPf 

pH 
DJr 

P HPJr 
PH P 

1 Hr. 24 Hrs. 3 Mo. Heated* 1 Hr. 1 Hr. 24 Hrs. 

-1.30 5.80 
-1.40 4.05 10.90 
-1.48 4.10 10.80 
-1.52 4.22 
-1.58 6 .05 
-1.70 4.17 10.60 11 .47 
-1.80 6 .30 
-1.82 4.23 4.32 10.35 
-2.00 4.30 4.40 3.98 3.92 10.25 11 .15 
-2.30 4.40 4.51 4.05 6.83 9.90 10 .84 
-2.52 4.16 
-3.00 4.55 4.68 4.25 4.20 7.10 9.25 10 .35 
-3.30 4.69 4.70 4.34 3.40 7 .10 8.95 10 .08 
-3.48 4.70 
-3.70 4.82 4.48 3.55 9.65 
-4.00 4.90 4.55 
-4.12 4.62 
-4.30 4.95 7.75 

Note: * samples heated 5 days at 65° C, 
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Table 4 

Summary of Statistical Data for Boundaries 
of Precipitation and Dissolution of Aluminum 

Hydroxide in Aluminum Nitrate Solutions 

Critical pH Slope (Sg) Intercept (ST) R 

pHp (1 Hr.) -3.29 (.01) 12.03 (.05) -.996 

pHp (24 Hrs.) -3.75 (.02) 14.41 (.09) -.992 

pHp (3 mo.) -3.57 (.02) 12.23 (.07) -.996 

pHd ( l H r . ) 1.05 (.01) -12.80 (.11) .991 

pHd (24 Hrs.) 1.14 (.02) -14.78 (.18) .990 

Statistical data was calculated using a Least Squares Computer Program 

Note: Sg is one standard deviation in slope 

Sj is one standard deviation in intercept 

R is correlation coefficient 
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hydroxide hydrosol formed and a region of instability was defined in the alkaline pH 
range where the flocculent precipitate is settleable. Below 2,82 x 10~3M^ the pH 
boundary of coagulation was independent of the aluminum(III) concentration. Above 
this concentration, the boundary shifted to more acid pH with increasing aluminum 
nitrate concentration* 

After one hour, the pH boundary of precipitation which defined the limits of 
aluminum hydroxide solubility in acid solutions shifted to a slightly higher pH. This 
was apparently due to the dissolution of the precipitate formed in the over saturated 
solutions during preparation. The shift was greater in the more concentrated 
aluminum solutions. After 24 hours, the precipitation boundary shifted in the 
opposite direction to the acid side in a rather uniform manner over the entire con
centration range. The pH boundary of precipitation in solutions aged 3 months appears 
to approach an equilibrium value because further aging up to 6 months did not 
significantly change the boundary. Also listed in Table 3 are pHp values for solutions 
heated at 65°C for 5 days. Apparently, heating of aluminum solutions did not age 
them in the same fashion as observed at 25°C because the pH data points are not 
linear with respect to the logarithm of the aluminum concentration. 

The entire pH boundary of dissolution shifted to higher pH with aging over 
the entire aluminum concentration range. The rate of change was somewhat dependent 
on the time of shaking but did not affect the slope of the pH^ boundary. Although 
not shown in Figure 5, there was a lower limit to the region of the settleable pre
cipitate after aging 3 months. A stabilized precipitate was detected in a series of 
solutions between pH 7 and 8 at 7. 5 x 10~̂ M_ aluminum nitrate, whereas, a flocculent 
precipitate consisting of large particles was observed in solutions at LOx 10 M. 

The pH limits of solubility and stability for aluminum chloride solutions aged 
one hour were determined in a manner exactly as described for the aluminum nitrate 
system. The results, which are summarized in Table 5, are similar to the one-hour 
aluminum nitrate precipitation system in that the position of the boundaries of pre
cipitation, coagulation, and dissolution overlap. The slope and intercept of the 
pHp and pH^ were somewhat different, as indicated by the statistical data listed in 
Table 6. 

X-Ray Diffraction Studies 

The results of the X-ray diffraction study are summarized in Table 7, along 
with pH data. As shown in the table, 5 sets of solutions were prepared with OH/A1 
ratios of 2.90, 2.95, 2.95 (with 0.30 M_ sodium nitrate), 3.02 and 3.25. The effect 
of solution age on the crystalline phase was determined by removing one sample of 
each set at specific time intervals. 
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Table 5 

Summary of Critical pH Limits of 
Precipitation in Aluminum Chloride Solutions 

Molar Cone. PHp PHC pHd 

Aicig Log M 
M 1 Hr. 1 Hr. 1 Hr. 

3.0 x 10"2 -1.52 6.02 

2.4 x 10~2 -1.62 4.08 10.66 

1.0 x 10~2 -2.00 6.53 

8.5 x 10~3 -2.07 4.28 10.21 

3.2 x 10~3 -2.49 4.41 7.10 9.85 

2.0 x 10~3 -2.70 4.45 7.10 9.60 

1.3 x 10~3 -2.88 4.46 7.12 9.40 

6.7 x 10~4 -3.18 4.63 7.15 9.13 
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Table 6 

Summary of Statistical Data for Boundaries 
of Precipitation and Dissolution of Aluminum 

Hydroxide in Aluminum Chloride Solutions 

Critical pH Slope (Ss) Intercept (Sj) R 

pHp (1 Hour) -3.12 (.02) 11.19 (.09) -.992 

pHd (1 Hour) 1.08 (.02) -12.88 (.10)
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Table 7 

Effect of Age on the pH and 
Crystalline Structure of Aluminum Hydroxide 

Prepared from 0.0378 NL_ Aluminum Nitrate Solutions 

OH/A1 2. 90 2. 95 2. 95** 3  . 02 3 . 25 
Ratio 

Initial 5 . 00 5 . 50 5. 50 8. 00 9. 50 
pH 

1 Day 4  . 85* 5 . 48* 5 . 54* 7. 85* 10. 64* 
(A) 

Amor. Amor. Amor, Weak Mixture 
P. Boehmite P. Boehmite 

Bayerite 

1 Week 4.82* 5,18* 5.41* 7.60* 10.74* 
(B) 

Amor. Amor. Amor. Mixture Mixture 
P  . Boehmite P# Boehmite 

Bayerite Bayerite 
Gibbsite 

1 Month 4.29* 4.35* 5.04* 7.50* 10.79* 
(C) 

Amor. Amor. Amor. Mixture Mixture 
P  . Boehmite Bayerite 

Bayerite Gibbsite 

Heated 4.05* 4.10* 4.42* 7.25* 9.47* 
Strong Gibbsite Amor. P  . Boehmite 

Gibbsite 

* pH of solution after aging 
** Solution also 0.30 M in Sodium Nitrate 
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The aluminum hydroxide precipitate recovered from aged solutions at 
OH/Al ratios of 2.90 and 2,95 were amorphous when aged one month at 25&C, but 
as indicated by intense peaks at 4.84 & and 4.35 A, heating at 65°C for five days 
produced gibbsite. In the set at OH/Al 2.95 with 0. 30 M_ sodium nitrate, the 
precipitate was amorphous when aged or heated. 

As shown by Figure 6, crystalline aluminum hydroxide consisting of bayerite 
and pseudoboehmite formed after aging one week in solutions with OH/Al of 3.02. 
After aging one month, the bayerite peaks (4.72 A and 4.35 A) and the pseudo-
boehmite peaks (broad peak at approximately 6.32 A) were much stronger. At 
OH/Al ratio 3.25, a mixture of pseudoboehmite and bayerite was identified much 
sooner as the solid phase. As shown in Figure 6f intense bayerite peaks were 
indicated after aging one day at 25°C, however, a weak gibbsite peak appeared after 
aging for one week, which was more defined at one month. The broad pseudo-
boehmite peak had also disappeared after one month. Heating of the solutions for 
five days prepared at OH/Al ratio 3.02 and 3.25 produced pseudoboehmite charac
terized by a broad peak at 6.32 A. 

In general, aluminum solutions prepared at OH/Al ratios less than 3 de
creased in pH rather slowly at 25°C, but upon heating to 65°C resulted in both a more 
rapid change and lower pH. In those acid solutions where the precipitate was dis
persed as a sol, the pH change was more pronounced than where the precipitate 
had been coagulated by 0.30 M^ sodium nitrate and had settled to the bottom of the 
plastic bottles. Both pH and X-ray data indicate that aging is more rapid for 
precipitates dispersed as a sol. The pH of the solutions prepared at OH/Al ratio 
3.25 increased rapidly at first but changed slowly after 24 hours. Heating of this 
solution did not increase the pH. 
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Chapter IV 

RESULTS: COMPUTER ANALYSIS OF ALUMINUM HYDROLYSIS 

Computer Program 

The computer has been used extensively by many investigators to solve 
various chemical equilibrium problems (5, 6,37,86, 90, 94). Most approaches 
utilize an iterative approximation method to determine equilibrium constants which 
can be resolved from various forms of input data. The use of a computer pre
supposes that the results obtained are compatible with the chemistry of the system 
and that all parameters which may affect the system have been carefully controlled. 
For example, the concentration of the reactants must be accurately known; and 
because both temperature and ionic strength affect pH measurements, these para
meters must be controlled and held constant. In effect, the results are no better 
than the experimental data and mathematical approach. 

The computer program SCOGS (stability constants of generalized species) 
is one of several programs formulated by Perrin, Sharma, and Sayce (63,64,65,78) 
which calculates practical or mixed formation constants of complexes with up to two 
metals and two ligands provided the extent of complexation is pH dependent. The 
program is based on a mathematical treatment described by Wentworth (105,106) 
and consists of a least squares adjustment to a non-linear equation. The techniques 
and results have been reported by Perrin, Sharma, and Sayce primarily for nickel 
and copper complexes with ligands such as ethylenediamine, histamine and serine. 

Originally these programs were designed to determine the equilibrium 
constants of metal-multiligand complexes. In this study, the original program was 
modified so that equilibrium constants of large polymeric metal species formed 
through hydrolysis could be tested. For example, using the unmodified program, 
the computer cannot handle calculations involving the polymeric ion Alg(OH)|jQ. 
Raising the hydrogen ion activity at pH 4 (1 x 10~"*MJ to the 20th power as is 
necessary with these species, results in a number beyond the capacity of the 
computer. To overcome this problem, these calculations were changed to logar
ithmic form that does not exceed the range of the IBM 360/75 computer. 

The input data for the program consists of the molar concentrations of 
aluminum nitrate, nitric acid, and sodium hydroxide, the pKw of water at this 
particular ionic strength and temperature (14.01) and the activity coefficient for 
hydrogen ion calculated by the Davies Equation (0.75), the number and types of 
proposed complexes, that is, the number of aluminums (p) and hydroxides (q) per 
complex, and an estimate of the logarithm of the formation constant (log (3 p ~) . 
The volume in mis (Vg) of base added and pH for each data point is also read in. 
The formation constant 3 must be defined to represent the following hydrolysis 
reaction and mass action expression: 
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p A l 3 + -f- qH2O ^ Alp(OH)q
( 2P^) + + qH+ . . .(13) 

Using the input data, the program sets up two mass balance equations for 
the metal and ligand concentrations which, in this case, are aluminum and hydroxide. 
The total aluminum concentration which is the sum of the free metal ion and 
hydrolyzed aluminum concentrations is represented by the following equation: 

£  2 p (Alp(OH)q
(3pKl ) + ) ...(15) 

Solving Equation 14 for (Alp(OH) *3P~<l)+~] and substituting into Equation 15, 
the following expression is obtained: 

T O T 

A similar expression can be written for the total hydroxide activity. 

{OH"} T O T - {OH"} F R E  E +f | - q , p q C A l 3 + ] P { H M ^ • • .(17) 

Equations 16 and 17 are the two basic expressions used by the program to 
refine values for formation constants of the postulated aluminum complexes. Since 
the total applied aluminum concentration [Al(III) j TOT *S  ̂ n o w n t ^ ^ by fixing 
the formation constant £ the free metal ion concentration (Al ] can be 
determined at each data point by a Newton-Raphson approximation method. Once 
the concentration of (Al J is fixed, this value is substituted into Equation 17 
and the total hydroxide activity is calculated. From this value, the analytical 
hydroxide ion concentration is then calculated using the activity coefficient (0.75). 
This quantity is then used to obtain Vg, , . ( mis of base added). The calculated 

vcaic.) 
VB/ i \ *s then compared with the experimental Vg and their difference is defined 
as the residual. As the program progresses through each data point, the least 
squares equations are built up, and these are solved by matrix inversion to obtain 
the shifts in the constants. The program proceeds until the sum of the squares of 
the residuals ( £ R^ ) is at a minimum. The improved formation constants are 
then calculated and printed, along with their standard deviations. The standard 
deviation in Vg (Syg) is also printed out for that particular value of the constant. 
This cycle is repeated a number of times; usually five are enough to obtain the 
best fit to the input data. 

The modified SCOGS was initially tested using published copper(II) data by 
Perrin (63) who reported Mhand calculated11 formation constants for |^ 
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to be 10.94. Analysis of the titration data using the modified SCOGS program 
resolved the constant to be 10.94 - 0. 005, which is in excellent agreement. 

Criteria Used for Analysis of Data 

In order to determine the nature of the hydrolyzed aluminum complex or 
combination of complexes present in acid solutions, several statistics calculated 
by SCOGS were considered. The print-out of this program consists of the refined 
value of p fi p « and its standard deviation along with the standard deviation of 
the difference between Vu(calc) and  VB. The pH, experimental Vg , residual, 
total metal concentration (adjusted for dilution) and concentration of each complex 
were also printed for each data point. Judging from results published by Perrin, 
Sayce and Sharma (64), SCOGS is capable of refining formation constants with 
standard deviations of 0.05 or less. The standard deviation of VJJ should be 
approximately the same as the accuracy of the microburet; which for this work 
was 0.01 ml. The accuracy of the pH measurements in dilute aluminum solutions 
was limiting. The Sargent Model DR pH meter is reported by the manufacturer 
to be accurate within 0.01 pH units, limited principally by the accuracy of the 
buffers. The incremental volume of sodium hydroxide required to change the pH 
by 0.01 pH units for the titration data listed in Appendix C was calculated to be 
0.045 ml which is much larger than the accuracy of the microburet* Therefore, 
a more reasonable standard deviation in Vj$ would be 0.045 for the aluminum 
system. 

In this experimental approach, another factor must be considered. When 
using least squares calculations, each data point is weighed equally and the level 
of significance increases with the number of data points, but calculations are only 
meaningful where the concentration of the hydrolyzed aluminum complex is greater 
than one or two percent of the applied aluminum concentration. At concentrations 
less than one or two percent, the pH is not significantly affected regardless of the 
type of hydrolyzed species and calculations involving these data points are not 
particularly significant. Because of this, the data points in the low pH range were 
not used in refining the equilibrium constants for the complexes with more than 
one hydroxide per aluminum. Therefore, by assigning an approximate limit to the 
standard deviation of the logarithm of the formation constant of 0.05 or less and 
0.045 to the standard deviation of VJJ , the volume of base added, the structure of 
each hydrolyzed species and its formation constant can be determined with a good 
degree of certainty. 

In addition to the statistics which indicated a certain fit to the experimental 
data, the results of SCOGS were also plotted so that the various hydrolyzed aluminum 
complexes under consideration could be compared. Combined hydroxides per 
aluminum (ligand numbers) were calculated both from the experimental data and 
using the formation constants refined by SCOGS as shown by Figure 7. The ex
perimental ligand numbers were calculated at each pH-^g data point by the following: 
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Figure 7. Comparison of Experimental and Calculated 
Ligand Numbers as a Function of pH. 
Hydrolysis Scheme 2. 

A1(NO3)3 = 5 . 0 x l 0 ~ 4 M _ , NaNO3 = 0.15 M_ 

Solutions Aged 3 Months at 25° C. 
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[OH") 

T O T 

OH J and ( H j represent the applied concentration of base and acid. 
(H+) and (OH") represent the free equilibrium concentrations of hydrogen 

and hydroxide ions. The latter were determined by converting the hydrogen ion 
activity as measured by the pH electrode to concentrations using an activity co
efficient of 0.75. From the formation constants refined with SCOGS, ligand numbers 
were calculated as a function of pH using the following equation: 

5 

CAi(in) ) 
^ TOT 

Evaluation of Aluminum Hydrolysis Schemes 

Six separate and general hydrolysis schemes were postulated and tested in 
order to determine the soluble hydrolyzed aluminum(III) complex or complexes in 
acid solutions below the pH at which the formation of a condensed phase just occurs. 
These are: 

3- f 2 4
Scheme 1: Al , A1OH


3 + 2+ ,


Scheme 2: Al , A1OH , Al(OH)^" 

Scheme 3: Al * A1OH * Al(OH)3(aq) 

Scheme 4: A l 3 + A1OH2 * A l p  ̂ 

3 4- 2 4- 4- (3p-q) +


Scheme 5: Al , A1OH , Al(OH)^, Alp(OH)q
v  K ^ 7


Scheme 6: Al 3 \ Alp(OH)q
( 3 p"q ) +


The subscripts p and q indicate the number of aluminum and hydroxides per complex* 
The different combinations of p:q (A 1:OH) examined were 2:2, 2:5, 3:4, 3:7, 4:10, 
5:12, 6:12, 6:15, 7:17, 8:20, 9:23. 

The simplest scheme, considering only monomeric hydrolysis was tested 
first. The existence of A1OH "*"is generally acknowledged so the first step was to 
determine the formation constant /? ̂  -̂  for this species at the three concentrations 
examined. )3 i ± is identical to *K^ 'used by Siileii and Martel (87). As this species 
was to be an important part of five of the six proposed hydrolysis schemes, it was 
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necessary to determine a working value for this constant which could be used to 
evaluate results obtained in combination with other species, p  ̂  y was refined 
using only pH-Vg data points from the more acid solutions where hydrolysis would 
be slight and concentrations of other hydrolyzed complexes would be negligible. 
Once a value for p £ 1 l was refined, data jxnnts at higher pH were added and 
the existence of A1(OH)J was tested. This combination was tested both by refining 
values for t*i i and &% \ simultaneously and then holding /3 ^ \ constant and 
refining a value for j3 ^ \ • The results of these calculations are listed in Table 8. 
The values for P #i i "of 5.61, 5.38 and 5.51 at 0.1 mM ,̂ 0.5 mM^and 1.0 mMt 

respectively, were refined by considering only the more acid solutions where the 
mis of base added varied from 0.30 to 1.10 for three aluminum concentrations. 
The low standard deviations in VB of 0.043, 0.037 and 0.068 compared to an ideal 
value of 0.045 indicate a good fit to the experimental data and suggest that AlOH 
is probably the principal hydrolyzed aluminum complex in the more acid solutions. 
In order to calculate formation constants for other aluminum complexes in solution, 
an average value of 5.50 was used for p i?i i . This represents a working value 
since it may be readjusted once the other species have been determined. The 
dihydroxo complex Al(OH)jfwas tested by holding the value of p #i i constant 
at 5.50 and refining a value for p ^2 1 *  ̂  e r e s u  l *  s listed in Table 8 indicate 
that A1(OH)2~ is not a principal hydrolyzed aluminum species in acid solutions 
because the standard deviations in VB varied from 0.330 to 0.424, which are 
almost an order of magnitude larger than the ideal of 0.045. Figure 7 also indicates 
a large divergence between calculated and experimental ligand numbers, the average 
number of bound hydroxides per aluminum, for 5.0 x 10~̂ M_ aluminum nitrate. 
If the calculated curve closely fits the experimental data, this would indicate that 
the assumed equilibrium was correct. The smooth curve was calculated using 
values of p P 1 ^ and p /3 2 1 of 5.50 and 9.28, respectively. 

Hydrolysis Schemes 3 and 4 were tested in a similar fashion. Scheme 3 
was tested by refining a constant for A1(OH)3 (aq) while holding p ^ ^ constant 
at 5.50. The high standard deviation in VB , for example, 0. 242 for t o  x lQ-^M 
aluminum solutions, indicated that A1(OH)J (aq), like the species A1(OH)2 , is 
unimportant in acid solutions^ if existent at all. 

The Scheme 4 series was tested while holding p % 1 constant at 5.50 by 
refining a constant for each of the individual polynuclear aluminum species which 
have been postulated in the literature or would appear logical. The results for 
Scheme 4 are listed in Table 9. The various values for p, the corresponding 
number of aluminums, and q, the number of hydroxide ions per complex, are 
listed in the left columns. For each combination of p and q, the refined value far 
the logarithm of the formation constant and its standard deviation along with the 
standard deviation in VB are listed for 5.0 x 10~*M_ aluminum nitrate. The results 
for five of the polynuclear species tested are also summarized in Figure 8. Both 
the divergence between the experimental ligand numbers (open circles) and calculated 
ligand numbers (solid line), using constants refined by SCOGS, and the standard 
deviation in VB sxe criteria which indicate the degree of fit to the experimental 
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Table 8 

Summary of Data for Hydrolysis Schemes 1 and 2 

A l 3 +  , A1OH2+ , J 

Al log/3, (s ) log/3 -(s ,) Range of (Sv ) 
l otal Vg B 

-3 

1.0x10 -5.61 (.098) 0 . 4 - 1 .  0 (0.043) 

5.0 x lO" 4 -5.38 (.112) 0 . 6 - 1 .  1 (0.037) 

l .OxlO" 4 -5.51 (,098) 0 . 3 - 1 .  0 (0.068) 

l .OxlO" 3 -5.50* -9.04 (.083) 1 .0 -2 .  6 (0.330) 

5.0 x lO" 4 " -9.28 (.118) 0 . 9 - 3 .  0 (0.430) 

1.0 x lO" 4 " -9.88 (.098) 1 .0 -2 .  6 (0.324) 

S is one standard deviation 

* This value was held constant and not refined 
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Table 9 

Summary of Data for Hydrolysis Scheme 4 

,3+ _ 2+ 
, 

Al(m) T Q T = 5.0xl0~4M_ 

E a. z p.q p.q \ 

2 2 4-4 4.98 0.791 0.648 

2 5 +1 20.07 0.073 0.209 

3 4 4-5 11.17 0.485 0.543 

3 7 -f-2 25.84 0.100 0.207 

4 10 4-2 36.39 0.069 0.115 

5 12 4-3 42.11 0.086 0.118 

6 12 +6 38.34 0.212 0.220 

6 15 4-3 52.55 0.060 0.074 

7 17 4-4 58.73 0.076 0.081 

8 20 +4 68.64 0.053 0.051 

VB = 0.9 - 2.6 mis of NaOH 

z = (3p-q) 

S is one standard deviation 
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Figure 8. Comparison of Experimental and Calculated 
Ligand Numbers as a Function of pH. 
Hydrolysis Scheme 4# 
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data for that particular complex. For example, using a value refined by SCOGS 
of 4.98 for p &2 2 » t h  e calculated iigand numbers ad indicated by curve (T) diverge 
sharply from the'experimental data. The high standard deviation in VB of 0« 648 
also indicates that the dimer Al2(OH)2*is not an important species of aluminum in 
acid solutions. 

The results also discounted most of the polymeric species listed in Table 9 
as possible aluminum complexes with the exception of three large polynuclear 
species with an aluminum to hydroxide ratio of 2. 5 because of the large values of 
S^ and SyB . The results indicated that Alg(OH)^ % Al7(OH)f^f and Alg(OH)|^ 
could be considered as possible structures because of the low standard deviations 
in VB which were 0.074, 0.081 and 0.051, respectively. Although the octamer, 
as indicated by curve (5) , fit the experimental data very well, the hexamer, as 
indicated by curve (?)was also considered for further evaluation as well as the 
septamer. 

Hydrolysis Scheme 5 was similar to Scheme 4 except that the A1(OH)1> ion 
was added. The value of p P±t i was held constant while p P i f 2 and p p P f q 
were varied one at a time while holding the other constant. All the polynuclear 
species listed in Table 9 were considered and tested. Generally, the results were 
conclusive in that no combination of A1OH , A1(OH>2 and a polynuclear complex 
would fit the experimental data. If /3 were held constant and P \ % varied, 
the value of the formation constant for Xl\oH)J was so small that if it existed in 
solution, its concentration would be less than 1 to 2 percent of the total applied 
aluminum concentration. If this were true, the presence or absence of this species 
would not significantly effect the pH of the solution and, therefore, would be un
detectable. For example, the value of p P ^ ^ refined in combination with all of 
the polynuclear complexes with an OH/A1 ra&Lo of 2.5 was 25.00 or larger. The 
standardstandar  deviationd deviations iin VVB was identicalidentica  tl to ththe valuvalue refined if A1(OH)2refined if A1(OH)2 were nots n B was o e e 

2 a n c i  s iincluded. Some programs were run varying both P \  ^ p q s i m u l t a n e o u s *y 
not refine abut, generally, the program would diverge rather sharply and woufii no 

constant for £ 1 2 •  T ^ e constants refined for Pp q were consistently almost 
identical to that refined without considering the single-plus dihydroxy species. 

Aluminum hydrolysis excluding mononuclear hydrolyzed species, that isf 

considering only free Al^and polynuclear complexes was tested last. The results 
of the analysis of Scheme 6 considering the same polynuclear species as before are 
listed in Table 10. Generally, the results at the higher pH values are almost 
identical to Scheme 4, where the various polymeric complexes were tested in the 
presence of AlOH2"t Although the standard deviations in VB indicated a good fit 
to the experimental data, when the results were plotted, as shown in Figure 9, 
for Alg(OH)20 t ^ w a  s obvious that another ionic species must be considered to 
explain the data at low pH. Although the calculated Iigand numbers at the higher 
pH were almost identical to the experimental values, there was a slight divergence 
in acid solutions at n less than 0.2. 
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Table 10 

Summary of Data for Hydrolysis Scheme 6 

Al(ni) = 5.0xl0~4M_, VB = 0.9 - 2.6 mis 

s 
E l 1  P ' q p,q \ 

2 2 +  4 5.36 0.487 0.505 

2 5+1 20.13 0.063 0.177 

3 4 +  5 11.45 0.350 0.418 

3 7 +  2 25.93 0.080 0.164 

4 10 +2 36.48 0.051 0.089 

5 12 +3 42.22 0.096 0.096 

6 12 +6 38.46 0.189 0.205 

6 15 +3 52.69 0.042 0.055 

7 17 +4 58.40 0.057 0.063 

8 20 +4 68.83 0.040 0.041 

z = (3p-q)


S is one standard deviation
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Final Evaluation 

Reviewing the several hydrolysis schemes postulated, the only reasonable 
fits to the experimental data were obtained by considering the hexamer, septamer 
or octamer in combination with A l  3  + and AlOH2"t The results of the final evalua
tion are listed in Table 11. Basically, the final evaluation consisted of first holding 
p J3JL i constant at 5.50 and refining a value for p /3p Q . Then p jS « q was held 
constant at the refined value and p /3 ^ ^ was determined. In order to'determine 
the most statistically significant fit to the experimental data, the standard deviations 
of p/? and Vg were compared for the three polynuclear species under consideration. 
Although the standard deviations calculated for the septamer were slightly smaller 
than those for the octamer at the lowest aluminum concentration considered, 1.0 x 
10~4 ML, the standard deviations calculated for 5.0 x 10"4 M_ and 1.0x 10~3 M[ were 
significantly lower for the octamer. The standard deviations in p ^g 20 
three concentrations were 0.047, 0.052 and 0.029. The standard deviations in 
were 0.048, 0.048 and 0.033, well within experimental limits of the ideal of 0.045. 
The standard deviations in p P ^ ^ were also smaller when calculated in combina
tion with the octamer. Although polynuclear complexes larger than the octamer 
could not be tested directly using SCOGS because matrix calculations involved 
numbers larger than the IBM 360/75 could handle, larger polymeric species were 
evaluated by trial and error methods. For example, A19(OH) 23" was tested by 
assuming different values for P ^9 23 an<^ ligan(* numbers were calculated as a 
function of pH. The calculated ligand numbers were then graphically compared 
with the experimental values. The best value used for P £9 23 w a  s 78.75 but 
calculations using this value indicated that this species did not fit the data as well 
as did the octamer. 

After considering all the data, it was apparent that the only soluble hydrolyzed 
aluminum(III) complexes which would be present in acid solutions below the pH of 
precipitation were the monohydroxo-aluminum(HI) species AlOH2 and the octamer 
Al8(OH)|o * The formation constants for these two complexes refined at each 
aluminum concentration were averaged and the final values were p î  1 =5.555 — 
0.094 and p /32O 8 ~ 6 8*6 5 ± °-043. The average standard deviations listed 
above reflect the accuracy of the methods used to calculate the formation constants 
but do not indicate the experimental aluminum system in that respect. For example, 
the refined formation constants for the octamer were 68.85, 68.64 and 68#46 for 
the three aluminum concentrations. Therefore, a more realistic value of p #20 g 
would be 68.7 i" 0.2. This value was determined by rounding the constant off to 
three significant figures and calculating the standard deviation. Obviously, the 
measurements are limiting because more exact formation constants are meaning
less. On the other hand, SCOGS is limiting in refining a formation constant for 
AlOH rather than the measurements because the relative concentration of this ion 
is small compared to the free metal ion and the octamer, and, therefore, the exact 
value of Z3], 1 is less certain. The final values which were used in later cal
culations are: 
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Table 11 

Final Analysis - Aluminum(III) Hydrolysis 

Total Al

Cone. M_


1.0 x 10~3 

5.0 x 10~4 

1.0 x 10~3 

Averages 

52.99 (.039) 

52.99* 

58.54 (.035) 

58.54* 

68.85 (.047) 

68.85* 

52.55 (.060) 

52.55* 

58.23 (.076) 

58.23* 

68.64 (.052) 

68.64* 

52.31 (.037) 

52.31* 

58.05 (.050) 

58.05* 

68.46 (.029) 

68.46* 
52.45 (.045) 
58.27 (.053) 
68.65 (.048) 

*This value was held constant and not refined 
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P 

5.50* 6 

5.55 (.069) 6 

5.50* 7 

5.63 (.065) 7 

5.50* 8 

5.49 (.055) 8 

5.50* 6 

5.84 (.297) 6 

5.50* 7 

5.71 (.265) 7 

5.50* 8 

5.61 (.124) 8 

5.50* 6 

5.63 (.163) 6 

5.50* 7 

5.61 (.185) 7 

5.50* 8 

5.55 (.105) 8 
5.67 (.176) 6 
5.65 (.171) 7 
5.55 (.094) 8 

q 

15 

15 

17 

17 

20 

20 

15 

15 

17 

17 

20 

20 

15 

15 

17 

17 

20 

20 
15 
17 
20 

SyV B 

0.050 

0.049 

0.041 

0.040 

0.048 

0.048 

0.074 

0.065 

0.081 

0.077 

0.051 

0.048 

0.055 

0,053 

0.064 

0.062 

0.034 

0.033 
0.056 
0.060 
0.043 



A1OH2+, p /?-, T = 5.55 

A18(OH)|J, p ^2 0 > 8 = 68.7 

Figure 10 shows the comparison between experimental ligand numbers 
(open circles) and calculated ligand numbers (solid line) using the formation 
constants listed above for A1OH2 and Alg(OH)2^ at each of the three aluminum 
concentrations which were studied. The good fit between the calculated and ex
perimental data especially for 5.0 x 10""* M_ aluminum nitrate solutions supports 
the conclusion that the principal hydrolyzed aluminum(III) complexes in acid 
solutions are the monohydroxo species and the octameric ion. 
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Figure 10. Calculated Ligand Numbers Using Formation Constants 
for AlOH2+and Al8(OHj|J Refined by SCOGS. 

NaNO3 = 0.15 M 
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Chapter V 

RESULTS: EFFECT OF ANIONS ON PRECIPITATION 

Excess Nitrate and Chloride 

The effects of excess nitrate and chloride were examined by determining 
the pH limits of solubility and colloidal stability for 5 x 10 M_ Al(NOg) 3 
solutions at various salt concentrations. It would be expected that if an appreciable 
degree of metal ion-anion complexing or ion pairing occurs, the precipitation 
boundaries would be altered depending on whether the anion is displaced by 
hydroxide from the soluble complex or is incorporated into the precipitate forming 
a mixed salt* 

Typical results with a high concentration of sodium nitrate are shown in 
Figure 11. Comparing the results in this figure with those in Figure 2, the pH 
range over which the precipitate settles was widened considerably, having the 
effect of shifting the pHc to lower values and leaving only a narrow pH range 
where the aluminum precipitate is colloidally stable. Initially, the light scattering 
boundaries of precipitation and dissolution, as indicated by the two and ten-minute 
data, were very sharp with respect to pH. The solutions at these times were more 
turbid than in the absence of the excess salt. Settling of the aluminum precipitate 
was slower than in the absence of the salt, but was essentially complete after three 
hours. 

The critical pH values determined three hours after mixing the aluminum 
and sodium nitrate solutions, as shown in Figure 11, and other salt concentrations 
are summarized in Table 12 and plotted, as shown in Figure 12. The open circles 
indicate pHp values, closed circles indicate pHc values and the open triangles 
indicate pH^ values. 

As shown in Figure 12, the pHL and pH^ limits of precipitation and dis
solution were independent of the sodium nitrate concentration. Apparently, there 
was no appreciable aluminum-nitrate interaction, at least to a degree which would 
affect the pH boundaries of precipitation. The pHc above 7.5 x 10"  ̂ M_ NaNO3 

is the lowest concentration at which the coagulation boundary was dependent on the 
salt concentration. This boundary shows the relationship between pH and the 
concentration of nitrate ion just required to coagulate the positively charged 
aluminum soL This limit is generally referred to as the critical coagulation con
centration (c. c . c )  . 

The coagulation boundary is identical to that shown in Figure 5 for aluminum 
nitrate if only the concentration of nitrate is considered. As determined by least 
squares, the linear portion of the pHc boundary in Figure 12 had a slope of -1.05 
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r4 Figure n  . Turbidity-pH Curves for 5x I(T*M AKNCLL 
and 0.84M NaNO3. 
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Molar Cone. 
NaNO3 

8.4 x10"1 

4.5 x 10~ 

1.8 x 10"1 

8.4x 10~2 

4.2x 10"2 

2.1x 10"2 

1.1 x 10~2 

7.0 x 10~3 

3.2 x 10"3 

1.5 x 10"3 

Table 12 

Summary of Critical pH Values of 

5 x 10~4 M A1(NOO)O as a Function of 
o o 

Applied Sodium Nitrate Concentration 

Log M	 PHp PHC PHd 
1 Hr. 3 Hr. 1 Hr. 

-0.08 4.63 5.05 8.94 

-0.36 4.63 5.30 8.86 

-0.75 4.65 5.75 8.89 

-1.08 6.05 

-1.38 6.32 

-1.68 6.63 

- 1 . 98 6.93 

-2.16 7.10 

-2.50 7.15 

-2.82 4.63 7.15 8.92 
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and an intercept of 5.18. The linear portion of the pHc boundary in Figure 5, 
considering only the concentration of nitrate had a slope of -1.03 and an intercept 
of 5.15. Apparently, the concentration of aluminum does not have a significant 
effect on the e.c.c. of nitrate. 

The critical pH values of the aluminum precipitate in the presence of 
excess sodium chloride was also determined in the same fashion as that described 
for sodium nitrate. The results are summarized in Table 13 and plotted in Figure 
13. In contrast to the results with sodium nitrate, the presence of excess sodium 
chloride had an effect on the pH limits of precipitation and dissolution indicating 
aluminum-chloride interactions. Between 10"^ M_and 10 M. NaClf the pHL 
increased slightly in a non-linear fashion. At concentrations greater than 
10""** M_f the precipitation limits decreased linearly with pH at increasing chloride 
ion concentrations. The pH^ values were similarly affected. The pH boundary 
of dissolution decreased and was non-linear with respect to pH up to 0.32 M_ NaCl. 
Above this concentration, the boundary showed a linear increase with NaCl con
centration. The pH boundary of coagulation apparently was not affected by com
plexing, being similar in most respects with the pHc values obtained with the 
nitrate. The slopes and intercepts of these boundaries were almost identical. 
The salt concentrations at the inflection point in the coagulation boundaries were 
also very close, 8.5 x 10~3 M_ NaCl as compared to 7.5 x 10~3 M_ NaNO3. 

Effect of Sulfate 

Precipitation in A 12(804) 3 solutions was studied in a manner identical to 
that described for aluminum nitrate and aluminum chloride. The effect of various 
concentrations of sodium sulfate was also determined in solutions of 5.0 x 10~4 M_ 
aluminum nitrate. 

Figure 14 shows the light scattering-pH curves for 5 x 10 M_ aluminum 
sulfate (i.e., 1 x 10"3 Rt_ aluminum). The pH range of precipitation was determined 
by extrapolating the two-minute light scattering data because the precipitate was 
extremely unstable, settling very rapidly. However, over a very narrow pH range 
at the pHp, a slight region or "spike" of re stabilization occurred. Comparing 
this figure with Figure 1, at the same concentration of aluminum, the effect of 
sulfate is obviously quite significant. The pHp decreased 0.30 pH units to lower 
pH and the aluminum hydroxide hydrosol which was stable in the nitrate system 
was completely destabilized and settled rapidly in the presence of the sulfate. 
The pHd was approximately the same as that observed with both the nitrate and 
chloride solutions. 

The pH limits of solubility at different solution ages determined with 5 x 
10""* M_ aluminum sulfate and other concentrations are summarized in Table 14 
and plotted as a function of the applied aluminum concentration, as shown in 
Figure 15, The symbols are identical to those used for the solubility and colloidal 
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Table 13 

Summary of Critical pH Values of 

5 x 10 M̂  A1(NO3)3 as a Function oi 

Applied Sodium Chloride Concentration 

Molar Cone. Log M_ PH P H C pH d 

NaCl 1 Hr. 3 Hr. 1 Hr. 

1.5 0.17 4.70 4.93 8.85 

6.4 x 10"1 -0.20 4.80 5.25 8.75 

3.2 x 10"1 -0.50 4.87 5.55 8L. 7 0 

2.5 x 10"1 -0.60 8.78 

1.6 x 10"1 -0.80 4.96 5.78 8.77 

9.6 x 10"2 -1.02 5.02 6.10 8.84 

7 . 2 x 10~2 -1.14 4.92 

4.8 x 10~"2 -1.32 4.83 6.35 8.90 

1.9 x 10"2 -1.72 4.72 6.77 8.93 

9 . 6 x 10"3 -2.02 4.72 7.00 8.95 

4.8 x 10"3 -2.32 4.71 7.15 8.98 
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Molar Cone. 
A1(SO4) 3/2 

M 

3.3 x 10~2 

2. Ox 10~2 

1.3 x 10~2 

1.0 x l O " 2 

6.5 x 10"3 

4 . 8 x l O ~ 3 

3.3 x 10~3 

2.0 x 10~3 

1.3 x 10~3 

1.0 x 10"3 

6.5 x 10~4 

4 . 8 x 10"4 

3.3 x 10~4 

3 .2x 10~4 

2. Ox 10"4 

3 . 2 x l O ~ 5

Table 14 

Summary of Critical pH Limits of Precipitation in Aluminum Sulfate Solutions 

P  % PHp pHp PHd PHd PHd 
Log M 1 Hr. 24 Hrs. 3 Mo. l H r . 24 Hrs. 3 Mo. 

-1.48 3.78 
-1.70 3.85 10.71 
-1.88 3.88 3.87 3.83 10.55 11.54 11.83 
-2.00 3.97 10.45 

-2.19 4.00 3.90 11.26 11.60 
-2.32 4.05 10.06 
-2.48 4.11 9.80 
-2.70 4.16 9.63 
-2.89 4.15 4.05 10.33 10.77 
-3.00 4.25 9.20 

-3.19 4.24 4.20 10.14 10.35 
-3.32 4.40 8.86 
-3.48 4.42 8.70 
-3.49 4.37 4.30- 9.88 10. 27 
-3.70 4.56 8.40 

 -4.49 4.92 &. 25 
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stability limits of aluminum hydroxide in Figure 5. The slope, intercept, and related 
statistics for the precipitation boundaries at various aging times are given in Table 
15. Data on aged aluminum sulfate solutions were obtained just as described for 
aluminum nitrate solutions. 

Only the pEL and pH^ precipitation boundaries are shown in Figure 15, 
because, except for the "spike" near the pHp , a stabilized precipitate did not form 
at any aluminum sulfate concentration studied. As with the nitrate system, the pH 
range of precipitation became wider with increasing aluminum concentrations and 
solution age. The shift of the pHj line boundary to higher pH was almost identical 
with that observed with the nitrate system except the slopes were slightly different. 
The pKL boundary shifted much less than in the nitrate system, changing only about 
0.1 pH units after 3 months with the slope increasing from -2.97 at one hour to 
-3.41 after 24 hours. Solutions of aluminum sulfate did appear to be as highly 
supersaturated, probably because as the precipitate formed, it did not stabilize. 
For example, the hydroxide to aluminum ratio corresponding to the pKL was 0.2 
at one hour and did not change even after 3 months. 

The effect of various concentrations of sulfate was determined in a manner 
similar to the excess nitrate and chloride studies. Aluminum nitrate was held 
constant at 5 x 10"  ̂ M̂  and the concentration of sodium sulfate was systematically 
varied. The critical pH limits of solubility and colloidal stability determined at 
each applied sulfate concentration are summarized in Table 16 and plotted as shown 
in Figure 16. At the very low sulfate concentrations, at 5 x 10~^ ML, the pH limits 
of solubility and stability are the same as those of 5 x 10"*̂  M_ aluminum nitrate. 
As the concentration of sulfate increased, the pHp shifted to lower pH; the pH range 
of precipitation was maximum at 7.5 x 10~3 M_ sulfate or a stoichiometric aluminum 
to sulfate ratio of 2:3. The arrow in Figure 16 indicates a ratio of 1; 1. At sulfate 
concentrations greater than 10~3 M_, the pHp shifted to a higher pH in a nonlinear 
fashion. The pH^ was similarly affected but to a lesser degree than with chloride 
(Figure 13). 

At sulfate concentrations greater than 5 x io~4 WL the precipitate was de
stabilized across the entire pH range of precipitation except for a very narrow 
"spike" near the pHp, as described earlier. This region of restabilization formed 
over such a narrow pH range that it cannot be plotted in Figure 16. At concentrations 
greater than 5 x 10""̂  ML, apparently the positive charged precipitate was coagulated 
by the sulfate. The non-linear nature of the pHc boundary between 0.1 and 0.5 
millirnole sulfate suggest both complexation and coagulation. 

Effect of Phosphate 

Aluminum precipitation in the presence of phosphate was studied by mixing 
solutions of equal concentrations of aluminum nitrate and sodium or potassium di
hydrogen phosphate. Both phosphate salts gave identical results. 
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Table 15 

Summary of Statistical Data for 
Aluminum Sulfate Precipitation Limits 

Critical pH Slope <ss> Intercept (Sj) R 

pHp ( lHr . ) -2.97 (.01) 9.71 (.05) -.996 

pIT (24 Hrs. ) -3.41 •(. 04 ) 11.35 (.14) -.992 

pHp (3 Mo.) -3.38 (.04) 10.99 (.13) -.987 

pHd ( lHr . ) .85 (.01) -10.90 (.07) .999 

pHd (24 Hrs. ) .92 (.03) -12.55 (.28) .994 

pHd (3 Mo.) .94 (.03) -12.99 (.38) .985 
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Table 16 

Summary of Critical pH Values of 5 x 10"4 M_ A1(NO3)3 

as a Function of Applied Sodium Sulfate Concentration 

Molar Cone. 
Na2SO4 

1.6x 10"1 

8.0 x 10"2 

1.6 x 10~2 

3.2 x 10~3 

9.6 x 10~4 

5.0 x 10~4 

3.0 x 10~4 

l .OxlO"4 

5.0 x 10"5 

2.0 x 10~5 

1.0 x 10"5 

PHp pH c pH d 

Log M 

-0.80 4.88 4.90 8.95 

-1.10 4.75 4.78 8.88 

-1.80 4.60 4.62 8.92 

-2.49 4.45 4.48 8.91 

-3.02 4.40 4.43 8.97 

-3.30 4.40 4.42 .97 

-3.52 4.47 4.75 

-4.00 4.62 5.50 

-4.30 6.48 

-4.70 7.10 

-5.00 7.05 

60




CD Settleable 
Precipitate 

- 2 

-6 o 
CO 

o 
c 
o 
o 

- 3 

- 4 

A I :S0  4 Ratio of 1:1 

ID 
O 

- 5 

o pH 

7 
pH 

8 

pHd
I 

10 

Figure ie. Solubility and Stability Limits of 5x IO"4M
as a Function of pH and Sodium Sulfate 
Concentration. 

AI(NO3)3 

61




Figure 17 shows light scattering data as a function of pH for 1 x 10 ^ JVI_ aluminum 
nitrate and sodium dihydrogen phosphate solutions. The pH range of precipitation 
was wider than that observed with any of the other aluminum salt solutions* Although 
the pH^ was only slightly higher than previously determined for the other salts, the 
pHL (3.30) in the presence of phosphate was significantly lower than either the suifate 
(4.35) or nitrate (4.55) for the same aluminum concentration. 

As indicated by the 24-hour scattering data, there were two regions of stability. 
Stabilized precipitates formed in both the acid pH range as well as the alkaline pH 
range. The pHc defined the lower pH limit of settleable precipitate in acid solutions 
and the pHs defined the corresponding upper limit in alkaline solutions. Although par
ticle charge was not measured, it can be assumed with some justification that the 
stabilized precipitate is positively charged at lower pH and negatively charged at 
higher pH. This assumption is based on the fact that cationic aluminum species 
generally form at lower pH and anionic species form at higher pH. 

Although precipitation, as indicated by the light scattering measurements, 
proceeded at a somewhat slower rate, aluminum phosphate solutions were more 
turbid than either the suifate or nitrate. This allowed the Coleman nephelometer 
to be used for defining the pH limits of precipitation and dissolution in more dilute 
solutions. The aluminum phosphate solutions were also strongly buffered; the 
solution pH did not change after 24 hours, even up to 3 months. 

The pH limits of solubility and stability of the precipitates formed in solutions 
of aluminum nitrate and the two dihydrogen phosphate salts are summarized in Table 
17 and shown plotted in Figure 18. Only one-hour data were plotted in this figure 
because the boundaries changed only slightly after 24 hours and did not change there
after during the 3 months of observation. Compared to the nitrate and sulfide systems, 
the pH is displaced to lower pH and the slope is much less. The slope was calculated 
by least squares to be -1.53, and the intercept 2.05. As in the suifate system, 
phosphate only shifted the pH^ to slightly higher pH; the slope was 1.12 and intercept 
-13.70. Apparently, suifate and phosphate form very weak complexes with aluminum 
in the alkaline pH range compared to lower pH. The pH limits of the settleable 
precipitate are similar to that found in the aluminum nitrate system in that the 
boundaries are concentration dependent above 5.6 x 10""** M_at the pHc and 1.8 x 
10~3 M_ at the pHs. 
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Table 17 

Summary of Critical pH Limits of Precipitation in 
Solutions of Aluminum Nitrate and Dihydrogen Phosphate 

Molar Cone. PHp PHp PHC pi *s PH d PH d 
A1PO4 Log M 1 Hr. 24 Hrs. 24 Hrs. 24 Hrs. 1 Hr. 24 Hrs. 

3.3 x 10~2 -1.48 2.30 4.04 8. 45 10.90 
2.0 x 10~2 -1.70 2.52 10.76 
1.0 x 10~2 -2.00 2.59 2.54 4.35 7. 75 10.45 10.49 

5.0 x 10~3 -2.30 2.80 10.16 
3.0 x 10 -2.52 2.96 2.80 4.42 7. 22 10.00 10.10 
2.0 x 10"3 -2.70 3.10 9.76 
1.2 x 10"3 -2.92 3.26 9.59 
1.0 x 10~3 -3.00 3.30 3.16 4.50 6. 90 9.54 9.57 

5.0 x 10~4 -3.30 3.16 9.25 9.34 
3.2x 10"4 -3.50 3.63 3.56 4.50 6. 95 9.10 9.18 
2.0 x 10"4 -3.70 3.75 9.02 
1.6x 10~4 -3.80 3.80 

5.0 x 10"5 -4.30 4.32 8.25 



_ 2 

Settleable 
Precipitate 

a. 
Stable 
Sol 

o 
c 
o o 

- 3 

o 
_J 

- 4 

i 
I 

PHS 

- 5 
5 6 7 8 9 10 II 

PH 

Figure Solubility and Stability Limits of Precipitation 
as a Function of pH and Applied Stoichiometric 
Concentrations of Aluminum Nitrate and 
Dihydrogen Phosphate. 

65 



CHAPTER VI 

DISCUSSION AND CONCLUSIONS 

Determination of Equilibrium Constants 

In order to study the aqueous chemistry of aluminum(IH) in depth, the entire 
precipitation system must be considered over a broad range of concentrations and 
pH. Furthermore, this can be accomplished only through a detailed study of both 
the soluble hydrolysis reactions and the condensed precipitate. The nature and dis
tribution of both the soluble and insoluble hydrolysis products must be determined as 
each is an integral part and to study one without consideration of the other would lead 
to unjustified conclusions* It is to this basic premise that this work was directed, a 
systematic analysis of aluminum(III) precipitation and solubility. 

Aluminum nitrate was chosen for the major portion of the work because the 
nitrate ion does not form soluble or insoluble complexes with alurninum(III) (50,87), 
an assumption which was verified experimentally. All reactions in nitrate media 
then can be ascribed exclusively to aluminum(III) hydrolysis* 

The exact pH range of precipitation at each aluminum concentration was 
determined at various times after mixing the reactants as shown by Figures 1 through 
4. The limits of aluminum hydroxide precipitation as shown by Figure 5 defines the 
concentration-pH relationship of solubility and colloidal stability. Over the concen
tration range studied, the pH range of precipitation was well defined using light 
scattering techniques to detect the presence of solid phase. The concentrated aluminum 
solutions were visibly turbid requiring less sensitive measurements than the more 
dilute. Definitive measurements of these very dilute solutions require instrumentation 
such as the Brice-Phoenix Scattering Photometer. In general, precipitation was 
detected down to 5#0 x 10"5 M. This is in contrast to reports by Matijevie', Janauer 
and Stryker (53), and Dezelic, Bilinski and Wolf (20), who found somewhat higher 
concentration limits of precipitation in the acid pH range. Although there may be 
other factors involved, this apparent conflict appears to be primarily due to the 
sensitivity of the instrumentation* If Matijevic^ et^aL (53) used the same instrument 
sensitivity to measure aluminum(III) precipitation as was used to study the coagulation 
of silver halide sols, then the precipitate in the more dilute solutions would be un
detected. For example, the absolute turbidity of a solution of 1.0 x 10~^ M AgNO3 
and 5. 0 x 10~4 M̂  NaCl (AgCl sol) was determined to more than one order of magnitude 
higher than a similar concentration of aluminum(IH). Dezelic, et^aL.(20) measured 
the turbidity of aluminum solutions after 24 hours, and as shown by Figure 3, 
extrapolating 24-hour scattering results at the pHp could lead to an erroneous pH 
range of precipitation. A precipitation region similar to these was obtained with the 
Coleman Nephelometer using the relatively insensitive voltage setting of 6.5 volts. 
Knowledge of the exact extent of the precipitation boundaries is important because 
several of the conclusions reached concerning the ionic charge and equilibrium 
constants of the soluble aluminum species is based on such information. 
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As would be expected with any hydrolyzing metal, the solubility and stability 
of the aluminum hydroxide precipitate was strongly pH dependent* The boundaries 
of the pHp and pHd were assumed to be linear so that calculated slopes and intercepts 
could be used for analysis. 

Before the precipitation data could be interpreted, the soluble nature and 
distribution of hydrolyzed aluminum species were determined. Two approaches were 
used to resolve these soluble species; analysis of the precipitation boundaries and 
computer analysis of potentiometric data. It was assumed with some justification 
(101) that the slope of the boundaries of precipitation (pHp and pĤ j) are indicative of 
the charge of the ionic species in equilibrium with the precipitate. The basis of this 
assumption is that a chemical reaction can be written to describe the ionic equilibrium 
involved. For example, the aluminate ion Al(OH)^ is known to be the ionic species 
in equilibrium with the precipitate in the alkaline pH range (76): 

A1(OH)C (s) + H2O = A1(OH)~ +  H + . . .(20) 

Assuming activity of the solid phase is unity, the mass action expression can be 
written: 

*KS4 = {H+}(A1(OH)4) = {H+} C . . .(21) 

where C is the applied aluminum concentration. This assumption is valid only if 
A1(OH)~ is the only predominant soluble species, and when the fraction of the total 
aluminum present as solid phase is very small in a limiting sense compared to the 
total applied concentration, as it would be along the pH^ boundary of precipitation. 
Taking logarithms and rearranging into a linear form of y = mx + b, the following 
relationship is derived: 

log C = pH - *pKS4 . . .(22) 

The predicted slope of +1 compares favorably with the experimentally determined 
slopes of +1.05 at 1 hour and -KL# 14 at 24 hours calculated using a least squares 
method. 

p "Assuming a generalized complex Al (OH) q  J was the predominant 
hydrolyzed species in equilibrium with the precipitate along the pHp, the following 
equilibrium would apply: 

Alp(OH)q
( 3 p"q > ++ (3p~q)H2O = pAl(OH)3(c) 4-(3p-q)H + . . .(23) 

The equilibrium constant *Kg for this reaction is, 

V 
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taking logarithms and rearranging into a linear form, 

log C = -~(3p-q)pH + (*pKs + log p) . . . (25) 
p,q 

This equation predicts an integer slope of -(3p-q) and intercept of (*pKs^ Q + log p)% 

The calculated slope of the pHp line boundary at 24 hours was -3.75 which tentatively 
indicates a 4+ species. The cationic species which have been postulated with a 4 + 
charge are Al2(OH)t+(21,47), A17(OH)I7 (6), and Alg(OH)fo (54). Although this 
method of determining the structure of hydrolyzed species in equilibrium with the 
precipitate is rather insensitive, it clearly narrows down the possible choices. For 
example, monomeric hydrolysis leading to precipitation is clearly not indicated. 
If this were the case, the predicted slope would be -1.0 or -2.0. 

To determine exactly the structure and formation constant of the polynuclear 
complex, a computer program, SCOGS (Stability Constants of Generalized Species) 
(78) was used. It is essentially a least squares adjustment to a non-linear equation 
using a Newton-Raphson approximation method. The program has been used primarily 
for the determination of formation constants of metal-ligand complexes (64, 65) but 
with slight modification was used in this work to determine the formation constants of 
hydrolyzed aluminum complexes. The output of SCOGS includes statistics which were 
used to judge the goodness of fit to the experimental data. These include the standard 
deviation of the formation constant (Sp^q) and standard deviation in titre or mis of 
base added (Syg). The program accepts input data essentially in the form of a pH 
titration and refines the formation constants of the postulated species until the sum 
of the squares of the residuals are a minimum. The individual residuals are defined 
as the difference between the calculated and experimental volume of base added at 
each data point. Six basic hydrolysis schemes were postulated and tested in a 
systematic manner. These included only monomeric, combination of monomeric 
and polymeric, and only polymeric hydrolyzed species. The schemes included all 
species which have been reported in the literature or would appear logical in a 
hydrolysis scheme. The results are represented by Figures 7 through 10 and Tables 
8 through 11. The figures show calculated ligand number n as a function of pH using 
the formation constants refined by SCOGS compared with experimental ligand numbers. 
The tables list the pertinent statistical data as refined by SCOGS for each combination 
of hydrolyzed species tested. 

The results indicate conclusively that the experimental data cannot be explained 
by simple monomeric hydrolysis. The results also discount Al2(OH)2* Alg(OH)|* 
Alg(OH)^2 • and Al(OH)g(aq). The latter species being soluble aluminum hydroxide 
molecules. The only complexes which showed a good fit to the experimental data 
were three polynuclears with OH/A1 ratios of 2.5, Alg(OH)^ , Al^OH)^* , 
Alg(OH)2Q and Alg(OH)2^ in combination with A1OH2* . However, the polynuclear 
complex showing the best fit to the experimental data over the three alurninum(III) 
concentrations studied was the octamer. The identification of the octamer with a 
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4+ charge using SCOGS correlates very well with the analysis of the precipitation 
boundaries and provides additional evidence as to the existence of this species* The 
final practical formation constants refined for the monohydroxoaluminum(IH) species 
and the octamer at an ionic strength of 0.15 M[ and 25<>C are: 

A1OH2*, log (3lfi = -5.55 ± 0.09 

A18(°H>20> l°g ^ 8,20 

The rather high standard deviation of 0. 2 for the formation constant of the octamer 
reflects the uncertainty in the equilibrium conditions rather than the potentiometric 
method of determining equilibrium constants. Although the aluminum solutions may 
not be completely at equilibrium as indicated by the variance in formation constants 
refined at the three concentrations, these values represent an excellent approxima
tion. 

In comparing the results of this computer analysis of aluminum(III) hydro
lysis with others, several points must be considered. The critical parameters such 
as temperature, ionic strength, mixing and aging were all controlled and investigated 
but equally as important, the exact pH of precipitation was determined at each 
aluminum(III) concentration. Previous investigators have not done the latter. The 
pKL for each concentration must be determined since mass balance equations are 
not valid in the pH range of precipitation because the activity of the solid phase is 
defined or assumed to be 1.0. Potentiometric analysis of solutions in which pre
cipitation has occurred would lead to postulation of unjustified hydrolytic species. 
For example, Biedermann (6) and Aveston (4) both have reported large polymeric 
species Al^g(OH)|J an<* Al^Ofitygjj » respectively. Both analyzed acid aluminum 
solutions up to OH/Al ratios of approximately 2.5. The results of this work indicate 
that the presence of precipitate was detected at OH/Al ratios between 0.8 and 2.0 
depending on temperature and time of aging. In the presence of precipitate, ex
perimental n~pH curves flatten out considerably at OH/Al ratios greater than 2.0. 
Because the shape of these curves are dependent on the number of metal ions per 
complex and OH/Al ratios, potentiometric analysis of solutions with OH/Al ratios 
greater than 2.0 would indicate a large polymeric complex which, in fact, could 
be a combination of the octamer and aluminum hydroxide. If Biedermann (6) would 
have not included data with the higher OH/Al ratios, the results may have been very 
similar as he did postulate a septamer AL^OH)^", a species very close to the 
octamer. The hexamer Alg(OH)^ postulated by Brosset (16) as a result of a poten
tiometric study also correlates fairly well with the octamer. 

The results of this work also indicate that A1OH must be considered in a 
hydrolysis scheme; neither Biedermann (6) nor Brosset (16) reported this species. 
As indicated in Table 1, the monohydroxo-aluminum ion is well documented in the 
literature. Biedermann1 s results at low OH/Al ratios show a slight deviation between 
calculated and experimental data which could possibly be explained by including the 
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monomeric species. He did not report raw data, therefore, his results could not be 
analyzed using SCOGS. 

Two methods were used to calculate the magnitude of the formation constant 
relating the equilibrium between the octamer and aluminum hydroxide. If the slope 
of the pHp line boundary were exactly -4 .0 , the intercept would be exactly 
(*pKg 2 0 + log 8). Since the actual slope of the 24 hour pHp boundary was -3 .75, 
a line ^ a s adjusted through the experimental points with a slope of exactly -4 .0 . 
The intercept of this adjusted line was calculated to be 15.55. Subtracting log 8 from 
this, *pKsg 20 w a  s determined to be 14.61. 

The other method consisted of calculating the fractional concentration of the 
octamer at each experimental pH data point along the boundary using the constants 

P 1,1 s^d p g 20 refined by SCOGS. The stepwise formation constant *Kgft  2^ 
at each concentration was calculated according to the following formula: * 

*K« = LiLJ = IH I 7 . „ .(26) 
S*-2» [A18(O<] «8,20 «"» 

where °SO OA is the fraction of total aluminum as the octamer and C is the total 
o , ZU 

applied aluminum concentration. The results of these calculations are summarized 
in Table 18. 

Table 18 

Summary of Results for Calculation of *Ko 
(Solutions aged 24 Hours) 8, 20 

c 
Molar ^8,20 P H P 

3.0 x 10"2 .82 4.22 14.36 
1.5 x 10 .81 4.32 14.46 
1.0 x 10~2 .82 4.40 14.61 

5.0 x 10"3 .82 4.51 14.75 
1.0 x 10~3 .73 4.68 14.68 

5.0 x 10"4 .57 4.70 14.36 
2.0 x 10~4 .51 4.82 14.39 
1.0 x 10"4 .45 4.90 14.35 

Average 14.50 ± .17 
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The value of p*KSg 20 determined by calculating the concentration of the equilibrium 
species at each experimental pHp data point of 14.51 agrees very favorably with the 
value of 14.61 calculated by determining the intercept of the pHp boundary assuming 
a slope of 4.0. 

By determining the overall formation constant ^3 20  ^ o  r  ̂  e octamer and 
the stepwise formation constant for aluminum hydroxide, tlie overall formation 
constant for aluminum hydroxide can be calculated using Equations 4, 14, and 26. 
By taking logarithms, substituting and rearranging, the following relationship can 
be derived: 

P p + P K q 
p*Ko = F 8 ,20 F  b 8 . 2 0 = 68.75 + 14.51 {27)

b 0 8 8 

= 10.40 (24 hour) 

= 10.05 (3 month) 

The relationship between the overall formation constant for aluminum hydroxide, 
*Kgo , and the solubility product, Kgo , can also be derived. 

PKSo = 3PKw ~ P*KSo = 4 2 - 0 3 " 1 0 - 4 0 • • 

= 31.63 (24 hour) 

= 31.95 (3 month) 

These values for the solubility product compare very well with the literature cited 
constants listed in Table 2. 

Assuming there are no other stable hydrolyzed cationic species which would 
exist only in the presence of precipitate, therefore, undetectable using these methods, 
the only formation constant not determined is for the aluminate ion. Using Equation 
22, the calculated pK*g^ assuming exactly a slope of -+-1.0 for the one hour or freshly 
precipitated aluminum hydroxide is 12.35 and for the 24 hour system is 13*35. The 
overall formation constant (5, i describing the equilibrium between the aluminate 
ion and the free metal ion * A134~ was calculated by adding P*Kg0 and p*K^ and 
determined to be 23.75 (24 hour). 

In order to test the assumptions used in determining the constants, the fol
lowing formation constants were used to calculate the distribution of aluminum species 
in a 24 hour system as a function of pH. 
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9 4

A1OIT , p Px ± = 5.55

4+


A18(OH)20 » P #8,20 = 68.7 

Al(OH)3(s), p*KSo = 10.40 

Note: These are all practical or mixed constants in that hydrogen 
ion activities as measured with a glass electrode are used. Con
centration of aluminum(III) species are analytical. P \ \ anc* 

/3 were determined at an ionic strength of 0.15 Molar, *Kgo 

and *B^ ^ were determined by analysis of the precipitation bound
aries consequently at varying but minimal ionic strength for that 
particular aluminum(IH) concentration. All were determined at 
25°C. 

The distribution of aluminum(III) species in the absence of the precipitate were cal 
culated according to the following: 

p B 
"p.q = E*3 . . .(29) 

[Ai(m) ] T O T 

a p is, therefore, the fraction of total aluminum in that form and not 
mole fraction. 

The distribution of aluminum species in the presence of the precipitate was 
determined in the following manner. Since the concentration of the free metal ion 
Al is determined by the solubility of aluminum hydroxide, Equation 4 was used 
and solved for A I34" , substituted into Equation 29. From this relationship, the 
concentration of the soluble species in equilibrium with the precipitate was calculated. 
The amount of precipitate removed from solution as the insoluble aluminum hydroxide 
was calculated. 

P = A1
TOT "" A1SOLUBLE * • # { 3 0 ) 

The fraction of total aluminum of each aluminum(III) species and ligand numbers 
were calculated as a function of pH for the three aluminum concentrations studied in 
depth. The results of these calculations are shown in Figures 19 and 20. The pre
dominate aluminum fraction over the pH range studied was insoluble aluminum 
hydroxide, Al(OH)3(s). The shapes of the precipitate formation curves are very 
similar to the experimental light scattering curves and the formation and dissolution 
of the precipitate occurred over a narrow pH range. The calculated pHp and 
values listed in Table 19 agree very well with the experimental pH limits of pre
cipitation. In dilute acid solutions below pH 4, the principal ionic species is the 
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Table 19 

Comparison of Experimental and Calculated Solubility 
Limits of Aluminum Hydroxide Aged 24 Hours 

Cone. 
Molar 

PHp 
(exp.) 

PHp
(calc.) 

PHd 
(exp.) 

pHd 
(calc.) 

3.0 x 10~2 4.22 4.25 

2. Ox 10"2 11.47 11.56 

1.5 x 10~2 4.32 4.33 

1.0 x 10~2 4.40 4.38 11.15 11.24 

5.0 x 10"3 4.51 4.47 10.84 10.88 

1.0 x 10"3 4.68 4.65 10.35 10.33 

5.0 x 10~4 4.70 4.72 10.08 10.05 

2.0 x 10"4 4.82 4.85 9.65 9.59 

1.0 x 10~4 4.90 4.93 

Average Deviation 0.03 (pHp) 0.06 (pHd) 
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free metal ion A l  ̂  . As the pH is increased, hydrolyzed A1OH forms to a 
slight extent but the soluble hydrolyzed octameric species, Alg(OH>2o, is the largest 
fraction of aluminum present just prior to precipitation. As indicated by the figures, 
Alg(OH)2Q is present in appreciable quantities over a fairly narrow pH range, and 
typical of a polynuclear system the fraction of octamer is concentration dependent. 
At 1,0 x 10~3 M_ Al(IH), the peak of the octamer formation curve is 0.78 fraction of 
total aluminum and 0.53 at 1.0 x io~^ M. This concentration dependence is also 
shown in Table 18 where the octamer fraction at the experimental pEL varied from 
0,82 to 0.45 over the concentration range studied. 

Although the octamer is present in appreciable amounts over a narrow pH 
range, as shown in Figure 19, it is present over a wide range of ligand numbers from 
approximately 0 to almost 3, as is A13"*~ and A1OH2* . The formation curve for 
the octamer shows a peak at OH/A1 = 2.0 just before the precipitate starts to form 
and then decreases as the fraction of Al(OH)g(s) increases. The concentration of all 
soluble species are minimum at OH/A1 = 3.0, which corresponds to maximum 
formation of aluminum hydroxide. The pH of maximum precipitation was calculated 
to be 5.90, which corresponds to the pHc in a 24 hour system, as indicated by 
Figure 4. The calculated range of precipitation of OH/A1 = 2.0 to 4.0 agrees with 
that determined experimentally. 

Structure and Form of Aluminum Hydroxide 

The light scattering curves constructed as a function of pH indicated that a 
stabilized precipitate formed in the acid pH range up to OH/A1 = 3.0 and a settleable 
precipitate formed in the alkaline pH range from 3.0 to 4.0. Since the term precipi
tation has been used rather ambiguously in the literature, the nature of the stabilized 
precipitate has been in doubt as to whether it is solid phase or in solution as dispersed 
macromolecules. It is difficult to understand why this conflict has evolved as many 
other inorganic precipitates are known to form colloidal suspensions and follow the 
solubility product rule. This difficulty appears to result from several factors. First, 
as indicated by light scattering studies, the apparent molecular weight of the aluminum 
hydroxide hydrosol after seven days aging varied over four order of magnitude 
(104*76 to lO8*92 g/mole). If this is true, then the size of the sol particles must 
also vary in a significant manner over several orders of magnitude. With this wide 
range in size, and depending on instrument sensitivity, the solid phase may be un
detected. If solid phase is not detected, then one could assume that the products of 
aluminum(III) hydrolysis are soluble in this pH range. The second factor which has 
contributed to the theory of soluble large polymers has been the postulation of species 
such as A113(OH)34 and A113(OH)^2~ (4,6), but as has been pointed out, these 
species may have been suggested as a result of analysis of solutions oversaturated 
with respect to the insoluble aluminum hydroxide. The amount of aluminum removed 
from solution as aluminum hydroxide was not considered. Hsu (39) has also suggested 
a series of Large polymeric species when he terms tThydroxy aluminum polymers.Tt 

He based much of his assumptions on reactions of these polymers in acid solutions 



and on ion-exchange studies. Hem and Robertson (36) refer to the products of 
hydrolysis as "aluminum hydroxide polymers'1 but uncertain as to the exact nature 
of the suspended material. 

The results of this work indicate rather conclusively that formation of a 
solid phase occurs over a narrow pH range and the transition from soluble 
aluminum(III) to insoluble aluminum hydroxide is abrupt and predictable. Due to 
its size and stability, the precipitate which is colloidally dispersed-ean be termed 
as an aluminum hydroxide hydrosol. Analysis of the precipitation boundaries yielded 
equilibrium constants which are logical and consistent with published solubility 
CDnstants~ijf~all the hydrolyzed species are considered. The ealculated pH limits 
of precipitation agree very well with experimental results assuming that the solubility 
product rule is valid. In addition, molecular weight studies of the aluminum hydroxide 
hydrosol indicate that the formation and growth of sol particles occur over narrow 
pH and OH/A1 ratios. Therefore, it must be considered that the word precipitation 
can be correctly applied to this system meaning "formation of insoluble aluminum 
hydroxide" but does not refer to the settleability of that solid phase. 

In order to characterize the exact nature of the aluminum hydroxide hydrosol, 
the following facts must be considered: 

1. Streaming current measurements indicate that a positively charged 
aluminum(III) sol is formed in the acid pH range and that the isoelectric point of 
the freshly precipitated aluminum hydroxide is approximately pH 8, which corres
ponded to the middle of the settling region. Larson and Buswell (48) reported a 
range of pH 7. 6 to 8.2 and Gayer, et al. (26) reported 8.0 for the isoeiectric point. 

2. The excess salt experiments indicated that the minimum nitrate and 
chloride concentrations required to coagulate the aluminum hydroxide sol was approx
imately 8.0 x 10~3 molar. At lower pH, more salt was required to destabilize the 
sol. The relationship between the log c.c.c. and pH was linear with a slope of 1.0. 
Somasundaran, Healy and Fuerstenau (88) have shown a similar relationship as a 
function of pH for the coagulation of aluminia dispersions with surfactants. 

3. As calculated from light scattering measurements, apparent molecular 
weights of the aluminum sol particles aged 7 days at 25°C were a function of the 
OH/A1 ratio (and pH) varying from 104- 7  6 (OH/A1=2.0) to 108-58(OH/A1=3.0) 
g/mole. This compares with Bontoux (13) and co-workers who found the molecular 
weight of a peptised aluminum hydroxide sol to be 10^• . Heating of the solutions 
had a significant effect of the particle size and distribution. Demchak and Matijevic 
(19) found heating to be critical in forming chromium(HI) hydroxide hydrosols which 
would exhibit High Order Tyndal Scattering indicating a narrow range of size distri
bution. 

4. X-ray diffraction measuremepts of the aluminum sol recovered by salt 
coagulation indicated that the precipitate was amorphous up to 1 month aging at 25°C. 
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Apparently, this was insufficient to form a crystalline phase as others (36,40) have 
identified gibbsite in aged aluminum solutions. Heating of these samples did produce 
gibbsite in a short time* 

5. The predominant hydrolyzed aluminum(III) species was determined by 
computer analysis of potentiometric data to be the octamer, Alg(OH)|o > which 
is significant between approximately OH/A1 = 0 to 3#0. The peak of the octamer 
formation curve occurs approximately where the precipitate starts to form and 
decreases as the amount of aluminum hydroxide increases. The formation of the 
aluminum hydroxide appears to be proportional to the apparent molecular weight 
between OH/A 1 = 2.0 and 3.0. 

Although these facts appear unrelated, some insight can be gained into the 
nature of the aluminum hydroxide hydrosol. The aluminum sol particles which 
initially form are very small and highly charged. As the pH or OH/A1 ratio in
creases, the particle size increases, the surface charge decreases, the concentration 
of soluble aluminum species decreases and the amount of aluminum hydroxide in
creases. From this it would appear that surface charge and particle size are related. 
If the sol particles consist of aluminum hydroxide which would carry a neutral charge, 
the origin of the surface charge must come from potential-determining ions adsorbed 
onto the surface of the particle. This is not a new concept as stabilized or peptized 
precipitates such as silver halide sols have been prepared for many years by adding 
an excess of one of the reacting ions. The cationic aluminum species stabilizing the 
precipitate would appear to be the octamer. It seems unlikely that the monohydroxo 
species, A1OH , would stabilize over the entire range since it is relatively insigni
ficant. This leaves Alg(OH)2o entirely consistent with Matijevic1 s reasoning who 
first proposed this structure from coagulation data (54). 

If the precipitate is stabilized as a result of specific adsorption of the highly 
charged octamer, what is the relationship between magnitude of charge and particle 
size. It is hypothesized that when precipitation occurs initially, due to the concen
trations of the reacting ions exceeding the solubility product in a highly supersaturated 
state, critical clusters or nuclei of aluminum hydroxide are formed very rapidly. 
Particle growth to colloidal dimension is a result of agglomeration or through a 
surface reaction of soluble ionic or non-charged species. According to Nielsen (59), 
growth kinetics could be limiting according to diffusion or surface reaction depending 
on the system. Particle growth would continue to a quasi-equilibrium size depending 
on the amount of aluminum hydroxide formed and the concentration of polymeric 
species. Charging of the particle surface by adsorption of polynuclears would result 
in a repulsion between particles of like charge and, hence, a colloidal suspension. 

If the relative concentration of polynuclears is high and amount of precipitate 
low, small particles with high charge would result. If the reverse were the case, 
large particles with low surface charge would result. The particles would grow to 
a settleable size when the concentration of polynuclears was insufficient to stabilize 
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the amount of precipitate formed. This occurs in the aluminum hydroxide system 
when the OH/A1 ratio exceeds 3.0. 

Experimental data indicates the predominant factor in the aging process is 
the evolution of the initially amorphous precipitate to more insoluble crystalline 
phases. This is correlated by pH data, light scattering measurements and X-ray 
diffraction analysis. Aluminum solutions in the acid pH range below OH/A1 of 3#0 
initially decrease in turbidity due to dissolution of the large particles formed initially 
during preparation but then slowly become more turbid. Heating at 65°C appeared 
to accelerate the aging process affecting both the turbidity and pH. To effect the 
same change at 25°Cf long term aging was required. The molecular weight studies 
indicated a significant effect due to heating. The apparent molecular weight of the 
aluminum hydroxide sol particles increased several orders of magnitude and pre
cipitation was detected at OH/A1 of 0.75 and higher compared to 2.0 and higher 
at 25°C. The increase in turbidity, i .e. particle size, during aging is a result of 
several factors. As the solid phase evolves from the initially amorphous highly 
soluble state, the concentration of potential determining polymeric aluminum species 
decreases. If the concentration of the octamer would decrease on aging, the slope 
of the precipitation boundary should decrease. This was observed in the aluminum 
nitrate system where the slope of the pEL line boundary decreased from -3.75 at 
24 hours to -3.57 at 3 months. The decrease of the polymeric species would lead 
to a reduction in the repulsive surface charge and slow coagulation of the primary 
sol particles into larger aggregates. The growth of particles could also occur as 
a result of Oswald Ripening where larger particles grow at the expense of smaller 
particles. Both mechanism would promote a decrease in the free energy by reducing 
the total surface area at the solid-liquid interface. Neither of these mechanism, 
however, would appear to conform to the classical concept of nolation-oxalationtf 

where the decrease in pH is due to splitting of protons from bound hydroxide ions. 

In the alkaline pH range between OH/A1 = 3.0 to 4.0, the process appears 
to be more straight forward. The flocculent precipitate which is formed in this region 
settles rapidly because it is not stabilized by potential determining ions and, therefore, 
not colloidally dispersed. The increase in pH with aging is due to formation of a 
more insoluble form of aluminum hydroxide at the expense of the soluble aluminate 
ions. The pH change occurs only in the solutions with OH/A1 less than 4.0 in which 
there is precipitate. This would indicate that both aluminum hydroxide and aluminate 
ions are required for a pH change possible through a surface reaction listed below. 

Al(OH)3(s) + A1(OH>4 = 2 Al(OH)3(s) + OH~ . . .(31) 

A mixture of pseudo-boehmite and bayerite formed fairly rapidly depending on the 
initial pH or OH/A1 ratio. A weak gibbsite peak appeared in a X-ray diffractogram 
of precipitate recovered in basic solutions at OH/A1 = 3.25 alter 7 days and 
strengthened at 1 month along with a strong bayerite peak. The mixture of gibbsite 
and bayerite is probably nordstrandite (80). It would appear that heating would 
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accelerate the aging process as it did in the acid solutions and gibbsite which is the 
most stable of the aluminum hydroxide crystalline phases at these temperatures 
would form* But heating at 65°C did not produce gibbsite but pseudo-boehmite, one 
of the least stable phases. 

The pH changes accompanying the formation of more stable insoluble phases 
is indicated by the shifting of the pH^ boundary to a higher pH. The p*Ks4 for the 
aluminum hydroxide-aluminate ion equilibrium varied from 12.35 for a freshly 
precipitated system to 13.80 for solutions aged 3 months at 25°C with bayerite as 
the principal crystalline phase. These values bracket the values noted in the literature. 
This change in the equilibrium constant makes it difficult to assign a specific value 
to a certain crystalline aluminum hydroxide phase. This may be one of the reasons 
why there are so many different values listed in the literature (87). The exact value 
of pK^ at a certain time of aging also depends on shaking, which was found to 
accelerate the pH change. 

Effect of Anions on Precipitation 

As shown by Figure 12, nitrate did not have an effect on the pH limits of 
precipitation indicating no significant complexing or ion-pairing to an extent which 
affects precipitation. Above a critical concentration of total nitrate of 7.5 x 10"" 
Molar, there was an effect on the stability of the aluminum hydroxide hydrosol de
pending on the pH. At lower pH, more sodium nitrate was required to coagulate and 
destabilize. 

In contrast to nitrate, chloride at high concentrations does alter the pH 
limits of precipitation of a low concentration of aluminum{III), as indicated by 
Figure 13. Anions can affect the precipitation of a hydrolyzing metal in several 
ways* Although Marion and Thomas (50) pointed out the various effects of anions 
on the pH of optimum precipitation, their observations can be applied to the pH 
limits of precipitation. If the anion complexes with the metal and is displaced by 
hydroxide ions forming aluminum hydroxide, the pHL will shift to a higher pH in
dicating a higher concentration of hydroxide is required to displace the anion from 
the soluble complex. If the anion is incorporated into the precipitate forming a 
mixed salt, the pKL will be shifted to a lower pH. It appears that both types of 
complexing are illustrated with the addition of excess chloride. As chloride was 
added to a fixed aluminum nitrate concentration of 5.0 x 10""* M_, the pHp boundary 
shifted to higher pH. Since simple aluminum(III)-chloride has not been demonstrated 
even in concentrated hydrochloric acid (87), the results must be explained by the 
formation of chlorohydroxo-aluminum(III) complexes and the chloride ions displaced 
as aluminum hydroxide formed. The following equilibrium reactions are hypothesized: 

zH2O ^ AlxClOHz
( 3 x"y""Z^+ zH+ . . .(32) 
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(3x-y-z)+ 
AlxClyOHz + 3x-zH2O 

(3x-z)H+ . . .(33) 

*KS = or 

Assuming the concentration of the polymeric aluminum is constant, taking logarithms 
and rearranging, the following relationship is derived. 

log CC1~3 = — ^ p  — pH 4-Constant 

This relationship predicts a positive slope of (3x-z)/y. If y would change 
in a stepwise fashion, z would also change and the predicted boundary would be 
non-linear. Above the inflection point, the pEL, shifted to lower pH. This would 
indicate that the chloride ions were being incorporated into the precipitate forming 
a mixed salt of the type AlxClyOHz(s). This equilibria could be represented by the 
following relationship: 

xAl3* + y O f + zH2O ^ A1VC1VOH (c) 4- zH+ . . .(35) 

log CC1~)= -£~ pH + Constant m . .(36) 

The predicted slope is negative and if the number of hydroxides and chlorides in 
the mixed salt were constant, a linear relationship is predicted. For example, 
assuming an octameric aluminum mixed salt AlgClgOH19(s), the predicted slope 
would be -3.80. The calculated slope of the linear pIL boundary was -3.71. 

Although expressions such as those just presented can be written to correlate 
the slope of the precipitation boundaries with the number of chloride ions incorporated 
into the precipitate, the uncertainty in the exact structure of the soluble species must 
be considered. Assuming a polynuclear chlorohydroxo-aluminum(III) species, the 
analysis did indicate a precipitate or mixed salt with approximately 4 or 5 chlorides 
per 6 to 8 aluminum atoms. This is partially substantiated by X-ray diffraction 
analysis. Six aluminum chlorohydroxide structures are listed in ASTM X-Ray 
Powder Data File. Although the ratios of A1:C1:OH atoms varied from AlgCl^OHj^ 
to AlgCl^OB^Q , all had a constant ratio of aluminum atoms to total atoms of 0.25. 
Averaging all six together, the composite was Al 25CI 16^** S9 # ^^s ratio is 
basically AlgCl^OH^ or AlgCl5OH19 which agrees with the'analysis of the pre
cipitation boundaries. The effect of chloride on the stability of the aluminum sol was 
almost identical to nitrate, indicating that the chloride ion was acting as a gegion or 
counterion in this pH range. 

Sulfate at a lower concentration than chloride or nitrate affects both the pH 
range of precipitation and the colloidal stability of the precipitate. Figure 15 shows 
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the precipitation domain of aluminum sulfate, and Figure 16 shows the effect of 
varying the sulfate concentration while holding the concentration of aluminum nitrate 
constant at 5.0 x 10""* M_. 

In acid solutions, sulfate forms a soluble complex or ion pair A1SO4 

(87,90), and has been postulated to form sulfatohydroxo-aluminum(IH) species of 
the general form A1X(SO4) (OH)z<

3x~2y~zK Matijevic'(55) has suggested 
Alg(SO4)r(OH)jQ . Sulfate is also incorporated into the precipitate at the lower pH 
range of precipitation forming a mixed salt (39,50). The results of the precipitation 
studies correlate these observations that soluble and insoluble sulfatohydroxo
aluminum(III) species are formed. For example, the slope of the 24-hour ptL line 
boundary of precipitation in the aluminum sulfate solutions, as shown by Figure 15, 
of -3.41, indicates a 4+ charged specie along with species of lower charge. The 
shift of the pHp line boundary to lower pH, as compared with the aluminum hydroxide 
boundary, as shown in Figure 5, indicates that sulfate is incorporated into the pre
cipitate. This would indicate the following equilibrium assuming the octamer species 
suggested by Matijevic: 

^  V 4H2O = Alg(SO4)5(OH)14(c) + 4H+ . . .(37) 

Unfortunately, this equilibrium cannot be experimentally verified using the experi
mental techniques developed in this work. In order to study metal-anion complexing 
by computer analysis of potentiometric data, the anion must hydrolyze to a certain 
extent. In other words, there must be a pH change accompanying metal-anion inter
action. Sulfate is not a hydrolyzing anion as such (Kj_ = infinity, K*2 = 1.9) and 
in addition, precipitation is initially detected after 0.2 hydroxides per aluminum 
have been added. This would leave a very narrow pH range in which to study hydro
lysis. But it is apparent that there is a polynuclear sulfatohydroxo-aluminum(III) 
specie in equilibrium with the precipitate and it is not Alg(OH)2Q • Assuming A1OH2 , 
Alg(OH)2o and A1SO4 , calculations indicated that the concentration of the octamer 
was insignificant compared to A1SO4 and this specie with a + 1 charge is not the 
intermediate specie to precipitation or else the slope of the pH line boundary would 
be -1.0. 

Figure 16 shows the effect of sulfate on the precipitation of aluminum(III) in 
a most significant manner. At a very low concentration of sulfate below 2.0 x 
10~^ Molar, there was no effect on the precipitation of aluminum hydroxide. As the 
concentration of sulfate was increased, the pHp shifted to lower pH indicating 
incorporation of sulfate into the precipitate. At approximately A1:SO4 ratio of 
3:2, the arrow indicates 1:1, the pH range of precipitation was the widest. Above 
this concentration, the pH shifts to higher pH. This indicates a higher pH is required 
to displace possibly one or more sulfate ions from the soluble complex before a 
precipitate is formed. 
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Sulfate also coagulated the stable aluminum hydroxide hydrosol at low con
centrations. Above approximately 10~4 molar, the pHc shifted to lower pH rather 
abruptly compared to the excess nitrate and chloride boundaries. The non-linear 
boundary indicates both aluminum(III)-sulfate complexing and coagulation. The stable 
sol is completely destabilized at an Al: SO4 ratio of 1:1. Comparing the critical 
concentrations of nitrate and sulfate required to coagulate the aluminum hydroxide 
sol, it would appear that both are related by the Schulze-Hardy Rule. 

Orthophosphate affects both the solubility and stability of aluminum(III) pre
cipitates in a significant manner as shown by Figures 17 and 18. The pH of pre
cipitation shifted over one pH unit to lower pH compared to either of the aluminum 
nitrate or sulfate systems and as indicated by settling, there are two pH regions 
in which a stabilized precipitate formed. A stable aluminum phosphate sol formed 
up to approximately pH 4.50 as defined by the pHc . Above approximately 5; 6 x 
10" molar, the sol was coagulated by nitrate acting as a counterion. A stabilized 
precipitate also formed above pH 7, below 1.8 x 10~** molar. Above this concentra
tion, the stabilized precipitate apparently was coagulated by the sodium ion acting 
as a counterion as evidenced by the shift of the pHs to higher pH. 

The shift of the pHL boundary to lower pH indicates that phosphate was in
corporated into the precipitate probably A1PG42H2O or A1H2PO4(OH)2 . Cole 
and Jackson (18) found variscite A1(OH)2H2PO4 as the primary phase at pH 3.8, 
and sterrettite (A1(OH)2)3 HPO4H2PO4 at pH 5. 5. The slope of the pHp line 
boundary of -1.53 suggests that lower charged soluble complexes are in equilibrium 
with the precipitate probably of the type A1(HXPO4) suggested by Bjerrum and 
Dahm (8). From ion-exchange studies in pure phosphoric acid media, Jameson 
and Salmon (44) suggested that A1(HPO4) 3 was the predominant specie and in a 
later paper Salmon and Wall (77) suggested that polynuclear cationic phosphate-
aluminum(III) species might be present. But in this system, with A1:H2PO4 ratio 
of 1:1, it would seem that the predominent species are more likely A1H2PO42 and 
A1HPO4 . This would account for the slope of the pHp line boundary. Since 
aluminum (III) and phosphate form strong complexes, these species would probably 
be potential determining to the dispersed sol and would stabilize as it forms. This 
would account for the stabilized precipitate in the acid range. As the pH is increased, 
hydroxide displaces phosphate from the precipitate (18) and at the higher pH, would 
be of the form H2PO4 and HPO4 "" both of which would be potential determining. 
This would account for the stabilized precipitate in the alkaline pH range. Although 
the pH^ line boundary is at slightly higher pH than the aluminum hydroxide boundary, 
the slope of 1.12 indicates that the addition of one hydroxide will solubilize the pre
cipitate. The boundary represents approximately 4#5 hydroxides per aluminum so 
the aluminum hydroxide-aluminate equilibrium would not be the only reaction, although 
the extra 0.5 hydroxides may be for the conversion of 50%of the original H2PO4 

to HPof ~. 
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Inferences to Chemical Coagulation 

Although the stated purpose of this work was to investigate the solubility and 
stability of aluminum(III) precipitates because of the extensive use of aluminum salts 
as coagulants, no reference has been made regarding the chemical coagulation 
process because with the exception of Matijevic and co-workers (51,52#53,54), 
there has been little, if any, contribution to the aqueous chemistry of aluminum (III)* 
Most of these investigators have drawn on other sources to explain their data. 

In comparing the results of this work with coagulation studies, there are 
several: limitations which must be considered. The primary limitation is that a 
coagulation system is a non-equilibrium system, whereas, the aged aluminum(HI) 
precipitation system was assumed to be at equilibrium or near equilibrium. Also, 
it is difficult using the experimental techniques developed in this work to study pre
cipitation down to the very low concentrations which are used in coagulation systems. 

However, one can compare the pH-concentration ranges of solubility and 
stability with the pH limits of solubility with regions of coagulation and restabiliza
tion in the coagulation domains. The solubility limits of aluminum nitrate, as shown 
by Figure 5, compares very well with the coagulation domain of a bacterial suspension 
reported by Rubin and Hanna (76). The right boundary of precipitation indicates that 
the aluminum hydroxide-aluminate ion equilibrium is predominant in both systems. 
The pH-concentration ranges of restabilization of the bacterial suspension are bounded 
by regions of formation of the aluminum hydroxide hydrosoL It would appear that 
the polynuclears, such as Alg(OH)2o which stabilize the precipitate, also restabilize 
the bacteria sols. The boundary of restabilization reported by Matijevic^ Janauer 
and Kerker (53) for silver bromide and silver iodide sols is slightly to the left 
(lower pH) of the experimental 1 hour pHp boundary of precipitation. This would 
correlate his conclusions that the sols were restabilized by the soluble octameric 
Alg(OH) 20 which was the polynuclear complex determined in this work. Calculations 
indicated that the free concentration of the octamer along this restabilization boundary 
was approximately 10""" molar. Apparently, the exact position of the restabilization 
boundary would be dependent on the exact charge, surface properties and concentra
tion of the sol as Matijevic found this boundary to shift to higher pH with increasing 
sol concentration. The position of the boundary would also depend on the equilibrium 
between the adsorbed species and species in solution as the more indifferent the 
surface to adsorption, the higher the concentration of the free polynuclears would 
be in solution before restabilization would occur. Coagulation studies in this 
laboratory with the clay iilite have indicated that restabilization closely follows the 
formation of precipitate so some colloidal suspensions may require the presence of 
precipitate before restabilization would occur. 

The correlation between the aluminum sulfate coagulation domain of bacteria, 
reported by Hanna and Rubin (30), and the one-hour precipitation domain, as shown 
by Figure 15, was excellent. The boundaries of both systems were almost identical. 
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Although the minimum concentration of aluminum sulfate at which precipitate could 
be detected was 3,2 x 10~~'} molar, Al(III) (10 ppm A^SO^Jg), it would seem logical 
that precipitate formed below this concentration but was undetect&ble* If this were true, 
then the experimental boundaries of precipitation could be extrapolated. Comparing 
the extrapolated boundaries with Hanna and Rubin (30), Matijevic'and Stryker (55), 
and Packham (60), it is apparent that the formation of an insoluble precipitate is an 
important factor and would support Packham1 s suggestion (61) that "coagulation,l! 

especially as applied to the water treatment process which uses principally aluminum 
sulfate, is caused by enmeshment in a mass of rapidly precipitating aluminum 
hydroxide. Peterson and Bartow (67), Black and Rice (9), Packham (60) and Hanna 
and Rubin (29,30), have shown that sulfate widens the pH range of coagulation. The 
effect of sulfate on the precipitation of aluminum(HI) is shown by Figure 16* Although 
it appears that polynuclear sulfatohydroxo-aluminum(IH) species, such as Alg(SO^)g 
O H  ̂  suggested by Matijevic and Stryker (55), are forming, the predominant factor 
is the free sulfate ion which coagulates the precipitate as it forms. The flocculent 
precipitate or mixed salt which forms very rapidly is relatively dense and settles 
rapidly. All these factors point out why aluminum sulfate is such an effective 
coagulant in water treatment processes. 

The question of why there is a lower boundary to the coagulation domain or 
why a critical concentration of aluminum(III) must be added to effect destabilization 
cannot be resolved with this work. Stumm and OrMelia (92) have demonstrated a 
stoichiometric relationship between the critical concentration of iron(III) perchlorate 
required for coagulation and restabilization and surface area of a silica dispersion 
at constant pH 5. Matijevic', Kratohvil and Stickels (56) have also shown a stoichio
metric relationship between the critical coagulation concentration of aluminum(III) 
perchlorate and concentration of fluoride ions. Both of these studies indicate that 
the minimum amount of soluble polymeric Al(ni) or Fe(III) must adsorb onto the 
surface before coagulation or restabilization can occur. If anions such as fluoride, 
which effectively complex the soluble metal ions and form species which are not 
adsorbable, or if the amount of surface area exceeded that of the available soluble 
polymeric species, then the concentration of metal ion must be raised before coagu
lation or restabilization would occur. 

Although both have attributed the effective agent in coagulation as soluble 
polymeric species, it is suggested that coagulation, especially between pH 7 and 
8, as practiced in water treatment processes, could also be attributed to formation 
of the insoluble aluminum hydroxide. It would seem likely that, in the presence of 
precipitate, the concentration of all soluble species would be fairly constant and 
addition of Al(IH) or Fe(III) would result in more solid phase. This is based on the 
premise that precipitation is fairly rapid, which has been demonstrated at the higher 
concentrations. The amount of precipitate required for enmeshing the particles 
would also be proportional to the surface area and to the concentration of complexing 
agents. This suggestion is also based on the flat nature of the c.c.c. boundary. It 
would seem highly unlikely that the concentration of soluble polymeric species would 
be constant across a wide pH range. The only Al(III) or Fe(III) fraction, which 
would be fairly constant, is the insoluble hydroxide. 
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