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Abstract: The adsorption of divalent ions on metal oxides is controlled by the pH of a solution. It is
commonly assumed that this is a reversible process for pH changes. However, there are reports that
the sorption of ions on oxides may not be reversible. To verify this, we used potentiometric titration,
ion-selective electrodes (ISEs), and electrokinetic measurements to examine the reversibility of the
adsorption of hydrogen ions and three metal ions (Ca2+, Cu2+, and Fe2+) on TiO2. The ferrous ion
was used as a reference because its adsorption is entirely irreversible. The surface charge determined
by potentiometric titration and the adsorption edges measured using ISE indicate that the adsorption
of copper ions is reversible with changes in pH. In the case of calcium ions, the results suggest a
certain degree of irreversibility. There are apparent differences in the electrokinetic potential data
obtained during titration with base and acid, which suggests that the adsorption is irreversible. We
have explained this contradiction by considering the complex and dynamic nature of electrophoretic
mobility. In our opinion, potentiometric titration may be the simplest and most reliable method for
assessing the reversibility of multivalent ion adsorption.

Keywords: reversibility; titration; ion adsorption; titanium dioxide; ion-selective electrode; electrokinetic
potential

1. Introduction

Metal oxide particles in contact with an aqueous solution form the most crucial
interface in the environment [1]. The hydroxyl groups on the surface of the oxides immersed
in water are active surface sites interacting with ions in the solution. The electric charge
of the surface covered by hydroxyl groups (SOH) depends on the pH of the solution.
Therefore, pH controls the adsorption of ions on oxides. Electrolytes that interact with the
oxide surface only through non-specific electrostatic interactions are called inert electrolytes.
These are monovalent salts such as NaCl or KNO3. Divalent ions (e.g, Ca2+, Pb2+, SO2−

4 ),
in addition to electrostatic interactions, can interact with hydroxyl groups on the oxide
surface by forming coordination linkages and hydrogen bonds [2]. These stronger and more
complex interactions cause such ions to be closer to the oxide surface than monovalent ions.
Hence, we have inner-sphere surface complexes (for multivalent ions) and outer-sphere
surface complexes (for monovalent ions) [2]. For many years, surface complexation has
been a critical concept in understanding oxide reactivity [3–5].

Traditionally, depending on the mechanism of interaction of an adsorbent with ions,
the adsorption processes can be divided into physisorption, chemisorption, and ion ex-
change [6]. Since physisorption occurs due to weak intermolecular forces (mainly electro-
static), it is considered a reversible process. On the other hand, chemisorption is based
on strong chemical interactions in which atomic orbitals are engaged. Therefore, forming
coordination compounds, surface redox reactions, and precipitation can be regarded as
chemisorption. The above division is not completely precise but is frequently used.
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In order to monitor the process of ion adsorption on oxides, we must measure the pH
of the solution and ion concentrations. Additionally, valuable information about changes
in electric charge on oxide particles is provided by measuring the electrokinetic potential
(ζ) [7]. From precise measurements of pH changes and knowing the exact amounts of acid
and base introduced into the system, we can calculate the surface charge generated by
hydrogen and hydroxyl ions (i.e., the proton surface charge—σH) [8,9]. Measuring the loss
of divalent ion concentration in the solution as a function of pH allows for determining
their adsorption in the form of the so-called adsorption edge [10].

When studying the adsorption process, various spectrophotometric techniques are the
most frequently used methods for measuring the concentration of ions in a solution [10]. In
this case, measurements using ion-selective electrodes (ISEs) have rarely been used because
these electrodes may be sensitive to other ions in the solution and work properly only
within a narrow pH range. Recently, we successfully used Ca-ISE to study the adsorption
mechanism of calcium ions on metal oxides [11].

Surprisingly, it is tough to find papers in the literature examining the adsorption
and subsequent desorption of divalent ions on oxides as a function of pH [12–15]. The
conclusions drawn from these few works are that the adsorption of divalent ions is either
irreversible or that the kinetics of their desorption are much slower than the kinetics of
adsorption. There are also few publications on the reversibility of the titration of oxide
suspensions (forward and reverse titration) [16–18]. It seems that the silent assumption was
made that the adsorption of divalent ions is a fully reversible process. At the same time, it
is believed that these types of ions interact strongly with the oxide surface in a complex
manner [2]. So, only their adsorption is tested by gradually increasing the pH, but their
desorption is not checked by decreasing the pH.

We verified the above assumptions by examining the adsorption and desorption
of divalent ions caused by forward and reverse titration. We chose TiO2 as the model
oxide [19,20]. It is produced in large quantities by industry and used as a white pigment in
paints, a sunscreen in cosmetics, and a photocatalyst [21]. Therefore, large amounts of TiO2
nanoparticles end up in the aquatic environment, where they are an important adsorbent
of metal ions [22–25]. Titanium dioxide is a durable and water-insoluble oxide that is stable
over a wide pH range, unlike oxides such as SiO2 or Al2O3 [26].

In our experiments, we examined the adsorption of three ions, Ca2+, Cu2+, and Fe2+,
on titanium dioxide. The first of them is considered to be an ion that interacts relatively
weakly with the oxide surface [27]. The iron cation is regarded as a species that interacts
strongly during adsorption and adsorbs irreversibly [28]. The concentration of calcium
and copper ions as a function of pH was monitored using ion-selective electrodes [29]. The
concentration of iron ions in the solution was measured using spectrophotometry. In our
experiment, the adsorption of iron ions was a reference, showing the course of entirely
irreversible adsorption.

In the presence of divalent ions, we also measured the proton surface charge and
electrokinetic potential because these two quantities are the most frequently determined for
oxide dispersion in water and provide significant insight into the structure of the electric
double layer and how it is formed at the oxide/electrolyte interface.

2. Results

A potentiometric acid–base titration is the primary method to determine the surface
charge of oxide nanoparticles in a solution. However, using this experimental technique
involves many technical difficulties that need to be solved [8,9]. It is worth mentioning
some of them.

The sensor used in these measurements is a combined glass electrode. The insensitivity
of the electrode potential to the interaction of its surface with charged oxide particles is
essential during the titration of an oxide suspension. Converting the measured electrode
potential into a pH requires accurate calibration using pH buffers over a wide pH range.
The determined pH corresponds to the activity of hydrogen ions in the solution, which
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must be converted into their concentration. To do this, we need to know the ionic strength
of the solution. However, the higher the electrolyte concentration, the more problematic
the calculation of the ionic strength becomes. On the other hand, we must remember that
we add some amounts of acid or base to the solution during titration, which produces
an additional quantity of electrolyte in the neutralization reaction. Simultaneously main-
taining a stable ionic strength and its low value, necessary for the precise calculation of
the activity coefficients of hydrogen and hydroxide ions, requires operation in a narrow
range of electrolyte concentrations. In our surface charge and adsorption measurements,
the electrolyte concentration was 0.1 M. In the electrokinetic measurements, it was equal to
0.01 M. Applying a lower ionic strength value while measuring the zeta potential causes a
weaker screening of charged particles and gives higher and more reproducible values of
the electrokinetic potential [30].

The oxide dispersion may not be stable during titration. Some oxides dissolve quickly
at high or low pH values. For example, silica dissolves in an alkaline solution, while
aluminum oxide dissolves in an acidic one [9]. Using such an oxide in a titration in which
we examine the reversibility of the ion adsorption process with a change in pH will result in
more visible hysteresis in the data [9,31]. In the traditional interpretation of the adsorption
process, this should mean that the adsorption is partially irreversible. Therefore, selecting
an appropriate pH range for the titration of an oxide over the entire measurement range is
essential. Titanium dioxide is a stable and insoluble material and was therefore chosen by
us as the model oxide [32].

Yet another issue is the agglomeration of oxide nanoparticles, which may occur in
dispersion when their surface charge changes. This may be particularly important near the
point of zero charge (pzc). This process leads to a reduction in the oxide/solution phase
boundary and a slowdown in the ion adsorption and desorption processes [8].

Technically, the surface charge of an oxide is expressed in C/m2, so in addition to
knowing the charge, we also need to know the specific surface area of the oxide. This
quantity is most often measured using nitrogen adsorption on a “dry” oxide (BET surface
area). The amount measured may differ from the available surface area of the oxide in the
solution [8]. This is not a disadvantage when using one type of oxide, but comparing the
surface charges of different oxides with each other may be questionable.

After each addition of a portion of acid or base to the oxide dispersion, we must
wait until the electrode readings stabilize. Depending on the criteria adopted, it may take
minutes, hours, or even days. In laboratory practice, we usually shorten this period to
several dozen minutes. This procedure, called fast titration, was used in our studies [11].
However, some researchers believe that it is necessary to wait much longer for the system
to reach a state of true equilibrium [31], which, for example, may include a change in the
crystalline phase of the oxide being tested. This second approach is called slow titration.

We determined the reversibility of hydrogen ion adsorption by examining titration
curves expressed as the hydrogen surface charge as a function of pH. If the base and acid
titration curves overlap, we can conclude that the adsorption of hydrogen ions is reversible.
The reversibility of H+ ion adsorption is influenced by the kinetics of this process. For
example, in porous adsorbents, the transport of ions to the surface is slowed down, and
hysteresis may appear in the titration curves.

When presenting experimental data, the values obtained during base titration are
marked in blue and squares, while those obtained in reverse titration using acid are marked
in red and circles. The solid concentration was equal to 10 g/dm3 while measuring the pro-
ton surface charge density and adsorption edges. During the electrokinetic measurements,
the TiO2 concentration was 1 g/dm3.

The data were collected in a pH range of 3 to 10, covering the area where the ad-
sorption of copper ions begins and the adsorption of calcium ions ends. Titanium dioxide
is practically insoluble in this pH range during measurements. The speciation analysis
of Ca2+ and Cu2+ ions indicates that they remain in the solution as free ions until their
adsorption.
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Figure 1 presents the proton surface charge density, σH, of titanium dioxide as a
function of pH measured in 0.1 M of KCl. Each titration run gives almost identical results.
This confirms that hydrogen ion adsorption on titanium dioxide is a reversible process.
Adding Ca2+ ions to the system causes a significant reduction in the charge values at a pH
above 7. Above this pH, there is a strong adsorption of calcium ions on the titanium dioxide
surface (compare with the adsorption edge of calcium). In the presence of calcium ions,
the reverse titration data points (red color—circles) lie a little below the forward titration
points (blue color—squares) below a pH of 7.5. This may suggest that not all calcium ions
were desorbed from the surface when the pH was decreased.

Molecules 2024, 29, x FOR PEER REVIEW 4 of 13 
 

 

Ca2+ and Cu2+ ions indicates that they remain in the solution as free ions until their ad-

sorption. 

Figure 1 presents the proton surface charge density, σH ,  of titanium dioxide as a 

function of pH measured in 0.1 M of KCl. Each titration run gives almost identical results. 

This confirms that hydrogen ion adsorption on titanium dioxide is a reversible process. 

Adding Ca2+ ions to the system causes a significant reduction in the charge values at a 

pH above 7. Above this pH, there is a strong adsorption of calcium ions on the titanium 

dioxide surface (compare with the adsorption edge of calcium). In the presence of calcium 

ions, the reverse titration data points (red color—circles) lie a little below the forward ti-

tration points (blue color—squares) below a pH of 7.5. This may suggest that not all cal-

cium ions were desorbed from the surface when the pH was decreased. 

  

Figure 1. The proton surface charge density, σH, of TiO2 as a function of pH in 0.1 M of KCl elec-

trolyte measured during forward and reverse titration: (A) without divalent ions; (B) with 1 mM of 

CaCl2. 

Figure 2 shows the net proton surface charge density measured in 0.1 M of KNO3 

electrolyte with copper ions (1 mM). The reversibility test of hydrogen ion adsorption re-

veals slight differences between the experimental points from both curves, especially in 

the middle of the pH range (Figure 2A). The addition of copper ions (Figure 2B) leads to 

a dramatic drop in the proton surface charge in the pH range from 4.5 to 6.5. Despite a 

very visible change in the course of the charge curve, we observe excellent reversibility of 

hydrogen ion adsorption. In Figure 2B, both sets of experimental points coincide almost 

perfectly. 

Figure 1. The proton surface charge density, σH, of TiO2 as a function of pH in 0.1 M of KCl electrolyte
measured during forward and reverse titration: (A) without divalent ions; (B) with 1 mM of CaCl2.

Figure 2 shows the net proton surface charge density measured in 0.1 M of KNO3
electrolyte with copper ions (1 mM). The reversibility test of hydrogen ion adsorption
reveals slight differences between the experimental points from both curves, especially in
the middle of the pH range (Figure 2A). The addition of copper ions (Figure 2B) leads to
a dramatic drop in the proton surface charge in the pH range from 4.5 to 6.5. Despite a
very visible change in the course of the charge curve, we observe excellent reversibility
of hydrogen ion adsorption. In Figure 2B, both sets of experimental points coincide
almost perfectly.

Figure 3 presents the surface charge of TiO2 in the presence of 1 mM of Fe2+ and the
adsorption edge for these ions. Below a pH of 6.5, we observe a vast difference between the
two titration runs. Above this pH value, the experimental points overlap. This means that
some irreversible process occurs when the pH increases. The Fe(II) adsorbs on the oxide
surface, but above a pH of 5, it begins to oxidize very quickly to Fe(III), which undergoes
hydrolysis [28]. Oxidized and hydrolyzed iron(III) cannot return to its original form during
reverse titration.

Figure 4 shows the adsorption edges for calcium and copper ions. The concentration of
both ions was measured using the ion-selective electrodes. An ISE is a convenient and fast
sensor for measuring the concentration of metal ions in an oxide suspension, giving results
comparable to the spectrophotometric technique [11]. The desorption of calcium ions is
not complete as the pH decreases (Figure 4A). The adsorption edge of the copper ions was
measured for two different concentrations of Cu2+ (Figure 4B). Some authors [10] suggest
that a small part of the SOH groups on the oxide surface have a very high affinity for
divalent ions and, at their very low concentrations, can bind them practically irreversibly.
Figure 4B does not show any such manifestations of surface heterogeneity. In the case of a
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lower concentration of copper ions (0.01 mM), the adsorption edge is shifted towards lower
pH values. For the higher concentration (1 mM), the edge starts at a pH of 4 and ends at a
pH of 7. This is a much narrower range than the edge measured for the calcium ions (from
pH 4 to pH 10).
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Figure 4. The adsorption edges of calcium (A) and copper (B) ions on titanium dioxide as a function
of pH in 0.1 M of electrolyte measured during forward and reverse titration.

Electrokinetic measurements, in which the electrophoretic mobility of charged particles
moving in an electric field is determined, are an essential research technique used in colloid
chemistry [33]. From the electrophoretic mobility data, using an appropriate theoretical
model, we can calculate the electric potential established at the boundary of the moving
particle and the stationary solution—the electrokinetic potential or ζ-potential. There
are two classical limiting approximations for calculating this potential, as proposed by
Smoluchowski and Huckel [30]. The first is used for large particles (with a diameter of
several hundred nm) moving in a solution with a high ionic strength, and the second is for
small particles (with a diameter of a few nm) moving in a solution with a low ionic strength.

Both approximations assume a linear relationship between the zeta potential and
electrokinetic mobility. The zeta potential calculated from Huckel’s formula is simply 50%
greater than that calculated from Smoluchowski’s approximation. A general and accurate
theory describing the electrophoretic mobility of spherical colloidal particles was developed
by O’Brien and White in 1978 [34].

Modern devices use light scattering to measure electrophoretic mobility. Combining
laser Doppler velocimetry and phase analysis light scattering, this technique ensures accu-
rate results with millions of particles observed. The disadvantage of this method is that the
light scattering increases significantly with particle size, which leads to an overestimation
of the contributions made by the largest particles in the case of polydisperse samples.

The magnitude of the zeta potential of oxide particles depends on the pH of the
solution, the concentration of the indifferent electrolyte, and the multivalent ions adsorbed
on their surface. Therefore, tracking the changes in this potential enables an indirect
examination of the reversibility of the adsorption of multivalent ions.

Figure 5 shows the electrokinetic potential measured for titanium dioxide particles
with a concentration of 1 g/dm3 in the two electrolyte solutions, KCl and KNO3, with a
concentration of 0.01 M without the addition of divalent ions. The points obtained from
the base and acid titration differ for pH values below 7. Figure 6 shows the influence of
divalent ions on the behavior of the zeta potential when changing the titration direction. In
each of the three cases, we observe apparent hysteresis. The initial and final values coincide,
but the experimental points diverge in the middle of the pH range. In each case, the zeta
potential measured during the acid titration has lower values than during the base titration,
below a pH of 7.
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3. Discussion

The proton surface charge results presented above confirm that hydrogen ion ad-
sorption is reversible with pH changes. On the other hand, the data divergence for the
electrokinetic potential (Figure 5) when changing the direction of titration suggests non-
reversibility. According to Lyklema [7]: “Surface charges and electrokinetic charges are
very different double layer characteristics. It is mandatory to discriminate between them.
If for a given system both of them are known, much relevant double layer information
becomes accessible”.

To explain the lack of reversibility of the electrokinetic curves with a change in the
titration direction, it should be noted that electrophoretic mobility is a dynamic quantity
that may depend on the instantaneous size of the moving particles. Titanium dioxide
nanoparticles may agglomerate in a solution as the pH changes. Especially in the pH region
close to the IEP (isoelectric point), where the charge of the particles is close to zero, they
can easily combine into larger structures. The resulting agglomerates can then disintegrate
as the pH changes further and the surface charge increases.

We performed TiO2 particle size measurements with the Zetasizer Nano instrument
for three pH values (beginning of titration, near IEP, end of titration). The particle size
(Z-average) measured at a pH of 3.0, 6.6, and 9.1 was 824 nm, 4112 nm, and 2140 nm, respec-
tively. The particle size increases significantly near the IEP. The particle size in the solution
is two orders of magnitude larger than that reported by the manufacturer. According to the
TiO2 powder manufacturer, the average particle size is 21 nm. Such a significant difference
may result from the use of measurement techniques. Light scattering techniques provide
information about the hydrodynamic diameter of aggregates in a solution, whereas a TEM
image analysis gives the diameter of the primary particle. Additionally, the incident light is
scattered particularly strongly by the largest particles in the solution, which means that the
diameter determined by this method is similar to the size of the largest aggregates.

The process described above has little effect on the adsorption values of hydrogen ions
(σH) and divalent ions because these are equilibrium values (or quasi-equilibrium). How-
ever, this phenomenon may slightly delay the establishment of equilibrium in a solution.

It was found that the zeta potential of oxide nanoparticles depends on their concen-
tration [35]. At a higher concentration, the ζ(pH) curve shifts towards higher pH values.
The authors of that publication concluded that too low an oxide concentration makes its
particles sensitive to impurities like bicarbonate ions in the solution.

Another possible explanation for the observed discrepancies may be the increase in
ionic strength during the reversible titration. The salt formed during titration increases the
electrolyte concentration. Increasing the ionic strength causes a decrease in the measured
electrokinetic potential.

Since the lack of reversibility of the electrokinetic potential is observed in a system
containing no divalent ions, the ζ potential behavior cannot be a reliable test for the
reversibility of the adsorption of these ions. Looking at Figure 6, it is difficult to say which
of the divalent ions adsorb irreversibly.

A more reliable method for assessing adsorption reversibility is measuring the proton
surface charge density, which depends on pH and the amount of adsorbed divalent ions.
Namely, the adsorbed cations displace protons from SOH groups and undergo hydrolysis at
the surface [11,27], increasing the amount of hydrogen ions released into the bulk solution
(Equation (1)).

SOH + M2+ + H2O → SOM(OH) + 2H+ (1)

According to Reaction (1), this results in the release of a large number of hydrogen
ions from the surface to the solution and a significant reduction in its hydrogen charge, σH.
Generally speaking, the data in Figures 1B and 2B do not represent the net total charge on
the surface, σ0, only the charge generated by hydrogen ions, σH. However, both charges
can be equal when no specific adsorption occurs.
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As we mentioned, we carried out a so-called fast titration, where the waiting time
between subsequent additions of a base or acid was up to several dozen minutes. The
double-layer relaxation time for the hematite/water interface determined by electrochemi-
cal impedance spectroscopy was about a few seconds [36]. Therefore, the time intervals
applied in the fast titration appear to achieve equilibrium at the oxide/electrolyte interface.

The drop in surface charge in the presence of copper ions is steeper and occurs at a
lower pH than in the case of calcium ions. The probable cause of this phenomenon is the
stronger hydrolysis of Cu2+ than of Ca2+ on the oxide surface.

Figure 3 shows the course of the surface charge and adsorption edge in a system where
an irreversible redox reaction (Equation (2)) occurs [28]. For this reason, the system is not
pH-reversible. It should be emphasized that it is impossible to determine whether some
irreversible process occurs with a change in pH by analyzing only a one-way titration using
an acid or a base. It is also worth noting that if we started the titration of this system at a
pH of 9 to a pH of 3, we would probably find the system reversible.

Fe2+ + 3H2O → Fe(OH)3 + 3H+ + 1e− (2)

It is worth emphasizing that electrically charged oxide nanoparticles (like TiO2 NPs)
show extraordinary ionic reactivity [37]. The surface charge density of titanium dioxide
nanoparticles is much higher than for larger particles [32]. Therefore, particle size should
be considered when calculating the electrokinetic potential from mobilities.

In summary, it can be said that proton surface charge density measurements in forward
and reverse titration are a simple and reliable test for the reversibility of divalent ion
adsorption. However, when the amount of these ions is too low, only a direct measurement
of their concentration along with pH changes allows us to assess the reversibility of their
adsorption. The electrokinetic potential of oxide particles is very sensitive to the adsorption
of multivalent ions. Still, the complex and unpredictable effect of pH on the electrophoretic
mobility of nanoparticles does not allow this technique to determine the irreversibility of
ion adsorption.

4. Materials and Methods

Titanium dioxide, which we used in our experiments, was provided by Evonik, Essen,
Germany. It was Aeroxide P25, commercial hydrophilic fumed TiO2, consisting of anatase
and rutile with a weight ratio of 80:20. According to the manufacturer, its specific surface
area is 50 ± 15 m2·g−1 (BET), and the average size of particles is about 21 nm. In our
experiments, we used unmodified TiO2 nanopowder without additional purification. The
titanium dioxide may have had some acidic impurities (HCl) coming from its synthesis pro-
cess (the hydrolysis of TiCl4). Possible traces of HCl, presented in TiO2, can be eliminated
during data processing [9]. The same procedure was applied in our earlier paper [11].

Inert electrolyte solutions (KCl and KNO3) were prepared with analytical-grade salts.
We chose potassium salts because K+ ions do not interfere with the glass electrode or the
calcium ion-selective electrode. The acid and base solution used in the titration (0.1 M
of HCl, 0.1 M of HNO3, and 0.1 M of KOH) was prepared from the analytical weights
of the reagents by dilution with water in 1000 mL flasks. The stock solutions of CaCl2,
Cu(NO3)2·3H2O, FeCl2·4H2O were freshly prepared before measurements. Milli-Q quality
water, which was decarbonized and deoxygenated by passing pure argon, was used to
prepare the above-mentioned solutions.

All potentiometric titrations were conducted using the Titrando 907 instrument
(Metrohm, Herisau, Switzerland) with two measuring interfaces and two 800 Dosino
dosing units (containing an acid and a base). The whole titration course was controlled by
the Metrohm Tiamo 2.5 software. The glass-jacketed stirring vessel, where titration took
place, was fitted with a tube to purge the solution with pure argon (to remove CO2 traces).
A Julabo F12 thermostat was applied to keep the temperature of the solution at 25 ◦C. The
pH was measured with the combined glass electrode (Unitrode from Metrohm). The fixed
drift limit (0.5 mV·min−1) was used to save the final pH value in each titration step. The
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glass electrode was calibrated at pH = 9, pH = 7, and pH = 4, with three buffer solutions
(from Metrohm). The exact titer of the applied acid and base solutions was also determined.

We placed in the titration vessel 100 cm3 of 0.1 M of inert electrolyte solution; next, we
added 1 g of TiO2 to obtain an oxide concentration of 10 g·dm−3; and finally, we added
the calculated amount of the stock solution containing divalent metal ions to obtain a
concentration of 1 mM of Me2+. In the first step of each titration, 0.5 cm3 of 0.1 M of acid
was added to a 100 cm3 suspension. Then, the system was equilibrated to reach a pH of
about 3–4 and next titrated with KOH to pH 10 (the forward titration). Finally, the reverse
titration was performed with acid (HCl or HNO3) with the same parameters as the forward
titration. A detailed discussion of the titration of a metal oxide suspension can be found in
the literature [8].

We determined the net proton balance in the studied system to obtain the proton
surface charge density, σH, [28]:

σH

[
C

m2

]
=

F
AsCs

[(
CA·∆VA

Vsusp
− 1

γH+
10−pH

)
−

(
CB·∆VB

Vsusp
− 1

γOH−
10pH−14

)]
(3)

where F is the Faraday constant [C·mol−1], As is the specific surface area [m2·g−1], Cs is
the oxide concentration in the suspension [g·dm−3], CA and CB are the concentrations of
the HCl (or HNO3) and KOH solutions [M], ∆VA and ∆VB are the added volumes of HCl
(or HNO3) and KOH [dm3], γH+ and γOH− are the activity coefficients of the H+ and OH−

ions, and Vsusp is the oxide suspension volume [dm3].
The calcium ion concentration was measured by the direct potentiometry method [29]

using a Ca-ISE with a polymer membrane (Metrohm No. 6.0508.110) and a reference
electrode (LL ISE Reference, Metrohm No. 6.0750.100). The measuring range of the Ca-ISE
is from 5·10−6 M to 1 M, and the pH range is from 2 to 12.

The copper ion concentration was measured using a Cu-ISE with a crystal membrane
(Metrohm No. 6.0502.140) and a reference electrode, the same as for the Ca-ISE. The
measuring range of the Cu-ISE is from 1·10−8 M to 0.1 M, and the pH range from 2 to 12.

Both ion-selective electrodes were calibrated using four standards for Ca2+ and Cu2+

ions (10, 1, 0.1, 0.01 mM) dissolved in a 0.1 M KCl or 0.1 KNO3 solution. The drift limit for
the electrodes applied in this part of the experiment was established as below 0.2 mV·min−1.

In the adsorption experiment with Fe2+, we used the spectrophotometric method to
quantify the amount of iron remaining in the solution. Small aliquots of the suspension
containing iron ions were collected once the system reached equilibrium (i.e., after the
stabilization of the pH and redox potential) and centrifuged to remove the solid phase.
Next, we used a spectrophotometer (Evolution 201 from ThermoFisher Scientific, Waltham,
MA, USA), applying the method with o-phenanthroline to determine the Fe2+ ion concen-
tration [28]. All titration and adsorption experiments were conducted at a temperature of
25 ◦C.

In the electrokinetic measurements, we applied the Zetasizer Nano ZS (Malvern Panan-
alytical, Malvern, UK) combined with the MPT-2 autotitrator to measure the electrokinetic
potential (ζ) of the titanium dioxide suspension as a function of pH. The particle velocity is
determined by measuring the phase shift, known as phase analysis light scattering (PALS).
The light scattered is combined with the reference beam. This produces a fluctuating
intensity signal where the fluctuation rate is proportional to the speed of the particles.
After determining the electrophoretic mobility, the ζ-potential is then calculated using the
Smoluchowski equation [30]:

ζ =
ηµ

ε
(4)

where ζ is the electrokinetic potential, η is the viscosity, µ is the electrophoretic mobility,
and ε is the dielectric constant of a solution.

More dilute samples than in the adsorption experiments should be analyzed to obtain
stable data from the apparatus. Electrophoretic measurements at a high particle concen-
tration yield unreliable results [35]. Therefore, the concentration of TiO2 suspension was
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1 g·dm−3 in 0.01 M of inert electrolytes with 0.1 mM of divalent metal ions [11]. The above
values are ten times lower than the parameters used during the adsorption experiments.

The uncertainty in the pH measurements during titration is at least ±0.02 pH unit,
which gives an uncertainty in the hydrogen ion concentration of 5% and an error in the
charge measurement of 0.005–0.01 C/m2. The error in measuring the concentration of
divalent ions is also at the level of 5%. The uncertainty in the electrokinetic measurements
is approximately 10%.
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