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Abstract

The adsorption of aqueous ions onto natural mineral surfaces controls numerous mineral-

water interactions and is governed by, among other numerous factors, ion dehydration and 

hydrolysis.  This work explored the extent to which dehydration and hydrolysis affect the 

adsorption of three metal cations, Al3+, Cr3+, and Mn2+, onto quartz (SiO2) and corundum (Al2O3) 

surfaces at pH 3.8 through the integration of flow microcalorimetry (FMC), quartz crystal 

microbalance with dissipation (QCM-D) measurements and density functional theory (DFT) 

calculations. At pH 3.8, negligible amounts of Mn2+ and Al3+ are hydrolyzed, while 78% of Cr3+ 

exist in hydrolyzed species. QCM-D and FMC measurements showed that Al3+ and Cr3+ adsorb to 

both surfaces, while Mn2+ adsorbed only to Al2O3. DFT bond energy calculations confirmed the 

favorable bonding between the mineral surfaces and Al3+ and Cr3+, and that Mn2+ adsorption onto 

SiO2 was unfavorable. Furthermore, FMC showed that on both surfaces, the adsorption of Al3+ 

was endothermic and reversible, while that of Cr3+ was exothermic and partially irreversible. 

Through the integration of experimental and computational methods, this work suggested that the 

reversible adsorption of unhydrolyzed cations (Mn2+ and Al3+) occurred through weak electrostatic 

interactions. The large energy cost required to dehydrate unhydrolyzed cations resulted in an 

endothermic adsorption process. Meanwhile, hydrolyzed Cr3+ species can adsorb on quartz and 

corundum through covalent-bond formation and thus their adsorption was partially irreversible. 

Furthermore, the hydrolysis of Cr3+ lowered the dehydration energy during adsorption resulting in 

an exothermic adsorption. By using bond energies as a guide to indicate the possibility of 

thermodynamically favored adsorption, there was a strong agreement between the DFT and 

experimental techniques. The findings presented here contribute to understanding and predicting 

various mineral-water interfacial processes in natural environment.  
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1. Introduction

The adsorption of aqueous ions onto natural mineral surfaces controls numerous mineral-

water interactions.1-7 Oxygen (O), Silicon (Si) and Aluminum (Al) are the three most abundant 

elements in Earth’s crust, their bonds, (i.e. Si-O and Al-O,  are thus the building blocks of a large 

number of crustal minerals, such as oxides, quartz, feldspars, clays, and micas.8, 9 Of these 

minerals, both aluminum and silicon oxides are common components that play key roles in a 

number of interfacial processes, such as mineral precipitation and dissolution,10-12 oxidation-

reduction,13, 14 and contaminant transport 15-18, all of which have far-reaching implications for 

biogeochemical processes10-14. Therefore, it is significant to better understand the underlying 

mechanisms governing ion adsorption and exchange onto mineral surfaces with Si-O and Al-O 

bonds exposed to solutions.

Quartz (SiO2) is the primary crystalline structure of the silicon oxides family. Compared 

to other minerals and metal oxides, quartz possesses unique chemical properties, in particular, a 

low point-of-zero-charge (pHpzc) reported between pHs of 1.5 to 2.8  and a low dielectric constant 

(ε) of 4.3.19-24 In the aluminum oxides, corundum is the most commonly occurring and the most 

thermodynamically stable crystalline polymorph.25, 26 The pHpzc of corundum has been reported to 

range between pHs 8.0−10.0 for powders and pHs 5.0−7.0 for specific crystal planes, and its 

dielectric constant (ε) is 10.4.23, 27 These values are significantly different from those reported for 

quartz. Both minerals offer an opportunity to study potentially contrasting effects on underlying 

mechanisms and were thus chosen for this work. Quartz and corundum were chosen in this study 

to represent minerals with Si-O and Al-O bonds exposed to solutions for ion adsorption. 

Previous studies have reported that metal ions adsorption onto minerals could be affected 

by their charge, hydrolysis and dehydration properties. To dissect the extent to which each of these 



cation-specific properties controls adsorption, we have chosen to study Al3+, Cr3+, and Mn2+, three 

cations that are not only abundant in the environment but also offer contrasting hydration and 

hydrolysis properties. Al3+ is the most abundant metal ion in natural environments and is 

phytotoxic.  Mn2+ is the second most abundant transition metal and a key redox agent in soils. Cr3+ 

is a hazardous contaminant in many soils and aquifers. Although Al3+ is redox inactive, both Cr3+ 

and Mn2+ participate in geochemical redox processes. The hydrated radii of both Mn2+ and Al3+ 

are similar at 4.38 Å,28 while that of Cr3+ is smaller at 4.75 Å).28 The hydrolysis constants at 25 ˚C 

were reported as 4 × 10-15, 7 × 10-31 and 2 × 10-13 for Al3+, Cr3+, and Mn2+respectively.29 

Studies of Al3+ adsorption onto mineral surfaces have included clays and silica.30 Using 

batch adsorption methods, Bloom and McBride31 found that at pH 4.0, Al3+ can be hydrolyzed to 

AlOH2+ and adsorbed on smectite. Walker et al,32 using a flow-through stirred-cell system, found 

no measurable hydrolysis during the adsorption of Al3+ onto clay minerals between pHs 3-4, and 

asserted the adsorption to be predominantly an electrostatic outer-sphere exchange. On the other 

hand, Kuan et al,30 using a combination of batch adsorption and surface complexation modeling, 

determined Al3+ adsorption on silica to occur predominantly as inner-sphere interaction and that 

hydrolyzed Al3+ was the dominant form of absorbed species at pH of  3.0 and higher.  

The adsorption of Cr3+ has been widely studied on δ-aluminum oxide,33 ferrihydrite,34 and 

silica.35-37 Wehrli et al33 determined that Cr3+ adsorbed on δ-aluminum oxide as the hydrolyzed 

species (CrOH2+) and formed bidentate complexes at pHs of 2.5 - 6.0. On ferrihydrite, Charlet and 

Manceau34 found  Cr3+ interactions with the surface to occur as inner-sphere CrOH2+complexes at 

low surface coverage, and as chromium oxy-hydroxide surface precipitation at high surface 

coverages. On silica, Fendorf et al.35, 36 found that CrOH2+ formed monodentate inner-sphere 

complexes at low coverage. 



Studies of Mn2+ adsorption included those on iron oxides,13, 38 aluminum oxides,39  and 

silica.40 On the δ-aluminum oxide and iron oxide surfaces, Davies and Morgan13 determined that 

in basic solutions (pH > 7.5), Mn2+ forms both monodentate and bidentate complexes although 

hydrolysis was not considered during the adsorption process. Hachiya et al.41 concurred with 

Bloom and McBride31 in that they reported that divalent cations (e.g. Mn2+) adsorbed on 

alumimumn oxides by the same mechanism that involves hydrolysis after adsorption. However, 

their study suggested that unhydrolyzed species can also adsorb. Saeki et al. found that Mn2+ 

irreversibly adsorbed to silica at pH >  6.0.40 

As referenced above, most literature described metal cations as a function of hydrolysis 

although no consensus was presented on the direction of that effect.  Noted discrepancies could 

have resulted from  different experimental conditions e.g., pH and concentrations, and techniques 

and procedures used for measuring adsorption and formed surface complexes.  Here we seek to 

conduct a systematic study of Cr3+, Al3+ and Mn2+ adsorption onto SiO2 and Al2O3 surfaces at an 

acidic pH (pH = 3.8 ± 0.2) using an integration of flow microcalorimetry (FMC) and quartz crystal 

microbalance with dissipation (QCM-D) measurements as well as density functional theory (DFT) 

calculations. Both FMC and QCM-D offer unique and complementary perspectives into adsorption 

processes due to the in situ and flow nature of their measurements, and DFT provides a framework 

to understand the experimental data. To our knowledge, this is the first time these three techniques 

are applied to the study of one system. 

2. Experimental Section

2.1. Chemicals and solutions

All reagents and salts used were ACS grade chemicals. Anhydrous NaNO3 was oven-dried 

overnight at 85 °C and all hydrated salts [Al(NO3)3∙9H2O, Cr(NO3)3∙9H2O, Mn(NO3)2∙4H2O] were 



used as received.  Men+(NO3)n (Me = Al3+, Cr3+, or Mn2) solutions were prepared at a concentration 

of 1 × 10-3 M, in  a background  of 2.9 × 10-3  M NaNO3 for microcalorimetry experiments. For 

QCM-D experiments, only Mn2+ solutions were prepared in a 2.9 × 10-3 M NaNO3 (Table S1) to 

maintain the same ionic strength (I). A NaNO3 solution was also prepared at a concentration of 2.9 

× 10-3 M as a control.  All solutions were prepared using ultrapure water (Ω > 18.2 MΩ.cm) and 

were carefully adjusted to pH 3.8 ± 0.1 using dropwise addition of 1 M HNO3 or 1 M NaOH. 

Inductively coupled plasma optical emission spectroscopy (ICP-OES) analysis of all solutions 

confirmed negligible changes to the total aqueous Mn+ concentration due to this adjustment.

2.2. Flow Microcalorimetry (FMC) Experiments

 Corundum (Al2O3) crystals were purchased from Wards’ Scientific (Rochester, NY), 

cleaned and ground as per previously reported procedures.42 The resulting powdered sample was 

fractionated through sequential sieving, and the fine fraction (< 35 µm) was collected for all 

microcalorimetry experiments. The SiO2 sample used was obtained by grinding large pieces of 

single crystals of Brazilian quartz, separating the coarser fractions in methanol, followed by 

centrifuging and air drying the finer fraction. The sample was used and well characterized in a 

previous study.43 

Experiments were performed using custom-designed flow microcalorimeters fabricated in 

the Kabengi laboratories at Georgia State University. The instrument design and experimental 

procedures have been thoroughly discussed in previous works.43-46  To obtain the heats of cation 

adsorption (Qads in mJ/mg), a known mass (~30.0 – 35.0 mg) of either Al2O3 or SiO2 powder was 

packed into the sample holder and equilibrated with the NaNO3 solution until a thermal baseline 

was established at 20 ± 0.1 °C.  The input solution was then switched to a Mn+(NO3)n solution and 

the calorimetric signal for the Mn+ reaction with the surface was recorded (denoted [Na/Mn+]). 



Once the reaction reached thermal equilibrium as defined by the return of the calorimetric signal 

to the initial baseline, the solution was returned to the NaNO3 solution.  The calorimetric signal 

associated with Mn+ displacement from the surface (denoted [Mn+/Na]) and its corresponding 

[Na/Mn+] constituted one cycle, which was repeated 3-5 times for each Mn+(NO3)n solution to 

establish statistically representative values. The reproducibility of the calorimetric peaks obtained 

was further used to assess the reversibility of the complexes formed by each cation. During both 

[Na/Mn+] and [Mn+/Na] cycles, the effluent samples were collected for chemical analysis. The 

amount of Mn+ retained at or exchanged from the surface was determined by a mass balance 

calculation between the total mass injected and the mass recovered from effluent samples.  The 

total aqueous concentration of Mn2+ and Cr3+ was determined using inductively coupled plasma 

optical emission spectroscopy (Varian 730-ES ICP-OES, Varian), and that of Al3+ by UV-Vis 

spectroscopy (GENESYS 10S, Thermo Scientific) using the catechol violet method.47

2.3. Quartz Crystal Microbalance with Dissipation (QCM-D) Measurements

Cation (Mn2+, Al3+, or Cr3+) adsorption onto SiO2 or Al2O3 substrates was also studied 

using QCM-D. Quartz sensors coated with SiO2 (QSX 303) or Al2O3 (QSX 309) were purchased 

from Q-sense. For each cation adsorption experiment, a clean sensor was placed into the flow 

module with the SiO2 or Al2O3 coating facing the solution. Then the flow module was placed on 

the chamber platform of QCM-D (Biolin Scientific, Paramus, NJ), and the temperature inside the 

flow module was maintained at 20 ± 0.1 °C. Initially, ultrapure water was pumped into the flow 

module at a constant rate of 0.2 mL/min to establish a stable baseline (Figures 1 and S1). Then the 

inflow solution was switched (indicated by arrows in Figures 1 and S1) to either one of Mn+(NO3)n 

(with or without NaNO3) or the control NaNO3 solution. 



Finally, the solution was switched back to ultrapure water (indicated by arrows in Figures 

1 and S1), to test if the cations adsorbed on each substrate could be desorbed. The changes in 

resonance frequency (Δƒ) and energy dissipation (ΔD) of the sensors were recorded, and the mass 

changes (ng/cm2) corresponding to the adsorption of the cations onto SiO2 or Al2O3 coatings on 

the sensors were calculated using Sauerbrey model.48 The measured mass change in ng/cm2 is 

normalized by the geometric areas of Al2O3 or SiO2 coatings on the QCM-D sensors and not the 

actual specific surface areas of Al2O3 or SiO2 powders coated on the sensors as these are hard to 

measure. All data were analyzed by Q-Tools 3.0 from Biolin Scientific, and detailed information 

can be found in our previous publications.42, 49-53 



Figure 1: QCM-D measurements of Mn2+, Cr3+, and Al3+ ion adsorption onto SiO2 (A1-A3) and 
Al2O3 sensors (B1-B3) at pH = 3.8 ± 0.2. To establish a stable baseline, measurements were 
conducted by flowing ultrapure water over SiO2 and Al2O3 sensors. Then the solution was switched 
to 1 mM Mn(NO3)2 (with 2.9 mM NaNO3 added to adjust the ionic strength), 1 mM Al(NO3)3, and 
1 mM Cr(NO3)3 test solutions (the arrows indicate the switching points). The decreases in 
frequency (Δf) indicate the adsorption of ions onto SiO2 and Al2O3 sensors. Finally, the inlet 
solution was switched back to ultrapure water, to test the reversibility of the ion adsorption on 
substrates (arrows indicate the switching points).

2.4. Density Functional Theory (DFT) Calculations

 DFT calculations using Gaussian 0954 were used to calculate the minimum energy 

structure, vibrational frequencies and bonding of simple molecular clusters representing adsorbed 

Mn2+, Al3+, and Cr3+ onto silanol and aluminol sites on SiO2 and Al2O3. All models were 

constructed in a monodentate bonding configuration (Figure 2) assuming that Q3 SiOH groups or 

AlOH2 groups with 5 bonds to the bulk dominate the surfaces under study. This is likely to be the 

case for silica surfaces55  although certain faces can be dominated by Q2 SiOH groups. The AlOH2 

surface site is also thought to dominate most alumina surfaces at low pH56 compared to geminal 

sites. Hydroxyl groups bonded to 2 or 3 Al surface atoms are generally considered less reactive 

towards H+/Men+ exchange. 

The structures were drawn manually in the Visualizer module of Materials Studio 2016 

(Biovia Inc., San Diego, CA).57 Compositions included: (OH)3SiOSi(OH)2O-(Mn2+, Al3+, or 

Cr3+)•5(H2O) and Al2(OH)6(H2O)3O-(Mn2+, Al3+, or Cr3+)•5(H2O) which assumes no hydrolysis 

of the adsorbed metal ions. Hydrolyzed ion adsorption was modeled with the compositions 

(OH)3SiOSi(OH)2O-Al(OH)3(H2O)2, (OH)3SiOSi(OH)2O-Mn(OH)2(H2O)3, (OH)3SiOSi(OH)2O-

Cr(OH)3(H2O)2, Al2(OH)6(H2O)3O-Al(OH)3(H2O)2, Al2(OH)6(H2O)3O- Mn(OH)2(H2O)3, and 

Al2(OH)6(H2O)3O- Cr(OH)3(H2O)2 (Figure S3). Spin states of Mn2+, Al3+, or Cr3+ were set to 5, 0, 

and 3, respectively (multiplicity of the corresponding models 6, 1 and 4). 



Energy minimizations (i.e., structural optimizations) were performed using the DFT 

exchange-correlation functionals B3LYP58, 59 and the 6-311+G(d,p) basis set.60, 61 Energies were 

minimized to Gaussian 09 default values, then frequency analyses were performed to ensure that 

a minimum had been obtained. When the frequency analyses resulted in no imaginary (i.e., 

negative) frequencies, we concluded the structure was at least in a local potential energy surface 

minimum (Note: We make no claim that any structure is in the global minimum structure as 

extensive configurational searches were not performed). Natural population analyses62 were 

performed on these structures to determine the strength and electron population of bonds in the 

cluster. The focus was on the metal ion bond to the O atom connecting to the Si or Al of the model 

surface cluster because this is the key bond that will be involved if a metal ion is adsorbed to a 

surface.



Figure 2: Fully hydrated models for adsorption of Mn2+, Al3+, and Cr3+ onto silanol and aluminol 
sites on quartz and corundum. All models were constructed in a monodentate bonding 
configuration assuming that Q3 SiOH groups or AlOH2 groups with 5 bonds to the bulk dominate 
the surfaces under study. The circled bond energy as calculated by NBO analysis is compared to 
the O-H bond it replaces (Table 2). (Si yellow, O red, H white, Al magenta, Mn and Cr purple)

3. Results and Discussion

3.1. Selective Cation Adsorption on SiO2 and Al2O3

FMC and QCM-D experiments were conducted to measure Mn2+, Al3+, and Cr3+ adsorption 

on SiO2 and Al2O3 surfaces. Figure 3 shows the calorimetric signal for the initial exposure of both 

Al2O3 and SiO2 surfaces to the Mn+(NO3)n solutions. The reaction of Al3+ with both surfaces was 



found to be endothermic as evidenced by the negative peak (voltage decrease corresponding to a 

decrease in temperature); Cr3+ adsorption was exothermic on both surfaces albeit significantly 

smaller on SiO2 than on Al2O3; whereas Mn2+ reaction was endothermic on Al2O3 and below 

detection limit on SiO2.

Figure 3: Calorimetric response to Mn+ adsorption to SiO2 and Al2O3. Positive calorimetric 
response corresponds to an exothermic process, while the negative calorimetric response 
corresponds to an endothermic process.

The adsorption of cations on the SiO2 (Figure 1 A1-A3) and Al2O3 (Figure 1 B1-B3) 

substrates at pH = 3.8 ± 0.2 was also measured by QCM-D. The decreases in resonance frequency 

(Δƒ) indicated the increases of mass on sensors caused by cation adsorption. For the control 

experiment with 2.9 mM NaNO3 solution (Figure S1 in Supporting Information), no changes in 

resonance frequency (Δƒ) were detected on SiO2 and Al2O3 sensors, indicating that no significant 

adsorption of Na+ or NO3
- on SiO2 and Al2O3 substrates occurred. Therefore, decreases in 

resonance frequency (Δƒ) of the sensors (Figure 1), while in contact with Al(NO3)3, Cr(NO3)3, and 

Mn(NO3)2 solutions, must be caused by the adsorption of Al3+, Cr3+, and Mn2+ ions on sensors. 



Table 1: Metal cation adsorption onto substrates measured by QCM-D and their hydrolysis.

Sample Name
1Mn+(OH)n

,a,
%

Mn+,
%

2M_SiO2,
ng/cm2

2M_Al2O3,
ng/cm2

Mn 0.5 99.5 3BDL 16.4 ± 3.3
Al 4.4 95.6 18.9 ± 3.3 17.6 ± 3.0
Cr 78.7 21.3 7.6 ± 3.3 14.9 ± 2.7

1Mn+(OH)n, a,%: Percentages of metal ions in hydrolyzed states (e.g. Al(OH)2+, Al(OH)2
+, 

Al(OH)3), which were calculated using Geochemist Work Bench (Release 9.0, Aqueous Solutions 
LLC) under our experimental conditions.
2 M_SiO2

b and M_Al2O3
b: the amounts of Mn2+, Al3+, and Cr3+ ions adsorbed on SiO2 -and Al2O3- 

sensors, measured by QCM-D. No significant adsorption of 2.9 mM NaNO3 on SiO2 and Al2O3 
coated quartz sensors was observed. 
3 BDL: below the detection limit of the instrument

On the SiO2 sensor, no changes in resonance frequency (Δƒ) were recorded after switching 

from ultrapure water to Mn(NO3)2 solution, indicating no significant adsorption of  Mn2+ on SiO2. 

For Al(NO3)3 and Cr(NO3)3, ~ 1 Hz and ~ 0.3 Hz respective decreases in resonance frequency (Δƒ) 

were measured, indicating that 18.9 ± 3.3 ng/cm2 Al3+  and 7.6 ± 3.3 ng/cm2 Cr3+ cations were 

adsorbed. On the Al2O3 sensor, ~ 1 Hz decreases in vibrational frequency (Δƒ) were detected after 

switching to Al(NO3)3, Cr(NO3)3, and Mn(NO3)2 solutions. This indicated that all three cations can 

adsorb on Al2O3 substrates at pH = 3.8 ± 0.2, with similar amounts of 16.4 ± 3.3, 17.6 ± 3.0, and 

14.9 ± 2.7 ng/cm2, for Al3+, Cr3+, and Mn2 respectively (Table 1). In summary, the ion adsorption 

behaviors measured by FMC and QCM-D were consistent at pH = 3.8 ± 0.2. Both techniques 

showed the selective adsorption of Al3+ and Cr3+ and the lack of adsorption of Mn2+ onto SiO2. All 

three cations (Al3+, Cr3+, and Mn2+) adsorbed on Al2O3 substrates.

3.2. Chemical Bond Formation During Ion Adsorption on Substrates

DFT calculations were conducted to obtain information on bond energies. Each of the 

clusters resulted in energy minima with no imaginary frequencies. The bond lengths predicted 

generally followed the observed bond lengths in minerals and aqueous species of the ions in 



question. Although Gibbs free energies result from the frequency analyses of each cluster, we have 

no basis for comparison of these surface complex models to produce a G of adsorption. Such a 

calculation would require modeling of the aqueous species and the model surface which is outside 

the scope of the current study. Consequently, we extracted the bond energies for the Mn-, Al-, and 

Cr-O bonds connecting the Men+5(H2O) group to the silica and alumina clusters as well as the Si 

and Al surface to O bonds and compared the former to O-H bond energies and the Si-(OH) and 

Al-(OH2) bonds each would be replacing. Lower bond energies than the original Si-(OH) and Al-

(OH2) were considered to favor adsorption via ligand exchange. If this mechanism was not 

favorable, then the potential for exchange of the cations with H+ was considered by comparing to 

the original surface O-H bond.

The bond energies are listed in Table 2. For the fully hydrated models (i.e., 5 H2Os on the 

adsorbing cation), most Men+-OSurf bond energies are negative and fall in the range of 

approximately -71 to -101 kJ/mol which is reasonable for these metal ions to O atoms. A negative 

bond energy does not imply stability of the surface complex, however. For a surface complex to 

be thermodynamically stable on SiO2, it should be lower in energy than the O-H bond it replaces 

on SiO2 (e.g., SiO-H + Men+  SiO-Men+ + H+). Considering conditions where the [H+] is greater 

than the [Men+] requires that the Men+-O bond be stronger (i.e., Le Châtelier’s Principle). In this 

context, in the fully hydrated SiO2 cluster, the bond energies in Table 2 for the O-Al3+ and O-Cr3+ 

bonds are significantly lower in energy (-101 and -96 kJ/mol, respectively) than the original O-H 

(-74 kJ/mol). Exchange of the Al3+ and Cr3+ for H+ at SiOH sites is therefore possible.  No covalent 

Mn2+-OSurf bond was determined in the NBO analysis for the (OH)3SiOSi(OH)2O-Mn2+•5(H2O) 

model; hence, no energy of this bond could be determined. These bond energies are qualitatively 

consistent with the calorimetry and QCM-D measurements that the adsorption of Mn2+ on SiO2 is 



negligible; whereas, the adsorption of Al3+ and Cr3+ on SiO2 was significant. The results are 

consistent with exchange of the Al3+ and Cr3+ for H+ at SiOH.



Table 2: Calculated metal-oxygen (O-H) bond energies for model adsorption complexes.
Model Energy (kJ)

Men+-OSurf Surf-O(Men+)
S(OH)3SiOSi(OH)2-OH ---- -85
(OH)3SiOSi(OH)2O-H -74 ----

(OH)3SiOSi(OH)2O-Al3+•5(H2O) -101 -101
(OH)3SiOSi(OH)2O-Cr3+•5(H2O) -99 -96
(OH)3SiOSi(OH)2O-Mn2+•5(H2O) No covalent bond -97

(OH)3SiOSi(OH)2O-Al(OH)3(H2O)2 -59 -68
(OH)3SiOSi(OH)2O-Cr(OH)3(H2O)2 -55 -67
(OH)3SiOSi(OH)2O-Mn(OH)2(H2O)3 No covalent bond -72

Al2(OH)6(H2O)3-OH2 ---- -69
Al2(OH)6(H2O)3O-H2 -64 ----

Al2(OH)6(H2O)3O-Al3+•5(H2O) -81 -76
Al2(OH)6(H2O)3O-Cr3+•5(H2O) -71 -85
Al2(OH)6(H2O)3O-Mn2+•5(H2O) -77 No covalent bond

Al2(OH)6(H2O)3O-Al(OH)3(H2O)2 -49 -51
Al2(OH)6(H2O)3O-Cr(OH)3(H2O)2 -39 -48
Al2(OH)6(H2O)3O-Mn(OH)2(H2O)3 -34 -39

For the fully hydrated models of Al2O3 complexes, Al3+, Cr3+, and Mn2+ are all predicted 

by DFT (Table 2) to have lower energy bonds to the alumina surface O atom (i.e., -81, -71, and -

77 kJ/mol) than one (Al)O-H bond (-64 kJ/mol) but not compared to double deprotonation of Al-

OH2 (≈ -128 kJ/mol). The Al3+ and Cr3+ bonds to the surface O atom are calculated to be lower in 

energy than an Al-OH2 bond (-76 and -85 compared to -69 kJ/mol, Table 2). Hence, Al3+, Cr3+, 

and Mn2+ could exchange with an H+, and Al3+ and Cr3+ could undergo ligand exchange with an 

Al-OH2. The results are consistent with the observations of adsorption of all three cations to the 

alumina surface, but these possible mechanisms could be better explored with periodic DFT 

calculations that better account for the mineral-water interface structure

3.3. The Role of Cation Hydrolysis in Adsorption Favorability 

The metal-oxygen chemical bond energies calculated by DFT explained the selective 

cation itself adsorption on quartz and corundum from their chemical bonding formation with 

substrates under acidic condition. As discussed earlier, metal cation adsorption has been widely 



reported to be a function of the cation hydrolysis.63-65 Based on James and Healy model, 

hydrolyzed cations have lower charge and less strongly bounded water molecules, thus their 

adsorption is more favorable because of decreased ion-solvent interactions. Therefore, the model 

suggested that the mineral surfaces with a low dielectric constant (e.g., SiO2) can adsorb 

hydrolyzed cations preferably over unhydrolyzed cations; whereas mineral surfaces with higher 

dielectric constants (e.g., TiO2), can adsorb both hydrolyzed and unhydrolyzed cations.63  

Because hydrolysis and coordination change may accompany adsorption for ions that 

undergo hydrolysis in solution,66 model hydrolyzed surface complexes (OH)3SiOSi(OH)2O-

Al(OH)3(H2O)2, (OH)3SiOSi(OH)2O-Mn(OH)2(H2O)3, and (OH)3SiOSi(OH)2O-Cr(OH)3(H2O)2 

(Figure 4) were examined. In this case, the Men+-OSurf bonds of interest were all less energetically 

favored than the original (Si)O-H and (Al)O-H bonds (Table 2). This is expected because the 

metal-(OH)n bonds in the hydrolyzed species are stronger than metal-(OH2) bonds which weakens 

the remaining Men+-OSurf bond. 

Natural bond orbital analysis62 reveals a special case for the Si-O-Mn linkage, however, 

where no covalent bond is formed when the Mn2+ ion is hydrolyzed in (OH)3SiOSi(OH)2O-

Mn(OH)2(H2O)3 (Table 2; Figure 4). We also note that there is no covalent bond determined 

between the Al-Osurf in the Al2(OH)6(H2O)3O-Mn2+•5(H2O) species, but in this case there is a 

Mn2+-Osurf bond (Table 2), so adsorption would still be predicted as observed. 



Figure 4: Hydrolyzed ion adsorption on quartz and corundum modeled with the compositions (a) 
(OH)3SiOSi(OH)2O-Al(OH)3(H2O)2, (b) (OH)3SiOSi(OH)2O-Mn(OH)2(H2O)3, (c) 
Al2(OH)6(H2O)3O-Al(OH)3(H2O)2, and (d) Al2(OH)6(H2O)3O-Mn(OH)2(H2O)3. Spin states of 
Mn2+, Al3+, or Cr3+ were set to 5, 0, and 3, respectively. The circled bond energy as calculated by 
NBO analysis is compared to the O-H bond it replaces (Table 2). (Si orange, O red, H white, Al 
magenta, Mn purple)

These hydrolyzed species (Al(OH)3, Cr(OH)3 and Mn(OH)2) are end-members possible 

surface complexes in contrast to the other end-member fully hydrated models discussed above. 

Actual adsorbed species will likely fall between these two end-members and the species will 

Si

Al3+

Si

Mn2+

Al3+ Mn2+

(a) (b)

(c) (d)



change with pH of the solution. Because both the fully hydrated and fully hydrolyzed Mn2+ model 

surface complexes resulted in the weakest interactions with the model silica surface, we concluded 

that bond energetics could explain the lack of Mn2+ adsorption onto SiO2 in the QCM-D and FMC 

experiments. This was not the case for the Mn2+ surface complex model with the alumina cluster, 

so adsorption onto alumina should be favored for all the ions considered as measured 

experimentally.

Early work in the field of metal cation adsorption, in particular the James and Healy 

model,67 defined adsorption through the lens of hydrolysis, whereas either hydrolyzed species 

adsorb more favorably or species underwent hydrolysis during adsorption as we also cite in the 

introduction. However, the prominent role of hydrolysis in adsorption was not supported by results 

from this study. As seen in Table 1, two of the cations studied, Al3+ and Mn2+, did not significantly 

hydrolyze at the pH studied. The strong interactions of Al3+ with the mineral surfaces, seen both 

by FMC and QCM-D, suggested that this cation can adsorb to the mineral surface without a 

significant hydrolysis, at least at pH values at or below 3.8. Furthermore, the DFT results 

comparing the adsorption of hydrolyzed and unhydrolyzed cations showed a significant preference 

for the unhydrolyzed Al3+ ion, albeit only the extreme case of full hydrolysis was analyzed. Mn2+ 

adsorption occurred only on the Al2O3 surface, and not on the SiO2 surface. This finding was seen 

in both QCM-D and FMC results. The DFT calculations showed that a SiO2- Mn2+ bond was not 

favorable, regardless of the hydrolysis state. On the other hand, the Cr3+ interactions with both 

SiO2 and Al2O3 suggested that Cr3+ was forming a covalent bond with the surface, a significantly 

different interaction from the electrostatic adsorption for the other cations.  This was because that 

the ability of Cr3+ to form this covalent bond with the surface is due, in part, to its hydrolyzed state. 

This suite of markedly different interactions demonstrated that adsorption studies of cations in 



acidic conditions needed to take into consideration all cation species.  Adsorption may occur as a 

variety of complexes depending upon solution conditions. 

3.4. The Reversibility of Cation Adsorption 

The reversibility of the adsorption of each cation was also explored using both FMC and 

QCM-D. In FMC experiments, the reversibility was determined by comparing Qads (Table 3) of 

the initial interaction with those obtained during subsequent adsorption-desorption cycles. The 

reversibility of the Mn2+ could not be analyzed due to its low Qads on Al2O3 (0.008 ± 0.004 mJ/mg, 

Table 3) and the absence of any detectable Qads on SiO2. The adsorption and desorption of Al3+ 

was found to be nearly completely reversible on both SiO2 and Al2O3, with minimal changes in 

the calorimetric signal over consecutives cycles (Table 3). The adsorption of Cr3+ exhibited a more 

complex and partially reversible behavior. On SiO2, compared with the initial Cr3+ adsorption, 

there was a 65% decrease in the Qads during the second exposure (Table 3). We attributed this 

reduction to the inability of NaNO3 to exchange the initial Cr3+ off the surface. This was further 

confirmed by the smaller size of the [Cr3+/Na+] calorimetric peak obtained following the initial 

Cr3+ exposure (data not shown). On Al2O3, Cr3+ adsorption was found to be even less reversible, 

with 80% reduction in Qads of the second [Na+/Cr3+] cycle (Table 3). 

Table 3: Determination of the reversibility of metal cation adsorption using flow 
microcalorimetry.

Cation Qads  (in mJ/mg) Al2O3 SiO2
Initial +0.201 +0.297

Following +0.183 (0.0061) +0.296 (0.030)Al3+

% Change2 9%3 <1%
Initial -0.065 -0.032

Following -0.013 (0.006) -0.011 (0.003)Cr3+

% Change 80% 65%
1The values in parentheses correspond to the standard error 
2% Change was calculated as ([Initial – Subsequent)/Initial] × 100).  
3Low values for % change correspond to highly reversible interactions while high values 
correspond to more irreversible interactions 



The change in the heat, or lack thereof, can be used to gain insights into the strength and 

mode of binding of the cation with the mineral surface. As discussed in Cao et al.,68  Sabur et al.,69 

and Kabengi et al.,45, 70 for anions, a change in sequentially repeated heat measurements for  ion 

interaction with mineral surfaces can be attributed to irreversible processes such as complexation 

or precipitation, while unchanged heats over repeated measurements correspond to reversible 

reactions that are dominated by electrostatic interactions.  As such, the observed irreversible Cr3+ 

adsorption behavior suggested a strong surface interaction with SiO2 and Al2O3, similar to those 

described by Cao et al.68 while the reversible adsorption of Al3+ suggested electrostatic interaction 

with the SiO2 and Al2O3 surface.  

In QCM-D measurements, the reversibility was assessed by measuring the changes in 

vibrational frequency (Δƒ) of sensors during the desorption experiments, i.e., after the inlet 

solutions were switched back from the cation-containing solutions to ultrapure water (indicated by 

arrows in Figure 1). For both SiO2 and Al2O3 sensors, for all three cations the vibrational 

frequencies went back to the original baselines established in ultrapure water (Figure 1), indicating 

that the adsorbed cations can be desorbed from the substrates in ultrapure water and hence their 

adsorption is completely reversible. The discrepancy between FMC and QCM-D assessment of 

reversibility of Cr3+ could be due to differences in the protocols of the desorption experiments. 

First, NaNO3 solution and ultrapure water were used for desorption during FMC and QCM-D 

measurements, respectively. Second, powders of quartz and corundum crystals were used to 

conduct FMC measurement, while amorphous SiO2 and Al2O3 powders coated on quartz sensors 

were used in QCM-D measurements.

3.5. The Roles of Cation Hydrolysis and Dehydration in Adsorption Enthalpy and 

Reversibility



Our measurements showed that Al3+ can adsorb on both surfaces with complete 

reversibility; Cr3+ can adsorb on both surfaces with partial reversibility; and Mn2+ can only adsorb 

onto Al2O3 and its adsorption is reversible. The differences in cation adsorption on substrates and 

the adsorption reversibility could be indicative of their different interactions with the substrates. It 

has been suggested recently that most cations undergo a partial dehydration before adsorbing onto 

a mineral surface71-74 through inner-sphere binding mode. Furthermore, the relationship between 

cation dehydration and the heats of cation interactions was established43, 46, 75 for alkali and alkaline 

earth, and other multivalent cations (Cd2+, Co2+, Zn2+, Eu3+). In particular, Hawkins et al.46 and 

Allen et al.43 demonstrated that the endothermic heats measured during cation adsorption were 

primarily a function of the bulk dehydration enthalpy. As such, it is a reasonable assertion that the 

endothermic heats measured for both Mn2+ and Al3+ adsorption could also be a function of a partial 

dehydration step as seen in equation 1.

Equation 1:      > 𝑆 ― 𝑂 ― + 𝑀𝑒(𝐻2𝑂)𝑛 +
6  → > 𝑆 ― 𝑂⋯𝑀𝑒(𝐻2𝑂)𝑛 +

5 + 𝐻2𝑂

Where >S is a representative surface functional group, Me is a metal cation, and n corresponds to 

the charge on the cation.

On another hand, the exothermic heat measured during the Cr3+ adsorption alludes to a 

different adsorption mechanism. As seen from the reversibility analysis above, Cr3+ interaction 

with the surface is partially irreversible, suggesting that it is forming a stronger interaction with 

the surface, potentially as an inner-sphere complex or covalent bond as discussed in the DFT 

section.  To make such a bond, Cr3+ would first need to partially dehydrate to attain a point close 

enough to the surface to form the bond.  Hence, the expected measured heat would be the net 

summation of the dehydration energy (endothermic process) and the bond formation energy 

(exothermic process).  The energy of a Cr-O bond formation is tabulated at -461 kJ/mol76 whereas 



the bulk hydration enthalpy (Hhyd) of Cr3+ is -4560 kJ/mol77. A H2O loss from the hydration shell 

can then be roughly approximated to release ~ +760 kJ/mol (bulk hydration enthalpy/coordination 

number of 6).46 Therefore, the measured heat should still be a net endothermic reaction. But as 

seen in Table 1 and Figure 4, under our experimental conditions, a sizable percentage of Cr3+ exists 

in a hydrolyzed state, Cr(OH)2+ and the trimer Cr3(OH)4
5+, and hence the bonds between the cation 

and the remaining H2O molecules are much weaker and have a lower dehydration energy.78  In 

this case, the net measured heat for Cr3+ adsorption will become exothermic, as found 

experimentally. 

Although the bulk solution was undersaturated with respect to Cr(OH)3, the surface 

precipitation of amorphous chromium hydroxide (Cr(OH)3) on the mineral surface must be also 

considered as a possibility to explain the interaction of the Cr3+ with the mineral surfaces. 

However, a precipitation is expected to be endothermic (+110.5 kJ/mol)79 and this would have 

been detected calorimetrically. Furthermore, since the net energy measured was exothermic a 

significant surface precipitation reaction was ruled out.

4. Conclusions

This work combined FMC, QCM-D, and DFT to examine the interactions of three metal 

cations (Al3+, Cr3+, and Mn2+) and their hydrolyzed states (Mn(OH)n+) with SiO2 and Al2O3 

surfaces under acidic pH condition (pH ~ 3.8) by systematically investigating their selective 

adsorption and reversibility, reaction energetics, and bond energy. QCM-D and FMC experiments 

showed that the cations could adsorb onto both surfaces with the exception of Mn2+ onto the SiO2 

surface. FMC determined that Mn2+ adsorption on Al2O3 was endothermic, the adsorption of Al3+ 

on both surfaces was endothermic and completely reversible, and the adsorption of Cr3+ on both 

surfaces was exothermic and partially reversible (65% on SiO2 and 80% on Al2O3). The selective 



adsorption of these cations onto SiO2 and Al2O3 surfaces was rationalized by comparing bond 

energies between the adsorbed cations and SiO2/Al2O3 to the Si-(OH) and Al-(OH) bonds each 

would be replacing during adsorption. DFT calculations showed that Mn2+-SiO2 bond is not 

favorable over Si-(OH) whereas the bond energies for adsorbed Cr3+ and Al3+ on both surfaces and 

Mn on Al2O3, were lower than the Si-(OH) and Al(-OH). In all instances, DFT agreed with 

experimental results. 

The underlying mechanisms were further revealed through the enthalpic sign and 

reversibility of the adsorption of each cation.  The endothermic heat measured for Mn2+ adsorption 

on Al2O3 and Al3+ adsorption on both surfaces indicated that their adsorption involved dehydration 

while the complete reversibility of the adsorption pointed out to the formation of weak electrostatic 

interactions.  The exothermic and partially irreversible adsorption of Cr3+ with SiO2 and Al2O3 was 

believed to indicate the formation of inner-sphere complexes or covalent bonds as opposed to 

Cr(OH)3 precipitates which would have been endothermic. Cr3+ was thought to exhibit a different 

adsorption mechanism due to hydrolysis, in that at pH 3.8 a large percentage (78.7%) of Cr3+ exists 

as hydrolyzed specie which lowered the energy cost of dehydration resulting in an exothermic 

reaction. Furthermore, the favored covalent bond formation between hydrolyzed Cr species and 

the surface resulted in a partially irreversible adsorption. 

This study provided new insights on the roles of ion hydration/dehydration and hydrolysis 

on cation adsorption whereby the latter favored specific adsorption by lowering the energy cost of 

dehydration. The dielectric constants of quartz and corundum studied here did not vary enough to 

observed markedly different results. Further work will encompass surfaces with even high 

dielectric constant, e.g., rutile (  or anatase ( = 121).   



Our study presented a modeling “shortcut” to rationalizing experimental adsorption data 

obtained from both FMC and QCM-D. The relatively quick and qualitative method uses bond 

energies as a guide to indicate the possibility of thermodynamically favored adsorption. The strong 

agreement between DFT and the experimental techniques suggests the new method to be an 

exciting and viable approach for the study of other potentially more complex adsorption systems.   
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