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Abstract The adsorption of Cu(II), Mn(II), and U(VI)

ions by mesoporous silica nanoparticles (NPs) was inves-

tigated by batch experiments to assess the potential using

NPs to remediate acid mine drainage (AMD) contaminated

water. Adsorption reactions were found to be rapid,

attaining equilibrium within 5 min for Cu and less than a

minute for Mn and U. Calculated adsorption rates based on

the pseudo-second order model (R2 = 0.99) showed that

Mn adsorption was[3 times faster than Cu and 7 times

faster than U. Adsorption increased with pH and temper-

ature, and DG� and DH� values indicate that the process

was spontaneous and endothermic. Isotherm data were best

described by the Freundlich and Temkin models

(R2 = 0.99), with chemisorption responsible for the

removal of Cu and Mn, and adsorption and precipitation for

U removal. Importantly, Fe3?, Mn, and SO4
2- ions

increased adsorption from 52, 56, and 49 % to 77, 66, and

76 % for Cu, Mn, and U, respectively. Cu removal was,

however, inhibited in 1:2 Cu:Mn solutions. NPs were then

applied to actual AMD-contaminated ground and surface

water. As in simulated AMD, adsorption was higher for Mn

than Cu and removal efficiencies of up to 60 % for Mn and

34 % for Cu were attained. These NPs therefore offer an

alternative for Mn removal that precludes pH adjustment

and the copious amounts of lime required for that.

Importantly, they can be used for cost-effective treatment

of AMD-contaminated water.
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Introduction

In addition to its economic benefits, mining often causes

significant environmental damage (Nriagu 1988). Gold

mining in the Witwatersrand region of South Africa, for

example, has severely contaminated ground and surface

water with metal-laden acid mine drainage (AMD). Rivers

and streams used for potable and agricultural purposes are

contaminated, and recent efforts at re-working old dumps

for unrecovered gold have exacerbated the problem (Du-

rand 2012; Naicker et al. 2003; Tutu et al. 2008). AMD-

contamination of water resources is of concern due to the

detrimental effects of excessive metal concentrations

(Georgopoulos et al. 2011); their removal from contami-

nated water is therefore vital.

A number of techniques, including chemical precipita-

tion, bioremediation, adsorption, and ion exchange exist for

the removal of metal ions from AMD-contaminated water.

Adsorption is widely investigated due to its low costs and

the wide range of adsorbents available, including agricul-

tural wastes, fly ash, and activated carbon (Babel and

Kurniawan 2003). Lately, the use of nanomaterials as

adsorbents has attracted interest because nanomaterials

have better reactivity and larger surface area to volume

ratios, which facilitate greater adsorption rates and effi-

ciencies (Brown et al. 1999). Engates and Shipley (2011),
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for example, noted that metal adsorption was [5 times

faster with titanium dioxide (titania) NPs (8.3 nm) than

with bulk particles (329.8 nm).

Nanoparticles (NPs) of various metal oxides, including

iron, aluminium, titanium, and manganese have been

extensively investigated for metal removal [see review by

Hua et al. (2012)]. Silica NPs have also been widely

researched (Lee et al. 2011; Michard et al. 1996; Wu et al.

2009). These studies are, however, not applicable to AMD

conditions because of the pH at which they were conducted

and because relevant ions (e.g. sulphates, ferric, and

manganese ions) that could potentially influence adsorption

were not studied.

Mesoporous silica NPs are potentially especially appro-

priate for removing contaminants fromAMD for a number of

reasons, including their high surface area and low (pH 2–3)

pHPZC (Kosmulski 2009), which means that particles are

negatively charged at the low pH of AMD (often B 3), and

primed for cation adsorption. A high surface area translates to

higher adsorption efficiencies than bulk counterparts, a

requirement for less adsorbent masses, and consequently,

generation of lower waste volumes (Engates and Shipley

2011). This is particularly important in light of the challenges

currently presented by toxic waste disposal. NPs may also be

used in smaller-scale treatment options, e.g. as adsorbents in

water filtration devices. Such devices are particularly relevant

where large scale pump-and-treat set-ups are uneconomical

due towide geographic dispersal of sources or lowvolumes of

contaminated water, but where treatment is still required due

to exposure of populations to contaminated water. In Johan-

nesburg, for example, residents of informal settlements and

small farm holdings are reported to drink and cook with water

from AMD-contaminated streams and groundwater (Saad

et al. 2013). We assessed the sorptive action of mesoporous

silica NPs and their suitability for the removal of Cu,Mn, and

U from AMD-contaminated waters. U contamination is par-

ticularly significant in the Witwatersrand gold fields, with

concentrations as high as 72.7 mg L-1 (Tutu et al. 2008).

Using commercially prepared silica NPs and low pH metal

solutions, we quantified the effects of time, metal concentra-

tion, NP concentrations, temperature, and Fe3?, Mn2?, and

SO4
2- ions on adsorption of these ions. The process was also

studied at higher pHs in order to determine process efficiency

in pH-amended mine water.

Materials and Methods

The size and morphology of silica NPs (Sigma Aldrich;

Schnelldorf, Germany) were investigated by transmission

electron microscopy (FEI Tecnai G2 Spirit TEM). 0.1 g of

silica NPs was suspended in 100 mL of deionised water

and sonicated for 30 min. A drop of the suspension was

then placed on a lacey copper grid and left to dry for

20 min before analysis. Fourier transform infrared (FTIR)

spectra of NPs were collected in the 4,000–500 cm-1 fre-

quency range on a Bruker Tensor 27 IR spectrophotometer

(MA, USA). The specific surface area and porosity of

particles were determined by the BET (Brunauer–Emmett–

Teller) and BJH (Barret–Joyner–Halenda) methods using a

Micrometrics Tristar 3000 porosity analyser (GA, USA).

All metal salts used were analytical grade. Copper

nitrate (Cu(NO3)2�2.5 H2O) and manganese nitrate

(Mn(NO3)2�H2O) were from Sigma Aldrich (Schnelldorf,

Germany). Uranyl nitrate (UO2(NO3)2�6H2O), ferric nitrate

(Fe(NO3)3�9H2O), and disodium sulphate (Na2SO4) were

from Ace Chemicals (Johannesburg, South Africa). Stock

metal solutions (1,000 mg L-1) were prepared by dis-

solving appropriate masses of metal salts in deionised

water. NP suspensions (3 mg L-1) were prepared by

30 min water bath sonications. Where necessary, the pH of

metal solutions and NP suspensions was adjusted prior to

experiments using 0.01 M HNO3 and 0.01 M NaOH. All

experiments were carried out in triplicate, at pH 3.0 (±0.2)

and ambient temperature (25 ± 2 �C).
Metal adsorption was studied in batch experiments using

13.11 mg Cu L-1, 7.55 mg Mn L-1 and 42.18 mg UL-1

solutions. Freshly sonicated NP suspensions (10 mL) were

reacted with 10 mL metal nitrate solutions in 50 mL

polyethylene terephthalate (PET) jars for 60 min. A similar

procedure was followed for surface and ground water

samples except without pH adjustment. Surface water was

collected on two occasions from the Tweelopiespruit, a

stream into which a mine shaft decants (26�50021.6700S,
27�42057.4900E). The first sampling site was approximately

500 m downstream of the second. Groundwater was from a

well 650 m away from the stream (26�05032.600S,
27�42044.600E).

The effect of contact time was evaluated for durations

ranging from 5 s to 60 min. The effects of Fe3?, Mn2?, and

SO4
2- ions, introduced as Fe(NO3)3�9H2O, Mn(NO3)2-

H2O, and Na2SO4, respectively, were quantified for 1:1 and

1:2 molar ratios to the test ion. At the end of the experi-

ments, mixtures were filtered and filtrates acidified with

3 mL of 1 % HNO3. Metal concentrations in filtrates were

determined by inductively coupled plasma-optical emis-

sion spectrometry (ICP-OES; Kleve, Germany). Adsorp-

tion efficiencies were determined by mass balance

calculations. The equilibrium adsorption capacity of NPs

(qe; mg g-1) was calculated using Eq. 1 (Lee et al. 2011),

where Ci and Ce are the initial and equilibrium ion con-

centrations (mg L-1), m is the mass of adsorbent (g), and V

is the volume of adsorbent solution used (L).

qe ¼
ðCi � CeÞV

m
ð1Þ
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Data Analysis

Kinetics data were fitted to the pseudo-first-order model

(Eq. 2) and the pseudo-second-order model (Eq. 3), where

qe and qt are the NP metal loading capacities (mg g-1) at

equilibrium and time t, respectively (Ho and Mckay 2004).

The rate constants, k1, and k2, were determined from the

slope and intercept of the plots of the equations plotted as

follows: log (qe - qt) versus t for the pseudo-first-order

model and t/qt versus t for the pseudo-second-order model.

logðqe � qtÞ ¼ log qe �
k1

2:303

� �
t ð2Þ

t

qt
¼ 1

k2

� �
þ 1

qe

� �
t ð3Þ

Isotherm data were fitted to the Langmuir, Freundlich,

and Temkin models (LeVan and Vermeulen 1981). The

Langmuir model, which best describes monolayer adsorp-

tion, is underlain by assumptions such as the absence of

adsorbate interactions. Its linear form is given in Eq. 4,

where qmax is the maximum concentration of metal ions

sorbed per unit weight of NPs (mg g-1), and KL (L mg-1)

is the Langmuir constant for the reaction. qmax and KL were

determined from the intercept and slope of the plot of Ce/qe
versus Ce.

Ce

qe
¼ 1

qmax

� �
Ce þ 1

KLqmax

� �
ð4Þ

The Freundlich model on the other hand, accommodates

multi-layer adsorption. It is expressed by Eq. 5, where KF

and 1/n are constants specific to each reaction. KF (mg g)

(L mg)1/n is the adsorption value at unit concentration, and

1/n is related to the adsorption intensity and heterogeneity

of the sorbent surface (Foo and Hameed 2010). These

constants were deduced from the intercept and slope,

respectively, of a plot of log qe versus log Ce.

log qe ¼
1

n

� �
logCe þ logKF ð5Þ

The Temkin model accounts for the effects of adsorbate

interactions excluded by the Langmuir model. It assumes

that the heat of adsorption decreases linearly as adsorption

increases due to these interactions. It is represented by

Eq. 6 where R is the gas constant (8.3145 J mol-1 K-1), T

is the absolute temperature, bT is the variation in adsorption

energy (J mol-1), and AT is the equilibrium binding con-

stant (L mg-1). bT and AT were deduced from the slope and

intercept of a plot of qe versus ln Ce.

qe ¼
RT

bT
lnCe þ

RT

bT
� lnAT ð6Þ

The effect of temperature on adsorption at pH 3 was

assessed at temperatures ranging from 293 to 310 K. The

standard Gibbs free energy (DG�) was calculated using

Eq. 7 where R is as given above and K is the experimental

temperature in Kelvin. Kc was calculated using Eq. 8

where Cads is the adsorbed metal concentration at

equilibrium.

DGo ¼ �RT ln Kc ð7Þ

Kc ¼
Ce

Cads

ð8Þ

The standard enthalpy (DH�) and entropy (DS�) of

reactions were then deduced from the slope and intercept of

a plot of Van’t Hoff’s equation (Eq. 9), i.e. ln Kc versus

1/T.

ln Kc ¼ �DHo

R
� 1
T

þ DSo

R
ð9Þ

Results and Discussion

Particle Characterisation

Transmission electron micrographs (Fig. 1) revealed

polydisperse porous silica particles with diameters in the

\20–50 nm range. The average BET surface area of par-

ticles was determined as 612 m2 g-1 and the average pore

diameter as 4 nm, indicating that the particles were mes-

oporous (Sing et al. 1985). FTIR spectra (data not shown)

consisted of two distinct frequency regions:

4,000–2,500 nm and 1,700–400 nm, which confirmed the

silica composition of the NPs, i.e. a broad adsorption band

in the 4,000–2,500 nm region due to O–H vibrations from

Fig. 1 a Transmission electron micrograph of silica NPs
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adsorbed or molecular water and one in the 1,700–400 nm

range due to Si–OH vibration and stretching modes (Swann

and Patwardhan 2011).

Effect of Adsorbent Concentration

The optimal adsorbent concentration for experiments was

determined by reacting metal solutions with 1, 3, 5, and

9 mg L-1 of silica NP suspensions for 60 min. The results

(Fig. 2) show that adsorbed metal concentrations increased

and then decreased, albeit slightly, with increasing adsor-

bent concentrations.

A number of NP properties affect the behaviour of NPs

in aqueous media, and subsequently, their adsorption effi-

ciency. For example, as opposed to larger adsorbents

whose sorption efficiencies tend to increase with adsorbent

concentration, metal adsorption with silica NPs was

reduced at NP concentrations greater than 3 mg L-1. This

is likely due to NP agglomeration, which reduces access to

sorption sites. NP agglomeration in aqueous media occurs

as the result of the high surface energies of NPs. The

process is affected by, among other things: NP concentra-

tions, i.e. higher concentrations increase the chances of

collisions and; solution pH, i.e. NP coalescence increases

as solution pH approaches the pHPZC because of reduction

in repulsive surface charges (Guzmán et al. 2006). With a

pHPZC of pH 2, silica NPs were likely considerably

agglomerated and increasing their concentration only

served to increase agglomeration, hence the lower

adsorption. Optimal adsorption for all three metals corre-

sponded with an NP concentration of 3 mg L-1; this NP

concentration was therefore used in subsequent

experiments.

Effect of Contact Time

The effect of contact time on adsorption was studied at

time durations ranging from five s to 60 min. Reactions

were rapid and equilibrium was attained in 5 min for Cu

and within a minute for Mn and U (Fig. 3). Rapid

adsorption rates were also reported in other investigations,

including those of Akhbarizadeh et al. (2013) and Lee and

Yi (2007). Brown et al. (1999) proposed that this phe-

nomenon is due to the higher number of surface atoms and

defects such as kinks and edges that are more reactive.

Kinetics data were better described by the pseudo sec-

ond-order model than the pseudo-first-order model

(Table 1). The highest initial adsorption rate (h) and

equilibrium adsorption concentration (qe) were recorded

for U due to greater mass transfer action from higher initial

concentrations (Ho and Mckay 2004). However, the overall

adsorption rate (k2), was highest for Mn, despite the fact

that higher concentrations of Cu and U should have

resulted in greater driving forces and faster rates for Cu and

U. Indeed, the Mn adsorption rate was[3 times faster than

that of Cu and 7 times faster than that of U. We surmise

that the structural configuration of sorption sites on NP

surfaces was more favourable to Mn ions than Cu and U.

This hypothesis was put forward by Madden and Hochella

(2005), who found that certain binding environments sta-

bilized the distorted octahedron of Mn3? relative to the

perfect octahedron of Mn2?. Thus, steric hindrances and

configurational disadvantages may have slowed down the

adsorption of Cu and U to sorption sites, and eventually

reduced their equilibrium adsorption efficiencies.

Effect of Initial Metal Concentrations

The adsorption capacity of silica NPs at pH 3 was studied

using metal concentrations ranging from 13.11 to
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127 mg L-1 for Cu, 7.55 to 84 mg L-1 for Mn and 4.46 to

464 mg L-1 for U. For all three, equilibrium NP loading

(qe) increased with initial metal concentrations (Fig. 4). As

noted earlier, this was due to greater driving forces at

higher initial concentrations for mass transfer to the

adsorbent surface (Ho and Mckay 2004).

Isotherm data were better described by the Freundlich

and Temkin models (Table 2). The following conclusions

can therefore be made concerning the adsorption of test

ions to silica NPs: (1) sorption sites on the silica surface

were energetically heterogeneous; (2) metal ions formed

more than one layer on the silica surface; (3) adsorbate–

adsorbate interaction influenced adsorption, and; (4) the

adsorption energy decreased linearly with increasing

adsorption. In addition, KF values revealed that, under the

experimental conditions, the sorption capacity of silica NPs

was much lower for U than Cu and Mn. This is largely a

factor of space utilization by adsorbed ions. With a diam-

eter of 6.5 Å (Krestou et al. 2003), the hydrated U ion

occupies more space than Cu (4.19 Å) and Mn (4.38 Å)

ions (Nightingale 1959). It is also noteworthy that

adsorption of Mn exceeds that of Cu, the smaller size of the

latter ion notwithstanding. A possible explanation for this

has already been mentioned. With respect to 1/n values, the

\1 values for Cu and Mn imply chemisorption processes

for these ions. The [1 1/n value for U, in contrast, is

indicative of a cooperative removal processes, i.e.

adsorption and precipitation (Foo and Hameed 2010); this

conclusion is corroborated by the findings of Michard et al.

(1996).

Effects of Fe3?, Mn2?, and SO4
2- Ions

The effects of Fe3?, Mn2?, and SO4
2- ions on the

adsorption of Cu, Mn2?, and U were investigated at pH 3.

The effects of all three additional ions were tested for Cu

and U, but only Fe3? and SO4
2- effects were investigated

for Mn. Ferric and sulphate ions increased the adsorption of

all three test ions in the order U[Cu[Mn (Fig. 5a, b).

The effect of Mn ions was, however, varied, i.e. increasing

U adsorption in both equimolar and 1:2 systems, but

inhibiting Cu adsorption in 1:2 Cu/Mn systems (Fig. 5c).

To explain these observations, metal speciation at vari-

able pH was deduced using MEDUSA software (KTH

Royal Institute of Technology 2004). Results indicated that

Cu formed a CuFe2O4 precipitate in the presence of ferric

ions (supplemental Figure 1a), to which the increase in Cu

removal may be ascribed. However, no complex was

formed with Mn and U. The slight increases in adsorption

may be due to additional sorption sites availed by the

Fe2O3 phase (supplemental Figure 1b). [Supplemental

figures accompany the on-line version of this paper, which

can be downloaded for free by all journal subscribers].

Sulphates, on the other hand, likely enhanced adsorption by

lowering the energy barrier for the approach of ions to the

adsorbent surface (James and Healy 1972b) or the forma-

tion of more adsorbable species (Benjamin and Leckie

1982). Kosmulski (1999) also suggested that when anion

concentrations are higher than metal concentrations,

adsorption may be enhanced by the formation of ternary

surface complexes.

With respect to Mn and its concentration-dependent

effects on Cu sorption, we surmise that both ions sorb to

similar sites on the silica surface (Benjamin and Leckie

1981). Competition for sorption sites thus ensued in mixed

solutions, and Cu sorption was inhibited due to the faster

sorption rate and possible configurational advantages of

Mn (see earlier discussion). Inhibition is, however, not

evident in equimolar solutions due to availability of sorp-

tion sites.

Table 1 Adsorption rate

constants and coefficients of

correlation (R2) for kinetics

models fitted to adsorption data

Metal Initial concentration

(mg L-1)

Pseudo-second order model Pseudo-first order

model

R2 k2
(mg g-1 s-1)

h (mg g-1 s-1) qe
(mg g-1)

R2

Cu 13.11 1 0.02 11.99 22.78 0.75

Mn 7.55 1 0.07 14.04 14.14 0.74

U 42.18 1 0.01 28.57 69.44 0.89
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Fig. 4 The effect of initial metal concentration on adsorption of Cu

(a), Mn (b) and U (c) (±SD) by silica NPs

Mine Water Environ (2015) 34:231–240 235

123



Effect of pH

Adsorption was studied at higher pH in order to determine

the efficiency of the process in contaminated waters whose

pH has been amended intentionally or by natural processes.

Adsorption of all three ions increased with solution pH

(Fig. 6). Copper adsorption increased from 52 % at pH 3 to

94 and 99 % at pH 7 and 9, respectively. Increases in Mn

adsorption, on the other hand, were modest: only 5.7 %

across the test pH range. The maximum adsorption of U

(77 %) was recorded at pH 7 and 9 due to the dominance of

(UO2)2(OH)2
2?�H2O in solution above pH 6.

As reported by James and Healy (1972a) and Krestou

et al. (2003), increases in adsorption coincided with the

onset of hydrolysis and the formation of more adsorbable

species like Cu(OH)2 and UO2(OH)2. Removal of all three

ions was also influenced by declining competition from H?

ions as pH increased. Solution pH also influenced adsorbent

properties, i.e. (1) the silica surface became more nega-

tively charged and thus favourable for cation adsorption;

(2) NPs experienced less aggregation resulting in greater

Table 2 Parameters of

adsorption isotherms fitted to

adsorption data

Metal Freundlich isotherm Temkin isotherm Langmuir isotherm

R2 KF (mg g-1)

(L mg-1)1/n
1/n R2 AT (L g-1) bT (MJ mol-1) R2

Cu 0.99 4.06 0.95 0.95 1.58 9 104 1.9 0.60

Mn 0.99 4.45 0.95 0.92 2.46 9 104 2.5 0.44

U 0.99 1.44 1.19 0.83 6.91 9 104 3.2 0.28
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access to sorption sites (Guzmán et al. 2006), and; (3)

increased silica dissolution increased the population of

available sorption sites (Kosmulski 2000). Indeed, changes

in adsorbent surface properties may be responsible for the

slight increases in Mn adsorption since it did not hydrolyze

in the test pH range. Hydrolysis does not, however, guar-

antee maximum adsorption. Krestou et al. (2003) suggested

that U adsorption may not attain high efficiencies due to the

non-adsorption of poly-nuclear species like (UO2)2(OH)2
2?

and (UO2)3(OH)5
?, and uranyl carbonate species. Sorption

efficiencies presented here are similar to those reported by

Štamberg et al. (2003) in the presence of carbonates (75 %)

and although they do not attain the 95 % removal effi-

ciencies of carbonate-free systems, they provide a more

accurate picture for in situ operations.

Effect of Temperature

The effect of temperature on adsorption was investigated at

293, 298, 303, and 310 K. Adsorption increased with

temperature from 49 to 58 % for Cu, 54 to 61 % for Mn,

and 45 to 56 % for U, implying that adsorption of these

ions to sites on the silica surface is an endothermic process

(Table 3). DG� values were negative, indicating that

adsorption was spontaneous and thermodynamically

favourable. The increasing negativity of DG� with tem-

perature also indicates increased adsorption at higher

temperatures. The positive DS� and DH� values corroborate
the findings on the spontaneity and endothermic nature of

adsorption reactions. Similar results were reported for

adsorption of Cu and Mn to kaolinite (Yavuz et al. 2003)

and U to tin oxide NPs (Nilchi et al. 2013).

Adsorption Mechanism

Adsorption takes place in a number of stages including the

transfer of solute molecules from the bulk solution to the

exterior of the adsorbent surface, film diffusion, and

adsorption to sites on the exterior surface and within pores.

Solute transfer in bulk solution is generally a rapid process

while film diffusion likely controls the adsorption rate only

during the early stages of the reaction. In porous sorbents

such as the one used here, transport to sorption sites within

pores likely controls the adsorption rate. To investigate the

possibility of this, kinetics data were fitted to the

intraparticle diffusion model of Weber and Morris (1963)

(Eq. 10) where the intraparticle diffusion rate, kipd
(mg g-1 s0.5) is determined from the slope of a plot of qt
versus t0.5. If intraparticle diffusion is the only rate con-

trolling step, the intercept (C) is at the origin. Where

C[ 0, both external mass transfer and pore-diffusion

control the adsorption rate.

qt ¼ kipd � ðt0:5Þ þ C ð10Þ

Figure 7 shows the plot for Cu; Mn and U plots were

similar. Tri-linearity is evident, indicating a three-step

adsorption. The first steep linearity can be assigned to

external surface adsorption, the second to intraparticle

diffusion, and the third to the equilibrium stage (Ramadan

et al. 2010). As the second line does not pass through the

origin, intraparticle diffusion is not the sole rate-controlling

step. Such a conclusion is plausible because access of the

hydrated test ions would not be impeded by NP pores with

a diameter of 4 nm. Overall adsorption rates, therefore,

were determined both by external mass transfer and

intraparticle diffusion.

Application Studies

Silica NPs were then applied for the removal of these three

ions from field samples of AMD-contaminated surface and

ground water. The physical and chemical characteristics of

the surface water samples (SW1 and SW2) and the

Table 3 Thermodynamic

parameters for the adsorption of

Cu, Mn and U to silica NPs

Metal DG� (kJ mol-1) DH� (kJ mol-1) DS� (J mol-1 K-1) R2

293 K 298 K 303 K 310 K

Cu -3.38 -3.69 -3.91 -4.33 18.32 9.01 0.99

Mn -4.17 -4.39 -4.61 -4.95 15.26 8.09 0.99

U -0.02 -0.42 -0.73 -1.15 21.95 9.03 0.99

20
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Fig. 7 Intraparticle diffusion plot for adsorption of Cu to silica NPs

at pH 3
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groundwater sample (GW) are presented in Table 4. The

chemical signatures of SW1 and SW2 are variable, likely

due to dilution from rainfall shortly before the SW2 sample

was collected.

The results of adsorption experiments are shown in

Fig. 8. Just as with experiments using simulated AMD,

more Mn than Cu was adsorbed. This further strengthens

the hypothesis that Cu and Mn bind to similar sites on

silica. Competition for sorption sites, however, also

depends on aqueous concentrations and therefore more Mn

was adsorbed due to its higher concentrations. Cu adsorp-

tion was higher in the SW2 than SW1 sample due to the

lower Cu:Mn ratio in the former (Table 4). The lowest Cu

adsorption was in GW where the Mn concentration was 63

greater than the Cu concentration.

Mn removal is often challenging because its late

hydrolysis necessitates copious amounts of lime (CaO) for

pH adjustment (Johnson and Hallberg 2005). Silica NPs

offer an alternative that circumvents the need for prior pH

adjustment and, depending on the initial concentrations,

low Mn concentrations may be achieved in a few adsorp-

tion cycles.

Cost Assessment

A number of techniques are available for the treatment of

AMD (see Johnson and Hallberg 2005). In the Central

Witwatersrand Basin, a pump-and-treat facility costing

approximately USD 30 million has recently been installed

by Central Rand Gold to lower the water table to improve

access to deeper mining and to treat AMD issuing from the

void (Kolver 2014). This plant is designed to treat 84

million L of AMD per day. Both pumping and the high

density sludge process used by this plant are energetically

demanding, and the approach is likely only competitive

because it includes the financial incentive of expanded

mining access. This facility cannot be used to treat con-

tamination in the many other AMD-contaminated surface

and groundwater bodies around the metropolis due to their

low water volumes, dispersed geographical locations, and

the considerable costs that would be involved in collecting

such waters to a single treatment facility.

Compared to reverse osmosis and distillation, adsorption

using nanomaterials, zeolites, and ion-exchange resins is a

viable, effective, and relatively low-cost option for house-

hold and community-scale treatment of metal-contaminated

water (Meridian Institute 2006; supplemental Table 1).

Although nanomaterials are more costly than zeolites

(0.5–4.50 USD/kg) and ion-exchange resins (42 USD/kg),

they are likely more efficient due to their higher surface

areas. Among nanomaterials, silica NPs have several

advantages, including stability and higher adsorption at low

pH, as well as not suffering from corrosion and passivation

like the more commonly used nano zero valent iron (n-ZVI).

At 1,500 USD/kg, silica NPs are also less costly than an

already commercialized product using ferric oxide, which

costs 4,500 USD/kg (supplemental Table 1). In this work,

3 mg of silica NPs treated a litre of AMD. The NPs were

purchased at R885 (75 USD) for a 50 g bottle. Thus, 50 g

should clean 16,667 L, which translates to 0.5 US cents per

litre of cleaned water (adsorbent-only cost). This cost should

decrease once larger quantities of thematerial are purchased,

due to economies of scale.

These nanoscale adsorbents can also be functionalised

and used to target potentially valuable metals, which can

then be recovered when filter columns are replaced. The

use of silica NPs for treatment of AMD-contaminated

water therefore has potentially enormous and multi-faceted

economic and social benefits.

Conclusions

We studied the adsorption of Cu, Mn, and U by meso-

porous silica NPs with the aim of determining their

Table 4 Physico-chemical

characteristics of contaminated

water used in application studies

Sample pH Conductivity

(mS cm-1)

Redox potential

(mV)

[Cu]tot mg L-1

(SD)

[Mn]tot mg L-1

(SD)

[U]tot mg L-1

(SD)

SW1 3.13 3.52 209.0 1.44 (0.003) 49.74 (0.002) b.d

SW2 2.79 3.87 227.7 1.22 (0.046) 16.48 (0.006) b.d

GW 5.62 2.76 6.9 0.24 (0.001) 15.00 (0.140) b.d
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Fig. 8 Removal efficiencies of Cu and Mn from contaminated

surface and groundwater by silica NPs; U concentrations were below

detection limits
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applicability for the treatment of AMD-contaminated

waters. Results indicate that silica NPs can indeed be used

for the adsorptive removal of Cu, Mn, and U from con-

taminated water at pH 3. Adsorption rates were rapid,

implying that metal removal in systems with fast flow-

through rates would be successful. However, Cu removal

was inhibited by high concentrations of Mn, so repeated

adsorption cycles or the modification of silica NP surfaces

by functionalities with high affinity for Cu, e.g. amine

groups, may be required to attain significant Cu removal in

water with high Mn levels. Silica NPs present opportunities

for low-cost, efficient provision of clean, potable water

from AMD-contaminated sources, as well as potential for

the selective recovery of some metals.
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