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Abstract

:

Fluorinated surfactants, which fall under the class of per- and polyfluoroalkyl substances (PFAS), are amphiphilic molecules that comprise hydrophobic fluorocarbon chains and hydrophilic head-groups. Fluorinated surfactants have been utilized in many applications, e.g., fire-fighting foams, paints, household/kitchenware items, product packaging, and fabrics. These compounds then made their way into the environment, and have been detected in soil, fresh water, and seawater. From there, they can enter human bodies. Fluorinated surfactants are persistent in water and soil environments, and their adsorption onto mineral surfaces contributes to this persistence. This review examines how fluorinated surfactants adsorb onto mineral surfaces, by analyzing the thermodynamics and kinetics of adsorption, and the underlying mechanisms. Adsorption of fluorinated surfactants onto mineral surfaces can be explained by electrostatic interactions, hydrophobic interactions, hydrogen bonding, and ligand and ion exchange. The aqueous pH, varying salt or humic acid concentrations, and the surfactant chemistry can influence the adsorption of fluorinated surfactants onto mineral surfaces. Further research is needed on fluorinated surfactant adsorbent materials to treat drinking water, and on strategies that can modulate the fate of these compounds in specific environmental locations.
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1. Introduction


Water, a necessity for all life on this planet, is regularly tested for its quality; however, past actions (or lack of action) have made this task challenging. Our society faces a dilemma in that several chemicals that are highly beneficial to our quality of life end up being environmental pollutants, and these pollutants reside in the water that we drink and use in various activities. Several pollutants found in water, such as various pesticides, herbicides, and fire retardants, can cause adverse health effects, such as skin diseases, cancer, nausea, vomiting, cardiac arrest, birth defects, reproductive hormonal defects, and gastrointestinal issues [1,2,3,4,5]. Heavy metals, such as lead, mercury, cadmium, and chromium, have found their way into the environment and into human bodies, where they can cause multiple organ failures [6,7]. Other toxic chemicals that exist in the environment are persistent organic pollutants (POPs). POPs are bioaccumulative and do not degrade in the environment from naturally occurring chemical or biological processes [8,9].



Among various pollutants, per- and polyfluoroalkyl substances (PFAS) are of increasing concern [10,11]. Table 1 presents the chemical structure and select physicochemical properties of various PFAS surfactants that are discussed in this review [12,13,14,15,16,17,18]. General uses of PFAS include reduction in surface tension, foaming, lubrication, water/oil repellency, and coatings [19,20,21]. While their fluorocarbon part is highly hydrophobic, their functional head-group renders fluorinated surfactants soluble and mobile in aqueous environments [22]. Through waste disposal and other avenues, PFAS have slowly made their way into drinking water, streams, rivers, lakes, and oceans [23,24,25] as depicted in Figure 1 [26]. The removal of PFAS from the ecosystem can be quite difficult, because these compounds are highly persistent and uncooperative to conventional water treatment methods [27,28,29,30,31,32]. A wide range is available of fluorinated surfactants that have unique traits and chemical structures. Fluorinated surfactants include perfluoroalkyl acids (PFAA), such as perfluorinated carboxylic acids (PFCA), perfluoroalkane sulfonates (PFSA), etc. [33]. The most prevalent and discussed about are perfluorooctane sulfonate (PFOS) and perfluorooctanoic acid (PFOA). More specifically, these perfluorinated surfactants have been used in fire-fighting foams, paints, non-stick cookware, waterproof clothing, leather products, etc. [28,34,35,36].



Since fluorinated surfactants are toxic and considered pollutants, in 2016, the US Environmental Protection Agency (EPA) provided health advisory levels (HAL) for drinkable water containing 70 ng L−1 of PFOS and PFOA. The EPA also issued a HAL on drinking water that consists of 100 to 7000 ng L−1 of PFAS that have C—F chains four to seven carbon atoms in length [37]. PFAS are concerning because they have been found in our drinking water, soils, and sediments, so it is almost unavoidable to ingest these compounds [23,38]. Once ingested, fluorinated surfactants, such as long-chain PFAA, PFSA, and PFCA, show bioaccumulative characteristics, where these compounds can gather within a human body at a rate faster than can be excreted or catabolized [38]. These toxic PFAS can cause increased risks of cancer and immune-related health conditions [39,40,41].



In order to reduce the risks of drinking water that contains PFAS with C—F chains longer than seven carbons, manufacturers have been synthesizing and selling PFAS with shorter C—F chains, specifically perfluorobutanoic acid (PFBA) and perfluorobutane sulfonate (PFBS), which have shown low adsorption in freshwater environments [42,43]. While PFBS is further researched as a substitute to long-chain PFAS, not all short-chain PFAS can be used as substitutes; indeed, some short-chain PFAS have been shown to be more persistent in aqueous environments and can pose higher health risk to humans and to ecosystems [44]. Having said this, “safer” short-chain PFAS, like PFBS, when ingested, have been found less toxic to humans and are eliminated from the body much quicker than long-chain PFAS [45]. A phase-out process of particular PFAS has been proposed, by categorizing these compounds into “non-essential, substitutable, and essential”, in order to better plan their elimination from particular products [46,47]. With manufacturers coming up with new fluorinated surfactant chemistries as potential solutions in reducing the risk in the environment of the more toxic “legacy” PFAS, researchers have to investigate the properties and understand the solution and interfacial behavior of an ever-expanding range of fluorinated surfactants [11,33].



Whereas a phase-out is in effect of certain PFAS, such as PFOA and PFOS, and short-chain PFAS are being used that are presumably safer than the above PFAS, an ongoing need remains to remove the harmful PFAS that are currently residing in our ecosystem. A commonly used strategy in order to accomplish such a task is adsorption by activated carbon [48,49,50,51,52,53,54,55]. Activated carbon has been shown to exhibit efficient and better adsorption capabilities than other investigated adsorbents, such as zeolites and granular sludge [56]. Different types of activated carbon are available, including granular activated carbon (GAC) of varying grades, and powdered activated carbon (PAC) [22,57]. In addition to the research on the removal of PFAS from ecosystems, there is a strong interest in the transport and fate of PFAS in the environment [22,42,44,58]. If the adsorption properties of particular PFAS on specific surfaces and environments are known, then PFAS transport can be more accurately predicted, thus informing the fate of such PFAS within the environment. Extensive research [58,59,60,61,62] has identified the source of PFAS, how they are released into ecosystems, their locations, and the various non-mineral and mineral surfaces that PFAS adsorb onto, which can then prompt efficient removal methods that can ultimately be used to eliminate these PFAS from the surrounding ecosystem [44,58,63]. Since the adsorption of PFAS onto mineral surfaces plays a key role in the PFAS transport and fate, this review is useful to provide further insight within this field of study, because there is a lack of relevant reviews. While the reviews by Du et al. [22] and Zhang et al. [64] broadly examine the adsorption of various PFAS onto various surfaces, this review specifically covers the adsorption of PFAS surfactants onto mineral surfaces, under environmental factors that modulate such adsorption. Mineral surfaces have received much less attention in the reviews by Du et al. [22] and Zhang et al. [64] which encompassed activated carbons, resins, carbon nanotubes, biosorbents, molecularly imprinted polymers, and ceramics.



Table 2 organizes information on PFAS adsorbates, mineral surface adsorbents, solvent conditions, adsorbed amounts, and adsorbed layer structure that has been extracted from published articles that report on fluorinated surfactant adsorption on mineral surfaces. Several studies have examined the adsorption of fluorinated surfactants onto rather ill-defined “fresh water sediments, marine sediments, and soils” [4,65,66,67,68,69,70,71,72,73,74,75,76,77]. Whereas these articles often report on the physical characteristics and locations from where these surfaces have been found, the chemical composition and surface properties have not been sufficiently defined to be included in Table 2 and discussed in detail in this review. This decision, however, is not meant to diminish the great value of such work in assessing the fate and transport of fluorinated surfactants in the aqueous environment.



We review here studies pertaining to the adsorption of fluorinated surfactants from aqueous media onto inorganic mineral surfaces. We discuss the adsorption thermodynamics and the underlying fundamentals, such as electrostatic and hydrophobic interactions, ligand ion exchange, and hydrogen bonding. We also review factors that affect adsorption, like the aqueous solution pH; Na+, Ca2+, and other ions present in said solutions; humic acid, a naturally occurring compound in water environments that can inhibit the adsorption of PFAS onto mineral surfaces; and a surfactant chemistry [78,79]. This review examines many combinations of fluorinated surfactants and mineral surfaces as adsorbents. This review aims to further expand the understanding of fluorinated surfactant adsorption onto mineral surfaces in an aqueous environment, so that the fate and transport of PFAS is better understood. With this being known, absorbent materials and processes can be more effectively and efficiently developed and deployed, in order to remove various PFAS from known locations and mineral surfaces, so that ecosystems can be rendered safer for all.




2. Adsorption Isotherm


The adsorption of adsorbates can occur on many different surface types, for example on hydrophobic solid–liquid interfaces, hydrophilic solid–liquid interfaces, air–liquid interfaces, and liquid–liquid interfaces. The force summation between adsorbent and adsorbate that occurs during adsorption dictates whether the adsorbent and adsorbate either repel or attract each other [80]. During the adsorption of surfactants onto surfaces, there is typically a modification of the surfactant apparent charge and hydrophobicity, along with changes to surfactant properties that modulate processes, such as dispersion, flotation, detergency, wetting, oil recovery, and corrosion inhibition [81]. Adsorption is dictated by multiple forces acting between the surfactant and the surface, which include covalent bonding, hydrogen bonding, electrostatics, non-polar attractions, interactions that are laterally associative, and solvation and desolvation processes [81]. Electrolytes present in water, such as Ca2+, Mg2+, Al3+, and Fe3+, can promote the physical adsorption of ionic surfactants onto solids, by screening electrostatic interactions during the adsorption process [42,65,82]. Keeping in mind how adsorbates interact with different interfaces, the following examines the adsorption of fluorinated surfactant on solid surfaces, in order to resolve the fundamental interactions that occur during the adsorption process. The adsorption isotherm is a commonly used tool to describe the physical adsorption of fluorinated surfactants onto solid surfaces.



The adsorption isotherm expresses the relationship between the equilibrium concentration (qe) of the investigated surfactant (solute) on the surface (adsorbent) and the concentration of said surfactant in the water environment (Ce). Adsorption isotherms are a critical tool used to examine the adsorption capacity of surfaces and the interactions that occur between adsorbates and adsorbents [83]. During the adsorption of fluorinated surfactants onto mineral surfaces, adsorption isotherms are acquired by dictating when the fluorinated surfactant is depleted because of adsorption [81]. Adsorption capacities of mineral surfaces vary due to many factors, such as the types of surfactants and the mineral surface involved, the pH of the aqueous solution, the presence of electrolytes, etc. [22,84,85]. The physiochemical properties of adsorbents that determine their adsorption capacity include pore volume, micropore/mesopore size, porosity, particle diameter, surface area, and surface chemistry [22,56,66,86].



Several models have been employed to describe adsorption data, with the two most commonly used being the Langmuir and Freundlich isotherms [87]. The Langmuir isotherm was developed to explain gas–solid phase adsorption, but it can also be used to quantify the capacity of adsorbents [88]. In terms of the subject manner of this review, Langmuir isotherms can explain monolayer adsorption of fluorinated surfactants onto mineral surfaces [89]. Upon examining the adsorption of PFOS, PFOA, perfluorononanoic acid (PFNA), PFBS, etc., onto various mineral surfaces, e.g., alumina, silica, germanium, iron, titanium, etc., it was found that the majority of systems exhibited type I adsorption isotherms, which is when these PFAS surfactants form a single layer of such molecules onto solid surfaces [12,87,90,91,92,93]. Figure 2 shows schematics of type I, II, III, IV, and V adsorption isotherms, where the type I isotherm indicates monolayer adsorption on microporous surfaces, the type II isotherm indicates monolayer–multilayer adsorption on non-porous and macroporous surfaces, the type III isotherm indicates multilayer formations of adsorbate on porous surfaces, the type IV isotherm indicates multilayer adsorption on mesoporous surfaces, and the type V isotherm indicates monolayer–multilayer adsorption on porous surfaces [89,94].



Fluorinated surfactants adsorb onto the mineral surface when the surfactant concentration in the aqueous solution is increased, which then results in the surface excess of fluorinated surfactants eventually reaching a plateau until no more surfactant molecules can be adsorbed. Figure 3 shows a schematic of an adsorption isotherm, where c (on the x-axis) indicates the concentration of fluorinated surfactant, and Γ the adsorbed amount of surfactant onto a surface. The Figure 3 adsorption isotherm is typically exhibited by ionic surfactants and is referred to as a “Somasundaran–Fuerstenau” isotherm [81]. Four concentration regions (on a log–log scale) are depicted in Figure 3, where, in (A), adsorption is primarily due to electrostatic interactions; in (B), adsorption is primarily due to electrostatic and hydrophobic interactions; in (C), the zero-point charge occurs on the surface; and in (D), surfactant micelle formation in the bulk is commencing [83].



The adsorption of PFOS onto various sediments in different water environments was found to exhibit type I and III adsorption isotherms [90]. It can be seen in Figure 4 that goethite, Ottawa sand standard, and kaolinite exhibited type I isotherms, while high iron sand exhibited type III adsorption isotherm. In that study, high-iron sand had a higher affinity for PFOS than the other inorganic minerals examined, such as goethite and kaolinite, which led the authors to suggest multilayer adsorption. Similarly, the adsorption of ammonium perfluorooctanoate (APFO) onto alumina resulted in an isotherm indicative of bilayer formation [83]. The results presented in this section show that reported adsorption isotherms can differ depending on the types of PFAS and mineral surface examined. The amount of PFAS adsorbed onto mineral surfaces varies, depending on the mineral surface it adsorbs on, and adsorption isotherms can help interpret these changes.



In order to determine the amount of PFAS that adsorbed onto mineral surfaces, a typical strategy is to measure the concentration of PFAS in the aqueous solution (in contact with the mineral surfaces) prior and following the adsorption. Multiple analytical chemistry techniques have been used to accomplish this task, e.g., high-performance liquid chromatography, followed by mass spectroscopy (HPLC–MS) [66,78,84,95], HPLC/electrospray ionization with tandem mass spectroscopy (HPLC/ESI-MS) [42,96], and gas chromatograph/ESI-MS [85]. Other research groups have used ultra-performance liquid chromatography/ESI/MS [87], UPLC/MS/MS [91,92,93,97], Fluorine-19 nuclear magnetic resonance (F-NMR) [83], and Fourier Transform Infrared Spectroscopy (FTIR) [98].



While the aforementioned analytical techniques quantify the amount of PFAS adsorbed onto mineral surfaces, there is a dearth of reports that characterize the adsorbed layer structure. Hellsing et al. [12] analyzed neutron reflection data in order to determine the structure of PFAS onto alumina particles. He et al. [99,100] used Molecular Dynamics simulations to predict the structure of the PFOS layer adsorbed on a TiO2 surface. In most cases where the adsorbed layer structure is mentioned (see Table 2), the structure is typically inferred from the characteristics of the adsorption isotherms, as discussed in the context of Figure 2 [89].




3. Adsorption Thermodynamics


The thermodynamics of the adsorption process have been investigated in order to explain various interactions that occur during the adsorption of adsorbates onto adsorbents [42,87,93]. In this review, adsorption thermodynamics are examined so that the driving forces are revealed pertaining to the adsorption of fluorinated surfactants onto mineral surfaces. Different types of adsorption isotherms, such as type I, II, III, IV, and V, can reveal whether an adsorption process leads to either monolayer or multilayer coverage of adsorbate on various adsorbents that are either porous, non-porous, or mesoporous in physical structure.



The physical adsorption on solid surfaces of many compounds can be described by using the Langmuir (Equation (1)) or Freundlich adsorption isotherms (Equation (2)):


qe = ((KL qm Ce)/(1 + KLCe))



(1)






qe = KFCe(1/n)



(2)




where qe is the adsorbed amount of adsorbate (µg m−2), KL the Langmuir constant (L µg−1), qm the maximum adsorption capacity (µg m−2), Ce the concentration of adsorbate at equilibrium, and KF the Freundlich adsorption constant [87].



In a study of PFOS adsorption onto alumina nanoparticles and nanowires in water, at various temperatures, KL was used (Equation (3)) to evaluate thermodynamic parameters of adsorption [87]:


ΔG = −RT ln(kL)



(3)




ΔG for adsorption of PFOS onto nanosize alumina NP/NW was found to be about −20 KJ mol−1 at all temperatures examined [87]. The ΔG values of PFOS adsorption onto boehmite were −3.03, −2.56, and −2.10 KJ mol−1 at 293, 303, and 313 K, respectively [93]. Recall the following:


ΔG = ΔH − TΔS



(4)







The Van’t Hoff equation can then be used to connect the adsorption coefficient (KL) from the Langmuir adsorption isotherm (Equation (1)) with thermodynamic quantities and temperature [93]:


lnKL= −(ΔH/RT) + (ΔS/R)



(5)




ΔH is the change in enthalpy (KJ mol−1) and ΔS is the change of entropy (J mol−1 K−1) associated with adsorption; R is the ideal gas constant (J mol−1 K−1), and T the absolute temperature (K). In a study of PFOS adsorption onto boehmite, KL was used to estimate the adsorption enthalpy (ΔH) and entropy change (ΔS) [93]. The ΔH of PFOS adsorption onto boehmite was estimated to −16.9 KJ mol−1, which indicates that this adsorption process is exothermic and that temperature increase does not favor PFOS adsorption into boehmite. The calculated negative ΔS of PFOS adsorption (−5.69 J mol−1 K−1) indicates that the PFOS adsorption onto boehmite is enthalpy driven, rather than entropy driven [93]. The ΔS of PFOS adsorption onto alumina NP and NW was found −0.190 and 0.029 KJ mol−1 K−1, respectively, at 40 °C [87]. The negative ΔS value indicated the favorability of water molecule reorientation around the solute or the alumina NP surface. The positive ΔS for PFOS adsorption onto alumina NW suggested increased disorder at the solid/solution interface during adsorption [93]. This is related to PFOS molecules replacing adsorbed water molecules which then become free to move around.



A study that examined the adsorption thermodynamics of various perfluorinated surfactants adsorbing onto kaolinite in the presence of Na+ ions at different concentrations used Equation (6) to split ΔGadsorption, the total Gibbs free energy change during PFAS adsorption, into a hydrophobic contribution and an electrostatic contribution [42]:


ΔGadsorption = ΔGhydrophobic + ΔGelectrostatic, adsorbate–adsorbent + ΔGelectrostatic, adsorbate–adsorbate



(6)




Equation (7) was used to relate the contribution of the C—F chain toward ΔGhydrophobic:


ΔGhydrophobic = m ∗ ΔGCF2



(7)




where m is the number of carbon atoms on the C—F chain of a perfluorinated surfactant, and ΔGCF2 represents the hydrophobic free energy contribution of each individual CF2 group. The reported values of ΔGhydrophobic and ΔGCF2, 2.5–2.7 KJ mol−1 did not vary much with the Na+ concentration. On the contrary, when the Na+ concentration increased, the ΔGelectrostatic values became more negative, from about −5 to −11 KJ mol−1, which, in turn, reduced the m value that was required to achieve spontaneous adsorption (ΔGadsorption = 0) [42], meaning that the increase in Na+ concentration allowed PFAS with shorter C—F chains to adsorb to mineral surfaces. ΔGelectrostatic changed with Na+ concentration, because of the change in the surface charge of kaolinite during these actions. The high value of ΔGelectrostatic, adsorbate–adsorbate indicated that the electrostatic repulsion by adsorbed surfactants is a “thermodynamic inhibitor” of the adsorption process [42]. Xiao et al. considered salting-out effect as an explanation for why ions in solution can increase the adsorption of PFAS onto mineral surfaces, but they concluded that salting-out was not responsible for their results regarding Na+ ion effects on PFAS adsorption [42].



The research highlighted above by Jian et al. [87], Qian et al. [93], and Xiao et al. [42] contributes toward an improved understanding pertaining to PFAS adsorption onto mineral surfaces: The sign of enthalpy can explain whether an adsorption process is exothermic or endothermic and if it is promoted by temperature increase; and the value of entropy indicated the role of disorder within the adsorption process. It would be useful to obtain thermodynamic quantities of surfactant–surface (particle) interactions through direct means, i.e., isothermal titration calorimetry [101].




4. Adsorption Mechanism


As discussed in Section 3, the adsorption thermodynamics can explain the spontaneity of an adsorption process. Adsorption thermodynamics can also reveal some of the mechanisms of PFAS adsorption onto mineral surfaces. For example, during the adsorption of various perfluorinated surfactants onto kaolinite, the calculated ΔGelectrostatic, adsorbate–adsorbate of ~11.5 KJ mol−1 was double the value of ΔGelectrostatic, adsorbate–adsorbent, which indicated that electrostatic repulsions acted as a “thermodynamic inhibitor” [42]. The signs of enthalpy and entropy can also indicate the driving force behind adsorption, for example the adsorption of PFOS on boehmite was enthalpy-driven rather than entropy-driven [93]. Section 4 addresses the chemistry of the adsorbent and adsorbate, the solvent used, the presence of ion or compounds in solution, and that the pH can modulate the relative importance of the mechanisms that occur during adsorption. To this end, this section examines the role on adsorption of electrostatic interactions, hydrophobic interactions, hydrogen bonding, and ligand and ion exchange.



4.1. Electrostatic Interactions


During their adsorption onto minerals at environmental pH, anionic perfluorinated surfactants, such as PFOS and PFOA, with negatively charged head-groups, can be electrostatically attracted to mineral surfaces that are positively charged [65,97,99]. As previously mentioned, the surface charge and the charges on PFAS head-groups can have an impact on whether or not adsorption occurs [12]. In saltwater environments, monovalent and divalent ions are present, such as Na+, K+, Mg2+, and Ca2+, which, at varying concentrations, can cause electrostatic repulsion of attraction between fluorinated surfactants and mineral surface, which, in turn, can alter the surfactant adsorption onto mineral surfaces [42,65,100]. Electrostatic interactions are important to examine in order to better understand PFAS adsorption onto mineral surfaces.



Electrostatic interactions were observed in the work of He et al. [99,100], who studied PFOS adsorption from water onto positively charged TiO2 surfaces. During adsorption and in the presence of K+ ions, the sulfonate head-groups of PFOS interacted with the TiO2 surfaces electrostatically, forming a PFOS monolayer. As the number of PFOS molecules increased from 25 to 36 and 64, the perfluoroalkyl chains of the PFOS molecules interacted with the monolayer structure via van der Waals interactions to form multilayer aggregates, according to the results of Molecular Dynamics (MD) simulations [100]. As the concentration of Ca2+ divalent ions increased (to an unreported amount), the PFOS molecules that formed multilayer aggregates changed back to a monolayer structure. Figure 5 shows results from MD simulations performed in water, at 300 K, with PFOS and K+ ions present in the solution. A monolayer coverage of PFOS can be seen at the (110) plane of the TiO2 surfaces, and the irregular structures caused by van der Waals interactions between the perfluoroalkyl and the PFOS monolayer can be seen at the (001) and (100) planes. It has been reported [85,90] that changes in solution pH and the presence of ions can cause either electrostatic attractions or repulsions between adsorbates and adsorbents. This can either promote or inhibit adsorption, and is discussed in Section 5.



It is also possible that some mineral surfaces, e.g., alumina (Al2O3), can have a net negative potential, which causes electrostatic repulsion between these negatively charged surfaces and the negatively charged head-groups of anionic surfactants. This should prevent adsorption, but there are occasions where fluorinated surfactants such as PFOS, PFOA, and PFNA can adsorb onto negatively charged mineral surfaces, such as quartz, having siloxane patches [85] despite electrostatic repulsion. This hydrophobic interaction is examined next.




4.2. Hydrophobic Interactions


During the adsorption of fluorinated surfactants onto mineral surfaces having hydrophobic moieties, hydrophobic interactions can be important even if there is an electrostatic repulsion between surfactant and mineral surface [65]. Shafique et al. [85] reported that PFCA hydrophobic C—F tails associated onto hydrophobic siloxane patches present on a fused silica (quartz) surface (Figure 6). This surface had silanol and siloxane patches, as confirmed by using ATR–FTIR spectroscopy. The Shafique et al. work indicates that hydrophobic interactions can surmount electrostatic repulsion [65,96,97]. This has also been observed during the adsorption of PFOS onto mineral surfaces that have pH-dependent surface charges. These mineral surfaces include montmorillonite (MM), kaolinite (KL), and hematite (HM), where, at a low pH value of ~2.3, and at low concentrations of calcium and sodium, negatively charged PFOS can adsorb onto such surfaces via hydrophobic interactions [96]. PFOS and PFOA with longer C—F chains have stronger hydrophobicity, which leads to a higher affinity toward hydrophobic surfaces such as carbon nanotubes (CNTs) [102]. In particular, the PFAS equilibrium adsorbed amount onto CNTs followed the sequence PFOS > perfluorohexane sulfonate (PFHxS) > PFOA > PFBS > perfluorohexanoic acid (PFHxA) > perfluorobutanoic acid (PFBA) [102].




4.3. Hydrogen Bonding


Hydrogen bonding is another mechanism that can be seen during the adsorption of fluorinated surfactants on mineral surfaces [22]. Typically, at higher pH settings, hydrogen bonding occurs when the oxygen atoms found on PFAS head-groups act as acceptors, where they then can bond to the hydrogen atoms that reside on the hydroxyl groups of the mineral surface [95,96]. In studies of PFOS/PFOA adsorption capacity onto nanosize hematite, which exhibited hydrogen bonding interactions, it was found that competitive adsorption occurs between hematite surfaces and water molecules for PFOS/PFOA adsorption [102,103]. Hydrogen bonding interactions were also observed during the adsorption of PFOS onto nanoparticles surfaces, such as Al2O3, Fe2O3, SiO2, and TiO2 when investigating pH effects on such adsorbents [95]. Specifically, at a pH above each nano-oxide’s point of zero charge (PZC) of 7.3 (Al2O3), 7.6 (Fe2O3), and 5.4 (TiO2), their hydroxyl groups, which are neutrally charged, can adsorb anionic PFOS molecules. The hydrogens on the hydroxyl groups of these nano-oxides form hydrogen bonds with oxygen atoms on the sulfonate head-groups on PFOS molecules [95]. Since C—F chains are hydrophobic, it is typically difficult for PFAS to form hydrogen bonds with the oxygen found on the functional groups of mineral surfaces [22]. Thus, hydrogen bonding may play a minor role during the PFAS adsorption onto mineral surfaces [22]. It may be harder for PFAS to adsorb onto regions of mineral surfaces that have minimal hydrogen atoms present.




4.4. Ligand Ion Exchange


When specific mineral surfaces have functional groups such as –Cl− and –CO3−, the adsorption of fluorinated surfactants onto mineral surfaces can also occur through a mechanism called ligand ion exchange [64,104]. This was seen, for example, on PFOS adsorption onto mesoporous silica and iron surfaces [104]. It was hypothesized that the hydroxyl functional groups found on metal oxides, such as AlOOH and Fe2O3, can be replaced by PFAS molecules via a ligand exchange conveyed by the following [91,103]:


Al—OH + L− → Al—L + OH−



(8)






≡Fe—OH2+ + L− → ≡Fe—L + H2O



(9)




where L represents the ligand. The adsorption behavior is affected when surface complexes are formed from ligand exchanges during the adsorption of PFOS and PFOA on boehmite surfaces [92]. The following chemical reactions represent the case when boehmite is protonated and when anionic PFOS/PFOA is electrostatically attracted to protonated boehmite:


Al—OH + H+ → Al—OH2+



(10)






Al—OH2+ + L− → Al—OH2—L



(11)







The decrease in pH can increase the positively charged sites on boehmite, which, in turn, enhances PFAS adsorption. Equation (10) shows that Al—OH2+ sites increase and Al—OH sites decrease when the H+ concentration increases in the aqueous environment. This leads to Equation (11), which describes an electrostatic interaction and/or a ligand exchange between the positively charged site on boehmite and anionic PFOS/PFOA, to form a surface complex [22,91].





5. Factors That Affect Adsorption


During the adsorption of fluorinated surfactants onto mineral surfaces, there are different modes of physical adsorption and adsorption mechanisms that can be altered by multiple factors. For example, it was seen in Section 4 that monovalent and divalent ions affect electrostatic interactions. It was also seen that hydrophobic interactions occurred at certain pH levels. We discuss in this section factors that can affect adsorption such as pH changes in solution, the presence of humic acid is monovalent and divalent ions, and surfactant chemistry.



5.1. Change in pH on Minerals and Aqueous Environment


The adsorption of fluorinated surfactants onto mineral surfaces occurs mostly in aqueous systems, and it is important to examine the effects on adsorption of water pH changes, since pH can vary widely between different environments. The pH has been seen to either decrease or increase the amount of fluorinated surfactant adsorbed onto various mineral surface [85]. For example, the adsorption of PFOA onto silica surfaces decreased from 0.0008 to 0.0003 µmol m−2 as the pH of aqueous solution increased from 1.2 to 12.6 [85]. This indicates that, at higher pH levels, the coulombic repulsion that counteracts adsorption is weaker than the hydrophobic effect. At acidic pH, the reduced anionic charge decreases repulsion between anionic functional groups (for example, SiO− and −OOC), which leads to increased adsorption of PFOA onto silica surfaces. For the case of PFOS adsorption onto minerals, such as goethite and kaolinite, with surfaces made up of Iron(III) oxide-hydroxide and Al2Si2O5(OH)4, respectively, it was seen (Figure 7) that, as pH increased from 4 to 8, the amount of PFOS adsorbed onto both goethite and kaolinite decreased from ~3.6 to 1.6 µg [90]. As the pH increased, the average surface charge of goethite and kaolinite decreased to a less positive quantity (not reported) and adsorption occurred; thus, electrostatic interactions play a crucial role in PFOS adsorption onto goethite and kaolinite. In further research of pH effects on adsorption of other perfluorinated surfactants (PFOA, PFHxS, and perfluorohexanoic acid (PFHxA) onto kaolinite, montmorillonite, and hematite, it was observed that, as the pH increased in aqueous solution, the amount of these perfluorinated surfactants that adsorbs onto these mineral surfaces decreased [78,96]. For example, from pH 2.3 to 11.2, the adsorbed amount of PFOA on kaolinite, montmorillonite, and hematite was ~24 µg/g (pH 2.3) and ~16 µg/g (pH 11.2), ~23 µg/g (pH 2.2) and ~12 µg/g (pH 11.2), and ~28 µg/g (pH 2.2) and ~18 µg/g (11.2), respectively [96]. In the adsorption of tetraethylammonium perfluorooctylsulfonate (TEA-FOS) onto hydroxylated germanium, the adsorbed amount (per surface area) decreased from 28.7 µg m−2 at pH 3.4, to 7.58 µg m−2 at pH 10 [98]. Figure 8 also shows the adsorption of PFOS onto nanosize alumina NPs and NWs to decrease as the solution pH increases. The adsorption of PFOS onto alumina NPs decreased from 230 µg/g at pH = 4 to 100 µg/g at pH = 10. For alumina NWs, PFOS adsorption decreased from 25 µg/g at pH = 4 to 0 µg/g at pH = 10 [87]. According to the authors, when the pH increased from 4 to 10, the surface charge of the alumina NPs and NWs decreased toward the neutralization of the positive charge on these surfaces [87]. At these increased pH levels, the negatively charged PFOS head-groups interact minimally with the neutralized alumina surfaces; thus, the adsorption decreased [87].




5.2. Presence of Na+, Ca2+, and Other Ions in the Aqueous Environment


Fluorinated surfactants often exist in saltwater environments, in the presence of Na+ and Ca2+, which can affect the adsorption onto mineral surfaces. Figure 9 shows the effects of Na+ and Ca2+ ions on the adsorption of PFOS, PFOA, PFHxS, and PFHxA onto montmorillonite, kaolinite, and hematite surfaces [96]. In the presence of Na+ and Ca2+ ions at concentrations of 0.01–10 mM (CaCl2) and 0.1–100 mM (NaCl), the PFOS adsorbed amount increased. Specifically, the PFOS adsorbed amount onto montmorillonite, kaolinite, and hematite in the absence of Na+ and Ca2+ ions was ~19, ~21, and ~42 µg/g, respectively. In the presence of 100 mmol/L Na+ and 10 mmol/L Ca2+, the PFOS adsorption onto montmorillonite, kaolinite, and hematite increased to ~24, ~23, and ~59 µg/g, and ~23, ~27, and ~56 µg/g, respectively [96]. These and related data are reported in Table 2, where the adsorption results differ at varying Na+ and Ca2+ concentrations. Zhao et al. [96] further reported that, in the absence and in the presence of 100 mmol/L Na+ or 10 mmol/L Ca2+ ions, the amount of PFHxS adsorbed onto montmorillonite and kaolinite remained constant at ~29 and ~26 µg/g. The adsorption of PFHxS onto hematite increased from ~30 to 34 µg/g (Na+ ions) and from ~31 to 34 µg/g (Ca2+ ions) when there was 0–100 mmol/L Na+ or 0–10 mmol/L Ca2+ ions present in the solution [96]. The data show that the adsorption of PFHxS was less significant than the adsorption of PFOS was onto the same mineral surfaces. Zhao et al. [96] also investigated the adsorption of PFOA and PFHxA onto montmorillonite, kaolinite, and hematite, and the results of such experiments were similar to the results of PFHxS adsorption onto the same mineral surfaces: In all cases, there was little to no increase in adsorption when Na+ and Ca2+ ions were present in the solution. Kaolinite and hematite surfaces are both negatively charged, so as the Na+ and Ca2+ concentration in the aqueous solution increased from 0 to 100 mmol L−1 and 0 to 10 mmol L−1, respectively, the electrostatic repulsion between PFOS and kaolinite and hematite decreased (by an unreported amount), which caused an increase in adsorption, by ~5–15 µg/g [96]. Montmorillonite surfaces are positively charged, so, as the Na+ and Ca2+ concentration increased, the electrostatic attraction between PFOS anions and the montmorillonite surface weakened, which was caused by the electrical double layer compression effect [96]. Due to this, the PFOS adsorption onto montmorillonite did increase with the increase of Na+ and Ca2+ in the solution, but only by a small amount, i.e., about 3–5 µg/g.



PFOS adsorption onto marine sediments in saline environments was investigated in order to determine whether or not Na+ and Ca2+ ions had an impact on the adsorption [42,65,96]. The PFOS adsorption affinity for marine sediments in saline environments was found to be ten times higher than the PFOS adsorption in freshwater environments [65]. These marine sediments are typically negatively charged because they contain carboxyl and phenolic groups that are ionized [65]. Metal ions in the saline environments typically decrease the repulsion between PFOS and the marine sediment surfaces, which favors adsorption. Chen et al. [65] did not use adsorption isotherms to explain the adsorption of PFOS onto marine sediments, and they did not report the structure of the adsorbed PFOS layer either. Chen et al. [65] examined the influence of ionic composition on the concentration-specific distribution coefficient (Kd), which can be expressed by equation 12:


Kd = CS/CW



(12)




where CS is the amount of PFOS adsorbed onto the marine sediments (µg/kg), and CW is the PFOS concentration in the aqueous solution.



Chen et al. reported that increasing log[Ca2+] and log[Mg2+] values produced higher Kd values than log[Na+] and log[K+]. At log[Na+] = 1.7 mM and log[K+] = 2 mM, logKd was 1.18 L/kg and 0.7 L/kg, respectively. At log[Ca2+] = 1.6 mM and log[Mg2+] = 2 mM, logKd was 1.4 L/kg and 1.7 L/kg [2]. It can be seen in Figure 10 that the divalent ions produced larger logKd values than the monovalent ions at the same concentrations of Na+, K+, Ca2+, and Mg2+. According to Chen et al. [65], these results suggest that Na+ ions and K+ ions caused an increased PFOS adsorption onto marine sediments, but the presence of divalent ions, such as Ca2+ and Mg2+, caused more of an increase in PFOS adsorption than the monovalent ions. Although the increased adsorbed amounts of PFOS on the marine sediments in the presence of monovalent and divalent ions were unreported, Chen et al. [65] wanted to convey that larger logKd values indicated that more PFOS molecules adsorbed onto marine sediments, which was more evident from the logKd values exhibited by the divalent ion present during such experiments. This work helps to inform on the fates of various PFAS in marine settings.



Xiao et al. [42] examined Na+ ions effect on the competitive adsorption of various perfluorinated surfactants onto kaolinite. As seen in the graph to the top right on Figure 11, from 0.001 to 1 mol/L NaCl the solid–water distribution coefficient (kd) value was measured in a system with only PFOS present and also in a system with multiple PFAS present: PFOS, PFOA, PFNA, perfluoroheptanoic acid (PFHpA), perfluorodecanoate acid (PFDA), and perfluoroundecanoate acid (PFUnDA). Based on the reported logkd (L/kg) values, when the NaCl concentration was increased, the adsorption of PFAS onto kaolinite increased, but the adsorption increase was more significant in the case when PFOS was alone in the system with NaCl than it was for the multi-PFAS system [42]. This is quantifiable by the logkd (L/kg) of PFOS, where there was a 30% decrease from 1.16 to 0.88 (L/kg) from the single-component system (PFOS alone) and the multi-component system (all PFAS present) [42]. Lower adsorption of perfluorinated surfactants in the multi-PFAS system was attributed to active site competition on the kaolinite surface, where electrostatic effects caused the observed competitive adsorption. These results indicated that, as the Na+ concentration in aqueous solutions increased from 0.001 to 1 mol/L, so would (to an unreported amount) the adsorption of PFOS, PFOA, PFNA, PFHpA, PFDA, and PFUnDA onto kaolinite [42]. As seen on the middle right graph on Figure 11, the zeta potentials of kaolinite, both with and without the presence of PFOS, were negative, as NaCl concentrations increased from 0.001 to 1 mol/L. Xiao et al. [42] observed that short-chain PFAS surfactants adsorbed very little onto mineral surfaces in freshwater environments (Figure 11). In saltwater environments, however, the increase in Na+ ions screened electrostatic repulsions, which promoted the adsorption of short-chain PFAS surfactants onto mineral surfaces. The adsorption characteristics of fluorinated surfactants in the presence of Na+, Ca2+, and other ions are crucial to understand PFAS behavior in saltwater environments.




5.3. Humic Acid Presence during Adsorption


Humic acid (HA) is a naturally occurring organic substance that plays an important role in various physical and chemical process within soils and aquatic environment [78,79,105,106]. Examining the role of HA in pH control and adsorption is important when studying fluorinated surfactant adsorption onto mineral surfaces. The HA concentration varies at different locations in these natural environments, which, in turn, can indicate the major locations where fluorinated surfactants adsorb onto mineral surfaces. Researchers have examined the effects of HA on the adsorption of PFOS onto kaolinite and montmorillonite surfaces (Figure 12) [78]. In a 100 mg/L HA aqueous solution with pH ~7, the amount of PFOS adsorbed onto the kaolinite and montmorillonite surfaces decreased from ~79 µg/g (no HA present) to ~61 µg/g for kaolinite, and from ~58 to ~43 µg/g for montmorillonite [78]. Table 2 allows the comparison of various sets of data in the absence of HA and in the presence of HA. The amount of HA adsorbed by these mineral surfaces was not reported. The decreased PFOS adsorption on both these mineral surfaces in the presence of HA was attributed to HA coating the kaolinite and montmorillonite surfaces, which inhibited PFOS adsorption [78,79]. HA occupied adsorption sites on kaolinite and montmorillonite, which, in turn, increased the electrostatic repulsion between the PFOS molecules and the mineral surfaces in question. It was also observed that the PFOS adsorption onto boehmite was inhibited by an increased HA concentration in water [92]. From 0 to 50 mg/L HA, the PFOS adsorbed amount onto boehmite decreased from ~0.09 to 0.018 µg m−2 [92]. The amount of HA adsorbed on the boehmite surface was not reported.



When an abundance of HA had been already equilibrated with suspended metal oxide surfaces, such as SiO2, Fe2O3, and Al2O3, very little PFOA could adsorb onto these surfaces [79]. Figure 13e depicts that HA covers the metal oxide surface in a manner that PFOA molecules cannot access/adsorb onto it. In the absence of HA, the adsorbed amount of PFOA onto SiO2, Fe2O3, and Al2O3 was 0.85, 0.97, and 1.72 µg m−2, respectively [79]. In the presence of ~5.0 mg/L HA, the amount of PFOA adsorbed onto SiO2, Fe2O3, and Al2O3 was much lower: 0.08, 0.07, and 0.07 µg m−2, respectively [79]. The ability of humic acid to occupy adsorption sites on mineral surfaces can be used as a “natural” means to inhibit fluorinated surfactant adsorption onto mineral surfaces into freshwater environments.



The above results, where HA had been pre-adsorbed onto mineral surfaces, are different in the case where PFAS and HA are introduced concurrently. When PFAS and HA are introduced together into an aqueous system with suspended minerals, PFAS such as PFOA can adsorb onto the surfaces of such minerals. Figure 13d shows the concurrent adsorption of PFOA and HA onto a mineral surface, where it can be seen that both PFOA and HA molecules reside on such mineral surface. Yang et al. [79] examined the adsorption of PFOA onto various metal oxides, such as SiO2, Fe2O3, and Al2O3, in the presence of HA. At an aqueous concentration of ~700 µg/L PFOA with 10 mg/L HA and ~1.1 µg/m2 PFOA, along with an unreported amount of HA, they were found to adsorb onto SiO2 [79]. This was also seen when adsorbing PFOA and HA concurrently onto Al2O3 and Fe2O3. When PFOA and HA were added into the system at the same time, a “competitive partition” allowed PFOA onto the metal oxide surfaces. The hydrophobic moieties of PFOA and HA interacted with each other, which allowed PFOA and HA to “commingle” before they then concurrently co-adsorbed onto the metal oxide surfaces [79]. According to Yang et al. [79], when PFOA and HA are concurrently introduced, the PFOA adsorption onto mineral surfaces is about the same as when PFOA is adsorbed in the absence of HA.




5.4. Surfactant Chemistry


When examining the factors that affect the adsorption of fluorinated surfactants onto minerals, it important to note that the surfactant chemical structure (e.g., length of the C—F chain and surfactant head-group) has an effect on adsorption. For example, in an environment with the same mineral surface and solvent, different fluorinated surfactants adsorb to a different extent (or do not adsorb at all) onto these surfaces [42,66,84]. More specifically, there have been investigations on the adsorption of multiple PFAS with varying chain lengths onto the same mineral surface at similar experimental conditions, i.e., in the same solvents, temperature settings, salt concentrations, etc. [66]. Such studies provide insights on chain-length effects during adsorption. Investigations of PFAS surfactants with similar chain length but different head-groups offer insights on head-group effects during adsorption [42].



The adsorption of several individual PFAS surfactants (PFBA, PFBS, perfluoropentanoic acid (PFPeA), PFHxA, PFHxS, PFHpA, PFOA, PFOS, PFNA, and PFDA, with C—F chain lengths of 3, 4, 5, 5, 6, 6, 7, 8, 8, and 9, respectively) onto an organosilica adsorbent known as swellable organically modified silica (SOMS) in deionized water, at an unspecified temperature and pH, has been investigated [66]. The maximum adsorption capacity for PFBA, PFBS, PFPeA, PFHxA, PFHxS, PFHpA, PFOA, PFOS, PFNA, and PFDA was 0, ~2, ~3, ~3, ~1, ~3.5, ~4, ~6, ~4.5, and ~6.5 mg of adsorbate per g of adsorbent, respectively [66]. The above data are organized in Table 2, where additional adsorption data are reported from adsorption experiments conducted in only deionized water and (in separate experiments) in the presence of 50 mM NaCl in the aqueous solution. These results demonstrate a higher adsorption for the PFAS with longer C—F chain lengths. It was proposed that the increased adsorption onto SOMS of longer-chain PFAS, such as PFOA, PFOS, PFNA, and PFDA, was primarily driven by hydrophobic interactions of the longer C—F chains with the SOMS surface, which can take place in freshwater settings (neutral pH, no salt added) [66]. Typically, the shorter-chain PFAS surfactants, such as PFBA and PFBS, exhibit little to no adsorption in freshwater settings, due to minimal hydrophobic interactions, but, in saltwater settings, they are more compelled to adsorb onto mineral surfaces via ionic interactions [42,66].



A study on the effects of PFAS chain length during competitive adsorption of PFHpA, PFOA, PFNA, PFOS, PFDA, and PFUnDA onto kaolinite found that longer-chain PFAS typically out-competed the shorter-chain PFAS during adsorption when these PFAS were mixed together in an aqueous solution in the presence of 1 mM NaCl and NaHCO3 at pH = 7.5 [42]. This was determined on the basis of the logarithm of the solid–water distribution coefficient (logKd) values of the six PFAS. The reported logKd values of PFHpA, PFOA, PFNA, PFOS, PFDA, and PFUnDA in the multi-compound system were as follows: NA (not applicable), ND (not detectable), 0.30 ± 0.11, 0.88 ± 0.03, 1.05 ± 0.04, and 1.72 ± 0.04 L/kg, respectively [42]. The higher logKd values exhibited by the longer-chain PFAS indicated more adsorption onto kaolinite over the shorter-chain PFAS. According to the authors, the longer-chain PFAS out-competed the shorter-chain PFAS on active sites because of a stronger hydrophobic effect exhibited by the longer-chain PFAS [42]. Lower adsorption of short-chain PFAS in the multi-PFAS system is attributed to active site competition between PFAS on the kaolinite surface, and electrostatic effects. Once the longer-chain PFAS have adsorbed onto the kaolinite surface, shorter-chain PFAS cannot adsorb, because they are electrostatically repelled by the longer-chain adsorbed PFAS [42].



The type of head-group on fluorinated surfactants can be an important factor in adsorption. Table 2 facilitates the comparison of PFAS with the same C—F chain length but different head-group, adsorbing onto to the same mineral surface, under similar experimental conditions. For example, PFOS and PFNA both have 8-carbon C—F chains, but PFOS has a sulfonate head-group, and PFNA has carboxylic acid head-group. Both PFOS and PFNA have been investigated for adsorption on mineral surfaces [12,42,66,85]. Hellsing et al. reported that 0.0035 µg m−2 PFOS and 0.0058 µg m−2 PFNA adsorbed onto alumina (Al2O3) from an aqueous solution at 300 K [12]. Hellsing et al. compared a few characteristics of both PFOS and PFNA during adsorption onto alumina surfaces. The molecular mass of PFOS (500.13 g mol−1) and PFNA (464.08 g mol−1) are both similar, and both surfactants formed densely layered structures on alumina surface. The adsorbed layer of PFOS and PFNA resembled that of a bilayer structure, where a higher concentration of PFOS and PFNA resided at the alumina surface than in the bulk solution. Moreover, the volume fraction of both PFOS and PFNA that resided on the adsorbed layer increased from 0.2 to 0.6 as the bilayer formed, where the remaining volume fraction was water [12]. Hellsing et al. considered the adsorption of PFOS and PFNA to be similar, and they concluded that the differences in head-groups between the two surfactants did not affect adsorption on alumina surfaces [12]. We note, however, that the PFNA adsorbed amount on alumina was about double that of PFOS [12]. Furthermore, Shafique et al. reported that 1.20 × 10−2 µmol m−2 PFOS and 6.60 × 10−4 µmol m−2 PFNA adsorbed onto a silica glass surface, at a pH of 5, in room temperature [85]. In this case, the PFNA adsorbed amount on silica was about 20 time less that of PFOS [85]. We can thus conclude that any comparison between head-groups should be done in the context of the specific surface with which the head-groups interact.



When examining the adsorption of fluorinated surfactants onto solid surfaces, one should take into consideration the possible self-assembly in solution of the surfactant molecules into micelles, commencing at surfactant concentrations above the critical micelle concentrations (CMC) [107]. For ionic surfactants, the CMC reflects the balance between hydrophobic “attraction” of the surfactant tail which promotes micellization, and electrostatic repulsion of the surfactant head-groups which opposes micellization [108]. In the micelles, the surfactant hydrophobic parts associate away from the aqueous medium, while the head-groups come in close proximity on the micelle surface, thus creating a local environment which may be competitive to or synergistic to surface adsorption. Indeed, surfactant solution concentrations either below or above the CMC can change the results of adsorption [109,110]. Evenas et al. examined APFO adsorption onto alumina, where they report that, above the APFO CMC (33 mM), the adsorption of APFO onto alumina plateaued at ~5.1 µmol m−2 [83]. As the initial APFO concentration in the aqueous solution increased from below CMC to reach the CMC, the adsorbed amount of APFO on the alumina surface increased until it reached the aforementioned plateau adsorbed concentration [83]. Although this is one case where the adsorption of a PFAS surfactant onto a mineral surface changes below and above the surfactant CMC, there is a lack of research/knowledge pertaining to the effects of the CMC during the PFAS adsorption process onto various mineral surfaces. It is worth noting that the CMC can change (in fact, it can decrease significantly) when the surfactant is brought in proximity with surfaces, e.g., particles or porous materials [80,109,110]. In fact, micelles can form on the surface and can, thus, accommodate more PFAS molecules and increase their adsorbed amount; however, such adsorbed micelles can also block other PFAS from diffusing into porous materials [64].



Manufacturers have been synthesizing and selling PFAS with short C—F chains, specifically perfluorobutanoic acid (PFBA) and perfluorobutane sulfonate (PFBS), which adsorb less onto mineral surfaces than longer-chain PFAS in freshwater environments [42,43,66]. As discussed previously, no PFBA adsorbed onto SOMS surfaces, while PFBS adsorbed very little on the same surface in deionized water with no salt present [66]. Furthermore, in a freshwater setting ~0.01 mmol g−1 PFBS adsorbed onto 0.5 cation exchange capacity montmorillonite surface, (0.5CEC-Mt, where 0.5 denotes the molar ratio of 10 g sodium-montmorillonite and hexadecyltrimethylammonium bromide/CEC), compared to 0.65 mmol g−1 PFOS adsorbing onto the same surface [84]. The much higher adsorption of PFOS was attributed to the hydrophobic interactions’ increase and water solubility decrease upon C—F chain length increase [84].





6. Adsorption Kinetics


Adsorption kinetics follow the adsorption processes over time, until adsorption equilibrium is reached. The kinetics of adsorption vary among different adsorption scenarios and can be described by using different kinetic models, which include pseudo-first-order, pseudo-second-order, and intra-particle diffusion [64,111]. In what follows, we review adsorption kinetics for various adsorbates and adsorbents, as affected by pH changes, and the size and physical characteristics of the adsorbent [13,87,98].



The kinetics of tetraethylammonium perfluorooctylsulfonate (TEA–FOS) adsorption onto hydroxylated germanium and the effects of pH were examined by Xing et al. [13,98]. Three stages were identified: in the first stage, TEA–FOS was rapidly adsorbed onto the surface, followed by a slowdown [98]. The second (middle) stage of adsorption was much slower than the first stage, where the rate of adsorption was constant; the second stage duration increased as the solution TEA–FOS concentration decreased [13]. The third stage began with a “sudden” increase in the adsorption rate; the third stage had the longest duration and exhibited Langmuir-like kinetics until adsorption values became constant [98]. Three-stage adsorption kinetics are typically not exhibited by surfactants, which usually exhibit two-step Langmuir adsorption kinetics. [13,98,112]. Figure 14 shows these three stages during adsorption of TEA-FOS on germanium [98]. At pH 6, it took about 5000 min for adsorption to reach equilibrium. A pH change from 6 to either 3 or 8.4 (adding either HCl or NaOH) reduced the time to reach TEA-FOS adsorption equilibrium from 5000 to ~3000 min. The conditions considered for the time required for the adsorption of TEA-FOS onto germanium to reach equilibrium were the initial aqueous TEA-FOS concentration of 0.5 mM, pH levels of 3 or 8.4, and absence or presence of 1 mM NaCl in the solution. The pH changes from pH 6 to either a pH of 3 or 8.4 increased the initial rate of adsorption. Moreover, ~9 (10−6 mol m−2) (at 3.4 pH) and ~7 (10−6 mol m−2) (at 8.4 pH) TEA-FOS were adsorbed onto germanium surfaces during the first two stages, as compared to ~3 (10−6 mol m−2) when the solution pH = 6 [98]. The shorter equilibration time at pH 3.4 and 8.4 was due to the negatively charged FOS− having repulsive interactions with the germanium surface, and also due to the charge density of the germanium surface increasing. The change in pH above or below pH = 6 determined the duration of the second and third stages during TEA-FOS adsorption [98]. Specifically, the total duration of the second stage decreased from 900 min to ~150 min when the pH changed to either 3.4 or 8.4. The duration of the third stage was about 2650–4000 min, depending on the pH. The change in pH also significantly increased the adsorption rate during the third stage of adsorption (Figure 14), until adsorption equilibrium was reached [98]. The adsorbed layer structure also changed between stages: in stage I, a TEA-FOS monolayer formed onto the germanium surface; in stage II, the TEA-FOS molecules formed admicelles; and a multilayer structure of TEA-FOS admicelles formed in stage III [13,98].



The kinetics of TEA-FOS adsorption on germanium in saline environments of 0, 1, 2, 5, 10, 20, or 50 mM NaCl at pH of 3.4 or 10 were also examined [98]. The duration of the first and second stages of adsorption was about ~600–800 min upon a NaCl concentration increase to 5 mM. After ~3000 min, the amount of TEA-FOS adsorbed onto germanium increased from 28.7 µmol m−2 (pH 3.4) and 7.58 µmol m−2 (pH 10), when there was no NaCl present in the solution, to 42.9 µmol m−2 (pH 3.4) and 21.0 µmol m−2 (pH 10), when the solution contained 5 mM NaCl. When the NaCl concentration was 10 mM, the adsorption rate decreased (to an unreported amount), as compared to when there was 0–5 mM of NaCl in the solution. The amount of TEA-FOS adsorbed onto germanium decreased from 25.8 µmol m−2 (pH 3.4) and 19.6 µmol m−2 (pH 10), when the solution contained 10 mM NaCl, to 6.5 µmol m−2 (pH 3.4) and 9.8 µmol m−2 (pH 10), when the solution contained 50 mM after ~3000 min. The decrease in TEA-FOS adsorption rate occurred because of excess NaCl in the bulk solution, where the NaCl “shields” an attraction between TEA-FOS molecules and the germanium surface [98]. This was clearly present when the solution contained 50 mM NaCl in both 3.4 and 10 pH settings. As the pH increased from 3.4 to 10, the TEA-FOS adsorption onto germanium decreased, which was attributed to the germanium surface charge being negative, which resulted in a decrease in the duration (by an unreported amount) of the second stage of adsorption [98].



Higgins et al. [113] researched the adsorption kinetics of various fluorinated surfactants onto sediments found in freshwater settings. As seen in Figure 15, the adsorption of PFOS, PFDA, and 2-(N-ethylperfluorooctanesulfonamido) acetic acid (N-EtFOSAA) onto “sediment 1” increased over time, until adsorption equilibrium was reached, following several days of mixing [113]. Moreover, 65–70% of the PFOS, PFDA, and N-EtFOSAA adsorption onto “sediment 1” occurred at 50 h of mixing (for equilibrium to be reached, the sorption experiments ran for ~250 h). Excluding an initial period of rapid adsorption, the kinetic data were described by bi-exponential expressions, with fast k1 and slow k2 uptake rates:


Fw = Fo + F1 ∗ exp(−k1t) + F2 ∗ exp(−k2t)



(13)







The fluorinated surfactants examined exhibited similar rate constants, which indicated that the kinetics were similar for PFOS, PFDA, and N-EtFOSAA, where there was significant adsorption. The kinetic characteristics of the PFOS, PFDA, and N-EtFOSAA suggest that initially there was a fast transfer of fluorinated surfactants to the surface boundary layer of “sediment 1”. Once this occurs, PFOS, PFDA, and N-EtFOSAA proceed to a two-step diffusional transport into the “internal water and/organic matter” found in the aggregates of “sediment 1” [113].



Adsorption kinetics of PFOS onto alumina nanoparticles (NPs) and nanowires (NWs) were examined by Jian et al. [87]. At pH = 6, PFOS adsorption was fast, and equilibrium was reached in about 30 min [87]. The short adsorption time indicated that there was no intra-particle diffusion, because the alumina NPs and NWs dimensions were 13 nm (NPs), 2–6 nm (NWs diameter), and 13 nm (NWs length). The maximum adsorbed amount of PFOS onto the alumina NPs at 30, 40, and 50 °C was 589, 485, and 447 mg PFOS per gram of alumina NPs, respectively. The maximum amount of PFOS adsorbed onto the alumina NWs at 30, 40, and 50 °C was 368, 288, 343 mg PFOS per gram of alumina NW, respectively [87]. Jian et al. [87] assumed that if the initial concentration of PFOS in the system was larger, the adsorption duration would be longer, based on Nassar [114], who investigated the adsorption of asphaltenes on alumina nanoparticles, but Jian et al. did not confirm this assumption. Equations (14) and (15) were used to evaluate adsorption kinetics [66,87]:


ln(qe − qt) = lnqe − k1



(14)






t/qt = 1/(k2 ∗ qe2) + 1/qe



(15)




Equation (14) is pseudo-first-order, and Equation (15) is a pseudo-second-order equation, where qe denotes the quantity of PFOS adsorbed per unit mass of alumina NP and NW at equilibrium, qt is the quantity of PFOS adsorbed per unit mass of alumina NP and NW at time (t), and k1 and k2 are the rate constants of pseudo-first-order and pseudo–second-order models. The PFOS adsorption data fitted the pseudo-second order model better, suggesting that the PFOS adsorbed amount was greater for the alumina NPs than it was for the alumina NWs, and indicating that the particle shape had an influence on the adsorption kinetics [87]. Alumina NPs and NWs cluster together in solution, where clustering of NPs forms “tight aggregates”, whereas the clustering of NWs forms “loose aggregates”. A higher amount of PFOS was able to electrostatically adsorb on the alumina NPs, because NPs “tight aggregates” were able to “trap” more PFOS molecules than the NWs “loose aggregates” [87]. PFOS and PFOA adsorption onto alumina surfaces that were micrometer-size instead of nanometer-size was investigated by Wang et al., who reported that the adsorption equilibrium was reached after 48 h. It can be concluded that PFOS and PFOA adsorption onto alumina surfaces, whether they are nanosize or larger, is a fast process [87,97].




7. Conclusions


Fluorinated surfactants, which are persistent and often toxic compounds, have made their way into the soil, freshwater, and saltwater environments. In response, the removal of PFAS from aqueous environments through the use of granular activated carbon, zeolite, or sludge has been extensively researched [22,56,64]. The adsorption of PFAS onto mineral surfaces is a topic of interest, since PFAS have an affinity for mineral surfaces commonly found in nature. Since PFAS have been shown to adsorb onto such mineral surfaces, research has been carried out to better understand this occurrence, in order to gain better insight on the fate and transport of these toxic compound in different environmental settings. Although promising results have been generated, researchers have continued to study the adsorption of PFAS surfactant onto mineral surfaces, in order to better understand the process, so that experts can remove these compounds from nature.



Adsorption isotherms can be used to indicate the adsorbed amount of PFAS surfactants onto mineral surfaces. PFOS, PFOA, PFNA, PFBS, etc., typically exhibit type I (monolayer) adsorption isotherms when they adsorb onto surfaces such as alumina, silica, iron oxide, and titanium oxide. The adsorbed layer structure is typically inferred from the features of the adsorption isotherm; however, structural characterization studies are lacking. The mechanisms commonly active during PFAS adsorption onto mineral surfaces are electrostatic interactions, hydrophobic interactions, hydrogen bonding, and ligand and ion exchange. Electrostatic interactions are prevalent during the adsorption of anionic PFOS and PFOA onto TiO2 and Al2O3 surfaces that have a net-positive charge. Hydrophobic interactions occur during the adsorption of several anionic PFAS onto negatively charged hydrophobically modified silica surfaces. Hydrogen bonding occurs during the adsorption of PFOS and PFOA onto Al2O3, Fe2O3, SiO2, and TiO2 nanoparticles. Ligand ion exchange was reported during the adsorption of PFOS and PFOA onto boehmite. The adsorption mechanisms are relevant to the fate of toxic PFAS in the environment and the PFAS removal via adsorption on sorbent materials.



The adsorption of fluorinated surfactants onto mineral surfaces depends on the aqueous pH, varying salt and humic acid concentrations, and also the surfactant chemistry. Increasing the solution pH decreased the PFAS adsorbed amount during the adsorption of PFOA, PFHxS, or PFHxA onto kaolinite, montmorillonite, or hematite; PFOS onto alumina; and PFOA onto silica. Increasing salt concentration increased the adsorbed amount during the adsorption of PFOS, PFOA, PFHxS, or PFHxA onto montmorillonite, kaolinite, or hematite, and during the adsorption of PFNA, PFHpA, PFDA, or PFUnDA onto kaolinite. This was due to the screening of electrostatic repulsions, and it is very relevant to the fate of PFAS surfactants as they travel from freshwater to saltwater environments. The presence of pre-adsorbed humic acid (HA) decreased PFAS adsorption, as seen during the adsorption of PFOA onto SiO2, Fe2O3, and Al2O3. This is important to consider, because the concentration of HA varies in different water environments. Increasing the C—F chain length of the surfactant typically increases adsorption onto mineral surfaces, reflecting increased hydrophobic interactions and decreased water solubility of PFAS. In the case of adsorption from a PFAS surfactant mixture, the longer-chain PFAS out-competed the shorter-chain PFAS when adsorbing onto kaolinite surfaces. Once adsorbed onto active sites, the longer-chain PFAS electrostatically repelled the shorter-chain PFAS from such adsorption sites. Shorter-chain PFAS surfactants, such as PFBS and PFBA, adsorb very little onto mineral surfaces in freshwater settings; accordingly, short-chain PFAS are being used as a substitute to currently banned longer-chain PFAS. Variation of the surfactant head-group will affect adsorption, depending on the specific surface with which the head-group interacts.



The information that is reviewed here on the adsorption of fluorinated surfactants onto mineral surfaces informs the transport and fate of PFAS in the aqueous and soil ecosystems, and also wastewater treatment processes for the removal of PFAS from the environment, and drinking water treatment. Further research on PFAS adsorption is required, especially for “emerging” fluorinated surfactants that have been recently introduced as replacements of the “legacy” PFOS and PFOA. Very little is typically known about the aqueous solution properties and interfacial properties of these new fluorinated surfactants. Further research would be beneficial on additives or functional groups that would promote or attenuate PFAS surfactant adsorption on solid surfaces.



The reverse process of adsorption, i.e., desorption, is very relevant to the practical removal of PFAS from aqueous environment via adsorption to a sorbent, such as activated carbon and resins, where the regeneration of the sorbent involves desorption. Upon reviewing the literature, we observed an apparent lack of research that examines the desorption of PFAS surfactants from mineral surfaces, following the use of a stimulus in a system, such as the salinity changes, pH changes, or dilution. This presents a need and provides an opportunity for further research.
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Figure 1. Main sources of perfluorinated compounds (PFC) and general pathways that these compounds may take toward human exposure [26]. Reprinted with permission. Copyright, 2013, Springer. 
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Figure 2. Adsorption isotherms: type I isotherm indicates monolayer adsorption on microporous surfaces, type II indicates monolayer–multilayer adsorption on non-porous and macroporous surfaces, type III indicates multilayer formations of adsorbate on porous surfaces, type IV indicates multilayer adsorption on mesoporous surfaces, and type V isotherm indicates monolayer–multilayer adsorption on porous surfaces [89,94]. Reprinted with permission. Copyright, 2001, American Chemical Society. 
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Figure 3. Adsorption isotherm schematic: c is surfactant concentration, and Γ represents the adsorbed amount of surfactant onto a surface. At (A), adsorption is primarily due to electrostatic interactions; at (B), it is due to electrostatic and hydrophobic interactions; (C) is where zero-point charge occurs on the surface; and (D) is the beginning of micelle formation in the bulk [83]. Reprinted with permission. Copyright, 2002, American Chemical Society. 
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Figure 4. Adsorption isotherms of PFOS onto various mineral surfaces in aqueous solutions. The PFOS adsorbed amount (mg/m2) on each mineral surface is plotted vs. the equilibrium concentration (ppm) of PFOS in solution [90]. Reprinted with permission. Copyright, 2007, American Chemical Society. 
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Figure 5. Molecular Dynamics simulation results for PFOS adsorption onto TiO2 surface. The PFOS molecules are electrostatically adsorbed onto the rutile–water surfaces at the (110) (a), (001) (b), and (100) (c) planes. The simulation was performed in water at 300 K, with PFOS and K+ ions present in the aqueous solution. The concentrations of PFOS and K+ ions within this simulation were unstated. Yellow balls with three red balls represent sulfonate head-groups, blue-gray sticks represent C—F chains, small purple circles represent K+ ions, red-gray sticks represent water molecules, and red-gray balls represent the water–rutile surface [99]. Reprinted with permission. Copyright, 2013, Elsevier B.V. 
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Figure 6. Hydrophobic push of perfluorinated surfactants onto silica glass surfaces, caused by the hydrophobic effect, where the hydrophobic parts of surfactants are pushed away from bulk water molecules and toward an interface. Surfactants exhibit such behavior because these compounds naturally want to minimize an entropy penalty that is related to a water layer that is strongly H-bonded around a solute. Orange arrows represent hydrophobic interactions, blue arrows represent ion-dipole or hydrophilic interactions, and red arrows represent electrostatic repulsion. (A) Shows surfactants with C—F chains that are hydrophobically attracted to a surface, while their head-groups are electrostatically repulsed by each other, but are hydrophilic toward water molecules. (B) Depicts C—F chains of perfluorinated surfactants that are hydrophobically attracted to siloxane patches on silica glass/fused quartz surfaces, while their head-groups are electrostatically repulsed by silanol patches on the same surface [85]. Reprinted with permission. Copyright, 2017, Royal Society of Chemistry. 
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Figure 7. Effect of pH on PFOS adsorption on goethite and kaolinite. The PFOS concentration in all aqueous solutions containing solids was 1.1 μg/mL [90]. Reprinted with permission. Copyright, 2007, American Chemical Society. 
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Figure 8. Effects of pH on the amount of PFOS adsorbed on nanosize alumina nanoparticles (NPs) and nanowires (NWs) at adsorption, at equilibrium. The PFOS concentration in the aqueous solution was 50 mg/L. The inset shows an expanded Y scale for the adsorption of PFOS on NWs [87]. Reprinted with permission. Copyright, 2019, Elsevier Ltd. 
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Figure 9. Effects of Na+ and Ca2+ on perfluorinated surfactant adsorption onto various mineral surfaces. MM, montmorillonite; KL, kaolinite; HM, hematite, until equilibrium was achieved. The maximum sorption amount of each surfactant (Cs) at different concentration of Na+/Ca2+ in solution is shown. The concentration of perfluorinated surfactants in solution was in the 10–1200 μg/L range [96]. Reprinted with permission. Copyright, 2014, Elsevier Ltd. 
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Figure 10. Effects of saline seawater dilutions, concentration of monovalent Na+ and K+ ions (A), and concentration of divalent Ca2+ and Mg2+ ions (B) on the adsorption coefficient (Kd) for PFOS adsorption onto various “marine sediments” [65]. Reprinted with permission. Copyright, 2012, Elsevier Ltd. 
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Figure 11. (Top-right plot) Effects of NaCl on PFOS adsorption (Kd: distribution coefficient) onto kaolinite in single and multi-compound systems. The PFOS adsorption increased with NaCl concentration. (Middle-right plot) Sodium effects on kaolinite surface charge at varying ionic strengths, where the data were collected both with and without the presence of PFOS in the aqueous solution. The results of the top-right and middle-right graph were obtained at pH 7.5, with an initial PFOS concentration of 1E-6 mol/L. The top-left cartoon shows anionic PFOS approaching the kaolinite surface that has net negative charge in an environment that has low ionic strength. PFOS approaches the kaolinite surface oriented in a way where its hydrophilic/negatively charged head-group is toward the aqueous solution. The negatively charged PFOS head-group makes minimal contact with the negatively charged kaolinite surface. Beyond the dashed line is the aqueous solution with low PFOS concentrations. Na+ ions reside near the negatively charged PFOS head-groups and along the kaolinite surface. The background cartoon depicts the increasing adsorption of perfluoroalkyl acids (PFAA) as these compounds travel from fresh waters to salt waters. The cartoon shows that perfluorinated surfactants that are introduced into freshwater settings, such as rivers, can then travel to saltwater settings, like oceans. This is significant because the increased NaCl concentration causes increased adsorption [42]. Reprinted with permission. Copyright, 2011, American Chemical Society. 
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Figure 12. Humic acid effect on PFOS adsorption onto kaolinite and montmorillonite. The concentration of PFOS in all solutions containing each solid was 1.0 mg/L with 60 μg/g HA for kaolinite, and 30 μg/g HA for montmorillonite [78]. Reprinted with permission. Copyright, 2014, Elsevier B.V. 
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Figure 13. Schematic of adsorption of PFOA and/or humic acid (HA) onto a mineral surface: (a) introduction of PFOA molecules to the mineral suspension; (b) equilibrated PFOA adsorption onto the mineral surfaces; (c) introduction of both PFOA and HA molecules to the mineral suspension; (d) PFOA and HA concurrently reaching adsorption equilibrium when both molecules are introduced to the system simultaneously; (e) PFOA not able to adsorb on the mineral surface when HA was introduced before PFOA to the mineral suspension; (f) HA adsorption in the case when HA was introduced into a system that was already equilibrated with adsorbed PFOA; this results in HA displacement that entraps the PFOA molecules that are adsorbed onto the mineral surface [79]. Reprinted with permission. Copyright, 2016, Water Environment Federation. 
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Figure 14. Time evolution of TEA-FOS adsorption from 0.5 mM aqueous solution onto hydroxylated germanium surfaces. A finite number of adsorption sites reside on the germanium surface that TEA-FOS can adsorb to. This suggests that the observed three stages of adsorption exhibit characteristics of Langmuir kinetics. Stage I indicates initial rapid adsorption of TEA-FOS molecules, followed by a slowdown period. The duration of stage I was ~200 min. Stage II is a period where the slowing of adsorption continues until a sudden increase in the rate of adsorption, which indicates the beginning of the third stage of adsorption. The duration of stage II was ~1000 min. Stage III indicates a sudden increase in adsorption rate, and it lasts longer than the previous two stages, up to ~4000 min, until adsorption equilibrium was achieved. By stage III, a multilayer of TEA-FOS molecules is formed on the hydroxylated germanium surface [13,98]. Reprinted with permission. Copyright, 2013, Elsevier B.V. 
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Figure 15. Time evolution of PFOS, PFOA, and N-EtFOSAA adsorption onto “sediment 1” (made up of mostly sand, silt, and clay), at initial concentrations of 5 μg/L, each perfluorinated surfactant [113]. The surfactant concentrations used in these experiments is below their CMC. Reprinted with permission. Copyright, 2006, American Chemical Society. 
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Table 1. Chemical structure and physiochemical properties of various perfluorinated surfactants. CMC is the critical micelle concentration, and Koc is the fluorinated surfactant organic carbon–water partitioning coefficient. (a) Xing et al. [13], (b) Hellsing et al. [12], (c) Kothawala et al. [14], (d) MacManus-Spencer et al. [15], (e) Sorli et al. [16], (f) Kissa [17], (g) Mukerjee et al. [18], and (h) obtained from Scifinder, calculated by using Advanced Chemistry Development.
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	Perfluorinated Surfactant
	Full Name
	Chemical Formula
	Chemical Structure
	Molecular Weight (g/mol)
	CMC (mM)
	KOC





	PFBA
	Perfluorobutanoic acid
	C4HF7O2
	 [image: Surfaces 03 00037 i001]
	214.04
	750 (f)
	1.12 (c)



	PFBS
	Perfluorobutanesulfonic acid
	C4HF9O3S
	 [image: Surfaces 03 00037 i002]
	300.10
	22 (e)
	1.14 × 10−4 (c)



	PFPeA
	Perfluoropentanoic acid
	C5HF9O2
	 [image: Surfaces 03 00037 i003]
	264.05
	~250
	0.79 (c)



	PFHxA
	Perfluorohexanoic acid
	C6HF11O2
	 [image: Surfaces 03 00037 i004]
	314.05
	82 (b)
	6.92 (c)



	PFHxS
	Perfluorohexanesulfonic acid
	C6HF13O3S
	 [image: Surfaces 03 00037 i005]
	400.12
	12 (e)
	3.55 × 10−4 (c)



	PFHpA
	Perfluoroheptanoic acid
	C7HF13O2
	 [image: Surfaces 03 00037 i006]
	364.06
	33 (g)
	6.61 (c)



	PFOA
	Perfluorooctanoic acid
	C8HF15O2
	 [image: Surfaces 03 00037 i007]
	414.07
	9 (b)
	7.94 (c)



	PFNA
	Perfluorononanoic acid
	C9HF17O
	 [image: Surfaces 03 00037 i008]
	464.08
	3.1 (b)
	245.47 (c)



	PFOS
	Perfluorooctanesulfonic acid
	C8HF17O3S
	 [image: Surfaces 03 00037 i009]
	500.13
	3.1 (b)
	3.89 × 10−4 (c)



	TEA-FOS
	Tetraethylammonium Perfluorooctylsulfonate
	[C8F17O3S]−

[C8NH12]+
	 [image: Surfaces 03 00037 i010]
	629.40
	1.0 (a)
	



	PFDA
	Perfluorodecanoic acid
	C10HF19O2
	 [image: Surfaces 03 00037 i011]
	514.08
	1.5 (d)
	575.44 (c)



	PFUnDA
	Perfluoroundecanoic acid
	C11HF21O2
	 [image: Surfaces 03 00037 i012]
	564.09
	0.32 (d)
	1995.26 (c)



	PFDoDA
	Perfluorododecanoic acid
	C12HF23O2
	 [image: Surfaces 03 00037 i013]
	614.10
	~0.1
	527 (h)
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Table 2. Information on the adsorption of perfluorinated surfactants onto various mineral surfaces. Each row applies to the adsorption of a specific surfactant onto a specific surface. The “Solvent” column lists the solvent(s) used, salt types and concentrations, temperature, pH levels, and/or humic acid (HA) concentrations, if applicable. The “Mineral Surface Properties” column specifies whether the mineral surface examined was flat or curved (particle), and it includes other structural properties (if available), such as particle shape and size, pore diameter, and specific area. The “Key Results” column reports the adsorbed amount, adsorption capacity, or surface excess of the surfactant, onto the mineral surface under different conditions (if applicable), such as varying pH, salt, or HA concentrations. The “Structure” column reports the structure of the adsorbed layer: monolayer, bilayer, or multilayer. The “Comments” column contains some comments about specific studies. The “Reference” column lists the lead author and year of the publication that reported the data in a specific row. The perfluorinated surfactants that are reported in this table include (in order of increasing C—F chain length): perfluorobutanoic acid (PFBA); perfluorobutanesulfonic acid, which is also known as perfluorobutane sulfonate (PFBS); perfluoropentanoic acid (PFPeA); perfluorohexanoic acid (PFHxA); perfluorohexanesulfonic acid or perfluorohexane sulfonate (PFHxS); perfluoroheptanoic acid (PFHpA); perfluorooctanoic acid (PFOA); perfluorononanoic acid (PFNA); perfluorooctanesulfonic acid, also known as heptadecafluorooctanesulfonic acid or perfluorooctane sulfonate (PFOS); tetraethylammonium perfluorooctylsulfonate (TEA-FOS); perfluorodecanoic acid (PFDA); perfluoroundecanoic acid (PFUnDA); and perfluorododecanoic acid (PFDoDA). The mineral surfaces reported in this table are alumina (Al2O3), boehmite (y-AlO(OH)), F-SOMS (fluoroalkyl modified (1, 2) organosilica), goethite (α-FeO(OH)), hematite (Fe2O3), high-iron sand (Fe3O4), kaolinite (Al2Si2O5(OH)4), Lake Michigan sediment, montmorillonite ((Na,Ca)0.33(Al,Mg)2(Si4O10)(OH)2*nH2O), Ottawa sand (SiO2), silica (SiO2), and SOMS (modified organosilica).
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	Perfluorinated Surfactant
	Solvent
	Mineral Surface (Adsorbent)
	Mineral Surface Properties
	Key Results: Adsorbed Amount/Adsorption Capacity
	Adsorbed Layer Structure
	Comments
	Reference





	PFBA
	Water,

Temperature: 25 °C, pH: 6.3
	Organo-montmorillonites (0.5CEC-Mt)
	Particle surface
	Adsorption capacity: ~0.02 mmol/g
	Not reported
	Surfaces not well-defined
	Zhou et al. (2010) [84]



	PFBA
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported,

pH: not reported
	SOMS (organosilica adsorbent)
	Particle surface, Particle size: 250–450 µm; Surface area: 650 m2/g,

Pore volume: 1.03 mL/g
	Adsorption capacity: 0 mg/g (in deionized water), 0 mg/g (in 50 mM NaCl)
	Not reported
	
	Stebal et al. (2019) [66]



	PFBA
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported,

pH: not reported
	F-SOMS (fluoroalkyl modified)
	Particle surface, Particle size: 250–450 µm; Surface area: 660 m2/g;

Pore volume: 1.04 mL/g
	Adsorption capacity: 0 mg/g (in deionized water), 0 mg/g (in 50 mM NaCl)
	Not reported
	
	Stebal et al. (2019) [66]



	PFBS
	Water,

Temperature: 25 °C, pH: 6.3
	Organo-montmorillonites (0.5CEC-Mt)
	Particle surface
	Adsorption capacity: ~0.15 mmol/g
	Not reported
	Surfaces not well-defined
	Zhou et al. (2010) [84]



	PFBS
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported,

pH: not reported
	SOMS (organosilica adsorbent)
	Particle surface, Particle size: 250–450 µm, Surface area: 650 m2/g;

Pore volume: 1.03 mL/g,
	Adsorption capacity: ~3 mg/g (in deionized water), ~1 mg/g (in 50 mM NaCl)
	Not reported
	
	Stebal et al. (2019) [66]



	PFBS
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported,

pH: not reported
	F-SOMS (fluoroalkyl modified)
	Particle surface, Particle size: 250–450 µm, Surface area: 660 m2/g, Pore volume: 1.04 mL/g
	Adsorption capacity: ~1 mg/g (in deionized water), ~1 mg/g (in 50 mM NaCl)
	Not reported
	
	Stebal et al. (2019) [66]



	PFPeA
	Deionized water (alone) and NaCl (50 mM) (separate experiments). Temperature: not reported,

pH: not reported
	SOMS (organosilica adsorbent)
	Particle surface, Particle size: 250–450 µm, Surface area: 650 m2/g,

Pore volume: 1.03 mL/g
	Adsorption capacity: ~3 mg/g (in deionized water), ~0.5 mg/g (in 50 mM NaCl)
	Not reported
	
	Stebal et al. (2019) [66]



	PFPeA
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported,

pH: not reported
	F-SOMS (fluoroalkyl modified)
	Particle surface, Particle size: 250–450 µm, Surface area: 660 m2/g,

Pore volume: 1.04 mL/g
	Adsorption capacity: ~1 mg/g (in deionized water), ~1 mg/g (in 50 mM NaCl)
	Not reported
	
	Stebal et al. (2019) [66]



	PFHxA
	Water and D2O, Temperature: 300 K
	Silica (SiO2)
	Crystal surface, Crystal dimensions: 50 × 50 × 10 nm3
	Not applicable
	Not applicable
	
	Hellsing et al. (2016) [12]



	PFHxA
	Water and D2O (studied separately), Temperature: 300 K
	Alumina (Al2O3)
	Crystal surface, Crystal dimensions: 50 × 50 × 10 nm3
	0.0033 µg/m2
	Monolayer
	
	Hellsing et al. (2016) [12]



	PFHxA
	Water, CaCl2, and NaCl, (0.01–10 mM), (0.1–100 mM), Temperature: 25 °C, pH: 5.5–6.5 (adsorption isotherm experiment), 2.27, 4.14, 5.99, 6.04, 9.08, and 11.16 (pH-effects experiment)
	Hematite
	Particle surface, Specific area: 9.9 m2/g,

Purity: 70%
	34–59 µg/g (sorption isotherm), at pH 2.27 and 11.16: ~21 µg/g and ~17 µg/g, from Na+ concentration 0 and 100 mmol/L: ~22 and 22 µg/g, from Ca2+ concentration 0, 1, 10 mmol/L: ~24, 24, and 24 µg/g
	Monolayer
	Surfaces not well-defined
	Zhao et al. (2014) [96]



	PFHxA
	Water, CaCl2, and NaCl, (0.01–10 mM), (0.1–100 mM), Temperature: 25 °C, pH: 5.5–6.5 (adsorption isotherm experiment), 2.27, 4.14, 5.99, 6.04, 9.08, and 11.16 (pH-effects experiment)
	Kaolinite
	Particle surface, Specific area: 23.11 m2/g, Purity: >95%
	34–59 µg/g (sorption isotherm), from pH 2.27 and 11.16: ~19 µg/g and ~12 µg/g, from Na+ concentration 0 and 100 mmol/L: ~19 and 19 µg/g, from Ca2+ concentration 0, 1, 10 mmol/L: ~19, 19, and 18 µg/g
	Monolayer
	Surfaces not well-defined
	Zhao et al. (2014) [96]



	PFHxA
	Water, CaCl2, and NaCl, (0.01–10 mM), (0.1–100 mM), Temperature: 25 °C, pH: 5.5–6.5 (adsorption isotherm experiment), 2.27, 4.14, 5.99, 6.04, 9.08, and 11.16 (pH-effects experiment)
	Montmorillonite
	Particle surface, Specific area: 67.52 m2/g, Purity: 99%
	34–59 µg/g (sorption isotherm), at pH 2.27 and 11.16: ~18 µg/g ~16 µg/g, from Na+ concentration 0 and 100 mmol/L: ~20 and 19 µg/g, from Ca2+ concentration 0, 1, 10 mmol/L: ~19, 19, and 19 µg/g
	Monolayer
	Surfaces not well-defined
	Zhao et al. (2014) [96]



	PFHxA
	Water,

Temperature: 25 °C, pH: 6.3
	Organo-montmorillonites (0.5CEC-Mt)
	Particle surface
	Adsorption capacity: ~0.03 mmol/g
	Not reported
	Surfaces not well-defined
	Zhou et al. (2010) [84]



	PFHxA
	Deionized water (alone) and NaCl (50 mM) (separate experiments) Temperature: not reported,

pH: not reported
	SOMS (organosilica adsorbent)
	Particle surface, Particle size: 250–450 µm Surface area: 650 m2/g,

Pore volume: 1.03 mL/g
	Adsorption capacity: ~3 mg/g (in deionized water), ~1 mg/g (in 50 mM NaCl)
	Not reported
	
	Stebal et al. (2019) [66]



	PFHxA
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported

pH: not reported
	F-SOMS (fluoroalkyl modified)
	Particle surface, Particle size: 250–450 µm Surface area: 660 m2/g,

Pore volume: 1.04 mL/g
	Adsorption capacity: ~3.5 mg/g (in deionized water), ~3 mg/g (in 50 mM NaCl)
	Not reported
	
	Stebal et al. (2019) [66]



	PFHxS potassium salt
	Water, CaCl2, and NaCl, (0.01–10 mM), (0.1–100 mM), Temperature: 25 °C, pH: 6.8–7.1 (adsorption isotherm experiment), 2.27, 4.14, 5.99, 6.04, 9.08, and 11.16 (pH-effects experiment)
	Hematite
	Particle surface, Specific area: 9.9 m2/g,

Purity: 70%
	312–370 µg/g (sorption isotherm), at pH 2.27 and 11.16: ~33 µg/g and ~29 µg/g, from Na+ concentration 0 and 100 mmol/L: ~30 and 34 µg/g, from Ca2+ concentration 0, 1, 10 mmol/L: ~31, 32, and 35 µg/g
	Monolayer
	Surfaces not well-defined
	Zhao et al. (2014) [96]



	PFHxS potassium salt
	Water, CaCl2, and NaCl, (0.01–10 mM), (0.1–100 mM), Temperature: 25 °C, pH: 6.8–7.1 (adsorption isotherm experiment), 2.27, 4.14, 5.99, 6.04, 9.08, and 11.16 (pH-effects experiment)
	Kaolinite
	Particle surface, Specific area: 23.11 m2/g, Purity: >95%
	312–370 µg/g (sorption isotherm), at pH 2.27 and 11.16: ~27 µg/g and ~26 µg/g, from Na+ concentration 0 and 100 mmol/L: ~27 and 27 µg/g, from Ca2+ concentration 0, 1, 10 mmol/L: ~26, 26, and 26 µg/g
	Monolayer
	Surfaces not well-defined
	Zhao et al. (2014) [96]



	PFHxS potassium salt
	Water, CaCl2, and NaCl, (0.01–10 mM), (0.1–100 mM), Temperature: 25 °C, pH: 6.8–7.1 (adsorption isotherm experiment), 2.27, 4.14, 5.99, 6.04, 9.08, and 11.16 (pH-effects experiment)
	Montmorillonite
	Particle surface, Specific area: 67.52 m2/g, Purity: 99%
	312–370 µg/g (sorption isotherm), at pH 2.27 and 11.16: ~31 µg/g and ~29 µg/g, from Na+ concentration 0 and 100 mmol/L: ~29 and 29 µg/g, from Ca2+ concentration 0, 1, 10 mmol/L: ~29, 30, and 29 µg/g
	Monolayer
	Surfaces not well-defined
	Zhao et al. (2014) [96]



	PFHxS
	Water,

Temperature: 25 °C, pH: 6.3
	Organo-montmorillonites (0.5CEC-Mt)
	Particle surface
	Adsorption capacity: ~0.44 mmol/g
	Not reported
	Surfaces not well-defined
	Zhou et al. (2010)



	PFHxS
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported,

pH: not reported
	SOMS (organosilica adsorbent)
	Particle surface, Particle size: 250–450 µm, Surface area: 650 m2/g,

Pore volume: 1.03 mL/g
	Adsorption capacity: ~1 mg/g (in deionized water), ~2 mg/g (in 50 mM NaCl)
	Not reported
	
	Stebal et al. (2019) [66]



	PFHxS
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported, pH: not reported
	F-SOMS (fluoroalkyl modified)
	Particle surface, Particle size: 250–450 µm, Surface area: 660 m2/g

Pore volume: 1.04 mL/g
	Adsorption capacity: ~2 mg/g (in deionized water), ~3 mg/g (in 50 mM NaCl)
	Not reported
	
	Stebal et al. (2019) [66]



	PFHpA
	Water and NaHCO3/NaCl (1.0 mM),

Temperature: ~22.2 °C,

pH: 7.5
	Kaolinite
	Particle surface, Mean diameter: 1.1 µm (narrow size distribution) Surface area: 10 m2/g
	Solid–water distribution coefficients (logkd): Single compound system = not detectable, Multi-compound system = not applicable
	Not reported
	
	Xiao et al. (2011) [42]



	PFHpA
	Deionized water (alone) and NaCl (50 mM) (separate experiments). Temperature: not reported,

pH: not reported
	SOMS (organosilica adsorbent)
	Particle surface, Particle size: 250–450 µm, Surface area: 650 m2/g

Pore volume: 1.03 mL/g,
	Adsorption capacity: ~3 mg/g (in deionized water), ~9 mg/g (in 50 mM NaCl)
	Not reported
	
	Stebal et al. (2019) [66]



	PFHpA
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported,

pH: not reported
	F-SOMS (fluoroalkyl modified)
	Particle surface, Particle size: 250–450 µm, Surface area: 660 m2/g,

Pore volume: 1.04 mL/g
	Adsorption capacity: ~3 mg/g (in deionized water), ~5 mg/g (in 50 mM NaCl)
	Not reported
	
	Stebal et al. (2019) [66]



	PFOA
	Water and D2O (studied separately), Temperature: 300 K
	Silica (SiO2)
	Crystal surface, Crystal dimensions: 50 × 50 × 10 nm3
	0 µg/m2
	Not applicable
	
	Hellsing et al. (2016) [12]



	PFOA
	Water,

pH: 6,

Initial HA concentration: 10 mg/L
	SiO2
	Particle surface, Particle size: 2.3 µm

Specific surface area: 6.1 m2/g
	0.851 µg/m2 (no HA present),

Sorption density: 0.08 mg/m2 (HA added before PFOA), ~1.1 µg/m2 (concurrent addition of PFOA and HA) (at equilibrium concentration ~700 µg/L of PFOA)
	Monolayer (no HA), No structure reported (HA present)
	
	Yang et al. (2016) [79]



	PFOA
	Water,

Temperature: 20–45 °C,

pH: 5, 10.2, and 1.3
	Glass silica (siloxane, silanol patches)
	Flat surface; siloxane and silanol patches
	Surface excess: 217 molecules/µm2, Adsorbed amount: 3.60 × 10−4 µmol/m2 (pH 5.0), 1.33 × 10−4 µmol/m2, 7.46 × 10−4 µmol/m2 (pH 10.2, 1.3)
	Monolayer
	Schematics are the only available information on the adsorbed structure
	Shafique et al. (2017) [85]



	PFOA
	Water and D2O (studied separately), Temperature: 300 K
	Alumina (Al2O3)
	Crystal surface, Crystal dimensions: 50 × 50 × 10 nm3
	0.0036 µg/m2
	Monolayer
	
	Hellsing et al. (2016) [12]



	PFOA
	Water,

pH: 6,

Initial HA concentration: 10 mg/L
	Al2O3
	Particle surface, Particle size: 1.7 µm,

Specific surface area: 6.0 m2/g
	1.72 µg/m2 (no HA present), Sorption density: 0.07 mg/m2 (HA added before PFOA), ~1.9 µg/m2 (concurrent addition of PFOA and HA into the aqueous system) (at equilibrium concentration ~700 µg/L of PFOA)
	Monolayer (no HA), No structure reported (HA present)
	
	Yang et al. (2016) [79]



	PFOA
	Water, NaCl, KCl, CaCl2, and MgCl2 (0.001 M-0.1 M) (separate experiments), Temperature: 25 °C, pH: 4.3–7.2
	Alumina (Al2O3)
	Particle surface, Surface area: ~88.6 m2/g, Average particle size: 87.05 µm, non-crystalline
	0.157 µg/m2, In 0.001 M and 0.1 M NaCl, KCl, CaCl2, MgCl2: ~0.065 µg/m2 and ~0.001 µg/m2, During pH experiments: ~0.078 µg/m2 (pH 4.3) and ~0.004 µg/m2 (pH 7.2)
	Monolayer
	
	Wang et al. (2011) [97]



	PFOA ammonium salt
	Deionized water, pH: ~3.9, Temperature: 255–273 K
	Porous alumina (Al2O3)
	Particle surface, Particle size: 0.063–0.200 mm, Pore diameter: ~90 Å,

Specific area: 120 m2/g
	Adsorbed amount (Γ) = 0.46, 0.92, 1.37, 1.84, 2.58, 3.26, 4.5, 5.1, 5.1, 5.3, 5.1, 5.2 µmol/m2
	Bilayer
	
	Evenas et al. (2002) [85]



	PFOA
	Water, NaCl, and CaCl2 (0.0001–0.1 M),

Temperature: 25 °C, pH: 4–7.5 (pH experiment) and 7 (all other experiments)
	Boehmite
	Particle surface, Surface area: ~299.2 m2/g, Average particle size: 37.02 µm
	Adsorption capacity: 0.633 µg/m2, Adsorbed amount from kinetic experiment: 0.09 µg/m2, at pH 4 and 7.5: ~0.108 µg/m2 and ~0.09 µg/m2, In 0.0001 M NaCl and 0.1 M NaCl: ~0.0 µg/m2 and ~0.05 µg/m2, In 0.0001 M CaCl2 and 0.1 M CaCl2: ~0.0 µg/m2 and ~0.043 µg/m2
	Monolayer
	Surfaces not well-defined
	Wang et al. (2012) [91]



	PFOA
	Water,

pH: 6,

Initial HA concentration: 10 mg/L
	Fe2O3
	Particle surface, Particle size: 1.2 µm,

Specific surface area: 6.0 m2/g
	0.97 µg/m2 (no HA present), Sorption density: 0.07 mg/m2 (HA added before PFO, ~2.3 µg/m2 (concurrent addition of PFOA and HA) (at equilibrium concentration ~700 µg/L of PFOA)
	Monolayer (no HA), No structure reported (HA present)
	
	Yang et al. (2016) [79]



	PFOA
	Water, CaCl2, and NaCl, (0.01–10 mM), (0.1–100 mM), Temperature: 25 °C, pH: 5.5–6.5 (adsorption isotherm experiment), 2.27, 4.14, 5.99, 6.04, 9.08, and 11.16 (pH-effects experiment)
	Hematite
	Particle surface, Specific area: 9.9 m2/g,

Purity: 70%
	104–112 µg/g (sorption isotherm), at pH 2.27 and 11.16: ~28 µg/g and ~18 µg/g, from Na+ concentration 0 and 100 mmol/L: ~21 and 22 µg/g, from Ca2+ concentration 0, 1, 10 mmol/L: ~23, 24, and 25 µg/g
	Monolayer
	Surfaces not well-defined
	Zhao et al. (2014) [96]



	PFOA
	Water and NaHCO3/NaCl (1.0 mM),

Temperature: ~22.2 °C,

pH: 7.4
	Kaolinite
	Particle surface, Mean diameter: 1.1 µm (narrow size distribution), Surface area: 10 m2/g
	Solid-Water Distribution Coefficients (logkd): Single compound system = ~0.36 L/kg, Multi-compound system = not detectable
	Not reported
	
	Xiao et al. (2011) [42]



	PFOA
	Water, CaCl2, and NaCl, (0.01–10 mM), (0.1–100 mM), Temperature: 25 °C, pH: 5.5–6.5 (adsorption isotherm experiment), 2.27, 4.14, 5.99, 6.04, 9.08, and 11.16 (pH-effects experiment)
	Kaolinite
	Particle surface, Specific area: 23.11 m2/g,

Purity: >95%
	104-112 µg/g (sorption isotherm), at pH 2.27 and 11.16: ~24 µg/g and ~16 µg/g, from Na+ concentration 0 and 100 mmol/L: ~19 and 19 µg/g from Ca2+ concentration 0, 1, 10 mmol/L: ~18, 21, and 22 µg/g
	Monolayer
	Surfaces not well-defined
	Zhao et al. (2014) [96]



	PFOA
	Water, CaCl2, and NaCl, (0.01–10 mM), (0.1–100 mM), Temperature: 25 °C, pH: 5.5–6.5 (adsorption isotherm experiment), 2.27, 4.14, 5.99, 6.04, 9.08, and 11.16 (pH-effects experiment)
	Montmorillonite
	Particle surface, Specific area: 67.52 m2/g, Purity: 99%
	104–112 µg/g (sorption isotherm), at pH 2.27 and 11.16: ~23 µg/g and ~12 µg/g, from Na+ concentration 0 and 100 mmol/L: ~15 µg/g and 15 µg/g, from Ca2+ concentration 0, 1, 10 mmol/L: ~15, 16, and 15 µg/g
	Monolayer
	Surfaces not well-defined
	Zhao et al. (2014) [96]



	PFOA
	Water,

Temperature: 25 °C,

pH: 6.3
	Organo-montmorillonites (0.2CEC-Mt)
	Particle surface
	Adsorption capacity: ~0.08 mmol/g
	Not reported
	Surfaces not well-defined
	Zhou et al. (2010) [84]



	PFOA
	Water,

Temperature: 25 °C, pH: 6.3
	Organo-montmorillonites (0.5CEC-Mt)
	Particle surface
	Adsorption capacity: ~0.12 mmol/g
	Not reported
	Surfaces not well-defined
	Zhou et al. (2010) [84]



	PFOA
	Water,

Temperature: 25 °C, pH: 6.3
	Organo-montmorillonites (1.0CEC-Mt)
	Particle surface
	Adsorption capacity: ~0.35 mmol/g
	Not reported
	Surfaces not well-defined
	Zhou et al. (2010) [84]



	PFOA
	Deionized water (alone) and NaCl (50 mM) (separate experiments). Temperature: not reported,

pH: not reported
	SOMS (organosilica adsorbent)
	Particle surface, Particle size: 250–450 µm, Surface area: 650 m2/g,

Pore volume: 1.03 mL/g
	Adsorption capacity: ~3 mg/g (in deionized water), ~23 mg/g (in 50 mM NaCl)
	Not reported
	
	Stebal et al. (2019) [66]



	PFOA
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported,

pH: not reported
	F-SOMS (fluoroalkyl modified)
	Particle surface, Particle size: 250–450 µm, Surface area: 660 m2/g,

Pore volume: 1.04 mL/g
	Adsorption capacity: ~3 mg/g (in deionized water), ~23 mg/g (in 50 mM NaCl)
	Not reported
	
	Stebal et al. (2019) [66]



	PFOS
	Water and D2O (studied separately), Temperature: 300 K
	Silica (SiO2)
	Crystal surface, Crystal Dimensions: 50 × 50 × 10 nm3
	0 µg/m2
	Not applicable
	
	Hellsing et al. (2016) [12]



	PFOS
	Water and NaNO3 (0.1 mmol/L),

pH: 7,

Temperature: 298K
	Nanosize SiO2
	Particle surface, Average diameter: 15 nm,

Surface hydroxyl density: 35.5 µmol/m2,

Surface area: 64.1 m2/g
	0.1 µg/m2 (initial PFOS concentration of 0.2 µmol/L)
	Bilayer
	
	Lu et al. (2016) [95]



	PFOS
	Water and NaCl (0.1 M),

Temperature: 20–45 °C,

pH: 4
	Glass silica (siloxane, silanol patches)
	Flat surface; siloxane and silanol patches
	Surface excess: 7241 molecules/µm2, Adsorbed amount: 1.20 × 10−2 µmol/m2 (pH 5.0)
	Multilayer
	Schematics are the only available information on the adsorbed surface structure
	Shafique et al. (2017) [85]



	PFOS potassium salt
	Water and KNO3 (0.01–0.1 M)
	Ottawa sand (SiO2)
	Particle surface, Surface area: 2 × 10−3 m2/g
	Adsorption isotherm experiment: 10 PFOS molecules/nm2
	Monolayer
	
	Johnson et al. (2007) [90]



	PFOS
	Water and KCl (concentration not reported), Temperature: 298 K
	TiO2
	Flat surface; (110), (001), (100) plane, ~41 × 40 × 12 Å3 (Lx, Ly, Lz)
	Not reported
	Monolayer
	Molecular Dynamics simulations
	He et al. (2013) [99]



	PFOS
	Water and CaCl2 (concentration not reported), Temperature: 298 K
	TiO2
	Flat surface; (110) plane, ~4.1 ×3.9 × 1.4 nm3 (Lx, Ly, Lz)
	Not reported
	Multilayer
	Molecular Dynamics simulations
	He et al. (2015) [100]



	PFOS
	Water and NaNO3 (0.1 mmol/L),

pH: 7,

Temperature: 298 K
	Nanosize TiO2
	Particle surface, Average diameter: 25 nm,

Surface hydroxyl density: 18.3 µmol/m2,

Surface area: 278 m2/g
	0.7 µg/m2 (Initial PFOS concentration of 0.2 µmol/L)
	Bilayer
	
	Lu et al. (2016) [95]



	PFOS
	Water and D2O (studied separately), Temperature: 300 K
	Alumina (Al2O3)
	Crystal surface, Crystal dimensions: 50 × 50 × 10 nm3
	0.0035 µg/m2
	Monolayer
	
	Hellsing et al. (2016) [12]



	PFOS potassium salt
	Water, NaCl, KCl, CaCl2, and MgCl2 (0.001 M-0.1 M) (separate experiments), Temperature: 25 °C, pH: ~4.5–7
	Alumina (Al2O3)
	Particle surface, Surface area: ~88.6 m2/g, Average particle size: 87.05 µm, non-crystalline
	0.252 µg/m2; In 0.001 M and 0.1 M NaCl, KCl, CaCl2, MgCl2: 0.085 µg/m2 and 0.025 µg/m2, during pH experiments: ~0.09 µg/m2 (pH 4.5) and ~0.02 µg/m2 (pH 7)
	Monolayer
	
	Wang et al. (2011) [97]



	PFOS
	Water and NaNO3 (0.1 mmol/L),

pH: 7,

Temperature: 298 K
	Nanosize Al2O3
	Particle surface, Average diameter: 50 nm,

Surface hydroxyl density: 31.2 µmol/m2,

Surface area: 198 m2/g
	1.1 µg/m2 (initial PFOS concentration of 0.2 µmol/L)
	Bilayer
	
	Lu et al. (2016) [95]



	PFOS sodium salt
	Water,

Temperatures: 30 °C, 40 °C, 50 °C (isotherm equilibrium experiment), and 25 °C (all other experiments),

pH: 4–10 (pH-effects experiment),

Humic acid concentration: 1–50 mg/L (humic acid–effects experiment), 0.001–0.1 M NaCl (salt-effects experiment)
	Alumina nanoparticles
	Particle surface, Particle size: 13 nm,

Surface area: 83 m2 g−1
	At 30 °C: 589 mg/g, at 40 °C: 485 mg/g, at 50 °C: 447mg/g (mg/g absorbate on absorbent), At pH 4 and 10: ~240 µg/g and ~80 µg/g, In 1 mg/L and 50 mg/L HA: ~143 µg/g and 45 µg/g (pH 4), ~37 µg/g and ~27 µg/g (pH 7), ~19 µg/g and ~16 µg/g (pH 10), In 0.001 M and 0.1 M NaCl: ~180 µg/g and ~25 µg/g
	Monolayer
	
	Jian et al. (2019) [87]



	PFOS sodium salt
	Water,

Temperature: 30 °C, 40 °C, 50 °C (isotherm equilibrium experiment), and 25 °C (all other experiments),

pH: 4–10 (pH change experiment) Humic acid concentration: 1–50 mg/L (humic acid effects experiment), 0.001–0.1 M NaCl (salt-effects experiment)
	Alumina nanowires
	Particle surface, Particle size: 2–6 nm (diameter) 13 nm (length), Surface area: 124.9 m2g−1
	At 30 °C: 589, at 40 °C: 485, at 50 °C: 447 (mg/g absorbate on absorbent), At pH 4 and 10: ~30 µg/g and ~5 µg/g, In 1 mg/L and 50 mg/L HA: ~27 µg/g and 8 µg/g (pH 4), ~9 µg/g and ~2 µg/g (pH 7), ~4 µg/g and ~1 µg/g (pH 10), In 0.001 M and 0.1 M NaCl: ~10 µg/g and ~10 µg/g
	Monolayer
	Sodium perfluoro-[13C8]-octanesulfonate (M8PFOS)
	Jian et al. (2019) [87]



	PFOS
	Water and KH2PO4 (50 mg/L) (all experiments), Temperatures: 303 K (pH experiment), 293 K, 303 K, and 313 K (kinetic experiments),

pH: 4.3 (kinetic experiment), 3–10.5 (pH experiment)
	Boehmite
	Particle surface, Surface area: ~299.2 m2/g, Average particle size: 37.02 µm
	Adsorption capacity: 0.1529 µg/m2 (at 293K), 0.1176 µg/m2 (at 303K), 0.0980 µg/m2 (at 303 K), Adsorbed amount at pH 3 and 10.5: ~0.31 µg/m2 and ~0.07 µg/m2
	Monolayer
	Surfaces not well-defined
	Qian et al. (2017) [93]



	PFOS potassium salt
	Water, NaCl, and CaCl2 (0.0001 M–0.1 M),

Temperature: 25 °C, pH: 4–7.5 (pH experiment) and 7 (all other experiments)
	Boehmite
	Particle surface, Surface area: ~299.2 ± 1.8 m2/g,

Average particle size: 37.02 µm
	Adsorption capacity: 0.877 µg/m2, Adsorbed amount from kinetic experiment: 0.105 µg/m2, at pH 4 and 7.5: ~0.125 µg/m2 and ~0.105 µg/m2, In 0.0001 M NaCl and 0.1 M NaCl: ~0.0 µg/m2 and ~0.07 µg/m2, In 0.0001 M CaCl2 and 0.1 M CaCl2: ~0.0 µg/m2 and ~0.055 µg/m2
	Monolayer
	Surfaces not well-defined
	Wang et al. (2012) [91]



	PFOS potassium salt
	Water, NaCl, and CaCl2 (0.0001 M–0.1 M),

Temperature: 25 °C pH: 4–7.5, (pH experiment) and 7 (all other experiments),

HA concentration: 2–50 mg/L
	Boehmite
	Particle surface, Surface area: ~299.2 m2/g, Average particle size: 37.02 µm
	Adsorption capacity: 0.877 µg/m2, Adsorbed amount from kinetic experiment: 0.105 µg/m2, at pH 4 and 7.5: ~0.125 µg/m2 and ~0.105 µg/m2, In 0.0001 M NaCl and 0.1 M NaCl: ~0.0 µg/m2 and ~0.07 µg/m2, In 0.0001 M CaCl2 and 0.1 M CaCl2: ~0.0 µg/m2 and ~0.055 µg/m2, HA concentration 2 and 50 mg/L: ~0.09 µg/m2 and ~0.018 µg/m2
	Monolayer
	Surfaces not well-defined
	Shih et al. (2013) [92]



	PFOS potassium salt
	Water, CaCl2, and NaCl, (0.01–10 mM), (0.1–100 mM), Temperature: 25 °C, pH: 6.8–7.1 (adsorption isotherm experiment), 2.27, 4.14, 5.99, 6.04, 9.08, and 11.16 (pH-effects experiment)
	Hematite
	Particle surface, Specific area: 9.9 m2/g,

Purity: 70%
	294–312 µg/g (sorption isotherm), at pH 2.27 and 11.16: ~63 µg/g and ~22 µg/g, from Na+ concentration 0 and 100 mmol/L: ~42 and 59 µg/g, from Ca2+ concentration 0, 1, 10 mmol/L: ~42, 51, and 56 µg/g
	Monolayer
	Surfaces not well-defined
	Zhao et al. (2014) [96]



	PFOS
	Water and NaNO3 (0.1 mmol/L),

pH: 7,

Temperature: 298K
	Nanosize Fe2O3
	Particle surface, Average diameter: 75, Surface hydroxyl density: 21 µmol/m2,

Surface area: 41.7 m2/g
	4.0 µg/m2 (initial PFOS concentration of 0.2 µmol/L)
	Bilayer
	
	Lu et al. (2016) [95]



	PFOS potassium salt
	Water and KNO3 (0.01–0.1 M),

pH: 4.1-8.6
	Goethite (α-FeO(OH))
	Particle surface, Surface area: 58 m2/g
	Adsorption isotherm experiment: 1.4 × 10−3 PFOS molecules/nm2, Mass adsorbed: (pH dependence experiments) ~3.7 µg (pH 4.1) and ~1.7 µg (pH 8.6)
	Monolayer
	
	Johnson et al. (2007) [90]



	PFOS potassium salt
	Water and KNO3 (0.01–0.1 M)
	High-iron sand (Fe3O4)
	Particle surface, Surface area: 6 m2/g
	Adsorption isotherm experiment: 5 × 10−3 PFOS molecules/nm2
	Multilayer
	
	Johnson et al. (2007) [90]



	PFOS
	Water and NaHCO3/NaCl (1.0 mM),

Temperature: ~22.2 °C,

pH: 7.5
	Kaolinite
	Particle surface, Mean diameter: 1.1 µm (narrow size distribution), Surface area: 10 m2/g
	Solid–water distribution coefficients (logkd): Single compound system = ~1.16 L/kg, Multi-compound system = ~0.88 L/kg
	Not reported
	
	Xiao et al. (2011) [42]



	PFOS potassium salt
	Water and KNO3 (0.01–0.1 M),

pH: 2.2-7.4
	Kaolinite (Al2Si2O5(OH)4)
	Particle surface, Surface area: 10 m2/g
	Adsorption isotherm experiment: 6.0 × 10−3 PFOS molecules/nm2, Mass adsorbed during pH dependence experiments: ~4.4 µg (pH 2.2) and ~2.8 µg (pH 7.4)
	Monolayer
	
	Johnson et al. (2007) [90]



	PFOS potassium salt
	Water and NaCl (10 mM),

Temperature: unreported (adsorption experiments), 22 °C (adsorption experiments with HA),

pH: 7 (adsorption experiments) and 3–11 (zeta potential experiments)

HA concentration: 100mg/L
	Kaolinite
	Particle surface, particle size: 1187 ± 380 nm, Surface area: 11.9 m2/g
	77.6 ± 3.3 µg/g (without HA in solution), ~63 ± 8 µg/g (with HA in solution)
	Not reported
	
	Zhang et al. (2014) [78]



	PFOS potassium salt
	Water, CaCl2, and NaCl, (0.01–10 mM), (0.1–100 mM), Temperature: 25 °C, pH: 6.8–7.1 (adsorption isotherm experiment), 2.27, 4.14, 5.99, 6.04, 9.08, and 11.16 (pH-effects experiment)
	Kaolinite
	Particle surface, Specific area: 23.11 m2/g,

Purity: >95%
	294–312 µg/g (sorption isotherm), at pH 2.27 and 11.16: ~34 µg/g and ~17 µg/g, from Na+ concentration 0 and 100 mmol/L: ~19 and 23 µg/g, from Ca2+ concentration 0, 1, 10 mmol/L: ~21, 26, and 27 µg/g
	Monolayer
	Surfaces not well-defined
	Zhao et al. (2014) [96]



	PFOS potassium salt
	Water and NaCl (10 mM),

Temperature: unreported (adsorption experiments) and 22 °C (adsorption experiments with HA),

pH: 7 (adsorption experiment) and 3–11 (zeta potential experiment),

HA concentration: 100 mg/L
	Montmorillonite
	Particle surface, particle size: 842.9 ± 125.9 nm,

Surface area: 82.9 m2/g
	54.5 ± 7.2 µg/g (without HA in solution), ~41 ± 5 µg/g (with HA in solution)
	Not reported
	
	Zhang et al. (2014) [78]



	PFOS potassium salt
	Water, CaCl2, and NaCl, (0.01–10 mM), (0.1–100 mM), Temperature: 25 °C, pH: 6.8–7.1 (adsorption isotherm experiment), 2.27, 4.14, 5.99, 6.04, 9.08, and 11.16 (pH-effects experiment)
	Montmorillonite
	Particle surface, Specific area: 67.52 m2/g,

Purity: 99%
	294–312 µg/g (sorption isotherm), at pH 2.27 and 11.16: ~37 µg/g ~17 µg/g, from Na+ concentration 0 and 100 mmol/L: ~19 and 24 µg/g, from Ca2+ concentration 0, 1, 10 mmol/L: ~19, 23, and 26 µg/g
	Monolayer
	Surfaces not well-defined
	Zhao et al. (2014) [96]



	PFOS potassium salt
	Water,

Temperature: 25 °C, pH: 6.3
	Organo-montmorillonites (Na-Mt)
	Particle surface
	Adsorption capacity: 0.239 mmol/g
	Monolayer
	Surfaces not well-defined
	Zhou et al. (2010) [84]



	PFOS potassium salt
	Water,

Temperature: 25° C, pH: 6.3
	Organo-montmorillonites (0.2CEC-Mt)
	Particle surface
	Adsorption capacity: 0.550 mmol/g
	Monolayer
	Surfaces not well-defined
	Zhou et al. (2010) [84]



	PFOS potassium salt
	Water,

Temperature: 25 °C, pH: 6.3
	Organo-montmorillonites (0.5CEC-Mt)
	Particle surface
	Adsorption capacity: 0.912 mmol/g
	Monolayer
	Surfaces not well-defined
	Zhou et al. (2010) [84]



	PFOS potassium salt
	Water,

Temperature: 25 °C, pH: 6.3
	Organo-montmorillonites (1.0CEC-Mt)
	Particle surface
	Adsorption capacity: 1.492 mmol/g
	Monolayer
	Surfaces not well-defined
	Zhou et al. (2010) [84]



	PFOS potassium salt
	Water,

Temperature: 25 °C, pH: 6.3
	Organo-montmorillonites (2.5CEC-Mt)
	Particle surface
	Adsorption capacity: 1.71 mmol/g
	Monolayer
	Surfaces not well-defined
	Zhou et al. (2010) [84]



	PFOS
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported,

pH: not reported
	SOMS (organosilica adsorbent)
	Particle surface, Particle size: 250–450 µm, Surface area: 650 m2/g,

Pore volume: 1.03 mL/g
	Adsorption capacity: ~7 mg/g (in deionized water), ~55 mg/g (in 50 mM NaCl)
	Not Reported
	
	Stebal et al. (2019) [66]



	PFOS
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported,

pH: not reported
	F-SOMS (fluoroalkyl modified)
	Particle surface, Particle size: 250–450 µm, Surface area: 660 m2/g,

Pore volume: 1.04 mL/g
	Adsorption capacity: ~7 mg/g (in deionized water), ~68 mg/g (in 50 mM NaCl)
	Not Reported
	
	Stebal et al. (2019) [66]



	PFOS potassium salt
	Water and KNO3 (0.01–0.1 M)
	Lake Michigan a=sediment
	Particle surface, Surface area: not reported
	Not reported, “unpredictable nature of the compound”
	Monolayer
	
	Johnson et al. (2007) [90]



	TEA-FOS
	Water and NaCl (0–50 mM), Temperature: 21 °C, pH: 3.4 and 10
	Hydroxylated germanium
	Flat Surface, 45-degree trapezoidal Ge, Dimensions: 80 × 10 × 4 mm, referred to as an internal reflection element (IRE). Ge surface was placed in a flow-through cell coated with Teflon.
	At pH 3.4: 28.7 µg/m2 (in 0 mM NaCl), 31.9 µg/m2 (in 1 mM NaCl), 35.9 µg/m2 (in 2 mM NaCl), 42.9 µg/m2 (in 5 mM NaCl), 25.8 mM (in 10 mM Nacl), 23.0 µg/m2 (in 20 mM NaCl), 6.47 µg/m2 (in 50 mM NaCl). At pH 10: 7.58 µg/m2 (in 0 mM NaCl), 10.2 µg/m2 (in 1 mM NaCl), 12.2 µg/m2 (in 2 mM NaCl), 21.0 µg/m2 (in 5 mM NaCl), 19.6 mM (in 10 mM NaCl), 16.9 µg/m2 (in 20 mM NaCl), 9.83 µg/m2 (in 50 mM NaCl)
	Multilayer
	
	Xing et al. (2013) [98]



	PFNA
	Water and D2O (studied separately), Temperature: 300 K
	Silica (SiO2)
	Crystal surface, Crystal dimensions: 50 × 50 × 10 nm3
	Not applicable
	Not applicable
	
	Hellsing et al. (2016) [12]



	PFNA
	Water,

Temperature: 20–45 °C,

pH: 5
	Glass silica (siloxane, silanol patches)
	Flat surface; siloxane and silanol patches
	Surface excess: 397 molecules/µm2, Adsorbed amount: 6.60 × 10−4 µmol/m2 (pH 5.0)
	Monolayer
	Schematics are the only available information on the adsorbed surface structure
	Shafique et al. (2017) [85]



	PFNA
	Water and D2O (studied separately), Temperature: 300 K
	Alumina (Al2O3)
	Crystal surface, Crystal dimensions: 50 × 50 × 10 nm3
	0.0058 µg/m2
	Monolayer
	
	Hellsing et al. (2016) [12]



	PFNA
	Water and NaHCO3/NaCl (1.0 mM),

Temperature: ~22.2 °C,

pH: 7.5
	Kaolinite
	Particle surface, Mean diameter: 1.1 µm (narrow size distribution), Surface area: 10 m2/g
	Solid–water distribution coefficients (logkd): Single compound system = ~0.74 L/kg, Multi-compound system = ~0.30 L/kg
	Not reported
	
	Xiao et al. (2011) [42]



	PFNA
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported,

pH: not reported
	SOMS (organosilica adsorbent)
	Particle surface, Particle size: 250–450 µm, Surface area: 650 m2/g,

Pore volume: 1.03 mL/g
	Adsorption capacity: ~4 mg/g (in deionized water), ~13 mg/g (in 50 mM NaCl)
	Not Reported
	
	Stebal et al. (2019) [66]



	PFNA
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported,

pH: not reported
	F-SOMS (fluoroalkyl modified)
	Particle surface, Particle size: 250–450 µm, Surface area: 660 m2/g,

Pore volume: 1.04 mL/g
	Adsorption capacity: ~0.2 mg/g (in deionized water), ~15 mg/g (in 50 mM NaCl)
	Not Reported
	
	Stebal et al. (2019) [66]



	PFDA
	Water,

Temperature: 20–45 °C,

pH: 5
	Glass silica (siloxane, silanol patches)
	Flat surface; siloxane and silanol patches
	Surface excess: 499 molecules/µm2, Adsorbed amount: 8.28 × 10−4 µg/m2 (pH 5.0)
	Monolayer
	Schematics are the only available information on the adsorbed surface structure
	Shafique et al. (2017) [85]



	PFDA
	Water and NaHCO3/NaCl (1.0 mM),

Temperature: ~22.2 °C,

pH: 7.5
	Kaolinite
	Particle surface, Mean diameter: 1.1 µm (narrow size distribution), Surface area: 10 m2/g
	Solid–water distribution coefficients (logkd): Single compound system = ~1.30 L/kg, Multi-compound system = 1.05 L/kg
	Not reported
	
	Xiao et al. (2011) [42]



	PFDA
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported,

pH: not reported
	SOMS (organosilica adsorbent)
	Particle surface, Particle size: 250–450 µm, Surface area: 650 m2/g,

Pore volume: 1.03 mL/g
	Adsorption capacity: ~7 mg/g (in deionized water), ~17 mg/g (in 50 mM NaCl)
	Not Reported
	
	Stebal et al. (2019) [66]



	PFDA
	Deionized water (alone) and NaCl (50 mM) (separate experiments), Temperature: not reported,

pH: not reported
	F-SOMS (fluoroalkyl modified)
	Particle surface, Particle size: 250–450 µm, Surface area: 660 m2/g,

Pore volume: 1.04 mL/g
	Adsorption capacity: ~0.2 mg/g (in deionized water), ~21 mg/g (in 50 mM NaCl)
	Not Reported
	
	Stebal et al. (2019) [66]



	PFUnDA
	Water,

Temperature: 20–45 °C,

pH: 5
	Glass silica (siloxane, silanol patches)
	Flat surface; siloxane and silanol patches
	Surface excess: 2845 molecules/µm2, Adsorbed amount: 4.73 × 10−3 µmol/m2 (pH 5.0)
	Multilayer
	Schematics are the only available information on the adsorbed surface structure
	Shafique et al. (2017) [85]



	PFUnDA
	Water and NaHCO3/NaCl (1.0 mM),

Temperature: ~22.2 °C,

pH: 7.5
	Kaolinite
	Particle surface, Mean diameter: 1.1 µm (narrow size distribution), Surface area: 10 m2/g
	Solid–water distribution coefficients (logkd): Single compound system = ~1.70 L/kg, Multi-compound system = ~1.72 L/kg
	Not reported
	
	Xiao et al. (2011) [42]



	PFDoDA
	Water,

Temperature: 20–45 °C,

pH: 5
	Glass silica (siloxane, silanol patches)
	Flat surface; siloxane and silanol patches
	Surface Excess: 3337 molecules/µm2, Adsorbed Amount: 5.54 × 10−3 µmol/m2 (pH 5.0),
	Multilayer
	Schematics are the only available information on the adsorbed surface structure
	Shafique et al. (2017) [85]



	PFDoDA
	Water,

Temperature: 25 °C, pH: 6.3
	Organo-montmorillonites (0.5CEC-Mt)
	Particle surface
	Adsorption capacity: ~0.16 mmol/g
	Not reported
	Surfaces not well-defined
	Zhou et al. (2010) [84]











© 2020 by the authors. Licensee MDPI, Basel, Switzerland. This article is an open access article distributed under the terms and conditions of the Creative Commons Attribution (CC BY) license (http://creativecommons.org/licenses/by/4.0/).






media/file13.jpg
a) 40 b) 50
354 goethite 45 kaolinite
g L4 E 40
30
8 . 8 3s
S 25 °
8 25 8 10
o o 3 °
* 20 =25
15 T T 20+ T T
2 6 8 2 6 8
pH pH






media/file4.png
Amount Adsorbed

Type |

| Typell

Type II1

Type V

Type IV

Relative Pressure





media/file43.png





media/file18.png
a 2 o od <
28
26 = 4
24 - @
22 - "
$
20
o] © ¢ &3 ®
61 & Y & .3
&
14 &
b 28 § B
] o o
24
o
2 ¢
¥ 22 - A
ea
20 - i
03
. § § | & o
60
c T §
50 - ]
@
40 - ¢
m 8
04 o a@
&
%8 ) o @
20 L) L L ) L) L L) L L) L L ) L)
0O 20 40 60 80 100 120 0 2 4 6 8 10 12
CNa+ (mmollL) Cca2+ (mmoliL)

OPFOS, OPFHxS, APFOA, {PFHXA on the (a) (A) MM, (b) (B) KL and (¢) (C) HM.





media/file44.png
FFEFFEFR

FrFFFFFE





media/file26.png
AN

~EX

D

ERMIMUINY

& g = & o

(3/31)

SOAd PaqIospy





media/file35.png
RFRF

F¥e¥d





media/file20.jpg
B 18

= Seawater dilutions - Salinity °
o CaCl, 9
x o

v MgSO, .

N B>

Log K, (L/kg)
5

o o o o
525 &

-1.0 —0‘.5 050 0t5 1?0 115 2?0
Log S (¢/L), Log [Ca™] or Log [Mg’ '] (mM)





media/file7.jpg
00016 - 15
Goethite Ottawa Sand Standard
0.0012 o
o 10
. 0.0008 % 35
«
£ 0.0004 ° 5 30
2 25
£ .
§ 0.0000 5
4
5 0016 0,006 00 02 0
b High Iron Sand Kaolinite
3 0012 e
2 o008
& 0.002
0,004
0.000 0,000
0 2 4 6 8 0 2 4 & 8

Equilibrium Concentration (ppm)





media/file28.png
(c)

(b)
)
—®
(@
e
)
e
w[ e
. =






media/file10.png
: - ‘\.‘.
“t\ 'f’)’ ,.-tg—

\.'f "
M~
“/70‘1'(\.»& e






media/file45.png
FW
RS .





media/file11.jpg
@ssssnnss
LR TS

.
PR
:

anaanse l!cv-
seassanas

LA AL LS Bl
LR L] ‘o —a|
LA AL LA A LLS m

995,99
® ;s
- - -
- -
- »e -
- »e -
L] -
- e -
- -
ss il 995 Qisss
s Press s

239999533999





media/file6.png
Inr






media/file36.png





media/file15.jpg
= NP
* _NW|

(6/6) sb

1004

pH





nav.xhtml


  surfaces-03-00037


  
    		
      surfaces-03-00037
    


  




  





media/file41.png





media/file2.png
* PFC Firefighting
Foam
-

0
PFOS Treated g
3;:‘:; Food Packagmg

PFC Producing/

Using Factory !

. Dustmbre Fire Fighting
Air 4 Praqtice &
il fnre‘s
wastes . ﬁ
8 s
) 8 Fruits, Vegetables &
Effluent R Crops
Waste v
Landfill ‘ 1

Leachate ——» WWTP — Sludge —»
o T .






media/file37.png





media/file23.jpg
2650|Single-compound system

Fresh Brackish

PFAA adsorption to particles





media/file24.png
Single-compound system
{Multi-compound system

Q—,;"Q‘o 3
Log [NaCl] (moliL)

Fresh Brackish Salt

E—

PFAA adsorption to particles





media/file29.jpg
Surface Excess (10° mol/m?)

25

15

10

= T
0.1 1 10 100

Time (min)






media/file1.jpg
PFC Feetightng






media/file12.png
.QQQ!QQ!!
LA A A A A A A A A

~
oy SIS
o

@
LR LN °
!QQQQ!QQ:.#M
LR -~
annanns o5
R R R LR
L
-> ¥R -
LEREET R

:

=Si-0-Si=

.0.9 9999499
a

—

>
>
=

LA R R R R R

a5

e
.
.
LR
LR
4
4
L
P

POPOPP

BLA LR B R E R R R

:
E






media/file9.jpg





media/file42.png





media/file38.png





media/file17.jpg
$ o |8 .
e K s
% i L
H

3 oa
i g §| % .
ew T 3
wl g H
o ® o
- .
B =
» 6 | 2o s
TEEEEEws T T

OPFOS, CIPFHXS, APFOA, OPFHXA on the (a) (A) MM, (b) (B) KL and (c) (C) HM.





media/file30.png
Surface Excess (10° mol/m?)

25_—

15

L4

10

b |

p-

—a—pH=34
—e—pH=6.0
~8-—pH=84
—o— pH =10.0

Stage III

10 100
Time (min)






media/file39.png





media/file27.jpg





media/file3.jpg
Amount Adsorbed

Type 1 Type Il

%

Type IlI Type IV

e
“

Relative Pressure






media/file22.png
Log K (L/kg)

1.8

O O @ e  =w -
D e O N &~ O

© o o
o N b

| = Seawater dilutions - Salinity o
o CaCl v
" v MgSO, i
-1.0 -05 0.0 0.5 1.0 1.5 7R

Log S (g/L), Log [Ca2+] or Log [Mg2+] (mM)






media/file19.jpg
>

N D

Log K, (L/kg)

5 =
® o

e o 9o
N > o

= Scawater dilutions - Salinity
o NaCl
v KCl

0
-10 05 00 05 10 15 20 25 3.0

Log S (g/L), Log [Na'] or Log [K'] (mM)





media/file40.png





media/file32.png
1.0

s PFOS
0.8 — >  PFDA
a N-EtFOSAA

k, = 0.488 + 0.096 hr’
k, =0.018 + 0.003 hr”

Fraction Remaining in Solution

0 50 100 150 200 250
Time (hr)





media/file14.png
35 - goethite
o
3.0 4
®
2.5 -
®
o
2.0 - o
1.5 ' '
2 6 8
pH

b) 5.0
o]

kaolinite
40
@ 3.5 - &
(]
2.5 -
20 . r :
2 4 6 8






media/file46.png





media/file16.png
. +O
.- ° .Iw
B -
. v8
5 zre
- -
— s - O
. ~ O
—— -
—— v4 ¥
v r v Y r v HlH = N~
D O D © 0 O
N N == -
(6/61) b
.- - O
S & o 2
Qs f
-
ne —— —
1 | || ||
8 g g 8 s
< -—

(6/61) b

pH





media/file5.jpg
Inr






media/file31.jpg
= PFOS
- o PFDA

s N-EIFOSAA

k, =0.488 + 0.096 hr'!
06 k, = 0.018 + 0.003 hr'|

Fraction Remaining in Solution

0 50 100 150 200 250
Time (hr)





media/file25.jpg
N

HA-kaolinite  Montmorillonite HA-montmorillonite

N

Kaolinite

100

g 8 ¢ 8§

(8/81) SO4d pagIospy

0





media/file0.png





media/file8.png
)

PFOS Adsorbed (mg/m?

0.0016
0.0012
0.0008
0.0004
0.0000

0.016
0.012

0.008 ;

0.004
0.000

Goethite

High Iron Sand

0 2 4
Equilibrium Concentration (ppm)

15

10

0.004

0.002

0.000

Ottawa Sand Standard

20 /D*

00 02 04

Kaolinite

2

B 6 8





media/file34.png





media/file21.png
A s

@ Scawater dilutions - Salinity
o Na(Cl
v KCI

- A -
N A O
T

i
o
T

Log K, (L/kg)
o o
o o

© o o
S N b
1

-1.0 -Ol.5 0?0 0?5 1?0 1f5 2?0 2f5 3.0
Log S (g/L), Log [Na'] or Log [K'] (mM)





