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‭Determining Buffer Components for a Desired pH‬

‭Review of Acids, Bases, and pH‬

‭The Brønsted-Lowry definitions for acids and bases are as follows:‬

‭An‬‭acid‬‭is any substance that can donate‬
‭one or more protons to another substance.‬

‭A‬‭base‬‭is any substance that will accept one‬
‭or more protons from another substance.‬

‭Water behaves as both an acid and a base. When water behaves as an acid, it donates one of its two‬
‭protons and becomes a hydroxide ion.‬

‭When water behaves as a base, it accepts a proton and becomes a hydronium ion.‬

‭When an acid or base is added to an aqueous solution, it will interact with water molecules to either‬
‭increase or decrease the concentration of hydronium ions in the solution, which is measured as the‬
‭solution’s pH.‬

‭pH = – log[H‬‭3‬‭O‬‭+‬‭]‬

‭The “p” in pH can be thought of as “power,” referring to the power of 10 (or order of magnitude) of the‬
‭concentration. The answer to a log is an exponent, so we can rewrite the pH expression above as:‬

‭[H‬‭3‬‭O‬‭+‬‭] = 10‬‭–pH‬

‭This equation demonstrates that a higher concentration of hydronium ion will result in a lower pH, and‬
‭a lower concentration of hydronium ion results in a higher pH.‬



‭Name:‬ ‭Date:‬ ‭Period:‬

‭Factors that affect pH‬

‭There are two factors that affect the hydronium ion concentration, and therefore the pH, of a solution:‬
‭the strength and the concentration of the acid or base in the solution.‬

‭The strength of an acid or base affects the pH more significantly than the concentration of the acid or base.‬

‭The‬‭strength‬‭of an acid or base is how likely it is to donate or accept a proton in an acid-base reaction. Strong‬
‭acids and bases are very likely to donate or accept protons, whereas weak acids and bases are less likely to‬
‭donate or accept protons.‬

‭For example, hydrochloric acid (HCl) is a‬‭strong acid‬‭. Essentially, 100% of the protons are transferred‬
‭to water in an aqueous solution of hydrochloric acid, leaving only chloride anions (Cl‬‭–‬‭) behind and‬
‭drastically increasing the hydronium ion concentration in solution.‬

‭Acetic acid (CH‬‭3‬‭COOH), on the other hand, is a‬‭weak acid‬‭. Only some of the protons will be‬
‭transferred to water in an aqueous solution of acetic acid, so it does not increase the hydronium ion‬
‭concentration as much as a strong acid.‬

‭Sodium hydroxide (NaOH), as well as all alkali metal hydroxides, is a‬‭strong base‬‭. Metal hydroxides‬
‭will ionize in an aqueous solution, producing a metal cation and the hydroxide anion, which acts as a‬
‭strong base. Hydroxide ions readily accept a proton to become water.‬

‭Ammonia (NH‬‭3‬‭) is a‬‭weak base‬‭. It will accept a proton to become the ammonium ion (NH‬‭4‬
‭+‬‭) but it does‬

‭so more reluctantly than other, stronger bases.‬

‭The‬‭concentration‬‭of the acid or base, like all substances, is how many particles are present in a certain‬
‭volume of a solution. Higher concentrations have a greater effect on the pH than lower concentrations because‬
‭there are more particles available to react with water and change the hydronium ion concentration.‬

‭The purpose of a buffer is to maintain the pH of a solution.‬

‭Buffers work to maintain the pH of a solution by reacting with and‬
‭neutralizing any strong acid or base that is added to the solution. To‬
‭do this, buffer solutions must contain both a weak acid, to react with‬
‭strong bases, and a weak base, to react with strong acids.‬

‭Why don’t the weak acid and weak base in the buffer solution‬
‭react with and neutralize each other?‬

‭The weak acid and weak base in a buffer solution are a conjugate pair. A‬‭conjugate acid-base pair‬‭is a pair of‬
‭chemicals that turn into each other when a proton is gained or lost. For example, when carbonic acid (H‬‭2‬‭CO‬‭3‬‭)‬
‭loses a proton, it becomes the bicarbonate ion, HCO‬‭3‬

‭–‬‭, its conjugate base. If HCO‬‭3‬
‭–‬ ‭gains a proton, it becomes‬

‭H‬‭2‬‭CO‬‭3‬ ‭again.‬
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‭Because both the acid and base in a buffer solution are conjugates of each other, the reaction can‬
‭move in whichever direction it needs to counteract the addition of strong acids and bases and‬
‭maintain the pH of the solution.‬

‭A strong acid, like hydrochloric acid (HCl),‬
‭will dissociate completely in a carbonic acid‬
‭buffer solution, causing the bicarbonate ions‬
‭to accept the excess protons and form‬
‭carbonic acid molecules. Carbonic acid‬
‭molecules are much weaker than the‬
‭hydrochloric acid. Therefore, the pH rises‬
‭back to its original range.‬

‭A strong base, like sodium hydroxide‬
‭(NaOH), will dissociate completely in‬
‭a carbonic acid buffer solution. The‬
‭added hydroxide ions react with‬
‭carbonic acid, causing the carbonic‬
‭acid to release protons. The protons‬
‭released from carbonic acid bond to‬
‭the hydroxide ions, forming water.‬
‭This prevents a significant increase‬
‭in the pH of the solution. The‬
‭bicarbonate ions produced when the‬
‭carbonic acid releases protons acts‬
‭as a reservoir of base, ready to react‬
‭with any additional acid that may be added to the solution.‬

‭Determining Buffer Components for a Desired pH‬

‭The general reaction for an acid in aqueous solution is:‬

‭Recall the strength of an acid is how likely the compound is to donate a proton, which means the‬
‭reversible reaction above will establish an equilibrium based on the strength of the acidic compound.‬
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‭The equilibrium constant of a chemical reaction is:‬

‭𝐾‬ = [‭𝑃𝑟𝑜𝑑𝑢𝑐𝑡𝑠‬]
[‭𝑅𝑒𝑎𝑐𝑡𝑎𝑛𝑡𝑠‬]

‭For the reaction between an acidic compound and water, the equilibrium constant (or acid‬
‭dissociation constant) is:‬

‭𝐾‬
‭𝑎‬

=
[‭𝐻‬

‭3‬
‭𝑂‬+][‭𝐴‬−]

[‭𝐻𝐴‬]
‭The concentration of H‬‭2‬‭O is excluded because it is‬‭a pure liquid.‬

‭The pH of a buffer solution can be determined by taking the negative logarithm of the equation above.‬

− ‭𝑙𝑜𝑔‬(‭𝐾‬
‭𝑎‬
) = ‭ ‬ − ‭𝑙𝑜𝑔‬

[‭𝐻‬
‭3‬
‭𝑂‬+][‭𝐴‬−]

[‭𝐻𝐴‬]

‭Using the product logarithm rule, the negative log of the concentration of hydronium ion, or pH, can‬
‭be separated from the rest.‬

− ‭𝑙𝑜𝑔‬(‭𝐾‬
‭𝑎‬
) = ‭ ‬ − ‭𝑙𝑜𝑔‬[‭𝐻‬

‭3‬
‭𝑂‬+] − ‭𝑙𝑜𝑔‬ [‭𝐴‬−]

[‭𝐻𝐴‬]

‭𝑝‬‭𝐾‬
‭𝑎‬

= ‭𝑝𝐻‬ − ‭𝑙𝑜𝑔‬ [‭𝐴‬−]
[‭𝐻𝐴‬]

‭Finally, recognize the ratio‬ ‭as the‬‭components of a buffer solution: an acid (HA) and its‬
[‭𝐴‬−]
[‭𝐻𝐴‬]

‭conjugate anion (A‬‭–‬‭). This term in the equation is‬‭eliminated when the ratio of the components is 1:1‬
‭because the logarithm of one is equal to zero.‬

‭Given the equilibrium constant of the acid, K‬‭a‬‭, the pH range of the buffer solution can be calculated‬
‭using the equation:‬

‭𝑝𝐻‬ = ‭𝑝‬‭𝐾‬
‭𝑎‬

= ‭ ‬ − ‭𝑙𝑜𝑔‬(‭𝐾‬
‭𝑎‬
)


