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วัตถุประสงค์การเรียนรู้
1. เข้าใจและอธิบายโครงสร้างและความสําคัญ
ของน้ําได้

2. เข้าใจและอธิบายคุณสมบัติความสําคัญของ
Buffer ได้

3. เข้าใจและอธิบายตัวอย่างของ buffer ใน
สิ่งมีชีวิต (biological buffer) ได้
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Water (น้ํา)~ 70% ของร่างกาย
Blood 83%
Brain 75%
Bone 22%
Heart 79%
Kidney 83%
Liver 86%
Muscle 75%

ร่างกายจะพยายามรักษา
สมดุลของน้ําในร่างกายให้
คงที่

สูญเสียน้ําทาง: เหง่ือ 
ปัสสาวะ อุจจาระ 

-ภาวะน้ําเกิน (over hydration) เกิดจากขับน้ํา
ออกได้นอ้ย เช่น โรคใต
-ภาวะขาดน้ํา (dehydration) เกิดจากขับน้ําออก
มาก เช่น รออกกําลังกายอย่างนัก
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ส่วนประกอบของของเหลวในร่างกาย 
(intra/extracellular fluids)

ตัวทําละลาย
(solvent of life)

ตัวเอื้อต่อการเกิดปฏิกิริยาเคมี

สารตั้งต้นปฏิกิริยา
(hydrolysis)

ตัวช่วยขนส่งสารอาหาร
และ metabolites

ตัวควบคุมอุณหภูมิ
ให้คงที่ (ต้องใช้ความ
ร้อนในการทําให้อุณหภูมิ
น้ําเปลี่ยน)

หนา้ที่ของน้ํา

HH
O
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Chemical properties of water

• bent structure (v-shape)
• Polar molecule
• Dipoles (H+ and O-)
• Free water: solvent for ionic/polar compounds ~ 55%
• Bound water (with other biomolecules by H-bond) 
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Water form hydrogen (H)-bond with polar solutes 
an electrostatic attraction between the oxygen atom (𝝳-) 
of one water molecule and the hydrogen (𝝳+) of another 

Water48

each hydrogen atom bears a partial positive charge (!1), 
and the oxygen atom bears a partial negative charge 
equal in magnitude to the sum of the two partial positives 
(2!2). As a result, there is an electrostatic attraction 
between the oxygen atom of one water molecule and the 
hydrogen of another (Fig. 2–1b), called a hydrogen 
bond. Throughout this book, we represent hydrogen 
bonds with three parallel blue lines, as in Figure 2–1b.
 Hydrogen bonds are relatively weak. Those in liquid 
water have a bond dissociation energy (the energy 
required to break a bond) of about 23 kJ/mol, compared 
with 470 kJ/mol for the covalent O—H bond in water or 
348 kJ/mol for a covalent C—C bond. The hydrogen 

bond is about 10% covalent, due to overlaps in the 
bonding orbitals, and about 90% electrostatic. At room 
temperature, the thermal energy of an aqueous solution 
(the kinetic energy of motion of the individual atoms 
and molecules) is of the same order of magnitude as 
that required to break hydrogen bonds. When water is 
heated, the increase in temperature reflects the faster 
motion of individual water molecules. At any given time, 
most of the molecules in liquid water are hydrogen 
bonded, but the lifetime of each hydrogen bond is just 1 
to 20 picoseconds  (1 ps 5 10212 s); when one hydrogen 
bond breaks, another hydrogen bond forms, with the 
same partner or a new one, within 0.1 ps. The apt 
phrase “flickering clusters” has been applied to the 
short-lived groups of water molecules interlinked by 
hydrogen bonds in liquid water. The sum of all the 
hydrogen bonds between H2O molecules confers great 
internal cohesion on liquid water. Extended networks of 
hydrogen-bonded water molecules also form bridges 
between solutes (proteins and nucleic acids, for exam-
ple) that allow the larger molecules to interact with 
each other over distances of several nanometers with-
out physically touching.
 The nearly tetrahedral arrangement of the orbitals 
about the oxygen atom (Fig. 2–1a) allows each water 
molecule to form hydrogen bonds with as many as four 
neighboring water molecules. In liquid water at room 
temperature and atmospheric pressure, however, water 
molecules are disorganized and in continuous motion, 
so that each molecule forms hydrogen bonds with an 
average of only 3.4 other molecules. In ice, on the other 
hand, each water molecule is fixed in space and forms 
hydrogen bonds with a full complement of four other 
water molecules to yield a regular lattice structure 
(Fig. 2–2). Hydrogen bonds account for the relatively 
high melting point of water, because much thermal 
energy is required to break a sufficient proportion of 
hydrogen bonds to destabilize the crystal lattice of ice 

 Melting point (8C) Boiling point (8C) Heat of vaporization (J/g)*
Water 0 100 2,260

Methanol (CH3OH) 298 65 1,100

Ethanol (CH3CH2OH) 2117 78 854

Propanol (CH3CH2CH2OH) 2127 97 687

Butanol (CH3(CH2)2CH2OH) 290 117 590

Acetone (CH3COCH3) 295 56 523

Hexane (CH3(CH2)4CH3) 298 69 423

Benzene (C6H6) 6 80 394

Butane (CH3(CH2)2CH3) 2135 20.5 381

Chloroform (CHCl3) 263 61 247

*The heat energy required to convert 1.0 g of a liquid at its boiling point and at atmospheric pressure into its gaseous state at the same temperature. It is a 
direct measure of the energy required to overcome attractive forces between molecules in the liquid phase.

TABLE 2–1  Melting Point, Boiling Point, and Heat of Vaporization of Some Common Solvents

FIGURE 2–1 Structure of the water molecule. (a) The dipolar nature of 
the H2O molecule is shown in a ball-and-stick model; the dashed lines 
represent the nonbonding orbitals. There is a nearly tetrahedral arrange-
ment of the outer-shell electron pairs around the oxygen atom; the two 
hydrogen atoms have localized partial positive charges (!1) and the 
oxygen atom has a partial negative charge (!2). (b) Two H2O molecules 
joined by a hydrogen bond (designated here, and throughout this book, 
by three blue lines) between the oxygen atom of the upper molecule 
and a hydrogen atom of the lower one. Hydrogen bonds are longer and 
weaker than covalent O—H bonds.
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(Table 2–1). When ice melts or water evaporates, heat 
is taken up by the system:

H2O(solid) ¡ H2O(liquid) ¢H 5 15.9 kJ/mol
H2O(liquid) ¡ H2O(gas) ¢H 5 144.0 kJ/mol

 During melting or evaporation, the entropy of the 
aqueous system increases as the highly ordered arrays 
of water molecules in ice relax into the less orderly 
hydrogen-bonded arrays in liquid water or into the 
wholly disordered gaseous state. At room temperature, 
both the melting of ice and the evaporation of water 
occur spontaneously; the tendency of the water mole-
cules to associate through hydrogen bonds is out-
weighed by the energetic push toward randomness. 
Recall that the free-energy change (DG) must have a 
negative value for a process to occur spontaneously: 
DG 5 DH 2 T DS, where DG represents the driving 
force, DH the enthalpy change from making and break-
ing bonds, and DS the change in randomness. Because 
DH is positive for melting and evaporation, it is clearly 
the increase in entropy (DS) that makes DG negative 
and drives these changes.

Water Forms Hydrogen Bonds with Polar Solutes
Hydrogen bonds are not unique to water. They readily 
form between an electronegative atom (the hydrogen 
acceptor, usually oxygen or nitrogen) and a hydrogen 
atom covalently bonded to another electronegative atom 
(the hydrogen donor) in the same or another molecule 
(Fig. 2–3). Hydrogen atoms covalently bonded to car-

bon atoms do not participate in hydrogen bonding, 
because carbon is only slightly more electronegative 
than hydrogen and thus the C—H bond is only very 
weakly polar. The distinction explains why butanol 
(CH3(CH2)2CH2OH) has a relatively high boiling point of 
117 8C, whereas butane (CH3(CH2)2CH3) has a boiling 
point of only 20.5 8C. Butanol has a polar hydroxyl 
group and thus can form intermolecular hydrogen 
bonds. Uncharged but polar biomolecules such as sugars 
dissolve readily in water because of the stabilizing effect 
of hydrogen bonds between the hydroxyl groups or car-
bonyl oxygen of the sugar and the polar water molecules. 
Alcohols, aldehydes, ketones, and compounds contain-
ing N—H bonds all form hydrogen bonds with water 
molecules (Fig. 2–4) and tend to be soluble in water.

FIGURE 2–3 Common hydrogen bonds in biological systems. The 
hydrogen acceptor is usually oxygen or nitrogen; the hydrogen donor is 
another electronegative atom.
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FIGURE 2–4 Some biologically important hydrogen bonds.
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FIGURE 2–2 Hydrogen bonding in ice. In ice, each water molecule forms 
four hydrogen bonds, the maximum possible for a water molecule, creat-
ing a regular crystal lattice. By contrast, in liquid water at room tempera-
ture and atmospheric pressure, each water molecule hydrogen-bonds 
with an average of 3.4 other water molecules. This crystal lattice structure 
makes ice less dense than liquid water, and thus ice floats on liquid water.
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Common hydrogen bonds in biological systems. The
hydrogen acceptor is usually oxygen or nitrogen; the
hydrogen donor is another electronegative atom.
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Water interacts electrostatically with charges solutes.
Charged/polar molecules 
à well dissolved in water 

Non-polar molecules  
à poor dissolved in water

Water50

 Hydrogen bonds are strongest when the bonded mol-
ecules are oriented to maximize electrostatic interaction, 
which occurs when the hydrogen atom and the two 
atoms that share it are in a straight line—that is, when 
the acceptor atom is in line with the covalent bond 
between the donor atom and H (Fig. 2–5). This arrange-
ment puts the positive charge of the hydrogen ion directly 
between the two partial negative charges. Hydrogen 
bonds are thus highly directional and capable of holding 
two hydrogen-bonded molecules or groups in a specific 
geometric arrangement. As we shall see later, this prop-
erty of hydrogen bonds confers very precise three-
dimensional structures on protein and nucleic acid mol-
ecules, which have many intramolecular hydrogen bonds.

Water Interacts Electrostatically with Charged Solutes
Water is a polar solvent. It readily dissolves most bio-
molecules, which are generally charged or polar com-
pounds (Table 2–2); compounds that dissolve easily in 
water are hydrophilic (Greek, “water-loving”). In 
contrast, nonpolar solvents such as chloroform and 

benzene are poor solvents for polar biomolecules but 
easily dissolve those that are hydrophobic—nonpolar 
molecules such as lipids and waxes.
 Water dissolves salts such as NaCl by hydrating and 
stabilizing the Na1 and Cl2 ions, weakening the electro-
static interactions between them and thus counteract-
ing their tendency to associate in a crystalline lattice 
(Fig. 2–6). Water also readily dissolves charged bio-
molecules, including compounds with functional groups 
such as ionized carboxylic acids (—COO2), protonated 
amines (2NH1

3 ), and phosphate esters or anhydrides. 
Water replaces the solute-solute hydrogen bonds link-
ing these biomolecules to each other with solute-water 
hydrogen bonds, thus screening the electrostatic inter-
actions between solute molecules.
 Water is effective in screening the electrostatic 
interactions between dissolved ions because it has a 
high dielectric constant, a physical property that reflects 
the number of dipoles in a solvent. The strength, or 
force (F), of ionic interactions in a solution depends on 
the magnitude of the charges (Q), the distance between 
the charged groups (r), and the dielectric constant 
(!, which is dimensionless) of the solvent in which the 
interactions occur:

F 5
Q1Q2

er 2

For water at 25 8C, ! is 78.5, and for the very nonpolar 
solvent benzene, ! is 4.6. Thus, ionic interactions 
between dissolved ions are much stronger in less 
polar environments. The dependence on r2 is such 
that ionic attractions or repulsions operate only over 
short distances—in the range of 10 to 40 nm (depend-
ing on the electrolyte concentration) when the sol-
vent is water.

FIGURE 2–5 Directionality of the hydrogen bond. The attraction between 
the partial electric charges (see Fig. 2–1) is greatest when the three atoms 
involved in the bond (in this case O, H, and O) lie in a straight line. When 
the hydrogen-bonded moieties are structurally constrained (when they 
are parts of a single protein molecule, for example), this ideal geometry 
may not be possible and the resulting hydrogen bond is weaker.
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Water interacts electrostatically with charges solutes.
Charged/polar molecules  à well dissolved in water 

à hydrophilic
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Water interacts electrostatically with charges solutes.
Non-polar molecules  
à poor dissolved in water
à hydrophobicWater52

 Amphipathic compounds contain regions that 
are polar (or charged) and regions that are nonpolar 
(Table 2–2). When an amphipathic compound is mixed 
with water, the polar, hydrophilic region interacts favor-
ably with the water and tends to dissolve, but the non-
polar, hydrophobic region tends to avoid contact with the 
water (Fig. 2–7a). The nonpolar regions of the mole-
cules cluster together to present the smallest hydropho-
bic area to the aqueous solvent, and the polar regions 
are arranged to maximize their interaction with the sol-
vent (Fig. 2–7b). These stable structures of amphipa-
thic compounds in water, called micelles, may contain 
hundreds or thousands of molecules. The forces that 

FIGURE 2–7 Amphipathic compounds in aqueous solution. (a) Long-
chain fatty acids have very hydrophobic alkyl chains, each of which is 
surrounded by a layer of highly ordered water molecules. (b) By cluster-
ing together in micelles, the fatty acid molecules expose the smallest 
possible hydrophobic surface area to the water, and fewer water mole-
cules are required in the shell of ordered water. The energy gained by 
freeing immobilized water molecules stabilizes the micelle.

molecules in their immediate vicinity, but polar or 
charged solutes (such as NaCl) compensate for lost 
water-water hydrogen bonds by forming new solute-
water interactions. The net change in enthalpy (DH) 
for dissolving these solutes is generally small. Hydro-
phobic solutes, however, offer no such compensation, 
and their addition to water may therefore result in a 
small gain of enthalpy; the breaking of hydrogen bonds 
between water molecules takes up energy from the 
system, requiring the input of energy from the sur-
roundings. In addition to requiring this input of energy, 
dissolving hydrophobic compounds in water produces a 
measurable decrease in entropy. Water molecules in 
the immediate vicinity of a nonpolar solute are con-
strained in their possible orientations as they form a 
highly ordered cagelike shell around each solute mole-
cule. These water molecules are not as highly oriented 
as those in clathrates, crystalline compounds of non-
polar solutes and water, but the effect is the same in 
both cases: the ordering of water molecules reduces 
entropy. The number of ordered water molecules, and 
therefore the magnitude of the entropy decrease, is 
proportional to the surface area of the hydrophobic 
solute enclosed within the cage of water molecules. 
The free-energy change for dissolving a nonpolar solute 
in water is thus unfavorable: DG 5 DH 2 T DS, where 
DH has a positive value, DS has a negative value, and 
DG is positive.
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ปฏิกิริยาในร่างกาย ต้องการสภาวะท่ีเหมาะสม เช่น
- Temperature
- pH (acid-base)
- Etc. Buffer

Acid-Base Theory
Bronsted-Lowry
“กรด (acid) คือ สารท่ีสามารถให้ H+ (proton donor) ส่วนเบส (base) 
คือ สารท่ีสามารถรับ H+ (proton acceptor) ได้”
Amphoteric หรือ Amphiprotic substance คือ สารท่ีสามารถทําหนา้ท่ี
ได้ท้ังเป็นตัวให้และตัวรับ H+ เช่น H2O, H2PO4

-, HCO3
-

กรดอินทรีย์ ส่วนใหญ่เป็นกรดอ่อน เช่น acetic acid, citric acid, lactic 
acid

(กรด) CH3COOH ⇌ H+ + CH3COO- (คู่เบส)
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pH value in human body
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(กรด) CH3COOH ⇌ H+ + CH3COO- (คู่เบส, conjugate base)

Acid-Base

(เบส) NH3 + H+ ⇌ NH4
+ (คู่กรด, conjugate acid)

Buffer
ประกอบด้วยกรดอ่อนและเกลือของกรดอ่อน(คู่เบส)นั้น เป็นสารละลาย
ท่ีสามารถรักษาระดับ pH ไว้ให้คงท่ีได้เสมอ เม่ือเติมน้ํา กรด หรือเบสลง
ไปจํานวนเล็กนอ้ย เป็นผลให้ pH ของสารละลายเปล่ียน แปลงไม่มากนัก

Buffer = weak acid + its salt

CH3COOH ⇌ H+ + CH3COO-

CH3COOH ⥫ H+ + CH3COO-

CH3COOH ⥬ H+ + CH3COO-

⇐ H+

OH-⇒เติมด่าง

เติมกรด
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Buffering 

2.3 Buffering against pH Changes in Biological Systems 63

H2PO2
4  (pKa 5 6.86); and ammonium ion, NH1

4  (pKa 5 
9.25). Although the titration curves of these acids have 
the same shape, they are displaced along the pH axis 
because the three acids have different strengths. Acetic 
acid, with the highest Ka (lowest pKa) of the three, is the 
strongest of the three weak acids (loses its proton most 
readily); it is already half dissociated at pH 4.76. Dihy-
drogen phosphate loses a proton less readily, being half 
dissociated at pH 6.86. Ammonium ion is the weakest 
acid of the three and does not become half dissociated 
until pH 9.25.
 The titration curve of a weak acid shows graphically 
that a weak acid and its anion—a conjugate acid-base 
pair—can act as a buffer, as we describe in the next 
 section.

SUMMARY 2.2 Ionization of Water, Weak Acids, 
and Weak Bases
! Pure water ionizes slightly, forming equal numbers 

of hydrogen ions (hydronium ions, H3O
1) and 

hydroxide ions. The extent of ionization is described 

 by an equilibrium constant, Keq 5
[H1][OH2]

[H2O]
, 

 from which the ion product of water, Kw, is derived. 
At 25 8C, Kw 5 [H1][OH2] 5 (55.5 M)(Keq) 5
10214 M2. 

! The pH of an aqueous solution reflects, on a 
logarithmic scale, the concentration of hydrogen 
ions:

pH 5 log
1

[H1]
5 2log [H1].

! The greater the acidity of a solution, the lower its 
pH. Weak acids partially ionize to release a 
hydrogen ion, thus lowering the pH of the aqueous 
solution. Weak bases accept a hydrogen ion, 
increasing the pH. The extent of these processes is 
characteristic of each particular weak acid or base 
and is expressed as an acid dissociation constant:

Keq 5
[H1][A2]

[HA]
5 Ka.

! The pKa expresses, on a logarithmic scale, the 
relative strength of a weak acid or base:

pKa 5 log
1
Ka

5 2log Ka.

! The stronger the acid, the smaller its pKa; the 
stronger the base, the larger its pKa. The pKa can 
be determined experimentally; it is the pH at the 
midpoint of the titration curve for the acid or base.

2.3 Buffering against pH Changes 
in Biological Systems
Almost every biological process is pH-dependent; a 
small change in pH produces a large change in the rate 
of the process. This is true not only for the many reac-
tions in which the H1 ion is a direct participant, but also 
for those reactions in which there is no apparent role for 
H1 ions. The enzymes that catalyze cellular reactions, 
and many of the molecules on which they act, contain 
ionizable groups with characteristic pKa values. The 
protonated amino and carboxyl groups of amino acids 
and the phosphate groups of nucleotides, for example, 
function as weak acids; their ionic state is determined 
by the pH of the surrounding medium. (When an ioniz-
able group is sequestered in the middle of a protein, 
away from the aqueous solvent, its pKa, or apparent pKa, 
can be significantly different from its pKa in water.) As 
we noted above, ionic interactions are among the forces 
that stabilize a protein molecule and allow an enzyme to 
recognize and bind its substrate.
 Cells and organisms maintain a specific and con-
stant cytosolic pH, usually near pH 7, keeping biomole-
cules in their optimal ionic state. In multicellular organ-
isms, the pH of extracellular fluids is also tightly 
regulated. Constancy of pH is achieved primarily by 
biological buffers: mixtures of weak acids and their con-
jugate bases.

FIGURE 2–18 Comparison of the titration curves of three weak acids. 
Shown here are the titration curves for CH3COOH, H2PO2

4 , and NH1
4 . 

The predominant ionic forms at designated points in the titration are 
given in boxes. The regions of buffering capacity are indicated at the 
right. Conjugate acid-base pairs are effective buffers between approxi-
mately 10% and 90% neutralization of the proton-donor species.
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Equilibrium constants for ionization reactions are usu-
ally called ionization constants or acid dissociation 
constants, often designated Ka. The dissociation con-
stants of some acids are given in Figure 2–16. Stronger 
acids, such as phosphoric and carbonic acids, have 
larger ionization constants; weaker acids, such as mono-
hydrogen phosphate (HPO22

4 ), have smaller ionization 
constants.
 Also included in Figure 2–16 are values of pKa, 
which is analogous to pH and is defined by the equation

pKa 5 log
1
Ka

5 2log Ka

The stronger the tendency to dissociate a proton, the 
stronger is the acid and the lower its pKa. As we shall 
now see, the pKa of any weak acid can be determined 
quite easily.

Titration Curves Reveal the pKa of Weak Acids
Titration is used to determine the amount of an acid in 
a given solution. A measured volume of the acid is 
titrated with a solution of a strong base, usually sodium 
hydroxide (NaOH), of known concentration. The NaOH 
is added in small increments until the acid is consumed 
(neutralized), as determined with an indicator dye or a 
pH meter. The concentration of the acid in the original 
solution can be calculated from the volume and concen-
tration of NaOH added. The amounts of acid and base in 
titrations are often expressed in terms of equivalents, 
where one equivalent is the amount of a substance that 
will react with, or supply, one mole of hydrogen ions in 
an acid-base reaction.
 A plot of pH against the amount of NaOH added (a 
titration curve), reveals the pKa of the weak acid. 
Consider the titration of a 0.1 M solution of acetic acid 
with 0.1 M NaOH at 25 8C (Fig. 2–17). Two reversible 
equilibria are involved in the process (here, for simplic-
ity, acetic acid is denoted HAc):

 H2O ∆ H1 1 OH2 (2–5)

 HAc ∆ H1 1 Ac2 (2–6)

The equilibria must simultaneously conform to their 
characteristic equilibrium constants, which are, respec-
tively,

 Kw 5 [H1][OH2 4 5 1 3 10214 M2  (2–7)

 Ka 5
[H1][Ac2]

[HAc]
5 1.74 3 1025 M  (2–8)

At the beginning of the titration, before any NaOH is 
added, the acetic acid is already slightly ionized, to an 
extent that can be calculated from its ionization con-
stant (Eqn 2–8).
 As NaOH is gradually introduced, the added OH2 
combines with the free H1 in the solution to form H2O, 
to an extent that satisfies the equilibrium relationship in 
Equation 2–7. As free H1 is removed, HAc dissociates 

further to satisfy its own equilibrium constant (Eqn 2–8). 
The net result as the titration proceeds is that more and 
more HAc ionizes, forming Ac2, as the NaOH is added. 
At the midpoint of the titration, at which exactly 0.5 
equivalent of NaOH has been added per equivalent of 
the acid, one-half of the original acetic acid has under-
gone dissociation, so that the concentration of the proton 
donor, [HAc], now equals that of the proton acceptor, 
[Ac2]. At this midpoint a very important relationship 
holds: the pH of the equimolar solution of acetic acid 
and acetate is exactly equal to the pKa of acetic acid 
(pKa 5 4.76; Figs 2–16, 2–17). The basis for this rela-
tionship, which holds for all weak acids, will soon 
become clear.
 As the titration is continued by adding further 
increments of NaOH, the remaining nondissociated ace-
tic acid is gradually converted into acetate. The end 
point of the titration occurs at about pH 7.0: all the ace-
tic acid has lost its protons to OH2, to form H2O and 
acetate. Throughout the titration the two equilibria 
(Eqns 2–5, 2–6) coexist, each always conforming to its 
equilibrium constant.
 Figure 2–18 compares the titration curves of 
three weak acids with very different ionization con-
stants: acetic acid (pKa 5 4.76); dihydrogen phosphate, 

FIGURE 2–17 The titration curve of acetic acid. After addition of each 
increment of NaOH to the acetic acid solution, the pH of the mixture is 
measured. This value is plotted against the amount of NaOH added, 
expressed as a fraction of the total NaOH required to convert all the 
acetic acid (CH3COOH) to its deprotonated form, acetate (CH3COO2). 
The points so obtained yield the titration curve. Shown in the boxes are 
the predominant ionic forms at the points designated. At the midpoint of 
the titration, the concentrations of the proton donor and proton acceptor 
are equal, and the pH is numerically equal to the pKa. The shaded zone 
is the useful region of buffering power, generally between 10% and 90% 
titration of the weak acid.
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Biological buffer
ระบบ buffer ในร่างกาย สามารถควบคุม pH ของร่างกายให้คงที่ 

Systems อวัยวะ คู่บัฟเฟอร์ pKa
Biocarbonate ระบบเลือดและน้ําเหลือง

- Plasma
- Lymphatic fluids
- Cerebrospinal fluids
- Interstitial fluid

CO2 / HCO3
- 6.1

Phosphate เน้ือเยื่อต่างๆ
ปัสสาวะ

H2PO4
- / HPO4

2- 7.2

Protein ทุกส่วนของร่างกาย Histidine-side chain
N-terminal amino 
group

6.0-7.0
7.6-8.4
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Carbonate buffer system
H2CO3 ⇌ H+ + HCO3

- ⇌ H+ + CO3
-

pKa= 3.8 pKa= 10.2
CO2 + H2O ⇌ H2CO3 ⇌ H+ + HCO3

-

Active
Tissues

Lung
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Phosphate buffer system
H2PO4

- ⇌ H+ + HPO4
2-

pKa= 7.2
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Protein buffer system
H(Protein) ⇌ H+ + (Protein)-
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Glycine
&

Histidine 
2.3 Buffering against pH Changes in Biological Systems 65

weak acid is equal to the pH of the solution at the mid-
point of its titration. At that point, [HA] 5 [A2], and

pH 5 pKa 1 log 1 5 pKa 1 0 5 pKa

The Henderson-Hasselbalch equation also allows us to 
(1) calculate pKa, given pH and the molar ratio of pro-
ton donor and acceptor; (2) calculate pH, given pKa and 
the molar ratio of proton donor and acceptor; and 
(3) calculate the molar ratio of proton donor and accep-
tor, given pH and pKa.

Weak Acids or Bases Buffer Cells and Tissues against 
pH Changes
The intracellular and extracellular fluids of multicellular 
organisms have a characteristic and nearly constant pH. 
The organism’s first line of defense against changes in 
internal pH is provided by buffer systems. The cytoplasm 
of most cells contains high concentrations of proteins, and 
these proteins contain many amino acids with functional 
groups that are weak acids or weak bases. For example, 
the side chain of histidine (Fig. 2–20) has a pKa of 6.0 
and thus can exist in either the protonated or unproton-
ated form near neutral pH. Proteins containing histidine 
residues therefore buffer effectively near neutral pH.

FIGURE 2–20 Ionization of histidine. The amino acid histidine, a compo-
nent of proteins, is a weak acid. The pKa of the protonated nitrogen of 
the side chain is 6.0.
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WORKED EXAMPLE 2–5  Ionization of Histidine
Calculate the fraction of histidine that has its imidazole 
side chain protonated at pH 7.3. The pKa values for 
histidine are pK1 5 1.8, pK2 (imidazole) 5 6.0, and 
pK3 5 9.2 (see Fig. 3–12b).

Solution: The three ionizable groups in histidine have suffi-
ciently different pKa values that the first acid (—COOH) is 
completely ionized before the second (protonated imidaz-
ole) begins to dissociate a proton, and the second ionizes 
completely before the third (—NH1

3) begins to dissociate 
its proton. (With the Henderson-Hasselbalch equation, we 
can easily show that a weak acid goes from 1% ionized at 
2 pH units below its pKa to 99% ionized at 2 pH units above 
its pKa; see also Fig. 3–12b.) At pH 7.3, the carboxyl group 
of histidine is entirely deprotonated (—COO2) and the 
a-amino group is fully protonated (—NH1

3). We can there-
fore assume that at pH 7.3, the only group that is partially 

dissociated is the imidazole group, which can be proton-
ated (we’ll abbreviate as HisH1) or not (His).
 We use the Henderson-Hasselbalch equation:

pH 5 pKa 1 log
[A2]
[HA]

Substituting pK2 5 6.0 and pH 5 7.3:

 7.3 5 6.0 1 log
[His]

[HisH1]

 1.3 5 log
[His]

[HisH1]

 antilog 1.3 5
[His]

[HisH1]
5 2.0 3 101

This gives us the ratio of [His] to [HisH1] (20 to 1 in this 
case). We want to convert this ratio to the fraction of 
total histidine that is in the unprotonated form His at 
pH 7.3. That fraction is 20/21 (20 parts His per 1 part 
HisH1, in a total of 21 parts histidine in either form), 
or about 95.2%; the remainder (100% minus 95.2%) is 
protonated—about 5%.

 Nucleotides such as ATP, as well as many metabo-
lites of low molecular weight, contain ionizable groups 
that can contribute buffering power to the cytoplasm. 
Some highly specialized organelles and extracellular 
compartments have high concentrations of compounds 
that contribute buffering capacity: organic acids buffer 
the vacuoles of plant cells; ammonia buffers urine.
 Two especially important biological buffers are the 
phosphate and bicarbonate systems. The phosphate buffer 
system, which acts in the cytoplasm of all cells, consists of 
H2PO2

4  as proton donor and HPO22
4  as proton acceptor:

H2PO2
4 ∆ H1 1 HPO22

4

The phosphate buffer system is maximally effective at a 
pH close to its pKa of 6.86 (Figs 2–16, 2–18) and thus tends 
to resist pH changes in the range between about 5.9 and 
7.9. It is therefore an effective buffer in biological fluids; in 
mammals, for example, extracellular fluids and most cyto-
plasmic compartments have a pH in the range of 6.9 to 7.4.

WORKED EXAMPLE 2–6  Phosphate Buffers
(a) What is the pH of a mixture of 0.042 M NaH2PO4 and 
0.058 M Na2HPO4?

Solution: We use the Henderson-Hasselbalch equation, 
which we’ll express here as

pH 5 pKa 1 log
[conjugate base]

[acid]

In this case, the acid (the species that gives up a proton) 
is H2PO2

4 , and the conjugate base (the species that gains 
a proton) is HPO22

4 . Substituting the given concentra-
tions of acid and conjugate base and the pKa (6.86),

pH 5 6.86 1 log 
0.058
0.042

5 6.86 1 0.14 5 7.0
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Acidosis and Alkalosis 
- ภาวะกรดเกิน (acidosis) 
- ภาวะด่างเกิน (alkalosis)
- ความผิดปกติของการรักษา pH ของร่างกาย
- ส่งผลให้เกิดความปิดปกติของร่างกายตามมา

Metabolic acidosis/alkalosis 
Respiratory  acidosis/alkalosis 
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Acidosis and Alkalosis 

Metabolic alkalosis
เกิดจากการมี HCO3

- เพ่ิมขึ้น จากการสูญเสียกรดมากหรือได้รับ 
HCO3

- มากขึ้น
- กินยาขับปัสสาวะ
- อาเจียนเป็นเวลานาน
- ขาดน้ําอย่างรุนแรง
- ได้รับ HCO3

- เข้าไปในร่างกายเพ่ิมขึ้น 

Metabolic acidosis
เกิดจากการมี HCO3

- ลดลง จากการสูญเสียมาก หรือสร้างกรดมากขึ้น
-Ketoacidosis (สร้าง ketone body สูง) จากแอลกอฮอล์ และเบาหวาน
-Lactic acidosis (สร้าง lactic acid สูง)
- ยาหรือสารบางชนิด เช่น aspirin, methanol เป็นต้น
- สูญเสีย HCO3

- จากการท้องเสีย
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Acidosis and Alkalosis 
Respiratory acidosis

เกิดจากการกําจัด CO2 ได้นอ้ยเกินไป
- โรคหรือความผิดปกติของปอด
- หายใจช้าลง จากยาหรือระบบประสาท
- โรคของระบบกล้ามเน้ือท่ีเกี่ยวกับการหายใจ
- ทางเดินหายใจอุดตัน

Respiratory alkalosis
เกิดจากการกําจัด CO2 มากเกินไป
- ปอดบวม เป็นไข้ 
- หายใจเร็ว (hyperventilation) จากการช็อค หรือ ยา
- ออกกําลังกายหนัก
- ติดเช้ือ หรือ มะเร็งท่ีระบบทางเดินหายใจ
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