
FHB I – (ACID-BASE - 2023)              Page 1 

Ivana Kuo, Ph.D. (CTRE, Room #518)  
 

HOUSE KEEPING NOTES 

Office hours daily between 14th Feb and 2nd March (except Ash Wednesday):  

ZOOM Office hours 4-5.30pm; EVERY Mon, Wed & Fri 4-5.30pm  

Zoom link: https://luc.zoom.us/j/4722150747 
IN PERSON OFFICE HOURS, ROOM 518, CTRE: 4-5.30pm EVERY Tuesday and 

Thursday.  

 
The notes are designed to expand your learning and supplement the materials in 
the lectures. All exam questions will be drawn from course objectives. One or 
more objectives may be tested in an exam question.  
 
Example questions drawn from lectures and from Vanders are included in SAKAI 
file: FHB 2023 Resources/Renal Block and in extra materials for Lectures 3, 6, 9 
and acid base 3. 
2022 LECTURES LINK 

 

 

ACID-BASE BALANCE 

Lecture 1  

 

Reading: Berne & Levy Physiology, Koeppen & Stanton, © 2018 Elsevier, pp. 670-684. 

 
(Note: Unless stated otherwise the tables and illustrations are derived from Berne & Levy Physiology, 

Koeppen & Stanton, © 2018 Elsevier) 

 

OBJECTIVE 1: OVERVIEW ACID-BASE CHEMISTRY 
 

Acid-base balance 
Acid-base balance refers to the regulation of proton concentrations (pH) in body fluids 

for a wide-range of metabolic states.   

 

 For the acid/base balance to be maintained: 

  Acid must be excreted from the body at a rate equal to its formation. 

 If addition to the system exceeds excretion acidosis results 

 If excretion is greater than acid production alkalosis results 

LEARNING OBJECTIVES 

 

1. Overview acid base chemistry 

2. Discuss the pH of blood and distinguish between fixed and volatile acids 

3. Discuss the general principle of buffers and describe the Henderson-Hasselbalch 

equation 

4. Describe the major mechanisms by which the body defends itself against changes in 

acid-base balance through extracellular and intracellular buffers  

https://luc.zoom.us/j/4722150747
https://stritch.luc.edu/lumen/session_detail.cfm?cy=A0DE58D53D8FA2711D45B14A61A6C8B4-NVENC1&course=103&academic_level=1&checkref=C4CA4238A0B923820DCC509A6F75849B&requesttimeout=60000
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Fig 1 Overview of 

acid-base balance. 
The lungs and 

kidneys work 

together to maintain 

acid-base balance. 

The lungs excrete 

CO2 (volatile acid), 

and the kidneys 

excrete acid (renal 

net acid excretion 

[RNAE]) equal to net 

endogenous acid 

production (NEAP), 

which reflects dietary 

intake, cellular 

metabolism, and loss 

of acid and alkali 

(e.g., HCO3− loss in 

feces) from the body.  

(From Koeppen BM, Stanton BA. Renal Physiology. 5th ed. Philadelphia: Elsevier; 2013.) 

 

SOURCES OF ACIDS (HA): 

Under normal circumstances, fats and carbohydrates, are, in the presence of oxygen and insulin, broken 

down to produce CO2 and water. However, if oxygen or insulin is limited, that fat and carbohydrate can 

end up as fixed acid. Our meat diets cause the production of fixed acid from their metabolism. 

Additionally, we have normal fecal loss of bicarbonate. Collectively, this results in fixed acids being 

present in the blood.  

SOURCES OF BICABORNATE: 

Plant based diets contribute to bicarbonates. Bicarbonate must be made by the kidneys.  

 

The neutralization of acid by bicarbonate produces NA, which becomes the NEAP. The CO2 is expelled by 

the lungs.  

  

EXCRETION OF ACID: 

The net endogenous acid production is handled by the kidney, in the form of renal net acid excretion.  

 

Diet constituents are either acidic or alkaline 

Cellular metabolic processes produce both acids and alkali 

The major component of diet consists of carbohydrate and fat. 

Under normal conditions carbohydrates and fat are metabolized to CO2 and H2O. 

 -15-20 moles of CO2 are generated daily from these processes. 

-Normally this CO2 is eliminated by the lungs.  

Therefore, metabolically generated CO2 has no impact on acid/base balance. 

 

OBJECTIVE 2: Discuss the pH of blood and distinguish between fixed and volatile 

acids 

The H+ in blood is extremely low: 40 nM!!!! (40 nEq/L). Because this number is so low, 

we therefore convert it into logs.  

Thus: pH = -log10[H
+] 

 For 40 nM, this becomes pH = - log10[40x10-9] 

     = 7.4 

As H + concentration increases, pH decreases, and conversely.  
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The relationship between H + concentration and pH is logarithmic, not linear. Thus 

equal changes in pH do not reflect equal changes in H + concentration.  

 

An increase in pH from 7.4 to 7.6 (0.2 pH units) reflects a decrease in H + 

concentration of 15 nEq/L; a decrease in pH from 7.4 to 7.2 (also 0.2 pH units) 

reflects a larger increase in H + concentration of 23 nEq/L. In other words, a given 

change in pH in the acidic range (pH < 7.4) reflects a larger change in H + concentration 

than the same change in pH in the alkaline range (pH > 7.4). 

 

Plasma (ECF) pH 
 

The normal pH for arterial plasma ranges from 7.35 to 7.45 (on the alkaline side of the 

neutral pH of 7.00 for inorganic systems).   

As the plasma pH decreases below 7.40, the [H+] increases (acidemia if pH < 7.35), and 

as the plasma pH increases above 7.40, the [H+] decreases (alkalemia if pH > 7.45) (Fig. 

2). 

Concentrations of CO2 in arterial plasma is relatively high (1.2 mmol/L), whereas 

concentrations of H+ in arterial plasma are very dilute (40 nmol/L).   

The concentrations of carbon dioxide and protons are over four orders of magnitude apart 

(concentration ratio of CO2 to H+ is 30,000:1). 

 

 
 

Fig. 2 Relationship between [H+] and pH. 
Physiology Sixth Edition. Costanzo, © 2018, Elsevier, Fig. 7-1. 

INTRACELLULAR pH 

Intracellular pH is approximately 7.2 (i.e.: slightly lower than extracellular pH. 

Transporters in cell membranes regulate intracellular pH. Na+ -H+ exchangers extrude H+ 

from cells, which tends to alkalinize intracellular fluid (ICF). Cl − -HCO3 
− exchangers 

extrude HCO3 
− from cells, which tends to acidify ICF. 

 

Importance of Regulating Proton Concentrations in Body fluids  

Protons are highly reactive cations that may change the charge distribution on proteins. 



FHB I – (ACID-BASE - 2023)              Page 4 

Ivana Kuo, Ph.D. (CTRE, Room #518)  
 

Altered charge distributions can lead to protein conformational changes and 

modified reaction rates or activities.   

  

For these reasons, protein enzymes have optimal pH ranges.   

 Chronic cases of sustained acidosis (high [H+] > 45 mmol/L) or alkalosis (low 

[H+] < 35 mmol/L) can be deleterious.   

 Conversely, acute changes in arterial plasma pH can be tolerated because rapid 

changes in extracellular pH do not greatly affect intracellular pH.  (proton 

transfer across cell membranes is slow. 

 

There are two types of acid production in the body (even though pH7.4 is slightly 

alkaline!) 

VOLATILE: CO2 

CO2 is termed a volatile acid because it has the potential to form H+ upon hydration. In 

otherwords, CO2 itself is not an acid. However, when it reacts with water (H2O), it is 

converted to the weak acid carbonic acid: 

 

  CO2 + H2O ↔ H2CO3 ↔ H+ + HCO3
- (Eq.1) 

 

Acid not derived from the hydration of CO2 is termed nonvolatile acid (e.g. lactic acid) 

Every day, your body produces 13,000–20,000 millimoles of CO2 daily (mmol/day)- so 

this is a major source.  

This reaction is catalyzed by an enzyme, carbonic anhydrase. We will talk more about 

this later.  

H2CO3 dissociates into H+ and HCO3
−, and the H+ generated by this reaction must be 

buffered.  

Dr. Beach, in the pulmonary section probably would have told you that CO2 produced by 

the cells is added to venous blood, converted to H+ and HCO3
− within the RBCs, and 

carried to the lungs. In the lungs, the reactions occur in reverse and CO2 is regenerated 

and expired. (CO2 is therefore called a volatile acid.) Thus buffering of the H+ that comes 

from CO2 is only a temporary problem for venous blood. 

FIXED ACIDS: 

These fixed acids arise from catabolism of proteins and phospholipids to produce 

~50 mmol/day of fixed acid.  

There are two sorts: 

Sulfuric: metabolized from proteins with the sulfur-containing amino acids (e.g., 

methionine, cysteine, cystine)- found in meat diets. Vegetarians are less likely to have 

sulfuric acid. 

Phosphoric acids from phospholipids  

These are volatile acids, and thus, they have to be buffered in the body fluids until they 

can be excreted by the kidneys. 



FHB I – (ACID-BASE - 2023)              Page 5 

Ivana Kuo, Ph.D. (CTRE, Room #518)  
 

NOTE: Pathophysiologic states can produce fixed acids in excessive quantities. We will 

discuss these later. For now, note that metabolic acidosis can be produced if not properly 

removed.  

Untreated diabetes mellitus can produce keto acids like β-hydroxybutyric acid and 

acetoacetic acid 

Strenuous exercise or hypoxic tissue can produce lactic acid, aspirin overdose: salicylic 

acid, from methanol ingestion: formic acid, from ethylene glycol: glycolic and oxalic 

acids  

 

Because the majority of metabolic reactions take place intracellularly, most protons and 

carbon dioxide is produced within cells.  

 

 CO2 and H+ diffuse passively down their concentration gradients from 

intracellular regions, through interstitial spaces and into the ECF. 

 

 The kidneys and lungs operate on the plasma space and rid the body of volatile 

and non-volatile acids in proportion to their production.  

  

 Thus, the arterial plasma concentrations of CO2 and H+ are held rather constant, 

thereby regulating the levels of intracellular acidity indirectly. 

 

 For example, the lungs exhale CO2 (~15000 mmol/day) and the kidneys excrete 

H+ (50 mmol/day) and reabsorb HCO3
– (5,500 mmol/day).   

 The lungs have 190 times the capacity of the kidneys to remove acidity: 

190 = (15,000 mmol – 5,500 mmol) / 50 mmol. 

 

OBJECTIVE 3: Discuss the general principle of buffers and describe the 

Henderson-Hasselbalch equation  
 

A buffer is a mixture of a weak acid and its conjugate base or a weak base and its 

conjugate acid. The two forms of the buffer are called the buffer pair. In Brønsted-Lowry 

nomenclature, for a weak acid, the acid form is called HA and is defined as the H + 

donor. The base form is called A− and is defined as the H+ acceptor. Likewise, for a weak 

base, the H + donor is called BH + and the H + acceptor is called B. 

A buffered solution resists a change in pH. 

 

During the production of nonvolatile acids, the plasma pH falls, but not as far as 

anticipated.  The reason for this is that plasma buffers bind the free protons and lock 

then up as undissociated acids.  The best biological buffers are weak acids that have 

pK values near the environmental pH. 

 

To best understand this principle of buffering, consider an inorganic system 

consisting solely of acetic acid (pK = 4.7) at concentration 10 mmol/L.  The 

pH of solution is adjusted to 4.7 (to match the pKa) by titrating with a strong 

acid. 
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 CH3COOH  CH3COO– + H+ 

 

        HA              A–       + H+ 

 

Using the Brønsted-Lowry theory of acids and bases, the acid (HA) in this system is the 

undissociated acetic acid (CH3COOH) because it has the potential to donate a proton 

to the solution.  The conjugate base (A–) is the negatively charged acetate anion 

(CH3COO–) because it has the potential to accept a proton.  The free proton (H+) 

which is neither the acid nor the base.  However, the free proton is what wreaks havoc 

with metabolic reactions of the body. 

 

By definition (see below) if the pH of the environment and pK of the buffer system are 

identical, the concentrations of the acid [HA] and base (A–] must be equal.  So if the 

acetic acid solution is made up to be 10 mmol/L at pH of 4.7, we know that the acid 

[CH3COOH] = 5 mmol/L and the base [CH3COO–] = 5 mmol/L (since pH = pK).  

Here [H+] = 0.02 mmol/L as shown. ([H+] = 10(–pH)) 

Addition of 2 mmol/L H+ by titrating with a strong acid (e.g. H2SO4), the 

concentration of H+ would be expected to rise from 0.02 mmol/L to 2.02 

mmol/L.  This higher proton concentration is equivalent to a pH of 2.69 (very 

acidic).   

 

 pH = -log10(2.02 × 10–3 mol/L) = 2.69 

. 

But when the pH of the system is actually measured, it is found to be decreased from 

4.7 to only 4.33, not 2.69.  Why is this? Because of buffers.  

 

 Generalized Henderson-Hasselbalch Equation 
We can use Henderson-Hasselbalch to calculate the pH of a solution: 

Consider the reversible reactions of a weak acid system with three components: acid 

(HA), base (A–) and free proton (H+).  Here K1 is the dissociation constant (Kd) and 

K2 is the association constant (Ka). 

     K1 

        HA              A–       + H+ 

     K2 

 

This system is in chemical equilibrium when the concentrations of HA, A– and H+ 

have all stabilized.  In this situation, the law of mass action states that the 

relationship among the three variables is governed by the two rate constants. 

 

  K1  [HA] = K2  [A
–] [H+] 

 

  K1 / K2 = [A–] [H+] / [HA] 

 

  K = [A–]  [H+] / [HA] 

 

Here, K is the equilibrium constant and is equal to the ration of K1 to K2.  Now 

rearrange the equation above and solve for the free proton concentration. 

 

  [H+] = K  [HA] / [A–] 
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Convert the proton concentration to pH units by taking the negative log10 of both 

sides of the equation.  Note: the negative log10 of K is the pK and the negative log10 

of ([HA] / [A–]) is the positive log10 of ([A–] / [HA]). 

 

  –log10([H
+]) = –log10(K) –log10([HA] / [A–]) 

 

  pH = pK + log10([A
–] / [HA]) 

 

This last equation is the Henderson-Hasselbalch equation which has three variables 

([HA], [A–], and pH) and one constant (pK).  When the concentration of the acid and 

base are equal ([HA] = [A–] = 1), the log10 of the base-to-acid ratio of 1.00 is zero, 

forcing the pH and pK to be equal (pH = pK). 

 

A major consequence of the Henderson-Hasselbalch equation is that the pH is neither 

associated with just the concentration of the acid component ([HA]) alone nor the 

base component ([A–]) alone, but of their ratio.  What this means in terms of acid-

base balance is that for the arterial plasma pH to be regulated within its normal 

range (7.35-7.45), the ratio of base-to-acid ratio must be within normal limits. 

 

 Titration Curves 

Consider a specific weak acid system that has a pK of 6.5 (Fig. 3).  The 

central blue dot at pH of 6.5 indicates when the acid (HA) and base (A–) 

components are of equal concentrations ([HA] = [A–]).  As the system is 

titrated with a strong acid, the excess free protons react with the base, forcing 

the equilibration reaction to the left.  

        HA              A–       + H+ 

 

   
 

Fig. 3  Titration of a weak acid (HA) and it conjugate base (A).  When pH equals pK there are equal 

concentrations of HA and A–. 

Physiology Fifth Edition. Costanzo, © 2014, Elsevier, p. 306, Fig. 7-2. 
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As protons are added, the pH decreases, but the acid concentration follows the titration 

cure upwards.   

 

This is buffering in the sense that of all the added free protons, only some of them are left 

free to influence the pH (decrease in this case).  The other protons are rendered non-

reactive by forming the undissociated acid.  For this reason, the pH does not fall as far as 

expected. 

 

 Efficiency of Buffer Actions 

 

There are two factors that render buffers efficient in body fluids.  First, the 

closer the pK of the buffer system is to the environmental pH of the 

plasma, the better its buffering ability is.  In general, a buffer operates quite 

well at one pH unit on either side of pK.  Second, the higher the 

concentrations of the buffer system components, the stronger its buffering 

capacity is. 

 

OBJECTIVE 4: Describe the major mechanisms by which the body defends itself 

against changes in acid-base balance through extracellular and intracellular buffers 

  

EXTRACELLULAR FLUIDS: 

Two types: Bicarbonate (the main one), and phosphate.  

 

Bicarbonate Buffer System 

The bicarbonate buffer system is the main buffer system in the body, for 

several reasons: 

1. pK of 6.1 is relatively close to the environmental pH (it’s not within 1 

pH unit, but it is an open buffer system with the environment due to 

the volatile nature of CO2. 

2. The volatile nature of CO2 means that the components are continually 

being removed, and  

3. HCO3
- -is in high concentrations: 24 mEq/L. 

 

The bicarbonate buffer system has a very low dissociation / association 

constant ratio (pK = 6.1), but this buffer systems functions efficiently because 

its components are continually removed from the body.   

 

This system is simply the carbon dioxide hydration reaction (see Eq 1).  The 

lungs exhale CO2 into the environment (left side of equation) and the kidneys 

secrete/excrete H+ into the urine or reabsorb HCO3
– from the filtrate (right 

side of equation) (Fig. 4). 

 

 CO2 + H2O  HCO3
–  + H+ 

  (respiratory side)         (renal side) 
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Fig. 4.  Comparison of 

titration curves for H2PO4
–

/HPO4
2– and CO2/HCO3

–. 

ECF, Extracellular fluid. 

Physiology Fifth Edition. 

Costanzo, © 2014, Elsevier, p. 

306, Fig. 7-2. 

 

 

Like any buffer system, the bicarbonate buffer system can be expressed in its 

Henderson-Hasselbalch form.  This is the single major equation used in most 

acid-base calculations. 

 

 CO2 + H2O  HCO3
–    +     H+ 

    (acid)      (base)        (free proton) 

 

  Arterial pH = pK + log10([HCO3
–] / [CO2]) 

  Arterial pH = 6.1 + log10([HCO3
–] / [0.03  PaCO2]) 

  Arterial pH = 6.1 + log10“([kidneys] / [lungs])” 

 

   Graphical Relationships among the Three Bicarbonate System Variables 

 

The relationship among bicarbonate ion concentrations, carbon dioxide 

concentrations and pH within the ECF is represented graphically below. 

PaCO2 is plotted as a function of [HCO3
–] with pH isobars (e.g. lines 

depicting constant pH values) (Fig. 5). 
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Fig. 5.  Acid-base map.  The relationship shown between arterial blood PCO2, [HCO3
–] and 

pH.  The ellipse in the center gives the range of normal values.  (Modified from Cohen JJ, 

Kassirer JP: Acid/Base. Boston, Little Brown, 1982.)   

Physiology Fifth Edition. Costanzo, © 2014, Elsevier, p. 308, Fig. 7-4. 

 

Look at the central pH isobar (yellow) where pH = 7.40.  Right in the center 

of this line is an oval region which defines normal ranges of the three 

variables: pH = 7.35-7.45; PaCO2 = 35-45 mm Hg; HCO3
– = 22-28 meq/L.  

Outside of the normal range but along or near the central line represent 

compensated acid base disturbances.  That is if the [acid] (CO2) is high so is 

the [base] (HCO3
–) (both in balance).  If the [acid] (CO2) is low so is the 

[base] (HCO3
–) (both in balance). 

 

Plotted points falling along the blue pH isobars represent partially 

compensated or uncompensated acid-base disturbances.  Thus, if the [acid] is 

high with respect to the [base], the patient is in acidemia (steep-sloped pH 

isobars).  If the [base] is high with respect to the [acid], the patient is in 

alkalemia (gentle-sloped pH isobars). 

Phosphate Buffer System 
 

The phosphate buffer system has a dissociation / association constant ratio (pK = 

6.8), the concentrations of its buffer pair components are low in the plasma (1-

2mEq/L).  However, within the kidney itself, the components of the phosphate 

system are higher (due to counter-current multiplication), rendering the buffering 

of free protons stronger within this organ (Fig. 7-3). For the same reason, 

phosphate buffering is also a key component in excretion of titratable acids in the 

urine (see later section) 

 

              H2PO4
–                        HPO4

2–                 +    H+ 

   dihydrogen phosphate monohydrogen phosphate + proton 

    (acid)    (base)  
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Protein Buffer System and intracellular buffering 
 

A large fraction of all chemical buffering is attributed to intracellular proteins.  

However, in the plasma space the protein hemoglobin is the most concentrated 

of all blood proteins (15 gm/dL) has a good dissociation / association constant 

ratio (pK = 7.0).  The most site of proton binding on hemoglobin uses the 

imidazole group of the histidine residues (pKs range from 5.3 to 8.3). 

 

        Hb-H+              Hb    +    H+ 

 
 

 

 


