BUFFERS AND pH

EQUATIONS TO MEMORIZE:
1. DEFINITION OF pH
	pH = -log [H+]
	Note: concentration is commonly abbreviated by using square brackets, thus [H+] = hydrogen ion concentration.  When measuring pH, [H+] is in units of moles of H+ per liter of solution.


2. HENDERSON-HASSELBALCH EQUATION
pH = pKa + log ([A-]/[HA])
DEFINITIONS OF ACIDS AND BASES

Arrhenius Model (1884)
Arrhenius proposed that acids are substances that produce protons (H+) in aqueous solution, whereas bases produce hydroxide ions (OH-) in aqueous solution. 

Bronsted-Lowry Definition (1923)
Bronsted and Lowry define an acid as a proton (H+) donor and a base as a proton acceptor. 

Lewis Definition (1923)
Lewis defined an acid as an electron pair acceptor and a base as an electron pair donor.

	Type
	Acid
	Base

	Arrhenius
	[H+] or [H3O+] producer
	[OH-] producer

	Bronsted-Lowry
	proton (H+) donor
	proton (H+) acceptor

	Lewis
	electron-pair acceptor
	electron-pair donor


Definition of acidic, basic, and neutral solutions based on pH 
acidic: if pH is less than 7 
basic: if pH is greater than 7 
neutral: if pH is equal to 7
Examples of Acids and Bases

STRONG ACIDS  - (almost) completely dissociated
HCl (monoprotic), HNO3 (monoprotic), H2SO4 (diprotic- 2nd H+ weak)
WEAK ACIDS - partially dissociated
HF (monoprotic), CH3CO2H (monoprotic), H3PO4 (triprotic)
STRONG BASE - (almost) completely dissociated)
NaOH

WEAK BASE – partially dissociated
NH3 (NH4OH) 
pH
In any aqueous solution, water dissociates slightly to form hydrogen ion ([ H+ ]) and hydroxide ion ([ OH- ]). 

[image: image1.png]H,0 S H +0H™




In an aqueous solution, the product of the hydrogen ion concentration and the hydroxide ion concentration is known as Kw. 
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pH is a quantitative description of the acidity of an aqueous solution. pH can be described as
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where [ H+ ] is the hydrogen ion concentration in the solution. pH values between 4 ([ H+ ] = 10-4 M) and 10 ([ H+ ] = 10-10 M) are normally used for ion exchange chromatography 

The pH Scale


	pH is measured on a scale from 0 to 14; the smaller the pH the more acidic the solution. A pH reading of 7 is neutral. A pH reading below 7 indicates an acid; pH reading above 7 indicates a basic solution. A solution with a pH of 1 is more acidic than a solution with a pH of 4. Likewise, a solution with a pH of 12 is a stronger base than a solution with a pH of 8. Since the pH scale is logarithmic, one unit change in pH--for example the difference between pH=3 and pH=2--is a 10-fold change (in this case an increase) in [H3O+] concentration. Notice the relationship between the pH of a solution and its [H3O+] concentration. This is because pH is defined as the negative of the logarithm of the molar hydrogen-ion concentration: pH=-log [H3O+]. 


http://www.coe.missouri.edu/~websci/pH/phscale.htm
	
	[H+]
	pH
	Example

	Acids
	1 X 100
	0
	HCl 

	
	1 x 10-1
	1
	Stomach acid

	
	1 x 10-2
	2 
	Lemon juice

	
	1 x 10-3
	3 
	Vinegar

	
	1 x 10-4
	4
	Soda

	
	1 x 10-5
	5
	Rainwater

	
	1 x 10-6
	6
	Milk

	Neutral
	1 x 10-7
	7
	Pure water

	Bases
	1 x 10-8
	8
	Egg whites

	
	1 x 10-9
	9
	Baking Soda

	
	1 x 10-10
	10
	Tums® antacid

	
	1 x 10-11
	11
	Ammonia

	
	1 x 10-12
	12
	Mineral Lime - Ca(OH)2

	
	1 x 10-13
	13 
	Drano®

	
	1 x 10-14
	14 
	NaOH


http://www.visionlearning.com/library/module_viewer.php?mid=58

BUFFERS

A buffer solution is one that will maintain a rather constant pH value even if an acid or a base is added to the solution. A very common buffer solution is blood which maintains its pH at about 7.4, “physiological pH.”
Henderson-Hasselbalch Equation

According to the Brønsted-Lowry theory of acids and bases, an acid (HA) is capable of donating a proton (H+) and a base (B) is capable of accepting a proton. After the acid (HA) has lost its proton, it is said to exist as the conjugate base (A-). Similarly, a protonated base is said to exist as the conjugate acid (BH+).

The dissociation of an acid can be described by an equilibrium expression:
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Consider the case of acetic acid (CH3COOH) and acetate anion (CH3COO2):
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Acetate is the conjugate base of acetic acid. Acetic acid and acetate are a conjugate acid/base pair. We can describe this relationship with an equilibrium constant:
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In this simulation, we will use KA for the acid dissociation constant. Taking the negative log of both sides of the equation gives:
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This can be rearranged:
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By definition, pKA = -logKA and pH = -log[H+], so
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This equation can then be rearranged to give the Henderson-Hasselbalch equation:
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The Henderson-Hasselbalch equation can be used to prepare buffer solutions and to estimate charges on ionizable species in solution, such as amino acid side chains in proteins. Caution must be exercised in using this equation because pH is sensitive to changes in temperature and salt concentration in the solution being prepared.

ORGANIC CHEMISTRY:

In organic chemistry, electron donors, or “attackers,” are called nucleophiles. 

Electron acceptors, or “the attacked,” are called electrophiles.
General Rule of Thumb: The stronger the base, the better the nucleophile. (“Nucleophilicity parallels basicity.”)
