Acid Base Theories: Svante Arrhenius
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I. Introduction 

Svante Arrhenius was one of the towering giants of chemistry in the years surrounding the turn of the century. His most important contribution to chemistry was also his first - the idea of electrolytic dissociation. This idea, first published in 1883 and in refined form in 1887, was the mainstay of his doctoral dissertation. It was the source of much hurt in his life. 

The basic idea is that certain substances remain ionized in solution all the time. Today, everyone accepts this without question, but it was the subject of much dissention and disagreement in 1884, when a twenty-five year old Arrhenius presented and defended his dissertation. 

He was bitterly disappointed when the dissertation was awarded a fourth class (non since laude approbatur - approved not without praise) and his defense a third class (cum laude approbatur - approved with praise). Essentially, he got a grade of D for the dissertation and a C for his defense. 

He could not obtain a job within his native Sweden, but he did get a travel grant and worked outside the country for several years. He did return in 1891, but even in 1895, his elevation to Professor of Physics was bitterly opposed as was his overdue election to the Swedish Academy of Sciences in 1901. 

However, he received the 1903 Nobel Prize in Chemistry for his electrolytic dissociation theory and that effectively ended public criticism. Considering the rejections and the criticisms over the years, Arrhenius must have been very, very happy to win the Nobel. The ChemTeam would have been and it would bet that you would also have been, dear reader! 



Before diving into the theory and its problems, the ChemTeam feels it is necessary to point out that at least one influential member of the chemical establishment feels that the Arrhenius theory should not be taught to beginning students. 

The ChemTeam will reserve judgement on this point while stressing to all students reading this that the Brønsted-Lowry acid-base theory is the most important one to focus on. 



II. The Acid Base Theory 

Arrhenius published two articles on acids and bases, one in 1894 and the other in 1899. However, the ChemTeam thinks the actual first statement of the theory is in his 1887 publication concerning the electrolytic dissociation theory. The ChemTeam is working on finding out. In any case here it is: 

Acid - any substance which delivers hydrogen ion (H+) to the solution.
Base - any substance which delivers hydroxide ion (OH¯) to the solution. 

Here is a generic acid dissociating, according to Arrhenius: 

HA ---> H+ + A¯ 

This would be a generic base: 

XOH ---> X+ + OH¯ 

When acids and bases react according to this theory, they neutralize each other, forming water and a salt: 

HA + XOH ---> H2O + XA 

Keeping in mind that the acid, the base and the salt all ionize, we can write this: 

H+ + A¯ + X+ + OH¯ ---> H2O + X+ + A¯ 

Finally, we can drop all spectator ions, to get this: 

H+ + OH¯ ---> H2O 

These ideas covered all of the known acids at the time (the usual suspects like hydrochloric acid, acetic acid, and so on) and most of the bases (sodium hydroxide, potassium hydroxide, calcium hydroxide and so on). HOWEVER, and it is a big however, the theory did not explain why ammonia (NH3) was a base. There are other problems with the theory also. 

III. Problems with Arrhenius' Theory 

1) The solvent has no role to play in Arrhenius' theory. An acid is expected to be an acid in any solvent. This was found to not be the case. For example, HCl is an acid in water, behaving in the manner Arrhenius expected. However, if HCl is dissolved in benzene, there is no dissociation, the HCl remaining as undissociated molecules. The nature of the solvent plays a critical role in acid-base properties of substances. 

2) All salts in Arrhenius' theory should produce solutions that are neither acidic or basic. This is not the case. If equal amounts of HCl and ammonia react, the solution is slightly acidic. If equal amounts of acetic acid and sodium hydroxide are reacted, the resulting solution is basic. Arrhenius had no explanation for this. 

3) The need for hydroxide as the base led Arrhenius to propose the formula NH4OH as the formula for ammonia in water. This led to the misconception that NH4OH is the actual base, not NH3. 

In fact, by 1896, several years before Arrhenius announced his theory, it had been recognized that characteristic base properties where just as evident in such solvents as aniline, where no hydroxide ions were possible. 

4) H+, a bare proton, does not exist for very long in water. The proton affinity of H2O is about 799 kJ/mol. Consequently, this reaction: 

H2O + H+ ---> H3O+ 

happens to a very great degree. The "concentration" of free protons in water has been estimated to be 10¯130 M. A rather preposterous value, indeed. 

The Arrhenius theory of acids and bases will be fully supplanted by the theory proposed independently by Johannes Brønsted and Thomas Lowry in 1923. 

The Acid Base Theory of Brønsted and Lowry
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I. Introduction 

In 1923, within several months of each other, Johannes Nicolaus Brønsted (Denmark) and Thomas Martin Lowry (England) published essentially the same theory about how acids and bases behave. Since they came to their conclusions independently of each other, both names have been used for the theory name. 

Since the ChemTeam does not (yet) have access to information about how each came to their conclusions, we will move right into a description of the theory. However, Brønsted does focus on the concept of base in his article, so it seems possible that the problems with bases, especially ammonia, in Arrhenius' theory was where he found his inspiration. 



II. The Acid Base Theory 

Using the words of Brønsted: 

". . . acids and bases are substances that are capable of splitting off or taking up hydrogen ions, respectively." 

Or an acid-base reaction consists of the transfer of a proton from an acid to a base. KEEP THIS THOUGHT IN MIND!! 

Here is a more recent way to say the same thing: 

· An acid is a substance from which a proton can be removed. 

· A base is a substance that can remove a proton from an acid. 

Remember: proton, hydrogen ion and H+ all mean the same thing 

Very common in the chemistry world is this definition set: 

· An acid is a "proton donor." 

· A base is a "proton acceptor." 

In fact, your teacher may define acids and bases this way and insist that you give those definitions back on the test. OK, go ahead and do it, but please recognize that the truth is slightly different than "donor" and 'acceptor" imply. 

In an acid, the hydrogen ion is bonded to the rest of the molecule. It takes energy (sometimes a little, sometimes a lot) to break that bond. So the acid molecule does not "give" or "donate" the proton, it has it taken away. In the same sense, you do not donate your wallet to the pickpocket, you have it removed from you. 

The base is a molecule with a built-in "drive" to collect protons. As soon as the base approaches the acid, it will (if it is strong enough) rip the proton off the acid molecule and add it to itself. 

Now this is where all the fun stuff comes in that you get to learn. You see, some bases are stronger than others, meaning some have a large "desire" for protons, while other bases have a weaker drive. It's the same way with acids, some have very weak bonds and the proton is easy to pick off, while other acids have stronger bonds, making it harder to "get the proton." 

The ChemTeam realizes that this is sorta like life itself. Some people seem driven to go parachuting while the ChemTeam figures it is insanity itself to jump out of a perfectly good air plane. Some people are driven to climb Mt. Everest while the ChemTeam says "Oh look at the pretty picture of Mt. Everest." 

One important contribution coming from Lowry has to do with the state of the hydrogen ion in solution. In Bronsted's announcement of the theory, he used H+. Lowry, in his paper (actually a long letter to the editor) used the H3O+ that is commonly used today. Here is what Lowry had to say: 

"It is a remarkable fact that strong acidity is apparently developed only in mixtures and never in pure compounds. Even hydrogen chloride only becomes an acid when mixed with water. This can be explained by the extreme reluctance of a hydrogen nucleus to lead an isolated existence.... The effect of mixing hydrogen chloride with water is probably to provide an acceptor for the hydrogen nucleus so that the ionisation of the acid only involves the transfer of a proton from one octet to another." 

ClH + H2O [an equilibrium sign] Cl¯ + OH3+ 

(Lowry also draws this equilibrium with all the electron "dots" to show the full octets) 

"The ionised acid is then really an ionised oxonium salt." 

T. M. Lowry, "The Uniqueness of Hydrogen" Chemistry and Industry 42 (19 January 1923) pp43-47. 

III. Sample Equations written in the Brønsted-Lowry Style 

A. Reactions that proceed to a large extent: 

HCl + H2O <===> H3O+ + Cl¯ 

HCl - this is an acid, because it has a proton available to be transfered. 

H2O - this is a base, since it gets the proton that the acid lost. 

Now, here comes an interesting idea: 

H3O+ - this is an acid, because it can give a proton. 

Cl¯ - this is a base, since it has the capacity to receive a proton. 

Notice that each pair (HCl and Cl¯ as well as H2O and H3O+ differ by one proton (symbol = H+). These pairs are called conjugate pairs. 

Click the sentence for the terminology to cover this idea. 

HNO3 + H2O <===> H3O+ + NO3¯ 

The acids are HNO3 and H3O+ and the bases are H2O and NO3¯. 

Remember that an acid-base reaction is a competition between two bases (think about it!) for a proton. If the stronger of the two acids and the stronger of the two bases are reactants (appear on the left side of the equation), the reaction is said to proceed to a large extent. 

B. Reactions that proceed to a small extent: 

If the weaker of the two acids and the weaker of the two bases are reactants (appear on the left side of the equation), the reaction is said to proceed to only a small extent: 

HC2H3O2 + H2O <===> H3O+ + C2H3O2¯ 

NH3 + H2O <===> NH4+ + OH¯ 

Identify the conjugage acid base pairs in each reaction. Get the answers 

IV. Problems with the Theory 

This theory works very nicely in all protic solvents (water, ammonia, acetic acid, etc.), but fails to explain acid base behavior in aprotic solvents such as benzene and dioxane. That job will be left for a more general theory, such as the Lewis Theory of Acids and Bases. 
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Sören Sörenson and the pH scale
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I. Short Historical Introduction 

In the late 1880's, Svante Arrhenius proposed that acids were substances that delivered hydrogen ion to the solution. He has also pointed out that the law of mass action could be applied to ionic reactions, such as an acid dissociating into hydrogen ion and a negatively charged anion. 

This idea was followed up by Wilhelm Ostwald, who calculated the dissociation constants (the modern symbol is Ka. They are discussed elsewhere.) of many weak acids. Ostwald also showed that the size of the constant is measure of an acid's strength. 

By 1894, the dissociation constant of water (today called Kw) was measured to the modern value of 1 x 10¯14. 

In 1904, H. Friedenthal recommended that the hydrogen ion concentration be used to characterize solutions. He also pointed out that alkaline (modern word = basic) solutions could also be characterized this way since the hydroxyl concentration was always 1 x 10¯14 ÷ the hydrogen ion concentration. Many consider this to be the real introduction of the pH scale. 

II. The Introduction of pH 

You may benefit by reading the Sörenson article introducing pH. 

Sörenson defined pH as the negative logarithm of the hydrogen ion concentration. 

pH = - log [H+] 

Remember that sometimes H3O+ is written, so 

pH = - log [H3O+] 

means the same thing. 

So let's try a simple problem: The [H+] in a solution is measured to be 0.010 M. What is the pH? 

The solution is pretty straightforward. Plug the [H+] into the pH definition: 

pH = - log 0.010 

An alternate way to write this is: 

pH = - log 10¯2 

Since the log of 10¯2 is -2, we have: 

pH = - (- 2) 

Which, of course, is 2. 

Let's discuss significant figures and pH. 

Another sample problem: Calculate the pH of a solution in which the [H3O+] is 1.20 x 10¯3 M. 

For the solution, we have: 

pH = - log 1.20 x 10¯3 

This problem can be done very easily using your calculator. However, be warned about putting numbers into the calculator. 

So you enter 1.20 x 10¯3 into the calculator, press the "log" button (NOT "ln") and then the sign change button (usually labeled with a "+/-"). 

The answer, to the proper number of significant digits is: 2.921. (I hope you took a look at the significant figures and pH discussion. If not, why don't you go ahead and do that right now. I can wait.) 

Practice Problems

Convert each hydrogen ion concentration into a pH. Identify each as an acidic pH or a basic pH. 

1) 0.0015 

2) 5.0 x 10¯9 

3) 1.0 

4) 3.27 x 10¯4 

5) 1.00 x 10¯12 

6) 0.00010 

Go to the answers 



Sörenson also just mentions the reverse direction. That is, suppose you know the pH and you want to get to the hydrogen ion concentration ([H+])? 

Here is the equation for that: 

[H+] = 10¯pH 

That's right, ten to the minus pH gets you back to the [H+] (called the hydrogen ion concentration). 

This is actually pretty easy to do with the calculator. Here's the sample problem: calculate the [H+] from a pH of 2.45. 

The calculator technique depends on which type of button you have. Let's assume you have the standard key. It's labed EITHER xy or yx. 

1) Enter the number "10" into the calculator.
2) Press the xy (or the other, depending on what you have)
3) Enter 2.45 and make it negative.
4) Press the equals button and the calculator will do its thing. 

Some people have a calculator with a key labeled "10x." In that case, enter the 2.45, make it negative, then press the "10x" key. An answer appears!! Just remember to round it to the proper number of significant figures and you're on your way. 

Go to a similar discussion about pOH 

A Warning about Calculators



Let's enter this number: 

2.45 x 10¯9 

into the calculator. 

Here is the RIGHT way: 

1) Press "2," the decimal button, then "4" and then "5"
2) Press a key marked either "EXP" or "EE"
3) Press "9," then the sign change key (usually marked "+/-"). 

Here is the typical wrong way: 

1) Press "2," the decimal button, then "4" and then "5"
***2) Press the times button ("x") and then enter "10" (by pressing "1" then "0")***
3) Press a key marked either "EXP" or "EE"
4) Press "9," then the sign change key (usually marked "+/-"). 

***That step #2 is WRONG!!*** Don't do it. Pressing "EXP" means "times ten to the power of." The step #2 (where you enter "times 10") means you entered 2.45 x 10¯8. Try entering it the wrong way and then pressing the "equals" button. See? 

The ChemTeam has had this happen in the classroom: 

"Mr. Park, you did that problem wrong. See, when I do it, I get <some answer> and yours is too small by a factor of ten." 

You can imagine the ChemTeam's unmitigated glee when this happens!! 

Let's use 2.45 x 10¯8 to highlight another problem. 

The calculatorputs the number into shorthand on the screen. 

2.45 x 10¯8 is written in scientific notation. Here is how it is displayed on the calculator screen: 

2.45¯8 

However, do not, DO NOT write it that way on paper. DON'T DO IT. 2.45 x 10¯8 and 2.45¯8 are different numbers!! 

2.45¯8 is calculator shorthand for 2.45 x 10¯8. 

Make sure you include the "x 10" when you make the transfer from screen to paper. 

The ChemTeam has students who are lazy. They get in the habit of writing 2.45¯8 when they do a calculation at home during study. Then, they do it the same way (after being warned not to) on the test and write the answer that way. The ChemTeam marks off full points in that situation. Pretty mean, huh? 

Return to Discussion of pH 

Strong and Weak Acids and Bases
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Go to a discussion of the pH of strong acids and bases. 

I. Historical Introduction 

I'm not going to write this yet. I've just spent the last two hours going over my materials and I couldn't get started. While I think the events are understandable to high schoolers, I think it's going to just get too long. I'll attack it another day. Besides, your teacher ain't gonna test you on the history!! 



All acids, bases, and salts are electrolytes. From history, this meant that, in an electrochemical cell, the current flowed. Non-electrolytes, such as sugar, do not allow current to flow in an electrochemical cell. 

Svante Arrhenius, in 1884-1887, showed that electrolytes dissolve to give ions in solution. 

There was a problem, starting in the mid-1880s. Certain electrolytes (called weak) behaved in solution according to what was called the Ostwald dilution law. Other electrolytes (called strong) did not follow this law and there was no explanation why. 

II. The Modern Meaning of Strong 

The explanation for why strong electrolytes behaved the way they did was first suggested in 1904, but was not proven until 1923. Strong electrolytes are 100% dissociated into ions in solution. The molecule, as such, does not exist in solution. The only thing present are ions. Sodium chloride is an example of a strong electrolyte. Only Na+ and Cl¯ exist in solution. NaOH is another. Only Na+ and OH¯ exist in the solution. 

Now, having said that, if the solution is sufficiently concentrated, you form what are called ion pairs. Not molecules, mind you. The Na+ and the Cl¯ join up briefly to form NaCl and so the effective dissociation is slightly less than 100%. Having said that, we will act like strong electrolytes always dissociate 100%. 

Certain acids are considered to be strong, which means they are dissociated 100% in solution. 

	HCl 
	hydrochloric acid 

	HNO3 
	nitric acid 

	H2SO4 
	sulfuric acid 

	HBr 
	hydrobromic acid 

	HI 
	hydroiodic acid 

	HClO4 
	perchloric acid 


You ought to memorize this list, because almost every other acid is weak. The most common example used by teachers is HCl. Watch out for a teacher who tries to trip you up by using another strong acid on the test while having used HCl all the time in class. 

Three points about the above list: 

1. The 100% dissociation idea begins to break down as solutions become more concentrated. Usually if the acid is 100% dissociated in solutions of 1.0-molar or less, it is called strong. 

2. Sulfuric acid is considered strong only in its first dissociation step. 

3. I once saw HSCN on a list for strong acids. Only once. There are a few others which are "almost" strong and sometimes a textbook author will include one in his or her own list. 

Certain bases are considered to be strong. 

	LiOH 
	lithium hydroxide 

	NaOH 
	sodium hydroxide 

	KOH 
	potassium hydroxide 

	RbOH 
	rubidium hydroxide 

	CsOH 
	cesium hydroxide 

	*Ca(OH)2 
	calcium hydroxide 

	*Sr(OH)2 
	strontium hydroxide 

	*Ba(OH)2 
	barium hydroxide 


* Completely dissociated in solutions of 0.01 M or less. These are insoluble bases which ionize 100%. The other five in the list can easily make solutions of 1.0 M and are 100% dissociated at that concentration. 

The ones most often used in teaching examples are NaOH and KOH. In fact, the others sorta look funny in the list because the ChemTeam thinks he has never, ever used anything other than NaOH or KOH as an example when discussing strong bases. 

There are other strong bases. However, these substances are seldom discussed in an introductory class, so you probably won't see them on a test. I mention them here so you can, at lease, be aware of them. The various oxides, such as Na2O or CaO, will make a strong base in solution. However, for example, it is not Na2O which dissolves. It reacts with the water to make hydroxide ion. Another category of stong bases are the amides, such as KNH2 (potassium amide) or Ca(NH2)2 (calcium amide). Once again, there is a chemical reaction which produces hydroxide. With the amides, the NH2¯ pulls a hydrogen ion off a water molecule to make the hydroxide ion. 

Memorize the above list, since almost everybody else is weak. Same warning as above. 

All salts are considered to be strong electrolytes. 

III. The Modern Meaning of Weak 

Weak electrolytes will dissociate in solution, but they do so less than 100%. The usual examples that student study will dissociate only 1 to 5%. 

In fact, this partial dissociation was known to be happening in the mid-1880s, when the Ostwald dilution law was announced. It was just that it took time for the correct explanation of strong electrolyte behavior to occur to someone. 

The time honored example weak acid is acetic acid. In fact, it has its own abbreviation of HAc, where H means hydrogen and Ac means acetate. The ChemTeam will try to use several different weak acids in the examples to follow. 

The most common example among weak bases is ammonia (NH3). 

Also, we run into a bit of a technicality in the language. Here is the Brønsted-Lowry equation for ammona dissolving in water: 

NH3 + H2O <===> NH4+ + OH¯ 

The ammonia does not dissociate in the same sense that HAc dissociates in water. generally speaking, the word ionization is used here rather than dissociation. 

Go to a discussion of the pH of strong acids and bases. 

The pH of Strong Acids and Strong Bases



Go back to the Acid Base Menu 
I. Strong Acids 

The key point is that strong means 100% ionized. That becomes: 

The [H+] of a strong acid is equal to the concentration of the acid. 

After all, ALL of the acid dissociates. No acid molecules are left. 

So, here is a typical problem: 

Calculate the pH of a 0.100 M solution of HCl. 

In essence, this becomes calculate the pH when the [H+] equals 0.100 M. So, to solve it, you write: 

pH = - log (0.100) = 1.000 

It seems pretty easy and it is. I do have one warning. In the acid base area, there is a LOT of stuff to learn and lots of equations. Usually the idea of strong gets covered near the start of the unit and then doesn't get mentioned much again. What happens is, the kid sees the problem and freaks out because he/she does not recognize it as a strong acid or base. Learn your list of what's strong because everything else you'll see in high school is weak. 

Here's another problem: 

Calculate the pH of a 1.00 M solution of HBr. 

The solution is: 

pH = - log (1.00) = 0.00 

Yes, that's right, a pH of zero. In fact, you can even have a pH which is negative. It's unusual, but not impossible. Try 2.00 M HCl. 

You might want to watch out. A teacher could never mention the possibility of negative pH values in class, but then put one on the test. Ohhhh, those sneaky teachers! 
II. Strong Bases 

Strong bases is pretty much the same as strong acids EXCEPT you'll be calculating a pOH first, then going to the pH. This type of problem is where the relation pH + pOH = 14 is important. 

So, the key point is that strong means 100% ionized. That becomes: 

The [OH¯] of a strong acid is equal to the concentration of the base. 

After all, ALL of the base dissociates. No base molecules are left. 

So, here is a typical problem: 

Calculate the pH of a 0.100 M solution of NaOH. 

In essence, this becomes calculate the pH when the [OH¯] equals 0.100 M. So, to solve it, you write: 

pOH = - log (0.100) = 1.000
pH = 14.000 - 1.000 = 13.000 

Here's another: 

Calculate the pH of a 0.050 M solution of KOH. 

Since the [OH¯] = 0.050 M (remember 100% dissociation), we have this: 

pOH = - log (0.050) = 1.30
pH = 14.00 - 1.30 = 12.70 

The Lewis Theory of Acids and Bases
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I. Introduction 

Gilbert Newton Lewis is one of the great chemists in history. His greatest discovery may well be the theory of the covalent bond in 1916, but he made many other contributions. One was his theory of acids and bases. In 1923, he wrote: 

"We are so habituated to the use of water as a solvent, and our data are so frequently limited to those obtained in aqueous solutions, that we frequently define an acid or a base as a substance whose aqueous solution gives, respectively, a higher concentration of hydrogen ion or of hydroxide ion than that furnished by pure water. This is a very one sided definition . . . ." 

What Lewis wanted was a general definition of an acid and a base, one that was universal no matter what the chemical environment. He know that the current ideas (the Arrhenius theory - dating from the late 1800's and the Bronsted-Lowry theory - announced in January 1923) were not sufficient. In the next 2 pages of discussion, after the above quote, Lewis wrote: 

"When we discuss aqueous solutions of substances which do not contain hydroxyl [ion], it is simplest to define a base as a substance which adds hydrogen ion. . . . Since hydrogen is a constituent of most of our electrolytic solvents, the definition of an acid or base as a substance which gives up or takes up hydrogen ion would be more general than the one we used before, but it would not be universal." 

Lewis then gives his definition of an acid and a base: 

"We are inclined to think of substances as possessing acid or basic properties, without having a particular solvent in mind. It seems to me that with complete generality we may say that a basic substance is one which has a lone pair of electrons which may be used to complete the stable group of another atom, and that an acid is one which can employ a lone pair from another molecule in completing the stable group of one of its own atoms." 

By the way, the italicized words are Lewis.' He finished the above paragraph with one more sentence, a restatement of what he just said: 

"In other words, the basic substance furnishes a pair of electrons for a chemical bond, the acid substance accepts such a pair." 

It is important to make two points here: 

1) NO hydrogen ion need be involved.
2) NO solvent need be involved. 

The Lewis theory of acids and bases is more general than the "one sided" nature of the Bronsted-Lowry theory. Keep in mind that Bronsted-Lowry, which defines an acid as a proton donor and a base as a proton acceptor, REQUIRES the presence of a solvent, specifically a protic solvent, of which water is the usual example. Since almost all chemistry is done in water, the fact that this limits the Bronsted-Lowry definition is of little practical consequence. 

The Lewis definitions of acid and base do not have the constraints that the Bronsted-Lowry theory does and, as we shall see, many more reactions were seen to be acid base in nature using the Lewis definition than when using the Bronsted-Lowry definitions. 



II. The Acid Base Theory 

The modern way to define a Lewis acid and base is a bit more concise than above: 

· Acid: an electron acceptor. 

· Base: an electron donor. 

A "Lewis acid" is any atom, ion, or molecule which can accept electrons and a "Lewis base" is any atom, ion, or molecule capable of donating electrons. However, a warning: many textbooks will say "electron pair" where I have only written "electron." The truth is that it sometimes is an electron pair and sometimes it is not. 

It turns out that it may be more accurate to say that "Lewis acids" are substances which are electron-deficient (or low electron density) and "Lewis bases" are substances which are electron-rich (or high electron density). 

Several categories of substances can be considered Lewis acids: 

1) positive ions
2) having less than a full octet in the valence shell
3) polar double bonds (one end)
4) expandable valence shells 

Several categories of substances can be considered Lewis bases: 

1) negative ions
2) one of more unshared pairs in the valence shell
3) polar double bonds (the other end)
4) the presence of a double bond 

Return to the Acid Base menu 



Copyright © 2002 by John L. Park

Strong Acid and Base Problems

In the following questions data is given to help calculate the four values of pH, pOH, [H+] and

[OH¯]. Please calculate all values not given.

1. A 0.100 M solution of HCl. 6. The pH of a solution of hydrochloric acid is 1.530.

2. A 0.100 M solution of NaOH. 7. The pOH of a solution of perchloric acid (HClO4) is 13.910.

3. A 0.00250 M NaOH solution. 8. The pH of a solution of NaOH is 13.900.

4. A 0.00250 M KOH solution. 9. The [OH¯] concentration is 0.00100 M.

5. A 0.00150 M solution of nitric acid (HNO3).

10. Calculate [H+] and [OH¯] in pure water at 25 °C. Hint: Kw = 1.00 x 10¯14

11. What are the pH and pOH for pure water? Hint: pKw = 14.00

12. The Ka of HCl is known to be about 107. What is [HCl] of a 1.00 M solution? (This is a tough

question the type of which is not on the test.)

Weak Acid and Base Problems

13. Acetic acid has a Ka = 1.78 x 10¯5. Determine the pH of a 0.100 M solution.

14. Calculate the hydronium ion ([H3O+]) concentration of a 0.25 M solution of benzoic acid,

HC7H5O2, Ka = 6.46 x 10¯5

15. Hydrocyanic acid, HCN, has a Ka of 4.93 x 10¯10. Find the pOH and [H3O+] of a 0.100 M

solution of hydrocyanic acid.

16. The weak base analine, C6H5NH2, has a Kb of 4.26 x 10¯10. Find the pH, pOH and [H3O+] of a

0.100 M solution of analine.

17. Calculate the pH of a 0.75 M solution of a methylamine, CH3NH2 whose Kb = 4.54 x 10¯4.

18. Calculate the pH of a 0.155 M ammonia solution. Kb = 1.77 x 10¯5

19. What is the pH of a solution of picric acid that is 0.100 M? Ka = 4.2 x 10¯1.

20. Chloroacetic acid, ClCH2COOH, has a Ka of 1.40 x 10¯3. Find the pH and [OH¯] of a 0.30 M

solution of chloroacetic acid.

More Acid-Base Problems

I. The Relationship of [H+], [OH¯], pH and pOH

Determine all three other values when one of the above four is given.

1) pH = 10.850 5) [H+] = 2.45 x 10¯4

2) pOH = 11.140 6) [OH¯] = 7.40 x 10¯5

3) pH = 3.750 7) [H+] = 3.87 x 10¯11

4) pOH = 4.450 8) [OH¯] = 7.15 x 10¯10

Here is a listing of the relevant equations to use in solving the above problems

1) pH = –log [H+] 4) pKw = pH + pOH = 14

2) pOH = –log [OH¯] 5) [H+] = 10¯pH

3) Kw = [H+] [OH¯] = 1.00 x 10¯14 6) [OH¯] = 10¯pOH

