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Part	One

THE	BASICS



Chapter	1

About	the	SAT	Subject	Tests

You’re	serious	about	going	to	the	college	of	your	choice.	You	wouldn’t	have	opened	this	book
otherwise.	You’ve	made	a	wise	choice,	because	this	book	can	help	you	to	achieve	your	goal.	It’ll
show	you	how	to	score	your	best	on	the	SAT	Subject	Test:	Chemistry.	But	before	turning	to	the
chemistry	review,	let’s	look	at	the	SAT	Subject	Tests	as	a	whole.

Frequently	Asked	Questions
SAT	Subject	Test	Mastery



Frequently	Asked	Questions

The	following	background	information	about	the	SAT	Subject	Tests	is	important	to	keep	in	mind	as
you	get	ready	to	prep	for	the	SAT	Subject	Test:	Chemistry.	Remember,	though,	that	sometimes	the
test	makers	change	the	test	policies	after	a	book	has	gone	to	press.	The	information	here	is	accurate
at	the	time	of	publication	but	it’s	a	good	idea	to	check	the	test	information	on	the	College	Board
website	at	www.collegeboard.org.

WHAT	ARE	THE	SAT	SUBJECT	TESTS?
Known	until	1994	as	the	College	Board	Achievement	Tests	and	until	2004	as	the	SAT	IIs,	the	SAT
Subject	Tests	focus	on	specific	disciplines:	English,	U.S.	History,	World	History,	Mathematics,
Physics,	Chemistry,	Biology,	and	many	foreign	languages.	Each	test	lasts	one	hour	and	consists
entirely	of	multiple-choice	questions.	On	any	one	test	date,	you	can	take	up	to	three	Subject	Tests.

HOW	DO	THE	SAT	SUBJECT	TESTS	DIFFER	FROM	THE	SAT?
SAT	is	largely	a	test	of	verbal,	writing,	and	math	skills.	True,	you	need	to	know	some	vocabulary	and
some	formulas	for	the	SAT;	but	it’s	designed	to	measure	how	well	you	read,	think,	and	write	rather
than	how	much	you	remember.	The	SAT	Subject	Tests	are	very	different.	They’re	designed	to
measure	what	you	know	about	specific	disciplines.	Sure,	critical	reading	and	thinking	skills	play	a
part	on	these	tests,	but	the	tests’	main	purpose	is	to	determine	exactly	what	you	know	about
writing,	math,	history,	chemistry,	and	so	on.

DUAL	ROLE

Colleges	use	your	SAT	Subject	Test	scores	in	both	admissions	and	placement	decisions.

http://www.collegeboard.org


HOW	DO	COLLEGES	USE	THE	SAT	SUBJECT	TEST?
Many	people	will	tell	you	that	the	SATs	measure	only	your	ability	to	perform	on	standardized	exams
—that	they	measure	neither	your	reading	and	thinking	skills	nor	your	level	of	knowledge.	Maybe
they’re	right.	But	these	people	don’t	work	for	colleges.	Those	schools	that	require	SATs	feel	that	the
tests	are	an	important	indicator	of	your	ability	to	succeed	in	college.	Specifically,	they	use	your
scores	in	one	or	both	of	two	ways:	to	help	them	make	admissions	and/or	placement	decisions.

Like	the	SAT,	the	SAT	Subject	Test	provides	schools	with	a	standard	measure	of	academic
performance,	which	they	use	to	compare	you	with	applicants	from	different	high	schools	and
different	educational	backgrounds.	This	information	helps	them	to	decide	whether	you’re	ready	to
handle	their	curriculum.

SAT	Subject	Test	scores	may	also	be	used	to	decide	what	course	of	study	is	appropriate	for	you	once
you’ve	been	admitted.	A	low	score	on	the	Literature	Test,	for	example,	might	mean	that	you	have	to
take	a	remedial	English	course.	Conversely,	a	high	score	on	an	SAT	Subject	Test:	Mathematics	might
mean	that	you’ll	be	exempted	from	an	introductory	math	course.

WHICH	SAT	SUBJECT	TESTS	SHOULD	I	TAKE?
The	simple	answer	is:	those	that	you’ll	do	well	on.	High	scores,	after	all,	can	only	help	your	chances
for	admission.	Unfortunately,	many	colleges	demand	that	you	take	particular	tests	and	some
schools	will	give	you	a	degree	of	choice	in	the	matter,	especially	if	they	want	you	to	take	a	total	of
three	tests.	Before	you	register	to	take	any	tests,	therefore,	check	with	the	colleges	you’re	interested
in	to	find	out	exactly	which	tests	they	require.	Don’t	rely	on	high	school	guidance	counselors	or
admissions	handbooks	for	this	information.	They	might	not	give	you	accurate	or	current
information.

CALL	YOUR	COLLEGES

Many	colleges	require	you	to	take	certain	SAT	Subject	Tests.	Check	with	all	of	the	schools
you’re	interested	in	applying	to	before	deciding	which	tests	to	take.



WHEN	ARE	THE	SAT	SUBJECT	TESTS	ADMINISTERED?
Most	of	the	SAT	Subject	Tests	are	administered	six	times	a	year:	in	October,	November,	December,
January,	May,	and	June.	A	few	of	the	tests	are	offered	less	frequently.	Due	to	admissions	deadlines,
many	colleges	insist	that	you	take	the	SAT	Subject	Test	no	later	than	December	or	January	of	your
senior	year	in	high	school.	You	may	even	have	to	take	it	sooner	if	you’re	interested	in	applying	for
“early	admission”	to	a	school.	Those	schools	that	use	scores	for	placement	decisions	only	may	allow
you	to	take	the	SAT	Subject	Test	as	late	as	May	or	June	of	your	senior	year.	You	should	check	with
colleges	to	find	out	which	test	dates	are	most	appropriate	for	you.

HOW	DO	I	REGISTER	FOR	THE	SAT	SUBJECT	TEST?
The	College	Board	administers	the	SAT	Subject	Tests,	so	you	must	sign	up	for	the	tests	with	them.
The	easiest	way	to	register	is	online.	Visit	the	College	Board’s	website	at
www.collegeboard.org 	for	registration	information.	If	you	register	online,	you	immediately	get	to
choose	your	test	date	and	test	center,	and	you	have	24-hour	access	to	print	your	admission	ticket.
You’ll	need	access	to	a	credit	card	to	complete	online	registration.

CONTACT	THE	TEST	MAKERS

Want	to	register	for	the	SAT	Subject	Tests	or	get	more	info?	You	can	get	copies	of	the
Student	Registration	Guide	for	the	SAT	and	SAT	Subject	Tests	from	the	College	Board.	If	you
have	a	credit	card,	you	can	also	register	for	the	SAT	Subject	Test	online.	You	can	register	by
phone	only	if	you	have	registered	for	an	SAT	or	SAT	Subject	Test	in	the	past.

If	you	would	prefer	to	register	by	mail,	you	must	obtain	a	copy	of	the	Student	Registration	Guide	for
the	SAT	and	SAT	Subject	Tests.	This	publication	contains	all	of	the	necessary	information,	including

College	Board	SAT	Program
Domestic:	866-756-7346
International:	212-713-7789
www.collegeboard.org

http://www.collegeboard.org
http://www.collegeboard.org


current	test	dates	and	fees.	It	can	be	obtained	at	any	high	school	guidance	office	or	directly	from	the
College	Board.

If	you	have	previously	registered	for	an	SAT	or	SAT	Subject	Test,	you	can	reregister	by	telephone	for
an	additional	fee	($15	at	the	time	of	this	printing).	If	you	choose	this	option,	you	should	still	read	the
College	Board	publications	carefully	before	you	make	any	decisions.

HOW	ARE	THE	SAT	SUBJECT	TESTS	SCORED?
The	SAT	Subject	Tests	are	scored	on	a	200–800	scale.

WHAT’S	A	“GOOD”	SCORE?
That’s	tricky.	The	obvious	answer	is:	the	score	that	the	colleges	of	your	choice	demand.	Keep	in
mind,	though,	that	SAT	Subject	Test	scores	are	just	one	piece	of	information	that	colleges	will	use	to
evaluate	you.	The	decision	to	accept	or	reject	you	will	be	based	on	many	criteria,	including	your	high
school	transcript,	your	SAT	scores,	your	recommendations,	your	personal	statement,	your	interview
(where	applicable),	your	extracurricular	activities,	and	the	like.	So,	failure	to	achieve	the	necessary
score	doesn’t	automatically	mean	that	your	chances	of	getting	in	have	been	damaged.	For	those
who	really	want	a	numerical	benchmark,	a	score	of	600	is	considered	very	solid.

WHAT	SHOULD	I	BRING	TO	THE	SAT	SUBJECT	TEST?
It’s	a	good	idea	to	get	your	test	materials	together	the	day	before	the	tests.	You’ll	need	an	admission
ticket;	a	form	of	identification	(check	the	Registration	Guide	or	College	Board	website	to	find	out
what	is	permissible);	a	few	sharpened	No.	2	pencils;	a	good	eraser;	and	an	approved	calculator	(for
Math	Level	1	or	2).	Also,	make	sure	that	you	know	how	to	get	to	the	test	center.

PACK	YOUR	BAG

Gather	your	test	materials	the	day	before	the	test.	You’ll	need:

Your	admission	ticket



A	proper	form	of	I.D.
Some	sharpened	No.	2	pencils
A	good	eraser



SAT	Subject	Test	Mastery

Now	that	you	know	a	little	about	the	SAT	Subject	Tests,	it’s	time	to	let	you	in	on	a	few	basic	test
taking	skills	and	strategies	that	can	improve	your	performance	on	them.	You	should	practice	these
skills	and	strategies	as	you	prepare	for	the	SAT	Subject	Test.

USE	THE	STRUCTURE	OF	THE	TEST	TO	YOUR	ADVANTAGE
The	SAT	Subject	Tests	are	different	from	the	tests	that	you’re	used	to	taking.	On	your	high	school
tests,	you	probably	go	through	the	questions	in	order.	You	probably	spend	more	time	on	hard
questions	than	on	easy	ones,	since	hard	questions	are	generally	worth	more	points.	And	you	often
show	your	work,	since	your	teachers	tell	you	that	how	you	approach	questions	is	as	important	as
getting	the	right	answers.

None	of	this	applies	to	the	SAT	Subject	Tests.	You	can	benefit	from	moving	around	within	the	tests,
hard	questions	are	worth	the	same	as	easy	ones,	and	it	doesn’t	matter	how	you	answer	the
questions—only	what	your	answers	are.

The	SAT	Subject	Tests	are	highly	predictable.	Because	the	format	and	directions	of	the	SAT
Subject	Tests	remain	unchanged	from	test	to	test,	you	can	learn	the	setup	of	each	test	in	advance.
On	Test	Day,	the	various	question	types	on	each	test	shouldn’t	be	new	to	you.

DON’T	GET	LOST

Learn	SAT	Subject	Test	directions	as	you	prepare	for	the	tests.	That	way,	you’ll	have	more
time	to	spend	answering	the	questions	on	Test	Day.

One	of	the	easiest	things	you	can	do	to	help	your	performance	on	the	SAT	Subject	Tests	is	to
understand	the	directions	before	taking	the	test.	Since	the	instructions	are	always	the	same,	there’s



no	reason	to	waste	a	lot	of	time	on	Test	Day	reading	them.	Learn	them	beforehand	as	you	work
through	this	book	and	the	College	Board	publications.

Not	all	of	the	questions	on	the	SAT	Subject	Tests	are	equally	difficult.	The	questions	often	get
harder	as	you	work	through	different	parts	of	a	test.	This	pattern	can	work	to	your	benefit.	Try	to	be
aware	of	where	you	are	in	a	test.

When	working	on	more	basic	problems,	you	can	generally	trust	your	first	impulse—the	obvious
answer	is	likely	to	be	correct.	As	you	get	to	the	end	of	a	test	section,	you	need	to	be	a	bit	more
suspicious.	Now	the	answers	probably	won’t	come	as	quickly	and	easily—if	they	do,	look	again
because	the	obvious	answers	may	be	wrong.	Watch	out	for	answers	that	just	“look	right.”	They	may
be	distracters—wrong	answer	choices	deliberately	meant	to	entice	you.

There’s	no	mandatory	order	to	the	questions	on	the	SAT	Subject	Test.	You’re	allowed	to	skip
around	on	the	SAT	Subject	Tests.	High	scorers	know	this	fact.	They	move	through	the	tests
efficiently.	They	don’t	dwell	on	any	one	question,	even	a	hard	one,	until	they’ve	tried	every	question
at	least	once.

When	you	run	into	questions	that	look	tough,	circle	them	in	your	test	booklet	and	skip	them	for	the
time	being.	Go	back	and	try	again	after	you’ve	answered	the	easier	ones	if	you’ve	got	time.	After	a
second	look,	troublesome	questions	can	turn	out	to	be	remarkably	simple.

If	you’ve	started	to	answer	a	question	but	get	confused,	quit	and	go	on	to	the	next	question.
Persistence	might	pay	off	in	high	school,	but	it	usually	hurts	your	SAT	Subject	Test	scores.	Don’t
spend	so	much	time	answering	one	hard	question	that	you	use	up	three	or	four	questions’	worth	of
time.	That’ll	cost	you	points,	especially	if	you	don’t	even	get	the	hard	question	right.

LEAP	AHEAD

Do	the	questions	in	the	order	that’s	best	for	you.	Skip	hard	questions	until	you’ve	gone
through	every	question	once.	Don’t	pass	up	the	opportunity	to	score	easy	points	by	wasting
time	on	hard	questions.	Come	back	to	them	later.



You	can	use	the	so-called	guessing	penalty	to	your	advantage.	You	might	have	heard	it	said	that
the	SAT	Subject	Test	has	a	“guessing	penalty.”	That’s	a	misnomer.	It’s	really	a	wrong-answer
penalty.	If	you	guess	wrong,	you	get	a	small	penalty.	If	you	guess	right,	you	get	full	credit.

GUESSING	RULE

Don’t	guess,	unless	you	can	eliminate	at	least	one	answer	choice.	Don’t	leave	a	question
blank	unless	you	have	absolutely	no	idea	how	to	answer	it.

The	fact	is,	if	you	can	eliminate	one	or	more	answer	choices	as	definitely	wrong,	you’ll	turn	the	odds
in	your	favor	and	actually	come	out	ahead	by	guessing.	The	fractional	points	that	you	lose	are
meant	to	offset	the	points	you	might	get	“accidentally”	by	guessing	the	correct	answer.	With
practice,	however,	you’ll	see	that	it’s	often	easy	to	eliminate	several	answer	choices	on	some	of	the
questions.

The	answer	grid	has	no	heart.	It	sounds	simple,	but	it’s	extremely	important:	Don’t	make	mistakes
filling	out	your	answer	grid.	When	time	is	short,	it’s	easy	to	get	confused	going	back	and	forth
between	your	test	booklet	and	your	grid.	If	you	know	the	answers,	but	misgrid,	you	won’t	get	the
points.	Here’s	how	to	avoid	mistakes.

HIT	THE	SPOT

A	common	mistake	is	filling	in	all	of	the	questions	with	the	right	answers—in	the	wrong
spots.	Whenever	you	skip	a	question,	circle	it	in	your	test	booklet	and	make	doubly	sure	that
you	skip	it	on	the	answer	grid	as	well.

Always	circle	the	questions	you	skip.	Put	a	big	circle	in	your	test	booklet	around	any	question
numbers	that	you	skip.	When	you	go	back,	these	questions	will	be	easy	to	relocate.	Also,	if	you
accidentally	skip	a	box	on	the	grid,	you’ll	be	able	to	check	your	grid	against	your	booklet	to	see
where	you	went	wrong.



Always	circle	the	answers	you	choose.	Circling	your	answers	in	the	test	booklet	makes	it	easier	to
check	your	grid	against	your	booklet.

Grid	five	or	more	answers	at	once.	Don’t	transfer	your	answers	to	the	grid	after	every	question.
Transfer	them	after	every	five	questions.	That	way,	you	won’t	keep	breaking	your	concentration	to
mark	the	grid.	You’ll	save	time	and	gain	accuracy.

APPROACHING	SAT	SUBJECT	TEST	QUESTIONS
Apart	from	knowing	the	setup	of	the	SAT	Subject	Tests	that	you’ll	be	taking,	you’ve	got	to	have	a
system	for	attacking	the	questions.	You	wouldn’t	travel	around	an	unfamiliar	city	without	a	map,
and	you	shouldn’t	approach	the	SAT	Subject	Test	without	a	plan.	What	follows	is	the	best	method
for	approaching	SAT	Subject	Test	questions	systematically.

Think	about	the	questions	before	you	look	at	the	answers.	The	test	makers	love	to	put	distracters
among	the	answer	choices.	Distracters	are	answers	that	look	like	they’re	correct	but	aren’t.	If	you
jump	right	into	the	answer	choices	without	thinking	first	about	what	you’re	looking	for,	you’re	much
more	likely	to	fall	for	one	of	these	traps.

THINK	FIRST

Try	to	think	of	the	answer	to	a	question	before	you	shop	among	the	answer	choices.	If	you’ve
got	some	idea	of	what	you’re	looking	for,	you’ll	be	less	likely	to	be	fooled	by	“trap”	choices.

Guess—when	you	can	eliminate	at	least	one	answer	choice.	You	already	know	that	the	“guessing
penalty”	can	work	in	your	favor.	Don’t	simply	skip	questions	that	you	can’t	answer.	Spend	some
time	with	them	in	order	to	see	whether	you	can	eliminate	any	of	the	answer	choices.	If	you	can,	it
pays	for	you	to	guess.

Pace	yourself.	The	SAT	Subject	Tests	give	you	a	lot	of	questions	in	a	short	period	of	time.	To	get
through	the	tests,	you	can’t	spend	too	much	time	on	any	single	question.	Keep	moving	through	the
tests	at	a	good	speed.	If	you	run	into	a	hard	question,	circle	it	in	your	test	booklet,	skip	it,	and	come
back	to	it	later	if	you	have	time.



You	don’t	have	to	spend	the	same	amount	of	time	on	every	question.	Ideally,	you	should	be	able	to
work	through	the	easier	questions	at	a	brisk,	steady	clip,	and	use	a	little	more	time	on	the	harder
questions.	One	caution:	Don’t	rush	through	basic	questions	just	to	save	time	for	the	harder	ones.
The	basic	questions	are	points	in	your	pocket,	and	you’re	better	off	not	getting	to	some	harder
questions	if	it	means	losing	easy	points	because	of	careless	mistakes.	Remember,	you	don’t	earn	any
extra	credit	for	answering	hard	questions.

SPEED	LIMIT

Work	quickly	on	easier	questions	to	leave	more	time	for	harder	questions.	But	not	so	quickly
that	you	make	careless	errors.	And	it’s	okay	to	leave	a	few	questions	blank	if	you	have	to—
you	can	still	get	a	high	score.

Locate	quick	points	if	you’re	running	out	of	time.	Some	questions	can	be	done	more	quickly	than
others	because	they	require	less	work	or	because	choices	can	be	eliminated	more	easily.	If	you	start
to	run	out	of	time,	look	for	these	quicker	questions.

When	you	take	the	SAT	Subject	Test:	Chemistry,	you	have	one	clear	objective	in	mind:	to	score	as
many	points	as	you	can.	It’s	that	simple.	The	rest	of	this	book	is	dedicated	to	helping	you	to	do	just
that.



Chapter	2

Getting	Ready	for	the	SAT	Subject	Test:
Chemistry

Now	that	you	know	the	basics	about	the	SAT	Subject	Tests,	it’s	time	to	focus	on	the	Chemistry	test.
What’s	on	it?	How	is	it	scored?	After	reading	this	chapter,	you’ll	know	what	to	expect	on	test	day.

Content
Scoring	Information
Question	Types
Strategies
Managing	Stress



Content

The	SAT	Subject	Test:	Chemistry	expects	you	to	have	a	mastery	of	the	concepts	and	principles
covered	in	a	one-year,	college-prep	chemistry	class.	This	one-hour	exam	consists	of	85	multiple-
choice	questions	covering	the	topics	in	Table	2.1	on	the	next	page.

Table	2.1 Topics	on	the	SAT	Subject	Test:	Chemistry

TOPIC APPROX.	PERCENTAGE	OF	THE	TEST

Structure	of	Matter 25%

States	of	Matter 16%

Reaction	Types 14%

Stoichiometry 14%

Equilibrium	and	Reaction	Rates 5%

Thermodynamics 6%

Descriptive	Chemistry 12%

Laboratory 8%

Three	basic	skills	are	tested	on	this	exam.	First,	the	ability	to	recall	knowledge	forms	the	basis	for
approximately	20	percent	of	the	questions.	This	means	that	your	ability	to	remember	specific	facts,
your	mastery	of	terminology,	and	your	comfort	with	straightforward	knowledge	will	be	examined	on
approximately	17	of	the	questions.

The	second	skill	tested	is	your	ability	to	apply	your	chemistry	knowledge	to	unfamiliar	situations.
This	is	the	basis	for	approximately	45	percent	of	the	exam	(38	questions).	These	questions	test	how
well	you	understand	concepts	and	can	reformulate	information	into	equivalent	forms.	They	also
test	how	well	you	can	solve	problems,	particularly	those	dealing	with	mathematical	relationships.



The	third	question	type	explores	your	proficiency	at	synthesizing	information.	These	questions,
comprising	about	35	percent	of	the	exam	(30	questions),	require	you	to	infer	and	deduce	from
qualitative	and	quantitative	data,	such	as	that	which	you	might	accumulate	doing	an	experiment	in
the	laboratory,	and	then	integrate	that	data	to	form	conclusions.	The	data	may	be	in	paragraph
form,	like	those	word	problems	you	hated	in	fourth	grade,	or	it	may	be	in	graph	or	chart	form.	These
questions	also	test	your	ability	to	recognize	unstated	assumptions,	so	you	need	to	be	prepared	to
think	about	what	is	implied	in	the	setup	of	the	experiment	or	the	question	stem.

As	you	can	see	from	the	table	on	the	previous	page,	the	SAT	Subject	Test:	Chemistry	covers	a	broad
range	of	topics.	It	requires	you	to	think	about	those	topics	in	ways	you	may	not	have	done	before.	As
a	result,	it’s	likely	that	some	test	questions	will	be	topics	that	you	did	not	cover	in	your	chemistry
class.	Don’t	be	alarmed;	there	is	so	much	to	chemistry	that	you	cannot	possibly	cover	everything	in	a
year.	If,	while	you	are	taking	the	diagnostic,	you	discover	that	there	are	areas	you	haven’t	covered	in
school,	plan	to	spend	a	little	extra	time	on	those	chapters	that	cover	your	areas	of	weakness.

BASIC	SKILLS

Three	basic	skills	are	tested	on	the	SAT	Subject	Test:	Chemistry:

While	preparing	for	the	exam,	also	make	sure	that	you	understand	common	algebraic	concepts	such
as	ratios	and	proportions	and,	more	important,	can	apply	them	to	word	problems	and	data
interpretation	questions.	You	will	not	be	allowed	to	use	a	calculator	on	this	exam,	but	don’t	worry;
the	math	should	be	nothing	more	than	simple	calculations—nothing	more	complicated	than
multiplication	or	division.

Recalling	information
Applying	knowledge
Synthesizing	information



Scoring	Information

This	exam	is	scored	in	a	range	from	200–800.	Your	raw	score	is	calculated	by	subtracting	 	of	the
number	of	questions	you	got	wrong	from	the	number	of	questions	you	got	right.	If	you	answered	70
questions	correctly	and	15	incorrectly,	your	raw	score	would	be:

Number	correct 70

−3.75

Raw	Score 66.25	(66)

This	raw	score	is	then	compared	with	all	the	other	test	takers	to	come	up	with	a	scaled	score.	This
scaling	takes	into	account	any	slight	variations	between	test	administrations.	

TEST	TIP

Our	test	strategies	won’t	make	up	for	a	weakness	in	a	given	area,	but	they	will	help	you	to
manage	your	time	effectively	and	maximize	points.



Question	Types

On	your	test,	there	will	be	three	main	question	types:	classification	questions,	relationship	analysis
questions,	and	five-choice	completion	questions.	Make	sure	you	feel	comfortable	with	all	of	them
and	their	directions	before	test	day.	Don’t	waste	time	reading	directions	when	you	are	being	timed!

CLASSIFICATION	QUESTIONS
Classification	questions	consist	of	five	lettered	choices—typically,	ideas,	chemical	laws,	graphs,	or
some	other	type	of	data	presentation.	Following	the	five	choices	will	be	three	to	five	statements
that	can	be	functions	of	the	choices,	definitions,	descriptive	characteristics,	or	conditions	that
would	favor	that	data	set.	The	five	choices	may	be	used	more	than	once,	so	do	not	eliminate	an
answer	just	because	you	have	used	it.

TEST	STRATEGY

On	test	day,	do	classification	questions	first;	they	require	less	reading	and	will	give	you	the
most	points	for	your	time	invested.

Read	through	the	directions	and	attempt	to	answer	questions	1–4	below.	Check	your	answers
against	the	explanations	that	follow	the	question	set.

Directions: Each	set	of	lettered	choices	below	refers	to	the	numbered	statements	immediately
following	it.	Select	the	one	lettered	choice	that	best	fits	each	statement	and	then	fill
in	the	corresponding	oval	on	the	answer	sheet.	In	each	set,	a	choice	may	be	used
once,	more	than	once,	or	not	at	all.

Questions	1–4



TEST	STRATEGY

On	classification	questions,	don’t	eliminate	an	answer	choice	just	because	you’ve	used	it.
Answer	choices	can	be	used	more	than	once	(or	not	at	all).

Ionization	potential	is	a	measure	of	the	energy	required	to	form	a	cation	from	the	ground	state.
Electron	affinity	is	the	measure	of	the	energy	released	when	the	atom	accepts	an	electron	to	form
an	anion.	The	standard	electrode	potential	is	defined	to	be	zero	volts	for	the	standard	hydrogen
electrode	in	which	H+	is	reduced	to	H2	gas.	The	atomic	radius	is	determined	by	the	principal
quantum	number	of	the	valence	shell	and	the	interaction	of	the	positive	nucleus	and	the	negative
electrons.	Larger	atoms	have	electrons	in	higher	level	shells	(larger	principal	quantum	number)	and
atoms	with	more	positive	charge	in	the	nucleus	attract	valence	electrons	more	strongly	and	thus
draw	them	in	tighter,	decreasing	radius.	In	light	of	this,	the	correct	answers	for	this	question	set	are
1.(C);	2.(B);	3.(D);	4.(E).

Electronegativity(A)
Electron	affinity(B)
Ionization	potential(C)
Standard	electrode	potential(D)
Atomic	radius(E)

Measures	an	energy	consuming	process1.

Measures	an	energy	releasing	process2.

Measured	against	the	hydrogen	half	cell	reaction3.

Decreases	as	you	travel	right	and	up	the	periodic	chart4.



RELATIONSHIP	ANALYSIS	QUESTIONS
These	questions	consist	of	a	specific	statement	(I)	followed	by	an	explanation	(II).	You	must
determine	if	both	are	true	and	whether	or	not	the	explanation	properly	explains	the	statement.

Directions: Each	question	below	consists	of	two	statements,	statement	I	in	the	left-hand	column
and	statement	II	in	the	right-hand	column.	For	each	question,	determine	whether
statement	I	is	true	or	false	and	whether	statement	II	is	true	or	false.	Then,	fill	in	the
corresponding	T	or	F	ovals	on	your	answer	sheet.	Fill	in	oval	CE	only	if	statement	II	is
a	correct	explanation	of	statement	I.

Questions	5–6

For	question	5,	HBr	is	a	strong	acid.	Low	pH	indicates	a	strong	acid	because	of	a	high	hydrogen	ion
concentration.	Bromine	(Br –)	is	the	conjugate	base	of	HBr.	So	statement	I	is	true,	but	statement	II	is
false.

For	question	6,	you	know	from	the	Pauli	exclusion	principle	that	no	two	electrons	in	the	same	atom
can	have	identical	quantum	numbers.	So,	with	n,	l,	and	ml	the	same,	they	may	have	different	ms

numbers	only.	The	n	value	indicates	that	these	electrons	are	in	the	same	shell.	The	value	of	n	also
limits	the	value	of	l,	defining	the	possible	subshells	the	electrons	can	occupy.	If	they	have	the	same	l
value,	they	must	be	in	the	same	subshell	if	they	are	in	the	same	atom.	Well,	the	l	value	limits	the	ml

value,	which	defines	the	specific	spatial	orientation	of	the	orbital	the	electrons	are	in.	If	the	ml	value
is	the	same	for	two	electrons,	they	are	in	the	same	orbital.	So,	since	the	identical	ml	value	puts	these
two	electrons	in	the	same	orbital,	the	Pauli	principle	states	that	we	can	distinguish	them	by	their	ms

value.	One	will	have	an	ms	value	of	 	and	the	other	will	be	 	.	So	both	statements	are	true,	and
statement	II	is	a	correct	explanation	of	statement	I.

I II

BECAUSE Bromine	is	very	acidic.

BECAUSE they	have	the	same	n,	l,	and	ml	values.

1.

A	2M	solution	of	HBr	has	a	low	pH5.

Two	electrons	in	the	same	orbital	will	have	opposite	spins6.



FIVE-CHOICE	COMPLETION	QUESTIONS
These	questions	are	your	common	multiple-choice	questions;	there	are	three	types	of	them.

Directions: Each	of	the	incomplete	statements	or	questions	below	is	followed	by	five	suggested
completions	or	answers.	In	each	case,	select	the	one	that	is	best	and	fill	in	the
corresponding	oval	on	the	answer	sheet.

Type	1	Questions

These	have	a	unique	solution,	often	the	only	correct	answer	or	the	best	answer.	Sometimes,	though,
the	most	inappropriate	answer	will	be	correct;	these	question	types	will	have	NOT,	EXCEPT,	or
LEAST	somewhere	in	the	stimulus.

Questions	7–8

A	330	cc	sample	of	ideal	gas	weighing	72	grams	at	18°C	and	748	torr	is	placed	in	an
evacuated	vessel	of	volume	1320	cc.	If	the	gas	is	to	fill	the	whole	vessel	at	748	torr,	to	what
temperature	must	the	assembly	be	heated?

7.

891°C(A)
1437	K(B)
18°C(C)
1164°C(D)
None	of	the	above(E)

Which	of	the	following	is	NOT	a	state	function?

Question	7	tests	your	ability	to	use	the	equation

8.

Temperature(A)
Density(B)
Work(C)
Viscosity(D)
All	of	the	above(E)



In	question	8,	a	state	function	is	one	whose	value	depends	only	on	the	initial	and	final	states	of	the
system;	it	is	independent	of	the	path	taken	in	going	from	the	initial	to	the	final	states.	Examples	of
state	functions	are	pressure,	volume,	temperature,	density,	viscosity,	enthalpy,	internal	energy,
entropy,	and	free	energy.	Two	important	functions	that	are	not	state	functions	are	work	and	q,	the
amount	of	heat	transferred.	So	choice	C	is	correct.

Type	2	Questions

These	typically	have	three	to	five	Roman	numeral	statements	following	each	question.	One	or	more
of	these	statements	may	be	the	correct	answer.	Following	each	statement,	there	are	five	lettered
choices	with	various	combinations	of	the	Roman	numerals.	You	must	select	the	combination	that
includes	all	of	the	correct	answers	and	excludes	all	of	the	incorrect	answers.

Question	9

Substitute	the	values	and	convert	temperatures	to	Kelvin	from	the	problem	and	you	have

So	choice	A	is	correct.

Which	of	the	following	phenomena	are	considered	to	illustrate	colligative	properties?9.

The	lowering	of	the	vapor	pressure	of	a	solvent	by	a	soluteI.
The	raising	of	the	boiling	point	of	a	solvent	by	a	soluteII.
The	lowering	of	the	freezing	point	of	a	solvent	by	a	soluteIII.
Osmotic	pressureIV.



All	of	the	statements	are	examples	of	colligative	properties.	Colligative	properties	are	properties	of
solutions	that	depend	only	on	the	number	of	solute	particles	present	and	not	on	the	nature	of	those
particles.	Examples	of	colligative	properties	are	boiling	point	elevation,	freezing	point	depression,
osmotic	pressure,	and	vapor-pressure	lowering.	They	are	usually	associated	with	dilute	solutions.
Choice	E	is	correct.

Type	3	Questions

These	questions	are	also	organized	in	sets,	but	center	on	an	experiment,	chart,	graph,	or	other
experimental	data	presentation.	They	assess	how	well	you	apply	science	to	unfamiliar	situations.
Each	question	is	independent	of	the	others;	in	addition,	these	questions	are	typically	found	in	the
latter	part	of	the	test.	Most	students	find	them	to	be	the	most	difficult	questions	on	the	test.

Type	3	questions	test	your	ability	to	identify	a	problem;	evaluate	experimental	situations;	suggest
hypotheses;	interpret	data	such	as	graphs	or	mathematical	expressions;	make	inferences	and	draw
conclusions;	check	the	logical	consistency	of	hypotheses	based	on	your	observations;	convert
information	to	graphical	form;	apply	mathematical	relationships;	and	select	the	appropriate
procedure	for	further	study.

Questions	10–13	are	based	on	the	following	equation:

N2(g)	+	3H2	(g)		 2NH3	(g)	∆H	=	–30	kJ/mole

I	only(A)
IV	only(B)
I	and	IV	only(C)
II	and	III	only(D)
I,	II,	III,	and	IV(E)

How	will	the	equilibrium	of	the	following	reaction	be	affected	if	the	temperature	is
increased?

10.

It	will	be	shifted	to	the	right.(A)
It	will	be	shifted	to	the	left.(B)



It	will	be	unaffected.(C)
The	effect	on	the	equilibrium	cannot	be	determined	without	more	information.(D)
The	equilibrium	will	be	squared.(E)

The	equilibrium	constant	is	given	by	the	expression11.

(A)

(B)

(C)

(D)

None	of	the	above(E)

Suppose	that	1.5	moles	of	N2	is	converted	to	NH3.	The	amount	of	heat	produced	would	be12.

45	kJ(A)
30	kJ(B)
15	kJ(C)
60	kJ(D)
None	of	the	above(E)

Which	compound(s)	has	basic	qualities?13.

H2(A)
N2(B)



In	question	10,	if	the	temperature	of	an	exothermic	reaction	is	increased,	the	reaction	shifts	to	the
left.	If	the	temperature	of	an	endothermic	reaction	is	increased,	it	shifts	to	the	right.	The	reaction
has	a	negative	enthalpy	of	reaction,	meaning	that	it	is	an	exothermic	reaction.	If	the	temperature	of
this	reaction	is	increased	it	will	be	shifted	to	the	left,	making	choice	B	correct.

For	question	11,	the	equilibrium	constant	is	the	ratio	of	the	concentration	of	the	products	to	the
concentration	of	the	reactants	for	a	certain	reaction	at	equilibrium,	all	raised	to	their	stoichiometric
coefficients.	Properties	of	the	equilibrium	constant	include:	Pure	solids	and	liquids	do	not	appear	in
the	equilibrium	constant	expression;	Keq	is	characteristic	of	a	given	system	at	a	given	temperature;	if
the	value	of	Keq	is	very	large	compared	to	1,	an	equilibrium	mixture	of	reactant	and	products	will
contain	very	little	of	the	reactants	compared	to	the	products;	if	the	value	of	Keq	is	very	small
compared	to	1,	an	equilibrium	mixture	of	reactants	and	products	will	contain	very	little	of	the
products	compared	to	the	reactants.	So,	choice	B	is	correct.

In	the	exothermic	equation	(negative	∆H)	in	question	12,	30	kJ/mole	is	given	off.	If	one	mole	of	N2

produces	30	kJ/mole,	then	1.5	moles	of	N2	will	produce	1.5	(30	kJ/mole),	which	equals	45	kJ,	choice
A.

To	answer	question	13,	you	need	to	investigate	the	Brønsted-Lowry	definition	of	acids	and	bases.
The	Brønsted-Lowry	acid	is	a	species	that	donates	protons,	while	a	Brønsted-Lowry	base	accepts
protons.	For	example,	NH3	and	Cl–	are	both	Brønsted-Lowry	bases	because	they	accept	protons.
They	are	not	Arrhenius	bases	because	they	do	not	produce	OH–	in	aqueous	solutions.	The	advantage
of	the	Brønsted-Lowry	concept	of	acids	and	bases	is	that	it	is	not	limited	to	aqueous	solutions.
Choice	D	is	correct.

N2	and	NH3(C)
NH3(D)
All	of	them	have	basic	qualities.(E)



Strategies

There	are	ways	to	approach	this	test	that	will	allow	you	to	maximize	your	score.	Read	through	these
strategies	before	you	begin	your	diagnostic	practice	test.	Try	to	internalize	each	of	them	so	that	on
test	day	they	will	be	second	nature	to	you.	If	you	accomplish	this,	you	will	be	rewarded	with	a	higher
score	on	your	SAT	Subject	Test:	Chemistry.

Do	classification	questions	first;	they	require	less	reading	and	you’ll	get	the	most	points	for
your	time	invested.

1.

Next,	do	the	Type	1	and	Type	2	five-choice	completion	questions.	Again,	you	will	get	more
points	with	less	time	invested.

2.

In	the	relationship	analysis	questions,	look	at	each	statement	individually.	If	either	statement
is	false,	then	you	will	never	choose	C	or	E.	You	are	required	to	determine	if	it	is	the	correct
explanation	only	when	both	statements	are	true.

3.

This	test	emphasizes	general	trends	and	basic	chemistry	concepts,	so	you	probably	won’t	see	a
question/graph	that	would	take	a	rocket	scientist	30	minutes	to	figure	out.	Look	for	trends
and	outliers	in	graphs.	If	a	value	or	a	plot	is	vastly	different	from	the	others,	it	is	likely	that
there	will	be	a	question	about	it.

4.

Look	for	opposing	answers	in	the	answer	selections.	If	two	answers	are	close	in	wording	or	if
they	contain	opposite	ideas,	there	is	a	strong	possibility	that	one	of	them	is	the	right	answer.

5.

By	the	same	token,	if	two	answers	mean	basically	the	same	thing,	then	they	both	cannot	be
correct	and	you	can	eliminate	both	answer	choices.

6.

Use	the	structure	of	a	Roman	numeral	question	to	your	advantage.	Eliminate	choices	as	soon
as	you	find	them	to	be	inconsistent	with	the	truth	or	falsehood	of	a	statement	in	the	stimulus.
Similarly,	consider	only	those	choices	that	include	a	statement	that	you’ve	already
determined	to	be	true.

7.

Predict	your	answer	before	you	go	to	the	answer	choices	so	you	don’t	get	persuaded	by	the
wrong	answers.	This	helps	protect	you	from	persuasive	or	tricky	incorrect	choices.	Most	wrong
answer	choices	are	logical	twists	on	the	correct	choice.

8.

Eliminate	answers	and	guess.9.
Think,	don’t	compute!10.



Now	you’re	ready	to	tackle	our	practice	diagnostic	test.	This	test	will	probe	your	mastery	of	the
various	chemistry	topics	covered	on	the	SAT	Subject	Test:	Chemistry	exam.	Use	it	to	identify	areas	in
which	you	need	to	refresh	your	knowledge,	and	plan	to	review	the	chapters	that	deal	with	these
topics	carefully.	Good	luck!



Managing	Stress

The	countdown	has	begun.	Your	date	with	the	test	is	looming	on	the	horizon.	Anxiety	is	on	the	rise.
The	butterflies	in	your	stomach	have	gone	ballistic.	Your	thinking	is	getting	cloudy.	Maybe	you	think
you	won’t	be	ready.	Maybe	you	already	know	your	stuff,	but	you’re	going	into	panic	mode	anyway.
Don’t	freak!	It’s	possible	to	tame	that	anxiety	and	stress—before	and	during	the	test.

Remember,	a	little	stress	is	good.	Anxiety	is	a	motivation	to	study.	The	adrenaline	that	gets	pumped
into	your	bloodstream	when	you’re	stressed	helps	you	stay	alert	and	think	more	clearly.	But	if	you
feel	that	the	tension	is	so	great	that	it’s	preventing	you	from	using	your	study	time	effectively,	here
are	some	things	you	can	do	to	get	it	under	control.

TAKE	CONTROL
Lack	of	control	is	a	prime	cause	of	stress.	Research	shows	that	if	you	don’t	have	a	sense	of	control
over	what’s	happening	in	your	life,	you	can	easily	end	up	feeling	helpless	and	hopeless.	Try	to
identify	the	sources	of	the	stress	you	feel.	Which	ones	of	these	can	you	do	something	about?	Can
you	find	ways	to	reduce	the	stress	you’re	feeling	about	any	of	these	sources?

FOCUS	ON	YOUR	STRENGTHS
Make	a	list	of	areas	of	strength	you	have	that	will	help	you	do	well	on	the	test.	We	all	have	strengths,
and	recognizing	your	own	is	like	having	reserves	of	solid	gold	at	Fort	Knox.	You’ll	be	able	to	draw	on
your	reserves	as	you	need	them,	helping	you	solve	difficult	questions,	maintain	confidence,	and
keep	test	stress	and	anxiety	at	a	distance.	And	every	time	you	recognize	a	new	area	of	strength,
solve	a	challenging	problem,	or	score	well	on	a	practice	test,	you’ll	increase	your	reserves.

SET	REALISTIC	GOALS



Facing	your	problem	areas	gives	you	some	distinct	advantages.	What	do	you	want	to	accomplish	in
the	time	remaining?	Make	a	list	of	realistic	goals.	You	can’t	help	feeling	more	confident	when	you
know	you’re	actively	improving	your	chances	of	earning	a	higher	test	score.

EXERCISE	YOUR	FRUSTRATIONS	AWAY
Whether	it’s	jogging,	biking,	pushups,	or	a	pickup	basketball	game,	physical	exercise	will	stimulate
your	mind	and	body,	and	improve	your	ability	to	think	and	concentrate.	A	surprising	number	of
students	fall	out	of	the	habit	of	regular	exercise,	ironically	because	they’re	spending	so	much	time
prepping	for	exams.	A	little	physical	exertion	will	help	to	keep	your	mind	and	body	in	sync	and	sleep
better	at	night.

WORK	AT	YOUR	OWN	PACE
Don’t	be	thrown	if	other	tests	takers	seem	to	be	working	more	furiously	than	you.	Continue	to	spend
your	time	patiently	thinking	through	your	answers;	it	is	going	to	lead	to	better	results.	Don’t	mistake
other	people’s	sheer	activity	as	signs	of	progress	or	higher	scores.

KEEP	BREATHING
Conscious	attention	to	breathing	is	an	excellent	way	to	manage	stress	while	you’re	taking	the	test.
Most	of	the	people	who	get	into	trouble	during	tests	take	shallow	breaths:	They	breathe	using	only
their	upper	chests	and	shoulder	muscles,	and	may	even	hold	their	breath	for	long	periods	of	time.
Conversely,	those	test	takers	who	breathe	deeply	in	a	slow,	relaxed	manner	are	likely	to	be	in	better
control	during	the	session.

STRETCH
If	you	find	yourself	getting	spaced	out	or	burned	out	as	you’re	taking	the	test,	stop	for	a	brief
moment	and	stretch.	Even	though	you’ll	be	pausing	on	the	test	for	a	moment,	it’s	a	moment	well
spent.	Stretching	will	help	to	refresh	you	and	refocus	your	thoughts.



Part	Two

DIAGNOSTIC	TEST



How	to	Take	the	Diagnostic	Test

Before	taking	the	diagnostic	test,	find	a	quiet	room	where	you	can	work	uninterrupted	for	one	hour.
Make	sure	you	have	several	No.	2	pencils	with	erasers.

Use	the	answer	grid	provided	to	record	your	answers.	Guidelines	for	scoring	your	test	appear	on	the
reverse	side	of	the	answer	grid.	Time	yourself.	Spend	no	more	than	one	hour	on	the	85	questions.
Once	you	start	the	practice	test,	don’t	stop	until	you’ve	reached	the	one-hour	time	limit.	You’ll	find
an	answer	key	and	complete	answer	explanations	following	the	test.	Be	sure	to	read	the
explanations	for	all	questions,	even	those	you	answered	correctly.

Good	luck!



Periodic	Table	of	the	Elements





How	to	Calculate	Your	Score

Step	1:	Figure	out	your	raw	score.	Use	the	answer	key	provided	to	determine	the	number	of	right
and	wrong	answers	on	your	answer	sheet.	The	relationship	analysis	questions	in	Part	B	are	three-
part	questions.	If	you	answer	all	three	parts	correctly,	it	counts	as	one	correct	answer.	If	you	answer
one	or	more	of	the	parts	of	the	question	incorrectly,	then	the	whole	answer	is	incorrect,	even	if	you
answered	two	out	of	the	three	parts	correctly.	The	test	has	a	total	of	85	multiple-choice	questions.

Multiply	the	number	of	wrong	answers	by	0.25	and	subtract	the	result	from	the	number	of	right.
Answering	round	the	result	to	the	nearest	whole	number.	This	is	your	raw	score.

SAT	SUBJECT	TEST:	CHEMISTRY	DIAGNOSTIC	TEST

Step	2:	Find	your	diagnostic	test	score.	Find	your	raw	score	in	the	left	column	of	the	table	below.
The	score	in	the	right	column	is	an	approximation	of	what	your	score	would	be	on	the	SAT	Subject
Test:	Chemistry.

A	note	on	your	diagnostic	test	score:	Don’t	take	these	scores	too	literally.	Diagnostic	test
conditions	cannot	precisely	mirror	real	test	conditions.	Your	actual	SAT	Subject	Test:	Chemistry
score	will	almost	certainly	vary	from	your	diagnostic	test	scores.	However,	your	scores	on	the
diagnostic	test	will	give	you	a	rough	idea	of	your	range	on	the	actual	exam.

Raw Scaled

85 800

84 800

83 800



82 800

81 800

80 800

79 790

78 790

77 790

76 790

75 780

74 780

73 780

72 770

71 770

70 760

69 760

68 750

67 750

66 740

65 740

64 730

63 730

62 720

61 720

60 710

59 710

58 700

57 700

56 690



55 690

54 680

53 680

52 670

51 670

50 660

49 660

48 650

47 650

46 640

45 640

44 630

43 630

42 620

41 610

40 610

39 600

38 600

37 590

36 580

35 580

34 570

33 570

32 560

31 550

30 550

29 540



28 540

27 530

26 520

25 520

24 510

23 510

22 500

21 490

20 490

19 480

18 480

17 470

16 460

15 460

14 450

13 450

12 440

11 430

10 430

9 420

8 410

7 410

6 400

5 390

4 390

3 380

2 370



Conversion	Table

1 370

0 360

–1 350

–2 350

–3 340

–4 340

–5 330

–6 330

–7 320

–8 320

–9 310

–10 310

–11 300

–12 300

–13 290

–14 280

–15 280

–16 270

–17 270



Answer	Grid	Diagnostic	Test

Use	the	answer	key	following	the	test	to	count	up	the	number	of	questions	you	got	right	and	the
number	you	got	wrong.	(Remember	not	to	count	omitted	questions	as	wrong.)	“How	to	Calculate
Your	Score”	located	on	page	25 	will	show	you	how	to	find	your	score.



How	to	Use	the	Results	of	Your	Diagnostic	Test	in
Your	Review

After	taking	the	diagnostic	test,	you	should	have	an	idea	of	what	subjects	you	are	strong	in	and	what
topics	you	need	to	study	more.	You	can	use	this	information	to	tailor	your	approach	to	the	following
review	chapters.	If	your	time	to	prepare	for	the	test	is	limited,	skip	right	to	the	chapters	covering	the
aspects	of	chemistry	that	you	need	to	review	most.



Diagnostic	Test



PART	A

Directions
Each	set	of	lettered	choices	below	refers	to	the	numbered	formulas	or	statements
immediately	following	it.	Select	the	one	lettered	choice	that	best	fits	each	formula	or
statement.	In	each	set,	a	choice	may	be	used	once,	more	than	once,	or	not	at	all.

Note
For	all	questions	involving	solutions	and/or	chemical	equations,	you	can	assume	that	the
system	is	in	water	unless	otherwise	stated.

Questions	1–5

Atomic	mass(A)
Atomic	number(B)
Atomic	radius(C)
Electronegativity(D)
Ionization	potential(E)

1.	 Takes	into	account	various	isotopes	of	an	atom

2.	 Determines	how	electron	density	is	shared	when	an	atom	forms	a	bond

3.	 Average	distance	between	the	nucleus	and	the	outermost	electron

4.	 Number	of	protons	in	an	element

5.	 Energy	required	to	remove	an	electron



Questions	6–8

Questions	9–12

Na(A)
Fe(B)
Cl–(C)
Rb(D)
Ca+(E)

6.	 Has	a	filled	4p	orbital

7.	 All	of	its	electrons	are	paired	in	this	ion

8.	 Electron	configuration	is

1s22s22p63s23p63d64s2

Cation(A)
Inert	Gas(B)
Crystal(C)
Anion(D)
Element(E)

9.	 Cannot	be	further	broken	down	by	chemical	means

10.	 Ionic	species	with	a	positive	charge



Questions	13–16

Questions	17–19

11.	 Has	an	octet	of	valence	electrons

12.	 Defined	by	the	number	of	protons

Centrifuge(A)
Barometer(B)
Balance(C)
Calorimeter(D)
Battery(E)

13.	 Apparatus	used	to	measure	the	heat	absorbed	or	released	by	a	reaction

14.	 Apparatus	used	to	measure	atmospheric	pressure

15.	 Apparatus	used	to	measure	weight

16.	 Apparatus	used	to	sediment	particles	in	suspension

Gibbs	free	energy(A)
Heat	of	formation(B)
Specific	heat(C)
Heinsenberg	uncertainty	principle(D)
Heat	of	vaporization(E)



Questions	20–23

What	happens	when	the	following	are	dissolved	in	water?

17.	 The	energy	of	a	system	available	to	do	work

18.	 Heat	required	to	raise	one	unit	mass	of	a	substance	by	1	degree	Celsius

19.	 Heat	absorbed	or	released	during	production	of	a	substance	from	elements	in	their
standard	states

NaOH(A)
CsCl(B)
HBr(C)
CH3COOH(D)
O2(E)

20.	 Forms	a	strong	base

21.	 Forms	a	weak	acid

22.	 Forms	a	strong	acid

23.	 Forms	an	ionic	solution	with	a	neutral	pH



PART	B
101.	

I II

Diamond	and	graphite	are	both	substances	made	up	of	carbon	but

have	different	properties

BECAUSE they	are	composed	of	different

isotopes.

102.	

I II

Na	and	Cl	form	an	ionic	bond BECAUSE Cl	donates	an	electron	to	Na.

103.	

I II

AgCl	will	not	dissolve	in	a	concentrated	NaCl

solution

BECAUSE the	chloride	ions	from	NaCl	suppress	the	solubility

of	AgCl.

104.	

I II

Hydrogen	and	deuterium	are	different	elements BECAUSE they	have	a	different	number	of	protons.

105.	

I II

On	the	periodic	chart,	atomic	radius	increases	from	left	to	right BECAUSE the	number	of	protons

is	increasing.



106.	

I II

An	element	with	an	atomic	number	of	X	and	mass

number	of	N	has	N–X	neutrons

BECAUSE elements	have	more	neutrons	than	protons.

107.	

I II

Radioactive	decay	has	a	characteristic	half-life BECAUSE first-order	kinetics	are	found	in	radioactive	decay.

108.	

I II

Sulfur	chemically	resembles	oxygen BECAUSE they	are	in	the	same	period.

109.	

I II

A	nonelectrolyte	does	not	ionize	in	water BECAUSE the	solution	does	not	conduct	electricity.

110.	

I II

SO3	diffuses	more	slowly	than	CO2 BECAUSE it	has	smaller	bond	angles.

111.	

I II

Hydrogen	bonding	is	stronger BECAUSE noble	gases	have	a	large	dipole	moment.



between	noble	gases	than	small

electronegative	atoms	such	as	fluorine

112.	

I II

An	electron	in	a	3s	subshell	may	be

excited	to	jump	into	the	3p

BECAUSE the	Heisenberg	uncertainty	principle	states	that	one	cannot

know	what	orbital	an	electron	is	in.

113.	

I II

A	positive	ΔG	tells	you	that	the	reaction	is

spontaneous

BECAUSE entropy	always	decreases	in	an	isolated

system.

114.	

I II

An	increase	in	pressure	in	a

closed	container	with	an	ideal	gas

leads	to	a	decrease	in	volume

BECAUSE pressure	and	volume	are	proportional.

115.	

I II

An	amphoteric	species	acts	as	either	an	acid	or	a

base

BECAUSE it	contains	both	hydrophobic	and	hydrophilic

regions.

116.	



RETURN	TO	THE	SECTION	OF	YOUR	ANSWER	SHEET	YOU	STARTED	FOR	CHEMISTRY	AND	ANSWER
QUESTIONS	24–69.

I II

An	indicator	will	allow	you	to	determine	whether	a	solution	is

acidic	or	basic

BECAUSE it	will	change	colors	in	solutions	with

different	pHs.



PART	C

Directions
Each	of	the	incomplete	statements	or	questions	below	is	followed	by	five	suggested
completions	or	answers.	Select	the	one	that	is	best	for	each	case.

24.	 What	is	the	formal	charge	on	the	nitrogen	atom	in	HNO3?

–1(A)
+1(B)
0(C)
+2(D)
+3(E)

25.	 What	volume	of	a	1	M	solution	of	hydrochloric	acid	is	required	to	neutralize	80	mL	of	a	0.5
M	NaOH	solution?

320	mL(A)
160	mL(B)
80	mL(C)
40	mL(D)
20	mL(E)

26.	 Which	of	the	following	would	be	classified	as	a	strong	electrolyte?

Benzoic	acid(A)
Water(B)
Hydrofluoric	acid(C)
Potassium	chloride(D)
Glucose(E)



27.	 Which	atom	has	an	ionic	radius	that	is	larger	than	its	atomic	radius?

Na(A)
K(B)
Mg(C)
Ca(D)
Cl(E)

28.	 The	basic	structure	of	crystalline	substances	is	called

unit	cell(A)
molecule(B)
lattice(C)
geode(D)
matrix(E)

29.	 The	oxidation	state	of	nitrogen	is	most	negative	in	which	of	the	following	compounds?

N2(A)
N2O(B)
NH3(C)
NO2(D)
NO3(E)

30.	 An	insulated	tube	with	a	movable	piston	at	one	end	had	500	J	of	heat	added	to	it.	If,
during	the	experiment,	the	piston	moves	and	does	75	J	of	work	on	the	atmosphere,	what
is	the	change	in	energy	of	the	tube	system?

575	J(A)
500	J(B)
425	J(C)
–75	J(D)
–425	J(E)



31.	 The	reaction	of	NaOH	and	H2SO4	in	water	goes	to	completion	because

it	is	a	neutralization	reaction(A)
water	is	a	strong	electrolyte(B)
sodium	sulfate	quickly	precipitates(C)
a	volatile	product	is	formed(D)
sulfuric	acid	is	a	very	strong	acid(E)

32.	 Which	of	the	following	would	be	different	in	a	ground	state	and	an	excited	state	neon
atom?

The	number	of	neutrons(A)
The	number	of	electrons(B)
The	atomic	weight(C)
The	electronic	configuration(D)
Everything	would	remain	the	same.(E)

33.	 The	Ksp	of	Mg(OH)2	in	water	is	1.2	×	10–11.	If	the	Mg2+	concentration	in	an	acid	solution	is
1.2	×	10–5	mol/L,	what	is	the	pH	at	which	Mg(OH)2	just	begins	to	precipitate?

3(A)
4(B)
5(C)
11(D)
12(E)

34.	 Which	of	the	following	states	has	the	highest	average	translational	kinetic	energy?

Solid(A)
Liquid(B)
Gas(C)
Colloid(D)
None	of	the	above(E)



35.	 Which	of	the	following	will	favor	the	melting	of	ice	in	a	closed	container	if	all	other
parameters	are	kept	constant?

Adding	water	with	a	temperature	of	0°C(A)
Lowering	the	temperature	below	0°C(B)
Lowering	the	pressure(C)
Raising	the	pressure(D)
Decreasing	the	amount	of	ice(E)

36.	 Which	of	the	following	has	the	most	polar	bond?

N– O(A)
C–H(B)
C– C(C)
H–F(D)
None	of	the	bonds	are	polar.(E)

37.	 The	rate	law	expression	for	the	reaction

N2	+	3H2	→	2NH3

can	be	represented	by	rate	(A)

can	be	represented	by	rate	(B)

can	be	represented	by	rate	(C)

can	be	represented	by	rate	(D)

cannot	be	determined	from	the	information	given(E)



38.	 100	mL	of	10	N	H2SO4	is	diluted	to	800	mL.	What	is	the	molarity	of	the	dilute	acid	solution?

16/10	M(A)
8/10	M(B)
10/8	M(C)
10/12	M(D)
5/8	M(E)

39.	 Which	of	the	following	molecules	contains	both	ionic	and	covalent	bonds?

C6H14(A)
MgCl2(B)
(NH4)2SO4(C)
H2O(D)
C2H4(E)

40.	 Gas	A	is	at	30°C	and	gas	B	is	at	20°C.	Both	gases	are	at	1	atmosphere.	What	is	the	ratio	of
the	volume	of	1	mole	of	gas	A	to	1	mole	of	gas	B?

1:1(A)
2:3(B)
3:2(C)
303:293(D)
606:293(E)

41.	 How	will	the	equilibrium	of	the	following	reaction	be	affected	if	more	chlorine	is	added?

PCl5	(g)	 	PCl3	(g)	+	Cl2	(g)



It	will	be	shifted	to	the	right.(A)
It	will	be	shifted	to	the	left.(B)
It	will	be	unaffected.(C)
The	effect	on	the	equilibrium	cannot	be	determined	without	more	information.(D)
More	PCl3	will	be	produced.(E)

42.	 After	balancing	the	equation

…BrO3
–	(aq)	+	…Br–	(aq)	+	…H+(aq)	→	…Br2	(l)	+	…H2O

the	ratio	of	BrO3
–	to	Br–	is

1:5(A)
1:3(B)
1:2(C)
1:1(D)
2:3(E)

43.	 What	mass	of	sodium	carbonate,	Na2CO3	(formula	weight	=	106	amu),	is	needed	to	make
120	mL	of	a	1.5	M	solution?

295	g(A)
9.5	g(B)
19	g(C)
589	g(D)
19,000	g(E)

44.	 Equimolar	amounts	of	hydrogen	and	oxygen	gas,	at	the	same	temperature,	are	released
into	a	large	container.	The	ratio	of	the	rate	of	diffusion	of	the	hydrogen	molecules	to	that
of	the	molecules	of	oxygen	would	be



256:1(A)
16:1(B)
1:16(C)
4:1(D)
1:4(E)

45.	 What	does	X	represent	in	the	following	nuclear	reaction?

β	particle(A)
Positron(B)
α	particle(C)
Neutron(D)
γ	ray(E)

46.	 When	chromium	metal	is	used	to	form	K2Cr2O7,	the	oxidation	state	of	chromium	changes
from

0	to	4(A)
3	to	6(B)
2	to	6(C)
0	to	6(D)
2	to	4(E)

47.	 Electron	density	studies	have	revealed	that	X	and	Y	have	an	equal	number	of	electrons.
Which	of	the	following	could	X	and	Y	be?

Ca+	and	K(A)
H+	and	He(B)
Cl	and	F(C)
O–	and	S+(D)
None	of	the	above(E)



48.	 All	halogens	have	similar	reactivity	because

they	have	the	same	number	of	protons(A)
they	have	the	same	number	of	electrons(B)
they	have	similar	outer	shell	electron	configurations(C)
they	have	valence	electrons	with	the	same	quantum	numbers(D)
they	have	the	same	number	of	neutrons(E)

49.	 K+	and	Cl–	have	the	same

atomic	weight(A)
electronic	configuration(B)
ionization	potential(C)
number	of	protons	and	neutrons(D)
atomic	radius(E)

50.	 Which	of	the	following	has	the	largest	ionic	radius?

Na+(A)
K+(B)
Mg++(C)
Al3+(D)
Cl–(E)

51.	 When	the	following	reaction	is	balanced,	what	is	the	net	ionic	charge	on	the	right	side	of
the	equation?

…H+	+	…MnO4
–	+	…Fe2+	→	…Mn2+	+	…Fe3+	+	…H2O



Questions	52–54	refer	to	the	following	equation.

…Ag(NH3)2+	→	…Ag+	+	…NH3

+5(A)
+7(B)
+10(C)
+17(D)
The	net	ionic	charge	on	either	side	must	be	zero.(E)

52.	 What	is	the	sum	of	the	coefficients	once	the	equation	is	balanced?

1(A)
2(B)
3(C)
4(D)
5(E)

53.	 How	many	moles	of	Ag(NH3)2+	are	required	to	produce	11	moles	of	ammonia?

1(A)
2(B)
5.5(C)
11(D)
22(E)

54.	 What	is	the	percent	composition	by	weight	of	Ag	in	Ag(NH3)+2?



4.2(A)
19.7(B)
76.1(C)
80.3(D)
95.8(E)

55.	 If	88	g	of	C3H8	and	160	g	of	O2	are	allowed	to	react	maximally	to	form	CO2	and	H2O,	how
many	grams	of	CO2	will	be	formed?

33(A)
66(B)
132(C)
264(D)
None	of	the	above(E)

56.	 A	200	mL	flask	contains	oxygen	at	200	mm	Hg,	and	a	300	mL	flask	contains	neon	at	100
mm	Hg.	The	two	flasks	are	connected	so	that	each	gas	fills	their	combined	volumes.
Assuming	no	change	in	temperature,	what	is	the	partial	pressure	of	neon	in	the	final
mixture?

60	mm	Hg(A)
80	mm	Hg(B)
100	mm	Hg(C)
150	mm	Hg(D)
200	mm	Hg(E)

57.	 What	is	the	value	of	Z	in	the	beta	decay	reaction	below?



Questions	58–60	refer	to	the	following	experimental	setups.

25(A)
26(B)
27(C)
28(D)
29(E)

58.	 Which	of	the	following	experimental	setups	will	complete	the	circuit?

II	only(A)
III	only(B)
III	and	IV(C)
II,	III,	and	IV(D)
I,	II,	III,	and	IV(E)

59.	 What	types	of	bonds	are	found	in	solid	NaCl?

Van	der	Waals(A)
Ionic(B)
Covalent(C)
Hydrogen(D)
Hydrophobic(E)



60.	 What	would	happen	if	the	electrodes	were	put	in	a	saturated	solution	of	glucose	dissolved
in	water?

Light	bulb	would	glow.(A)
Light	bulb	would	remain	dark.(B)
Apparatus	would	combust.(C)
Glucose	molecules	would	dissociate.(D)
None	of	the	above(E)

61.	 Which	of	the	following	statements	correctly	characterizes	a	galvanic	cell?

Oxidation	occurs	at	the	anode,	which	is	negative.I.
Oxidation	occurs	at	the	anode,	which	is	positive.II.
Reduction	occurs	at	the	cathode,	which	is	positive.III.

II	only(A)
III	only(B)
I	and	III(C)
I,	II,	and	III(D)
II	and	III(E)

62.	 The	heat	of	combustion	of	gaseous	ammonia	is	81	kcal/mole.	How	much	heat	is	evolved
in	the	reaction	of	34	grams	of	ammonia	with	excess	oxygen?

40.5	kcal(A)
60.3	kcal(B)
75.8	kcal(C)
81	kcal(D)
162	kcal(E)

63.	 When	there	are	two	electrons	in	the	3s	sublevel,



they	must	occupy	different	orbitals(A)
the	Heisenberg	uncertainty	principle	predicts	that	they	must	periodically	jump	to
the	3p	sublevel

(B)

the	oxidation	state	of	the	atom	must	be	2+(C)
they	must	have	opposite	spins(D)
they	are	oppositely	charged(E)

64.	 In	order	to	make	a	buffer	solution,	a	weak	monoprotic	acid	could	be	added	to

another	acid(A)
another	base(B)
its	conjugate	base(C)
its	conjugate	acid(D)
a	strong	base(E)

65.	 How	will	the	equilibrium	of	the	following	reaction	be	affected	if	the	temperature	is
increased?

N2	(g)	+	3H2	(g)	 	2NH3	(g)	∆H	=	–30	kJ/mol

It	will	be	shifted	to	the	right.(A)
It	will	be	shifted	to	the	left.(B)
It	will	be	unaffected.(C)
The	effect	on	the	equilibrium	cannot	be	determined	without	more	information.(D)
None	of	the	above(E)

66.	 For	a	sample	of	an	ideal	gas	of	fixed	weight	and	at	a	fixed	temperature,

the	volume	varies	directly	with	the	pressure	exerted	on	itI.
the	volume	varies	inversely	with	the	pressure	exerted	on	itII.
the	pressure	varies	directly	with	the	density	of	the	gasIII.



I	only(A)
II	only(B)
III	only(C)
I	and	II(D)
II	and	III(E)

67.	 When	200	g	of	MgCl2	is	added	to	1	kg	of	water,	what	is	the	molality	of	the	solution?

200/(24	+	71)(A)
0.200/(24	+	71)(B)
0.2(24	+	71)(C)
0.200(D)
200(E)

68.	 How	many	moles	of	water	are	formed	by	a	mixture	of	100	grams	of	H2	and	100	grams	of
O2?	(Assume	the	reaction	goes	to	completion.)

100/32	+	100/64(A)
100	+	2(100/32)(B)
2(100/32)(C)
100(100/32)(D)
200(100/32)(E)

69.	 An	oxide	of	arsenic	contains	65.2%	arsenic	by	weight.	What	is	its	simplest	formula?

AsO(A)
As2O3(B)
AsO2(C)
As2O5(D)
As2O(E)



IF	YOU	FINISH	BEFORE	TIME	IS	CALLED,	YOU	MAY	CHECK	YOUR	WORK	ON	THIS
SECTION	ONLY.	DO	NOT	TURN	TO	ANY	OTHER	SECTION	IN	THE	TEST.

STOP



Answer	Key

DIAGNOSTIC	TEST
1.	 A
2.	 D
3.	 C
4.	 B
5.	 E
6.	 D
7.	 C
8.	 B
9.	 E

10.	 A
11.	 B
12.	 E
13.	 D
14.	 B
15.	 C
16.	 A
17.	 A
18.	 C
19.	 B
20.	 A
21.	 D
22.	 C
23.	 B

101.	 T,	F
102.	 T,	F
103.	 T,	T,	CE
104.	 F,	F
105.	 F,	T



106.	 T,	F
107.	 T,	T,	CE
108.	 T,	F
109.	 T,	T
110.	 T,	T
111.	 F,	F
112.	 T,	F
113.	 F,	F
114.	 T,	F
115.	 T,	F
116.	 T,	T,	CE
24.	 B
25.	 D
26.	 D
27.	 E
28.	 A
29.	 C
30.	 C
31.	 A
32.	 D
33.	 D
34.	 C
35.	 D
36.	 D
37.	 E
38.	 E
39.	 C
40.	 D
41.	 B
42.	 A
43.	 C
44.	 D
45.	 D
46.	 D
47.	 A
48.	 C



49.	 B
50.	 E
51.	 D
52.	 D
53.	 C
54.	 C
55.	 C
56.	 A
57.	 D
58.	 C
59.	 B
60.	 B
61.	 C
62.	 E
63.	 D
64.	 C
65.	 B
66.	 E
67.	 A
68.	 C
69.	 D



Answers	and	Explanations

DIAGNOSTIC	TEST

Part	A1.

1.	 A
Atomic	mass	is	the	averaged	mass	of	the	atoms	of	an	element,	taking	into	account	the	relative
abundance	of	the	various	isotopes	in	a	naturally	occurring	substance.

2.	 D
Electronegativity	is	a	measure	of	the	ability	of	an	atom	to	attract	the	electrons	in	a	bond.	A
common	scale	is	the	Pauling	scale.

3.	 C
The	atomic	radius	is	defined	as	the	average	distance	between	a	nucleus	and	the	outermost
electrons.	It	is	usually	measured	as	half	of	the	distance	between	two	nuclei	of	an	element	in	its
elemental	form.

4.	 B
The	atomic	number	is	defined	as	the	number	of	protons	in	a	given	element.	It	defines	an
element.

5.	 E
The	ionization	potential,	or	ionization	energy,	is	the	energy	required	to	remove	an	electron
from	the	valence	shell	of	a	gaseous	atom.

6.	 D
Krypton	is	the	first	element	with	a	filled	4p	orbital,	so	the	element	must	fall	after	it	in	the
periodic	table.	Rb	is	the	only	element	with	enough	electrons	to	have	a	filled	4p	subshell.



7.	 C
Of	the	two	ions	Cl–	and	Ca+,	Cl–	has	the	same	electron	configuration	as	argon,	a	noble	gas,	and
therefore	has	all	paired	electrons.

8.	 B
Fe	has	26	electrons,	configured	as	listed.

9.	 E
An	element	is	a	substance	that	cannot	be	further	broken	down	by	chemical	means.

10.	 A
A	cation	is	an	ionic	species	with	a	positive	charge.	An	anion	is	an	ionic	species	with	a	negative
charge.

11.	 B
Inert	gases,	elements	in	Group	0	(or	VIII)	of	the	periodic	table,	contain	a	full	octet	of	valence
electrons	in	their	outermost	shells;	this	makes	these	elements	the	least	reactive.

12.	 E
All	atoms	of	a	given	element	have	the	same	numbers	of	protons.

13.	 D
A	calorimeter	is	an	apparatus	used	to	measure	the	heat	released	or	absorbed	by	a	reaction.

14.	 B
A	barometer	is	used	to	measure	atmospheric	pressure.

15.	 C
A	balance	is	used	to	measure	weight.

16.	 A
Centrifuges	can	spin	at	very	high	rotor	speeds	(e.g.,	60,000	rpm)	to	sediment	out	particles	in
suspension.

17.	 A
The	Gibbs	free	energy	is	the	energy	of	a	system	available	to	do	work.	The	change	in	Gibbs	free



energy,	∆G,	can	be	determined	for	a	given	reaction	with	the	equation	∆G	=	∆H	–	T∆S.	Reactions
with	a	negative	change	in	Gibbs	free	energy	are	spontaneous.

18.	 C
Specific	heat	is	the	amount	of	heat	required	to	raise	the	temperature	of	one	unit	mass	of	a
substance	one	degree	Celsius.

19.	 B
The	heat	of	formation	is	the	heat	absorbed	or	released	during	the	formation	of	a	pure
substance	from	its	elements	at	constant	pressure.

20.	 A
NaOH	completely	dissociates	in	water	to	form	Na+	and	OH–	ions,	the	latter	of	which	is	a	very
strong	base.	This	results	in	a	solution	with	a	very	high	pH	(>7).

21.	 D
CH3COOH	does	not	completely	dissociate	in	water.	There	would	be	some	undissociated
CH3COOH	and	some	CH3COO–	+	H+;	therefore,	it	would	be	a	weak	acid	with	a	pH	slightly	less
than	7.

22.	 C
HBr	completely	dissociates	into	Br–	and	H+	in	water;	this	solution	would	have	a	very	low	pH
(<7).

23.	 B
CsCl	is	a	salt;	it	completely	dissociates	in	water	into	Cs+	and	Cl–.	This	will	form	an	ionic	solution
with	a	neutral	pH.

Part	B25.

101.	 T,	F
Diamond	and	graphite	are	different	carbon	compounds	with	different	properties	because	of
different	bond	structures.	They	are	allotropes,	not	isotopes,	of	one	another.	Diamond	has	a
covalent	crystal	structure	(lattice	positions	occupied	by	atoms	with	covalent	bonds)	while	in
graphite,	the	carbon	molecules	are	in	parallel	sheets.



102.	 T,	F
Na	donates	an	electron	to	become	Na+	while	Cl	picks	up	an	electron	to	become	Cl–.

103.	 T,	T,	CE
In	a	concentrated	NaCl	solution,	AgCl	will	not	dissociate	because	of	the	common	ion	effect
that	states	that	the	solubility	of	one	salt	is	reduced	by	the	presence	of	another	salt	having	a
common	ion.

104.	 F,	F
Hydrogen	and	deuterium	are	different	isotopes	of	the	same	element.	Hydrogen	has	one
neutron	while	deuterium	has	two.	Because	they	correspond	to	the	same	element,	they	have
the	same	number	of	protons.

105.	 F,	T
In	the	periodic	table,	atomic	radius	decreases	from	left	to	right	as	electrons	are	added	one	at	a
time	to	the	outer	electron	shell.	Therefore,	electrons	within	a	shell	cannot	shield	one	another
from	the	attractive	pull	of	protons.	Since	the	number	of	protons	is	also	increasing,	there	is	a
greater	positive	charge	pulling	the	electrons	in	close	to	the	nucleus,	reducing	the	atomic
radius.

106.	 T,	F
The	mass	number	of	an	element	is	equal	to	the	total	number	of	protons	and	neutrons.	The
atomic	number	is	the	number	of	protons.	Therefore,	an	element	with	an	atomic	number	of	X
and	a	mass	number	of	N	has	N–X	neutrons.

107.	 T,	T,	CE
An	example	of	a	first-order	reaction	is	radioactive	decay.	In	first-order	reactions,	the	rate	is
proportional	to	the	concentration	of	one	reactant.	The	half-life	(τ1/2)	of	a	reaction	is	the	time
needed	for	the	concentration	of	a	substance	to	decrease	to	one	half	its	original	value.

108.	 T,	F
Elements	in	the	same	group	have	the	same	valence	electrons	and	therefore	have	similar
chemical	properties.	Oxygen	and	sulfur	are	both	in	Group	VI	and	have	six	valence	electrons.	A
period	is	a	horizontal	row	in	the	periodic	table;	oxygen	and	sulfur	are	in	different	periods.

109.	 T,	T



Nonelectrolytes	do	not	dissolve	in	water	and	do	not	conduct	electricity.	Strong	electrolytes
dissociate	completely	in	water.	For	example,	NaCl	will	conduct	electricity	very	well.	Weak
electrolytes	such	as	formic	acid	(HCHO2)	will	dissociate	slightly	in	water	to	H+	and	CHO2

–	and
will	conduct	electricity.	Statement	II,	however,	is	not	the	correct	explanation	for	statement	I.
In	fact,	it	is	the	other	way	around:	A	solution	of	nonelectrolytes	does	not	conduct	electricity
because	no	ions	are	formed.

110.	 T,	T
The	kinetic	molecular	theory	predicts	that	heavier	gases	will	diffuse	more	slowly	than	lighter
ones.	This	was	proven	in	1832	by	Thomas	Graham.	Because	of	this	theory,	SO3	(MW	80)	would
diffuse	more	slowly	than	CO2	(MW	44).	SO3	has	a	trigonal	planar	structure,	with	a	bond	angle	of
120°.	CO2	is	linear,	and	thus	has	a	bond	angle	of	180°.	This,	however,	has	nothing	to	do	with	the
rate	of	diffusion.

111.	 F,	F
Hydrogen	bonding	is	strongest	between	hydrogen	and	highly	electronegative	atoms	such	as	F,
Cl,	N,	O.	There	is	no	H	bonding	between	hydrogen	and	noble	gases.

112.	 T,	F
An	electron	in	the	3s	subshell	may	occasionally	enter	an	excited	state	and	jump	into	the	3p
subshell.	The	Heinsenberg	uncertainty	principle	states	that	it	is	impossible	to	simultaneously
determine	with	perfect	accuracy	both	the	momentum	and	position	of	a	particle.

113.	 F,	F
∆G,	the	Gibbs	free	energy,	is	the	energy	of	a	system	available	to	do	work.	The	change	in	Gibbs
free	energy	can	be	determined	by	the	equation	∆G	=	∆H	–	T∆S.	A	negative	∆G	indicates	a
spontaneous	reaction,	while	a	positive	∆G	indicates	a	nonspontaneous	reaction.	Entropy
never	decreases	in	an	isolated	system.

114.	 T,	F
P1V1	=	P2V2.	An	increase	in	pressure	leads	to	a	decrease	in	volume	because	they	are	inversely
proportional.

115.	 T,	F
An	amphoteric	compound	can	act	as	either	an	acid	or	a	base	because	it	can	react	with	either
H+	or	OH–,	depending	on	the	nature	of	the	reactants.



116.	 T,	T,	CE
An	indicator	is	a	chemical	substance	used	in	low	concentration	during	a	titration	reaction.	It
will	change	color	over	a	certain	pH	range.	The	color	change,	which	occurs	as	the	indicator
undergoes	a	dissociation	reaction,	is	used	to	identify	the	end	point	of	a	titration	reaction.

Part	C117.

24.	 B
To	answer	this	question,	you	need	to	write	the	Lewis	dot	diagrams	and	then	use	any	one	of
several	formulas	to	find	the	formal	charge.	One	such	formula	is	formal	charge	=	valence
electrons	–	[number	of	bonds	+	number	of	nonbonding	electrons].	The	Lewis	dot	structure	of
HNO3	shows	that	nitrogen	is	double	bonded	to	one	oxygen,	single	bonded	to	another	oxygen,
and	single	bonded	to	another	oxygen	that	is	single	bonded	to	a	hydrogen—there	are	no	lone
electron	pairs	on	the	nitrogen.	Using	the	formula,	formal	charge	is	equal	to	the	valence
electrons	of	nitrogen	(5)	minus	the	sum	of	the	number	of	bonds	and	the	number	of
nonbonding	electrons,	which	in	this	case	is	4.	So,	the	formal	charge	on	the	nitrogen	is	5	minus
4,	or	1.

25.	 D
In	a	solution,	HCl	contributes	1	mol	of	H+	ions	per	mol	of	HCl.	NaOH	also	contributes	1	mol	of
OH–	ions	per	mol	of	NaOH.	Therefore,	to	neutralize	the	80	mL	of	a	0.5M	NaOH	solution,	you
must	have	the	same	number	of	moles	of	HCl.	The	number	of	moles	of	NaOH	you	have	is:

(0.80	L)(0.5	mol/L)	=	0.04	mol	of	NaOH

and	therefore	0.04	mol	of	OH–	ions.

To	calculate	the	volume	of	a	1M	solution	of	HCl,	you	will	need	to	get	0.04	mol,	perform	the
following	calculation:

26.	 D
An	electrolyte	is	a	substance	that	ionizes	to	yield	an	electrically	conducting	solution.	A	strong



electrolyte	is	one	that	ionizes	completely	or	nearly	completely,	and	a	weak	electrolyte	doesn’t
ionize	very	much	at	all.	Examples	of	strong	electrolytes	are	NaCl,	KCl,	HCl,	HBr,	and	HI.
Examples	of	weak	electrolytes	are	water,	HF,	acetic	acid,	benzoic	acid,	and	ammonia.

27.	 E
If	an	element	loses	an	electron,	it	will	have	more	protons	than	electrons	and	with	this	stronger
positive	charge	can	pull	the	electrons	in	closer.	Therefore,	its	ionic	radius	would	be	less	than
its	atomic	radius.	Thus,	Na,	K,	Mg,	and	Ca	will	all	lose	electrons	and	become	smaller.	Cl,	on	the
other	hand,	will	gain	an	electron;	its	positive	nucleus	cannot	hold	on	to	that	extra	electron	as
tightly,	and	its	ionic	radius	is	larger	than	its	atomic	radius.

28.	 A
A	crystal	is	a	solid	whose	atom,	ions,	or	molecules	are	arranged	in	a	regular	3D	lattice
structure.	The	basic	repeating	structure	is	known	as	the	unit	cell.

29.	 C
The	oxidation	state	of	nitrogen	in	N2	is	0.	In	N2O	it	is	+1,	in	NH3	it	is	–3,	in	NO2	it	is	+4,	and	in	NO3

it	is	+6.	Oxygen	is	typically	–2	and	H	is	usually	+1.	Therefore,	NH3	is	the	correct	answer.

30.	 C
In	order	to	answer	this	question	correctly,	you	need	to	know	the	first	law	of	thermodynamics:
The	change	in	internal	energy,	∆E,	equals	the	amount	of	heat	transferred,	q,	minus	the
amount	of	work	transferred,	w.	If	heat	is	added	to	the	system,	q	is	positive;	if	it	is	transferred	to
the	surrounding,	it	is	negative.	If	work	is	done	by	the	system,	w	is	positive;	if	work	is	done	on
the	system,	w	is	negative.	In	this	example,	500	joules	of	heat	is	added	to	the	system,	so	q	is
equal	to	500	joules.	The	system	does	75	joules	of	work	on	the	surrounding,	so	w	is	equal	to	75
joules.	Plugging	these	into	our	equation,	the	change	in	internal	is	equal	to	500	minus	75,	or
425	joules.

31.	 A
NaOH	and	H2SO4	(a	strong	base	and	a	strong	acid)	both	dissociate	completely	in	H2O	into	their
ionic	components	Na+,	OH–,	2H+,	and	SO4

2–,	which	then	form	a	salt	and	water.	The	driving	force
of	this	double	displacement	reaction	is	the	formation	of	water	by	the	OH–	and	H+	ions.

32.	 D
To	answer	this	question,	you	simply	need	to	know	the	definition	of	ground	state	and	excited



state.	The	ground	state	of	an	atom	is	the	state	in	which	all	the	electrons	in	the	atom	are	in
their	lowest	energy	state.	If	any	electron	has	absorbed	energy	and	been	promoted	to	a	higher
energy	orbital	in	the	atom	without	actually	leaving	the	atom,	the	atom	is	said	to	be	in	an
excited	state.	An	atom	can	have	any	number	of	excited	states	depending	on	how	many
electrons	have	been	promoted	and	what	orbitals	they	end	up	in.	Usually,	excited	states	are
unstable	and	the	atom	will	release	energy	and	return	to	the	ground	state.	So	which	of	these
choices	explains	the	difference	between	these	two	definitions?	Choice	D:	When	electrons	gain
energy	and	change	which	atomic	orbital	they’re	in,	they	change	their	quantum	numbers,
which	in	turn	changes	the	electronic	configuration	around	the	nucleus.

33.	 D
This	question	deals	with	solubility	constant	and	the	common	ion	effect.	The	first	step	to
solving	this	problem	is	to	express	the	solubility	product	constant,	which	is	the	ion	product	of
the	saturated	solution,	as	the	product	of	the	concentration	of	Mg2+	ion	and	the	concentration
of	the	hydroxide	ion	squared.	Second,	you	must	determine	the	minimum	concentration	of
hydroxide	necessary	to	precipitate	the	Mg(OH)2.	From	the	equation	given,	you	can	solve	for
the	concentration	of	hydroxide,	which	is	the	square	root	of	the	Ksp	divided	by	the
concentration	of	Mg2+.	Substituting	in	the	values	provided	in	the	question,	you	should	find
that	the	concentration	is	equal	to	10–3	mol/L.	That	means	that	the	pOH	of	the	solution	will	be
3;	therefore,	the	pH	must	be	11.

34.	 C
The	random	motion	of	a	gas	holds	the	most	translational	kinetic	energy.

35.	 D
This	question	asks	you	which	of	the	choices	will	increase	the	rate	at	which	ice	melts	in	a	closed
container.	If	you	lower	the	temperature,	you	are	tipping	the	equilibrium	toward	the	ice,	so	B	is
wrong.	To	deal	with	pressure	changes,	we	must	apply	Le	Châtelier’s	principle,	which	says	that
a	system	in	equilibrium	that	is	subject	to	stress	will	shift	its	equilibrium	so	as	to	relieve	the
stress.	If	the	pressure	is	lowered,	as	in	choice	C,	the	system	will	counteract	the	change	in
pressure	by	shifting	its	equilibrium	toward	the	phase	that	is	less	dense.	In	the	case	of	water,
that	is	the	ice.	Remember	that	water	has	a	strange	property	in	that	the	solid	form,	ice,	at	zero
degrees	Celsius	is	less	dense	than	the	liquid	phase,	water,	at	that	temperature.	Since	the
reduction	of	pressure	drives	the	systems	to	produce	ice,	choice	C	is	incorrect.	However,	choice
D,	an	increase	in	pressure,	will	have	the	opposite	effect	and	the	water	will	be	produced
preferentially,	meaning	that	the	ice	is	melting	faster.	Choices	A	and	E	both	favor	ice	formation.



36.	 D
The	most	polar	bond	is	the	one	that	has	the	greatest	difference	in	the	electronegativities	of
the	two	elements.	Of	the	choices,	H–F	is	the	most	polar	since	hydrogen	and	fluorine	are	the
farthest	apart	in	the	periodic	table.

37.	 E
This	question	asks	you	to	determine	the	rate	law	of	the	reaction	for	the	formation	of
ammonia,	NH3.	A	rate	law	is	an	equation	that	gives	the	relationship	between	the	rate	of	the
reaction	and	the	concentration	of	the	reactants,	each	raised	to	an	appropriate	power	that
depends	on	the	exact	reaction.	For	example,	the	rate	of	this	reaction	is	equal	to	k	[N2]x[H2]y,
where	k	is	the	rate	constant	and	x	and	y	are	real	numbers.	k,	x,	and	y	can	only	be	determined
experimentally	by	systematically	varying	the	initial	concentration	of	one	reactant.	Since	there
is	no	experimental	data,	there	is	no	way	for	us	to	know	what	these	values	are.

38.	 E
10	N	H2SO4	is	equal	to	5	M	H2SO4	as	each	molecule	has	2H+	ions	associated	with	it.	Use	the
equation	M1V1	=	M2V2.	(100)(5)	=	M2(800).	M2	=	5/8.

39.	 C
This	question	asks	you	which	molecule	contains	both	ionic	and	covalent	bonds.	Choice	C	is
ammonium	sulfate.	The	bonds	between	nitrogen	and	hydrogen	in	the	ammonium	ion	and
between	sulfur	and	oxygen	in	the	sulfate	ion	are	all	covalent.	However,	the	bond	between	the
ammonium	ion	and	the	sulfate	ion	is	an	ionic	bond.

40.	 D
Charles’s	law	states	that	V1/T1	=	V2/T2,	and	you	must	convert	Celsius	to	Kelvin.	Rearrange	your
equation	to	V1/V2	=	T1/T2.	T1	=	303	and	T2	=	293,	and	the	ratio	is	303/293.

41.	 B
This	question	tests	your	knowledge	of	Le	Châtelier’s	principle.	What	will	happen	to	this
reaction	if	more	chlorine	is	added?	Adding	more	chlorine	puts	a	stress	on	the	system,	and	the
system	alleviates	that	stress	by	using	up	that	added	chlorine:	The	equilibrium	shifts	to	the	left.

42.	 A
This	is	a	redox	reaction.	We	can	tell	this	because	the	oxidation	states	of	the	species	change
during	the	reaction.	The	oxidation	state	of	bromine	in	the	product,	molecular	bromine,	is	0.



The	oxidation	state	of	bromine	in	the	bromide	reactant	is	–1,	and	the	oxidation	state	of	the
bromine	in	the	bromate	is	+5.	The	fact	that	the	bromine	of	one	reactant	reduces	the	bromine
of	the	other	should	not	bother	you,	since	it	is	immaterial.	The	important	thing	in	redox
reactions	is	the	number	of	electrons.	Since	bromide	is	acting	as	a	reducing	agent,	going	from
the	–1	oxidation	state	to	the	0	oxidation	state,	it	transfers	one	electron	per	bromide.	Bromate,
however,	is	going	from	the	+5	oxidation	state	to	the	0	oxidation	state,	requiring	5	electrons.
Bromate	gets	these	electrons	from	bromide,	requiring	5	of	them.	The	ratio	of	bromate	to
bromide	is	therefore	1	to	5.

43.	 C
To	figure	out	how	many	moles	of	Na2CO3	are	in	120	mL	of	a	1.5	M	solution,	perform	the
following	calculation:

(1.5	mol/L)(0.12	L)	=	0.18	mol

To	figure	out	how	many	grams	are	in	0.18	mol,	you	need	to	multiply	the	number	of	moles	by
the	formula	weight:

(106	g/mol)(0.18	mol)	=	19	grams

44.	 D
Thomas	Graham	stated	in	1832	that	the	rates	for	two	gases	diffusing	is	inversely	proportional
to	the	square	root	of	the	molar	mass.	Therefore,	H2:O2	=	[32/2]1/2.	Simplify	this	equation	and
you	have	a	ratio	of	diffusion	rates	of	4:1	for	H2:O2.

45.	 D
Questions	of	nuclear	chemistry	can,	as	in	this	case,	often	be	translated	into	basic	arithmetic
problems.	Based	on	the	law	of	conservation	of	mass,	the	sum	of	the	mass	numbers
(superscripted)	must	be	the	same	on	each	side	of	the	arrow.	Similarly,	conservation	of	charge
mandates	that	the	sum	of	the	nuclear	charges	(subscripted)	be	the	same	on	each	side	of	the
arrow.	We	can	thus	translate	the	nuclear	question	posed	into	two	elementary	arithmetic
questions:

27	+	4	=	30	+	?	and	13	+	2	=	15	+	?



Solving	these	two	problems	results	in	a	mass	number	of	1	and	a	nuclear	charge	of	0;	this	set	of
values	corresponds	to	the	neutron	 	.	As	for	the	wrong	choices,	in	choice	A,	the	beta	particle
is	a	nuclear	electron	and	thus	has	mass	and	charge	numbers	of	0	and	–1,	respectively.	The
positron,	choice	B,	has	the	mass	of	an	electron	but	the	opposite	charge;	the	numbers	are	thus
0	and	+1,	respectively.	Alpha	particles	are	helium	nuclei;	choice	C	corresponds	to	a	mass
number	of	4	and	a	nuclear	charge	of	+2.	Choice	E,	gamma	ray,	is	short-wavelength
electromagnetic	radiation,	i.e.,	light;	as	such,	it	has	no	mass	and	no	charge.

46.	 D
Cr	metal	in	its	elemental	state	has	an	oxidation	number	of	0.	In	K2Cr2O7,	O	has	an	oxidation
number	of	–2	and	K	has	an	oxidation	number	of	+1.

Cr	must	cancel	out	the	–12,	so	the	two	Cr	molecules	must	have	a	charge	of	+12.	12/2	=	+6	for
each	Cr	molecule.

47.	 A
When	a	Ca	molecule	loses	an	electron	to	become	Ca+,	it	goes	from	20	to	19	electrons.	K	in	its
elemental	state	has	19	electrons.

48.	 C
This	question	requires	you	to	know	something	about	the	periodicity	of	the	elements.	Basically,
all	you	are	asked	is	why	all	the	halogens	behave	so	similarly	in	reactions.	You	know	from
studying	the	periodic	table	that	there	must	be	something	that	repeats	or	the	table	would	not
be	periodic.	What	is	it	about	the	elements	in	a	column	that	are	the	same?	The	number	of
valence	electrons.	Since	the	identity	of	the	valence	electrons	is	the	same	in	each	column,	or
group,	and	columns	in	the	s	block	have	valence	s	electrons,	columns	in	the	p	block	have
valence	s	and	p	electrons,	and	columns	in	the	d	block	have	valence	s	and	d	electrons,	the	only
thing	that	can	make	them	act	similarly	is	the	number	of	electrons	in	these	shells.	Furthermore,
the	number	of	electrons	in	the	valence	shell	affects	the	reactivity	and	stability	of	the	shell.	The
number	of	electrons	affects	the	ionization	energy	and	electron	affinity,	whether	the	atom	will
form	cations	or	anions,	and	even	the	number	of	bonds	the	atom	can	participate	in.



49.	 B
The	atomic	weight	of	an	element	depends	on	the	number	of	protons	and	neutrons	in	its
nucleus;	those	numbers	are	always	unique	to	a	particular	element,	regardless	of	the	number
of	electrons	in	the	species.	The	ionization	potential	depends	chiefly	on	the	radius	of	the	parent
atoms	and	the	effective	charge	of	the	nucleus.	Since	K+	and	Cl–	have	different	numbers	of
protons	by	definition,	they	will	have	different	effective	charges,	different	atomic	radii,	and
therefore	different	ionization	potential.	Choice	B,	however,	says	that	the	two	ions	have	the
same	electronic	configuration.	Chlorine	belongs	to	the	third	period	and	potassium	belongs	to
the	fourth,	so	in	their	unionized	forms,	chlorine’s	third	shell	contains	seven	electrons	and
potassium’s	fourth	shell	contains	one	electron.	If	chlorine	gains	one	electron	and	potassium
loses	one	electron,	both	will	have	eight	electrons	in	the	third	shell,	which	becomes	the	valence
shell.	So,	the	potassium	and	chlorine	ions	described	in	the	question	both	contain	the	same
number	of	electrons	and	the	same	number	of	occupied	orbitals	and	thus	share	the	same
electronic	configuration.

50.	 E
Cl–	has	the	largest	ionic	radius.	When	an	atom	gains	an	electron,	positive	protons	in	the
nucleus	cannot	hold	on	to	the	electrons	as	well	and	therefore	the	electron	shells	are	able	to
spread	farther	out.

51.	 D
The	balanced	equation	looks	like	this:

8H+	+	MnO4
–	+	5Fe2+	→	Mn2+	+	5Fe3+	+	4H2O.

One	Mn2+	and	five	Fe3+	yield	a	total	charge	of	+17.

52.	 D
The	balanced	equation	looks	like	this:

53.	 C



5.5	moles

54.	 C

Total	molecular	weight:	108	+	28	+	6	=	142

Percent	Ag:	(108/142)	×	100%	=	76.1%

55.	 C
Balanced	equation: C3H8	+	5O2	→	3CO2	+	4H2O

Therefore,	oxygen	is	the	limiting	reagent;	5	moles	of	O2	and	one	mole	of	C3H8	will	form	3	moles
of	CO2.

3	moles	x	44	g/mol	=	132	g	CO2

56.	 A
P1V1	=	P2V2	is	the	equation	you	will	use.

57.	 D
60	is	the	mass	number	(the	number	of	protons	+	the	number	of	neutrons).	27	is	the	atomic
number	(the	number	of	protons).	In	a	beta-decay	reaction,	the	atomic	number	increases	by
one	as	a	neutron	turns	into	a	proton	and	an	electron	that	is	ejected.



58.	 C
Ionic	solutions	will	conduct	electricity.	The	NaCl	will	dissociate	to	become	Na+	and	Cl–.	The
same	occurs	when	you	melt	the	NaCl.	Solid	NaCl	and	pure	water	are	not	ionic	solutions.

59.	 B
NaCl	is	an	ionic	compound	with	ionic	bonds	because	it	is	formed	when	Na	donates	an	electron
to	Cl.	The	bond	is	formed	by	the	electrostatic	interaction	between	the	positive	and	negative
ions.

60.	 B
Glucose	molecules	carry	no	electrical	charge,	so	there	are	no	electrical	charges	in	the	solution
to	provide	conduction.

61.	 C
This	Roman-numeral	question	asks	which	of	the	given	statements	describe	a	galvanic	cell
(remember	more	than	one	of	the	answers	may	be	correct).	Galvanic	cells	are	capable	of
spontaneous	reactions.	In	all	electrochemical	cells,	oxidation	occurs	at	the	anode	and
reduction	occurs	at	the	cathode.	In	addition,	the	anode	in	a	galvanic	cell	is	negative,	meaning
that	it	is	a	source	of	electrons.	Since	a	species	loses	electrons	when	it	is	oxidized,	this	should
make	sense.	There	is	a	trick	to	remembering	these	facts.	In	a	galvanic	cell,	oxidation	occurs	at
the	anode,	which	is	negative.	Alphabetically,	anode	comes	before	cathode,	oxidation	before
reduction,	and	negative	before	positive.	However,	this	little	trick	only	works	for	galvanic	cells.

62.	 E
34	g	of	NH3	at	17	g/mol	equals	2	mol	combusted.	Two	moles	are	combusted	at	81	kcal/mol.
This	equation	would	be	(2	mol)(81	kcal/mol)	=	162	kcal.

63.	 D
The	s	subshells	contain	only	2	electrons.	Their	principal,	azimuthal,	and	magnetic	quantum
numbers	are	identical,	but	due	to	Pauli’s	exclusion	principle	their	spin	quantum	numbers
must	be	+1/2	and	–1/2.	Therefore,	they	have	opposite	spins.

64.	 C
A	buffer	is	a	solution	made	from	a	mixture	of	a	weak	acid	and	a	salt	containing	its	anion.
Buffers	resist	pH	change	due	to	the	addition	of	acid	or	base.	Thus,	to	make	a	buffer	solution
with	a	weak	monoprotic	acid,	the	addition	of	the	corresponding	salt	is	required.	This	salt	must



contain	the	anion,	or	conjugate	base,	of	the	acid.

65.	 B
If	the	temperature	of	an	exothermic	reaction	is	increased,	the	reaction	shifts	to	the	left.	If	the
temperature	of	an	endothermic	reaction	is	increased,	it	shifts	to	the	right.	The	reaction	in
question	has	a	negative	enthalpy	of	reaction,	meaning	that	it	is	an	exothermic	reaction.	If	the
temperature	of	this	reaction	is	increased,	the	reaction	will	shift	to	the	left.

66.	 E
Boyle’s	law	states	that	at	constant	temperatures	the	volume	of	a	gas	is	inversely	proportional
to	its	pressure.	Statement	II	is	therefore	correct.	Statement	III	is	also	correct	as	density,
defined	as	mass	divided	by	volume,	will	increase	proportionally	to	pressure	since	the	volume	is
decreasing.

67.	 A
Molality	equals	the	number	of	moles	of	solute/kg	of	solvent.	200	g/[24	g/mol	Mg	+	71	g/mol	for
2	Cl]	is	the	number	of	moles	of	solute.	This	is	also	the	value	of	molality	since	it	is	added	to	1	kg
of	solvent.

68.	 C

Therefore,	oxygen	is	the	limiting	reagent	since	it	is	the	compound	in	the	least	amount.
According	to	the	balanced	equation,	for	every	mole	of	oxygen	you	will	get	two	moles	of	water.
Therefore,	to	discover	how	many	moles	of	water	would	be	produced,	multiply	the	number	of
moles	of	oxygen	you	begin	with	by	two,	to	account	for	the	fact	that	two	moles	of	water	are
produced	for	every	mole	of	oxygen.	Thus,	the	correct	equation	would	be	(2	mol	H2O2/1	mol	of
O2)(100/32	mol	of	O2).

69.	 D
Perhaps	the	easiest	way	to	solve	such	a	problem	is	to	imagine	a	particular	sample	mass	of	the
compound.	For	the	sake	of	convenience,	choose	100	grams,	though	any	mass	will	let	you
arrive	at	the	correct	answer.	Because	the	oxide	of	arsenic	contains	only	arsenic	and	oxygen,	a
100-gram	sample	would	contain	65.2	grams	of	arsenic	and	the	remainder,	34.8	grams,	must	be



oxygen.	To	find	the	ratio	between	these	two	elements	in	the	compound,	divide	the	mass	of
arsenic	by	the	atomic	weight	of	arsenic,	74.7	grams/mol,	and	the	mass	of	oxygen	by	the	atomic
weight	of	oxygen,	16	grams/mol.	This	will	give	the	mole	ratio	between	arsenic	and	oxygen	in
the	compound.	To	convert	to	a	more	easily	useful	ratio,	divide	both	by	the	lowest	number	of
the	two,	in	this	case	arsenic.	This	gives	us	a	ratio	of	1	mole	of	arsenic	to	2.5	moles	oxygen,
which	is	better	stated	by	doubling	both	numbers	and	getting	2	moles	of	arsenic	to	5	moles	of
oxygen.	This	would	correspond	to	the	formula	in	choice	D,	As2O5.
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CHEMISTRY	REVIEW



Chapter	3

Atomic	Structure

The	atom	is	the	basic	building	block	of	matter,	representing	the	smallest	unit	of	a	chemical
element.	An	atom	in	turn	is	composed	of	subatomic	particles	called	protons,	neutrons,	and
electrons.	In	1911,	Ernest	Rutherford	provided	experimental	evidence	that	an	atom	has	a	dense,
positively	charged	nucleus	that	accounts	for	only	a	small	portion	of	the	volume	of	the	atom	but
nearly	all	the	mass.	The	protons	and	neutrons	in	an	atom	form	the	nucleus,	the	core	of	the	atom.
The	electrons	exist	outside	the	nucleus	in	characteristic	regions	of	space	called	orbitals.	All	atoms	of
an	element	show	similar	chemical	properties	and	cannot	be	further	broken	down	by	chemical
means.

Subatomic	Particles
Atomic	Weights	and	Isotopes
Bohr’s	Model	of	the	Hydrogen	Atom
Quantum	Mechanical	Model	of	Atoms
Electron	Configuration	and	Orbital	Filling



Subatomic	Particles

There	are	three	kinds	of	particles	found	in	a	typical	atom:	protons	and	neutrons,	which	together
make	up	the	nucleus,	and	electrons,	which	are	found	in	specific	regions	of	space	(known	as	orbitals)
around	the	nucleus.

PROTONS
Protons	carry	a	single	positive	charge	and	have	a	mass	of	approximately	one	atomic	mass	unit	or
amu	(see	Table	3.1).	The	atomic	number	(Z)	of	an	element	is	equal	to	the	number	of	protons	found
in	an	atom	of	that	element.	All	atoms	of	a	given	element	have	the	same	atomic	number;	in	other
words,	the	number	of	protons	an	atom	has	defines	what	kind	of	element	it	is.

Table	3.1 Properties	of	Subatomic	Particles

Subatomic	Particle Symbol Relative	Mass Charge Location

Proton 1
1H 1 +1 Nucleus

Neutron 1
0n 1 0 Nucleus

Electron e− 0 −1 Electron	Orbitals

The	atomic	number	of	an	element	can	be	found	in	the	periodic	table	(see	chapter	4 )	as	an	integer
above	the	symbol	for	the	element.

NEUTRONS
Neutrons	carry	no	charge	and	have	a	mass	only	slightly	larger	than	that	of	protons.	The	total
number	of	neutrons	and	protons	in	an	atom,	known	as	the	mass	number,	determines	its	mass.

The	convention	 	is	used	to	show	both	the	atomic	number	and	mass	number	of	an	X	atom,	where
Z	is	the	atomic	number	and	A	is	the	mass	number.



Even	though	the	number	of	protons	must	be	the	same	for	all	atoms	of	an	element,	the	number	of
neutrons,	and	hence	the	mass	number,	can	be	different.	Atoms	of	the	same	element	with	different
masses	are	known	as	isotopes	of	one	another.	Isotopes	are	referred	to	either	by	the	convention
described	above	or,	more	commonly,	by	the	name	of	the	element	followed	by	the	mass	number.	For
example,	carbon-12	is	a	carbon	atom	with	6	protons	and	6	neutrons,	while	carbon-14	is	a	carbon
atom	with	6	protons	and	8	neutrons.	Since	isotopes	have	the	same	number	of	protons	and
electrons,	they	generally	exhibit	the	same	chemical	properties.	Chapter	15 	describes	nuclear
chemistry	in	greater	detail.

ELECTRONS
Electrons	carry	a	charge	equal	in	magnitude	but	opposite	in	sign	to	that	of	protons.	An	electron	has
a	very	small	mass,	approximately	1/1837	the	mass	of	a	proton	or	neutron,	which	is	negligible	for
most	purposes.	The	electrons	farthest	from	the	nucleus	are	known	as	valence	electrons.	The	farther
the	valence	electrons	are	from	the	nucleus,	the	weaker	the	attractive	force	of	the	positively	charged
nucleus	and	the	more	likely	the	valence	electrons	are	to	be	influenced	by	other	atoms.	Generally,
the	valence	electrons	and	their	activity	determine	the	reactivity	of	an	atom.	In	a	neutral	atom,	the
number	of	electrons	is	equal	to	the	number	of	protons.	A	positive	or	negative	charge	on	an	atom	is
due	to	a	loss	or	gain	of	electrons;	the	result	is	called	an	ion.	A	positively	charged	ion	(one	that	has
lost	electrons)	is	known	as	a	cation;	a	negatively	charged	ion	(one	that	has	gained	electrons)	is
known	as	an	anion.

Some	basic	features	of	the	three	subatomic	particles	are	summarized	in	Table	3.1	on	the	next	page.

Example: Determine	the	number	of	protons,	neutrons,	and	electrons	in	a	nickel-58	atom	and	in	a
nickel-602+	cation.

Solution: 58Ni	has	an	atomic	number	of	28	according	to	the	periodic	table	and	a	mass	number	of
58.	Therefore,	58Ni	will	have	28	protons,	28	electrons	(since	it	is	a	neutral	atom),	and	58
–	28,	or	30,	neutrons.
In	the	60Ni2+	species,	the	number	of	protons	is	the	same	as	in	the	neutral	58Ni	atom.
However,	60Ni2+	has	lost	two	electrons	and	thus	will	only	have	26	electrons:	this	is	what
gives	it	the	+2	charge.	Also,	the	mass	number	is	two	units	higher	than	for	the	58Ni	atom,
and	this	difference	in	mass	must	be	due	to	two	extra	neutrons;	thus	it	has	a	total	of	32
neutrons.



DON’T	MIX	THESE	UP	ON	TEST	DAY

Atomic	number	=	number	of	protons
Mass	number	=	number	of	protons	and	neutrons



Atomic	Weights	and	Isotopes

To	report	the	mass	of	something,	one	generally	gives	a	number	together	with	a	unit	like	pounds,
kilograms	(kg),	grams	(g),	et	cetera.	Because	the	mass	of	an	atom	is	so	small,	however,	these	units
are	not	very	convenient,	and	new	ways	have	been	devised	to	describe	how	much	an	atom	weighs.	A
unit	that	can	be	used	to	report	the	mass	of	an	atom	is	the	atomic	mass	unit	(amu).	One	amu	is
approximately	the	same	as	1.66	×	10–24	g.	How	is	this	particular	value	chosen?	Why	not,	for	example,
have	1	amu	be	equal	to	a	nice	round	number	like	1.00	×	10–24	g	instead?	The	answer	is	that	it	is
chosen	so	that	a	carbon-12	atom,	with	6	protons	and	6	neutrons,	will	have	a	mass	of	12	amu.	In
other	words,	the	amu	is	defined	as	one-twelfth	the	mass	of	the	carbon-12	atom.	It	does	not	convert
nicely	to	grams	because	the	mass	of	a	carbon-12	atom	in	grams	is	not	a	nice	round	number.	In
addition,	since	the	mass	of	an	electron	is	negligible,	all	the	mass	of	the	carbon-12	atom	is
considered	to	come	from	protons	and	neutrons.

Since	the	mass	of	a	proton	is	about	the	same	as	that	of	a	neutron,	and	there	are	6	of	each	in	the

carbon-12	atom,	protons	and	neutrons	are	considered	to	have	a	mass	of	
each.

While	it	is	necessary	to	have	a	way	of	describing	the	weight	of	an	individual	atom,	in	real	life	one
generally	works	with	a	huge	number	of	them	at	a	time.	The	atomic	weight	is	the	mass	in	grams	of
one	mole	(mol)	of	atoms.	Just	like	a	pair	corresponds	to	two,	and	a	dozen	corresponds	to	twelve,	a
mole	corresponds	to	about	6.022	×	1023.	The	atomic	weight	of	an	element,	expressed	in	terms	of
g/mol,	therefore,	is	the	mass	in	grams	of	6.022	×	1023	atoms	of	that	element.	This	number,	roughly
6.022	×	1023,	to	which	a	mole	corresponds,	is	known	as	Avogadro’s	number.	Why	this	particular	value
and	not	something	like	1.0	×	1024,	for	example?	Once	again,	the	answer	lies	in	the	carbon-12	atom:	a
mole	of	carbon-12	atoms	weighs	exactly	12	g.	In	other	words,	a	mole	is	defined	as	the	number	of
atoms	in	12	g	of	carbon-12.	A	mole	of	atoms	of	an	element	heavier	than	carbon-12	(such	as	oxygen)
would	have	an	atomic	weight	higher	than	12	g/mol,	while	a	mole	of	atoms	of	an	element	lighter
than	carbon-12	(such	as	helium)	would	have	an	atomic	weight	less	than	12	g/mol.	Six	g	of	carbon-12
would	mean	3.011	×	1023	carbon-12	atoms,	et	cetera.



BASIC	CONCEPT

1	mole =	6.022	×	1023

=	Avogadro’s	number

As	we	have	seen,	Avogadro’s	number	serves	as	a	conversion	factor	between	one	of	something	and	a
mole	of	something.	Since	12	amu	is	the	mass	of	1	carbon-12	atom	while	12	g	is	the	mass	of	1	mole	of
carbon-12	atoms,	Avogadro’s	number	also	helps	to	convert	between	the	mass	units.	Specifically:

which	is	the	conversion	factor	we	gave	above.	We	can	now	see	how	this	is	derived	from	(or	related
to)	the	concept	of	the	mole.

The	atomic	weight	of	an	element	is	also	found	in	the	periodic	table,	as	the	number	appearing	below
the	symbol	for	the	element.	Notice,	however,	that	these	numbers	are	not	whole	numbers,	which	is
odd	considering	that	a	proton	and	a	neutron	each	have	a	mass	of	1	amu	and	an	atom	can	only	have
a	whole	number	of	these.	Furthermore,	even	carbon,	the	element	with	which	we	have	set	the
standards,	does	not	have	a	mass	of	12.000	exactly.	This	is	due	to	the	presence	of	isotopes,	as
mentioned	above.	The	masses	listed	in	the	periodic	table	are	weighted	averages	that	account	for
the	relative	abundance	of	various	isotopes.	The	word	weighted	is	important:	It	is	not	simply	the
average	of	the	masses	of	individual	isotopes,	but	takes	into	account	how	frequently	one	encounters
that	isotope	in	a	common	sample	of	the	element.	There	are,	for	example,	3	isotopes	of	hydrogen,
with	0,	1,	and	2	neutrons,	respectively.	Together	with	the	one	proton	that	makes	it	hydrogen	in	the
first	place,	the	mass	numbers	for	these	isotopes	are	1,	2,	and	3.	The	atomic	weight	of	hydrogen,
however,	is	not	simply	2	(the	average	of	1,	2,	and	3)	but	about	1.008,	that	is,	much	closer	to	1.	This	is
because	the	isotope	with	no	neutrons	is	so	much	more	abundant	that	we	count	it	much	more
heavily	in	calculating	the	average.	The	following	example	provides	a	more	concrete	illustration	of
the	idea.

Example: Element	Q	consists	of	three	different	isotopes,	A,	B,	and	C.	Isotope	A	has	an	atomic



mass	of	40	amu	and	accounts	for	60%	of	naturally	occurring	Q.	The	atomic	mass	of
isotope	B	is	44	amu	and	accounts	for	25%	of	Q.	Finally,	isotope	C	has	an	atomic	mass	of
41	amu	and	a	natural	abundance	of	15%.	What	is	the	atomic	weight	of	element	Q?

Solution: 0.60(40	amu)	+	0.25(44	amu)	+	0.15(41	amu)	=	24.00	amu	+	11.00	amu	+	6.15	amu	=
41.15	amu

The	atomic	weight	of	element	Q	is	41.15	g/mol.

(Incidentally,	if	you	have	studied	physics,	you	may	be	aware	of	the	distinction	between	mass	and
weight.	As	you	can	see,	chemists	are	a	bit	sloppier	on	this	matter.)



Bohr’s	Model	of	the	Hydrogen	Atom

In	his	model	of	the	structure	of	the	hydrogen	atom,	Bohr	postulated	that	an	electron	can	exist	only
in	certain	fixed	energy	states;	the	energy	of	an	electron	is	“quantized.”	According	to	this	model,
electrons	revolve	around	the	nucleus	in	orbits.	The	energy	of	the	electron	is	related	to	the	radius	of
its	orbit:	The	smaller	the	radius,	the	lower	the	energy	state	of	the	electron.	The	smallest	orbit
(radius)	an	electron	can	have	corresponds	to	the	ground	state	of	the	hydrogen	electron.	At	the
ground	state	level,	the	electron	is	in	its	lowest	energy	state.	The	fact	that	only	certain	energy	values
are	allowed	means	that	only	certain	orbit	sizes	are	allowed.

The	Bohr	model	is	used	to	explain	the	atomic	emission	spectrum	and	atomic	absorption	spectrum
of	hydrogen.	Since	the	energy	of	electrons	can	take	on	only	certain	values,	the	energy	an	atom	can
emit	or	absorb	is	likewise	restrained	to	values	that	correspond	to	differences	between	these	levels.
When	a	hydrogen	atom	absorbs	energy	in	the	form	of	radiation,	for	example,	its	electron	moves	to	a
higher	energy	level.	When	such	a	process	occurs,	a	peak	shows	up	in	the	absorption	spectrum,
signifying	that	radiation	of	that	particular	energy	is	being	absorbed	by	the	atom.	The	crucial	thing	to
realize	is	that	there	will	only	be	a	certain	number	of	sharp	peaks,	corresponding	to	energy	values
that	match	up	with	the	difference	between	energy	levels.	The	principle	behind	the	emission



spectrum	is	the	same:	The	atom	gives	off	energy	as	an	electron	goes	from	a	higher	to	a	lower	energy
level,	and	this	will	show	up	as	distinct	peaks	in	a	spectrum	corresponding	to	transition	between
different	levels.	The	Bohr	model	successfully	accounted	for	the	precise	positionings	of	these	peaks
(the	precise	values	of	the	energy	that	can	be	emitted).



Quantum	Mechanical	Model	of	Atoms

While	the	concepts	put	forth	by	Bohr	offered	a	reasonable	explanation	for	the	structure	of	the
hydrogen	atom	and	ions	containing	only	one	electron	(such	as	He+	and	Li2+),	they	did	not	explain	the
structures	of	atoms	containing	more	than	one	electron.	This	is	because	Bohr’s	model	does	not	take
into	consideration	the	repulsion	between	multiple	electrons	surrounding	one	nucleus.	Modern
quantum	mechanics	has	led	to	a	more	rigorous	and	generalized	study	of	the	electronic	structure	of
atoms.	The	most	important	difference	between	the	Bohr	model	and	modern	quantum	mechanical
models	is	that	Bohr’s	assumption	that	electrons	follow	a	circular	orbit	at	a	fixed	distance	from	the
nucleus	is	no	longer	considered	valid.	Rather,	electrons	are	described	as	being	in	a	state	of	rapid
motion	within	regions	of	space	around	the	nucleus,	called	orbitals.	An	orbital	is	a	representation	of
the	probability	of	finding	an	electron	within	a	given	region.	In	the	current	quantum	mechanical
description	of	electrons,	pinpointing	the	exact	location	of	an	electron	at	any	given	point	in	time	is
impossible.	This	idea	is	best	described	by	the	Heisenberg	uncertainty	principle,	which	states	that	it
is	impossible	to	determine,	with	perfect	accuracy,	the	momentum	and	the	position	of	an	electron
simultaneously.	This	means	that	if	the	momentum	of	the	electron	is	being	measured	accurately,	its
position	cannot	be	pinpointed,	and	vice	versa.

QUANTUM	NUMBERS
Modern	atomic	theory	states	that	any	electron	in	an	atom	can	be	completely	described	by	four
quantum	numbers	n,	l,	ml,	and	ms.	Furthermore,	according	to	the	Pauli	exclusion	principle,	no	two
electrons	in	a	given	atom	can	possess	the	same	set	of	four	quantum	numbers.	The	position	and
energy	of	an	electron	described	by	its	quantum	numbers	are	known	as	its	energy	state.	The	value	of
n	limits	the	values	of	l,	which	in	turn	limits	the	values	of	ml.	The	values	of	the	quantum	numbers
qualitatively	give	information	about	the	orbitals:	n	about	the	size	and	the	distance	from	the
nucleus,	l	about	the	shape,	and	ml	about	the	orientation	of	the	orbital.	All	four	quantum	numbers
are	discussed	below.

BASIC	CONCEPT



4	quantum	numbers:	n,	l,	ml,	ms

Principal	Quantum	Number

The	first	quantum	number	is	commonly	known	as	the	principal	quantum	number	and	is	denoted	by
the	letter	n.	It	is	used	in	Bohr’s	model	and	can	theoretically	take	on	any	positive	integer	value.	The
larger	the	integer	value	of	n,	the	higher	the	energy	level	and	the	farther	away,	on	average,	you	will
find	the	electron	from	the	nucleus.	The	maximum	number	of	electrons	in	energy	level	n	(electron
shell	n)	is	2n2.

BASIC	CONCEPTS

l	=	0:	s	subshell

l	=	1:	p	subshell

l	=	2:	d	subshell

l	=	3:	f	subshell

Azimuthal	Quantum	Number

The	second	quantum	number	is	called	the	azimuthal	quantum	number	and	is	designated	by	the
letter	l.	(It	is	also	known	as	the	angular	momentum	quantum	number.)	This	quantum	number	refers
to	the	subshells	or	sublevels	that	occur	within	each	principal	energy	level.	For	any	given	n,	the	value
of	l	can	be	any	integer	in	the	range	of	0	to	(n	–	1).	For	example,	the	shell	of	n	=	3	can	have	subshells
with	l	=	0,	l	=	1,	and	l	=	2,	whereas	the	shell	of	n	=	1	can	only	have	the	subshell	l	=	0.	The	four	subshells
corresponding	to	l	=	0,	1,	2,	and	3	are	known	as	the	s,	p,	d,	and	f	subshells,	respectively.	Based	on	the
restriction	on	l	values	just	discussed,	we	can	see	that	every	shell	has	an	s	subshell,	while	only	shells
with	n	>	1	have	p	subshells,	et	cetera.	For	atoms	with	more	than	one	electron,	the	greater	the	value
of	l,	the	greater	the	energy	of	the	subshell.	However,	the	energies	of	subshells	from	different
principal	energy	levels	may	overlap.	For	example,	the	4s	subshell	may	have	a	lower	energy	than	the
3d	subshell.

Magnetic	Quantum	Number



The	third	quantum	number	is	the	magnetic	quantum	number	and	is	designated	ml.	An	orbital	is	a
specific	region	within	a	subshell	that	may	contain	no	more	than	two	electrons.	The	magnetic
quantum	number	specifies	the	particular	orbital	within	a	subshell	where	an	electron	is	highly	likely
to	be	found	at	a	given	point	in	time.	The	possible	values	of	ml	are	all	integers	from	l	to	–l,	including
0.	Therefore,	the	s	subshell,	where	there	is	one	possible	value	of	ml	(0),	will	contain	1	orbital;
likewise,	the	p	subshell	will	contain	3	orbitals,	the	d	subshell	will	contain	5	orbitals,	and	the	f
subshell	will	contain	7	orbitals.	The	shape	and	energy	of	each	orbital	are	dependent	upon	the
subshell	in	which	the	orbital	is	found.	For	example,	s	orbitals	(l	=	0,	ml	=	0)	are	all	spherical	in	shape.
Those	with	larger	principal	quantum	numbers	have	a	larger	radius,	implying	a	larger	average
distance	from	the	nucleus.	A	p	subshell	has	three	possible	ml	values	(–1,	0,	+1).	The	three	dumbbell-
shaped	orbitals	are	oriented	in	space	around	the	nucleus	along	the	x,	y,	and	z	axes,	and	are	often
referred	to	as	px,	py,	and	pz.

The	magnetic	quantum	number	can	also	play	a	part	in	determining	the	shape	of	an	orbital:	Orbitals
in	the	d	and	f	subshells,	for	example,	may	have	different	shapes	(in	addition	to	just	different
orientations)	depending	on	the	value	of	ml.

Spin	Quantum	Number

BASIC	CONCEPT

The	spin	quantum	number	is	either	 	or	 ,	regardless	of	values	of	other	quantum
numbers.

The	fourth	quantum	number	is	also	called	the	spin	quantum	number	and	is	denoted	by	ms.
Regardless	of	the	shell,	subshell,	or	orbital,	any	electron	can	have	only	one	of	two	values	for	the	spin
quantum	number.



The	two	spin	orientations	are	designated	 	and	 .

Whenever	two	electrons	are	in	the	same	orbital,	they	must	have	opposite	spins.	This	is	a
consequence	of	the	Pauli	exclusion	principle;	if	that	were	not	the	case,	they	would	have	the	identical
four	quantum	numbers.	Electrons	in	different	orbitals	with	the	same	ms	values	are	said	to	have
parallel	spins.	Electrons	with	opposite	spins	in	the	same	orbital	are	often	referred	to	as	paired.

For	the	shell	corresponding	to	n	=	3,	a	complete	enumeration	of	the	possible	sets	of	quantum
numbers	follows.	Note	that	the	total	number	of	electrons	in	this	shell	is	18	=	2	(3)2.

QUICK	QUIZ

In	what	order	are	subshells	filled?

Answer	=	(A)

lowest	to	highest	energy(A)
highest	to	lowest	energy(B)
randomly(C)



Electron	Configuration	and	Orbital	Filling

For	a	given	atom	or	ion,	the	pattern	by	which	orbitals	are	filled	and	the	number	of	electrons	within
each	principal	level	and	subshell	are	designated	by	an	electron	configuration.	In	electron
configuration	notation,	the	first	number	denotes	the	principal	energy	level,	the	latter	designates	the
subshell,	and	the	superscript	gives	the	number	of	electrons	in	that	subshell.	For	example,	2p4

indicates	that	there	are	four	electrons	in	the	second	(p)	subshell	of	the	second	principal	energy	level.

When	writing	the	electron	configuration	of	an	atom,	remember	the	order	in	which	subshells	are
filled.	Subshells	are	filled	from	lowest	to	highest	energy,	and	each	subshell	will	fill	completely	before
electrons	begin	to	enter	the	next	one.	The	(n	+	l)	rule	is	used	to	rank	subshells	by	increasing	energy.
This	rule	states	that	the	lower	the	values	of	the	first	and	second	quantum	numbers,	the	lower	the
energy	of	the	subshell.	If	two	subshells	possess	the	same	(n	+	l)	value,	the	subshell	with	the	lower	n
value	has	a	lower	energy	and	will	fill	first.	The	order	in	which	the	subshells	fill	is	shown	in	the
following	chart,	which	is	arranged	so	that	it	is	easily	remembered:	One	simply	lists	the	subshells	in
order,	starting	each	shell	with	a	new	line.	The	order	of	filling	them	is	found	by	crossing	them	with
diagonal	arrows.

Example: Which	will	fill	first,	the	3d	subshell	or	the	4s	subshell?
Solution: For	3d,	n	=	3	and	l	=	2,	so	(n	+	l)	=	5.	For	4s,	n	=	4	and	l	=	0,	so	(n	+	l)	=	4.	Therefore,	the	4s

subshell	has	lower	energy	and	will	fill	first.	This	can	also	be	determined	from	the	chart
by	examination.



To	determine	which	subshells	are	occupied,	you	must	know	the	number	of	electrons	in	the	atom.	In
the	case	of	uncharged	atoms,	the	number	of	electrons	is	equal	to	the	atomic	number.	If	the	atom	is
charged,	the	number	of	electrons	is	equal	to	the	atomic	number	plus	the	extra	electrons	if	the	atom
is	negative,	or	the	atomic	number	minus	the	missing	electrons	if	the	atom	is	positive.

BASIC	CONCEPT

Hund’s	rule:	Put	one	electron	in	each	orbital	in	the	same	subshell	first	before	pairing.

In	subshells	that	contain	more	than	one	orbital,	such	as	the	2p	subshell	with	its	3	orbitals,	the
orbitals	will	fill	according	to	Hund’s	rule.	Hund’s	rule	states	that	within	a	given	subshell,	orbitals	are
half-filled	so	that	they	each	have	one	electron,	all	with	parallel	spins,	before	any	orbital	is	fully
occupied	with	two	electrons	of	opposite	spins.	In	other	words,	electrons	would	tend	to	avoid	pairing
as	much	as	possible.

Example: What	are	the	written	electron	configurations	for	nitrogen	(N)	and	iron	(Fe)	according	to
Hund’s	rule?

Solution: Nitrogen	has	an	atomic	number	of	7,	thus	its	electron	configuration	is	1s2	2s2	2p3.
According	to	Hund’s	rule,	the	two	s	orbitals	will	fill	completely,	while	the	three	p
orbitals	will	each	contain	one	electron,	all	with	parallel	spins.

Iron	has	an	atomic	number	of	26,	and	its	4s	subshell	fills	before	the	3d.	Using	Hund’s	rule,	the
electron	configuration	will	be:

Iron’s	electron	configuration	is	written	as	1s2	2s2	2p6	3s2	3p6	3d6	4s2.	Subshells	may	be	listed
either	in	the	order	in	which	they	fill	(e.g.,	4s	before	3d)	or	with	subshells	of	the	same	principal
quantum	number	grouped	together,	as	shown	here.	Both	methods	are	correct.



The	presence	of	paired	or	unpaired	electrons	affects	the	chemical	and	magnetic	properties	of	an
atom	or	molecule.	If	the	material	has	unpaired	electrons,	a	magnetic	field	will	align	the	spins	of
these	electrons	and	weakly	attract	the	atom.	These	materials	are	said	to	be	paramagnetic.	Materials
that	have	no	unpaired	electrons	and	are	slightly	repelled	by	a	magnetic	field	are	said	to	be
diamagnetic.
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Review	Questions

1.	 The	Mg2+	ion	has	how	many	electrons?

12(A)
10(B)
14(C)
24(D)

2.	 It	can	be	shown	using	mass	spectrometry	that	the	ratio	of	naturally	occurring	chlorine-35
to	its	isotope	chlorine-37	is	3:1.	Assuming	that	no	other	isotopes	existed,	what	would	be
the	atomic	weight	of	chlorine?

	g/mol

3.	 The	maximum	number	of	electrons	in	a	shell	with	the	principal	quantum	number	equal	to
4	is

2(A)
10(B)
16(C)
32(D)

4.	 If	the	principal	quantum	number	of	a	shell	is	equal	to	2,	what	types	of	orbitals	will	be
present?



s(A)
s	and	p(B)
s,	p,	and	d(C)
s,	p,	d,	and	f(D)

5.	 The	total	number	of	electrons	that	could	be	held	in	a	sublevel	with	azimuthal	quantum
number	equal	to	2	is

2(A)
6(B)
8(C)
10(D)

6.	 An	element	with	an	atomic	number	of	26	has	how	many	electrons	in	the	3d	orbital?

0(A)
2(B)
6(C)
8(D)
10(E)

7.	 In	going	from	1s2	2s2	2p6	3s2	3p6	4s1	to	1s2	2s2	2p6	3s2	3p5	4s2,	an	electron	would

absorb	energy(A)
emit	energy(B)
relax	to	the	ground	state(C)
bind	to	another	atom(D)
undergo	no	change	in	energy(E)

8.	 Which	of	the	following	orbitals	has	the	lowest	energy?



2p(A)
3s(B)
3d(C)
4s(D)
3p(E)

9.	 Which	of	the	following	correctly	represents	an	excited	state	of	scandium?

1s2	2s2	2p6	3s2	3p6	3d1	4s2(A)
1s2	2s3	2p5	3s2	3p6	3d1	4s2(B)
1s2	2s2	2p6	3s2	3p6	3d2	4s1(C)
1s2	2s2	2p6	3s2	3p6	3d2	4s2(D)
1s2	2s2	2p6	3s2	3p6	3d1	4s0(E)



Answer	Key

REVIEW	QUESTIONS
1.	 B
2.	 35.5
3.	 D
4.	 B
5.	 D
6.	 C
7.	 A
8.	 A
9.	 C



Answers	and	Explanations

REVIEW	QUESTIONS
1.	 B

Magnesium	has	an	atomic	number	of	12,	meaning	that	a	neutral	atom	has	12	protons	and	12
electrons.	However,	the	Mg2+	ion	has	a	positive	charge	because	it	has	lost	2	electrons.
Therefore,	the	Mg2+	ion	has	10	electrons.

2.	 35.5
Mass	spectrometry	shows	that	3	out	of	every	4	chlorine	atoms	are	Cl-35	and	1	is	Cl-37.	Thus,
75%	of	all	chlorine	atoms	are	Cl-35	and	25%	are	Cl-37.	Using	this	information	and	the	atomic
weights	of	the	isotopes	(Cl-35	=	35	g/mol,	Cl-37	=	37	g/mol),	the	atomic	weight	of	chlorine	can
be	determined	as	follows:

3.	 D
The	maximum	number	of	electrons	within	a	principal	energy	level	is	given	by	the	equation	2n2.
Therefore,	a	shell	with	the	principal	quantum	number	of	4	will	hold	a	maximum	of	32
electrons.

4.	 B
When	the	principal	quantum	number	is	equal	to	2,	then	the	azimuthal	quantum	number	will
have	values	of	l	=	0	and	1.	When	l	=	0,	the	subshell	is	an	s	subshell,	and	when	l	=	1,	the	subshell
is	a	p	subshell.	Therefore,	the	second	principal	energy	level	contains	an	s	subshell	and	a	p
subshell.

5.	 D
The	azimuthal	quantum	number	2	corresponds	to	the	sublevel	or	subshell	d,	and	the	d



sublevel,	with	5	orbitals	(ml	=	–2,	–1,	0,	1,	2),	is	capable	of	holding	a	maximum	of	5	×	2	or	10
electrons.

6.	 C
An	element	with	an	atomic	number	of	26	will	have	6	electrons	in	its	3d	subshell.	This	can	be
determined	by	writing	the	electron	configuration	for	the	element,	1s2	2s2	2p6	3s2	3p6	3d6	4s2.
The	number	of	electrons	must	equal	26;	recall	that	the	4s	subshell	must	be	filled	before	the	3d
because	it	has	the	lower	energy.	Thus,	3d	will	carry	6	electrons.

7.	 A
The	difference	between	the	first	and	second	electron	configurations	is	that	in	the	second
configuration,	one	electron	has	moved	from	the	3p	subshell	to	the	4s	subshell.	Although	the
3p	and	4s	subshells	have	the	same	(n	+	l)	value,	the	3p	subshell	fills	first	because	it	is	slightly
lower	in	energy.	In	order	for	an	electron	to	move	from	the	3p	subshell	to	the	4s	subshell,	it
must	absorb	energy.

8.	 A
In	order	to	determine	which	subshell	has	the	lowest	energy,	the	(n	+	l)	rule	must	be	used.	The
values	of	the	first	and	second	quantum	numbers	are	added	together,	and	the	subshell	with	the
lowest	(n	+	l)	value	has	the	lowest	energy.	The	sums	of	the	five	choices	are	(2	+	1)	=	3,	(3	+	0)	=	3,
(3	+	2)	=	5,	(4	+	0)	=	4,	(3	+	1)	=	4.	Choices	A	and	B	have	the	same	(n	+	l)	value,	so	the	subshell
with	the	lower	principal	quantum	number	has	the	lower	energy.	This	is	the	2p	subshell,	choice
A.

9.	 C
Scandium	has	21	electrons.	When	it	is	in	its	excited	state,	one	or	more	of	the	electrons	will	be
present	in	a	subshell	with	a	higher	energy	than	the	one	in	which	it	is	usually	located.	The
number	of	electrons	and	ordering	of	subshells	will	not	vary	from	the	ground	state	electron
configuration	of	scandium.	Choice	C	has	one	of	the	4s	electrons	present	in	the	3d	orbital.	This
represents	an	excited	state	because	energy	is	required	to	cause	an	electron	to	jump	from	4s	to
3d.	Note	that	choice	B	is	not	physically	possible	because	the	2s	orbital	cannot	contain	three
electrons.



Chapter	4

The	Periodic	Table

The	periodic	table	arranges	the	elements	in	increasing	atomic	numbers.	Its	spatial	layout	is	such
that	a	lot	of	information	about	an	element’s	properties	can	be	deduced	simply	by	examining	its
position.	The	vertical	columns	are	called	groups,	while	the	horizontal	rows	are	called	periods.	There
are	seven	periods,	representing	the	principal	quantum	numbers	n	=	1	to	n	=	7,	and	each	period	is
filled	more	or	less	sequentially.	The	period	an	element	is	in	tells	us	the	highest	shell	that	is	occupied,
or	the	highest	principal	quantum	number.	Elements	in	the	same	group	(same	column)	have	the
same	electronic	configuration	in	their	valence,	or	outermost	shell.	For	example,	both	magnesium
(Mg)	and	calcium	(Ca)	are	in	the	second	column;	they	both	have	2	electrons	in	the	outermost	s
subshell,	the	only	difference	being	that	the	principal	quantum	number	is	different	for	Ca	(n	=	4)	than
for	Mg	(n	=	3).	Because	it	is	these	outermost	electrons,	or	valence	electrons,	that	are	involved	in
chemical	bonding,	they	determine	the	chemical	reactivity	and	properties	of	the	element.	In	short,
elements	in	the	same	group	will	tend	to	have	similar	chemical	reactivities.

Valence	Electrons	and	the	Periodic	Table
Periodic	Trends	of	the	Elements
Types	of	Elements
The	Chemistry	of	Groups



Valence	Electrons	and	the	Periodic	Table

The	valence	electrons	of	an	atom	are	those	electrons	that	are	in	its	outer	energy	shell	or	that	are
available	for	bonding.	The	visual	layout	of	the	periodic	table	is	convenient	for	determining	the
electron	configuration	of	an	atom	(especially	the	valence	electron	configuration);	this	provides	a
quick	alternative	to	the	methods	described	in	the	previous	chapter.

Elements	in	the	leftmost	column	(Group	1	or	IA)	all	have	a	single	s	electron	in	their	valence	shell;
their	electron	configuration	can	therefore	be	represented	as	[X]	ns1,	where	[X]	designates	the
electron	configuration	of	the	noble	gas	element	(see	p.	71 )	that	immediately	precedes	it	and	is
abbreviated	this	way	because	these	electrons	are	core	electrons	that	do	not	generally	participate	in
chemical	reactions	and	are	hence	uninteresting	from	a	chemical	perspective.	Elements	in	the
second	column	(Group	2	or	IIA)	have	electronic	configurations	[X]	ns2;	their	valence	electrons	are	the
two	electrons	in	the	outermost	s	subshell.

The	next	block	of	elements	(elements	in	the	next	10	columns,	not	including	the	4f	lanthanide	and	5f
actinide	series)	are	all	known	as	transition	elements	and	have	electrons	in	the	d	subshell;	just	how
many	they	have	depends	on	exactly	which	column	they	are	in.	Elements	in	the	third	column	(Group
3	or	IIIA),	for	example,	have	configurations	[X]	ns2	(n	−	1)d1.	(Note	that	the	principal	quantum
number	for	the	d	subshell	is	one	less	than	that	for	the	s	subshell—remember,	for	example,	how	after
filling	the	3p	subshell,	one	fills	the	lower-energy	4s	orbital	first	before	“going	back”	to	fill	the	3d
subshell.)	Their	valence	electrons	are	those	in	the	outermost	s	subshell	and	in	the	d	subshell	of	the
next-to-outermost	energy	shell.	For	the	inner	transition	elements,	the	valence	electrons	are	those	in



the	s	subshell	of	the	outermost	energy	shell,	the	d	subshell	of	the	next-to-outermost	energy	shell,
and	the	f	subshell	of	the	energy	shell	two	levels	below	the	outermost	shell.

The	last	six	columns	of	the	periodic	table	contain	elements	with	s	and	p	valence	electrons.

BASIC	CONCEPT

left	→	right: atomic	radius↓

ionization	energy↑

electronegativity↑

(except	for	noble	gases)

top	→	bottom: atomic	radius↑

ionization	energy↓

electronegativity↓



Periodic	Trends	of	the	Elements

The	properties	of	the	elements	exhibit	certain	trends,	which	can	be	explained	in	terms	of	the
position	of	the	element	in	the	periodic	table,	or	in	terms	of	the	electron	configuration	of	the
element.	Elements	in	general	seek	to	gain	or	lose	valence	electrons	so	as	to	achieve	the	stable	octet
formation	possessed	by	the	inert	or	noble	gases	of	Group	VIII	(last	column	of	the	periodic	table).	Two
other	important	general	trends	exist.	First,	as	one	goes	from	left	to	right	across	a	period,	electrons
are	added	one	at	a	time;	the	electrons	of	the	outermost	shell	experience	an	increasing	amount	of
nuclear	attraction,	becoming	closer	and	more	tightly	bound	to	the	nucleus.	Second,	as	one	goes
down	a	given	column,	the	outermost	electrons	become	less	tightly	bound	to	the	nucleus.	This	is
because	the	number	of	filled	principal	energy	levels	(which	shield	the	outermost	electrons	from
attraction	by	the	nucleus)	increases	downward	within	each	group.	These	trends	help	explain
elemental	properties	such	as	atomic	radius,	ionization	potential,	electron	affinity,	and
electronegativity.

ATOMIC	RADII
The	atomic	radius	is	an	indication	of	the	size	of	an	atom.	In	general,	the	atomic	radius	decreases
across	a	period	from	left	to	right	and	increases	down	a	given	group;	the	atoms	with	the	largest
atomic	radii	will	therefore	be	found	at	the	bottom	of	groups,	and	in	Group	I.

As	one	moves	from	left	to	right	across	a	period,	electrons	are	added	one	at	a	time	to	the	outer
energy	shell.	Electrons	in	the	same	shell	cannot	shield	one	another	from	the	attractive	pull	of
protons	very	efficiently.	Therefore,	since	the	number	of	protons	is	also	increasing,	producing	a
greater	positive	charge,	the	effective	nuclear	charge	increases	steadily	across	a	period,	meaning	that
the	valence	electrons	feel	a	stronger	and	stronger	attraction	toward	the	nucleus.	This	causes	the
atomic	radius	to	decrease.

As	one	moves	down	a	group	of	the	periodic	table,	the	number	of	electrons	and	filled	electron	shells
will	increase,	but	the	number	of	valence	electrons	will	remain	the	same.	Thus,	the	outermost
electrons	in	a	given	group	will	feel	the	same	amount	of	effective	nuclear	charge,	but	electrons	will



be	found	farther	from	the	nucleus	as	the	number	of	filled	energy	shells	increases.	Thus,	the	atomic
radius	will	increase.

IONIZATION	ENERGY
The	ionization	energy	(IE),	or	ionization	potential,	is	the	energy	required	to	completely	remove	an
electron	from	an	atom	or	ion.	Removing	an	electron	from	an	atom	always	requires	an	input	of
energy,	since	the	electron	is	attracted	to	the	positively	charged	nucleus.	The	closer	and	more	tightly
bound	an	electron	is	to	the	nucleus,	the	more	difficult	it	will	be	to	remove,	and	the	higher	the
ionization	energy	will	be.	The	first	ionization	energy	is	the	energy	required	to	remove	one	valence
electron	from	the	parent	atom;	the	second	ionization	energy	is	the	energy	needed	to	remove	a
second	valence	electron	from	the	ion	with	+1	charge	to	form	the	ion	with	+2	charge,	and	so	on.
Successive	ionization	energies	grow	increasingly	large;	that	is,	the	second	ionization	energy	is
always	greater	than	the	first	ionization	energy.	For	example:

Ionization	energy	increases	from	left	to	right	across	a	period	as	the	atomic	radius	decreases.	Moving
down	a	group,	the	ionization	energy	decreases	as	the	atomic	radius	increases.	Group	I	elements
have	low	ionization	energies	because	the	loss	of	an	electron	results	in	the	formation	of	a	stable
octet.

ELECTRON	AFFINITY
Electron	affinity	is	the	energy	that	is	released	when	an	electron	is	added	to	a	gaseous	atom,	and	it
represents	the	ease	with	which	the	atom	can	accept	an	electron.	The	stronger	the	attractive	pull	of
the	nucleus	for	electrons,	the	greater	the	electron	affinity	will	be.	A	positive	electron	affinity	value
represents	energy	release	when	an	electron	is	added	to	an	atom.

Generalizations	can	be	made	about	the	electron	affinities	of	particular	groups	in	the	periodic	table.
For	example,	the	Group	IIA	elements,	or	alkaline	earths,	have	low	electron	affinity	values.	These
elements	are	relatively	stable	because	their	s	subshell	is	filled:	They	do	not	particularly	“care”	to
gain	an	extra	electron,	even	though	the	process	is	still	favorable.	Group	VIIA	elements,	or	halogens,



have	high	electron	affinities	because	the	addition	of	an	electron	to	the	atom	results	in	a	completely
filled	shell,	which	represents	a	stable	electron	configuration.	Achieving	the	stable	octet	involves	a
release	of	energy,	and	the	strong	attraction	of	the	nucleus	for	the	electron	leads	to	a	high	energy
change.	The	Group	VIII	elements,	or	noble	gases,	have	electron	affinities	on	the	order	of	zero	since
they	already	possess	a	stable	octet:	Gaining	an	extra	electron	is	really	not	that	favorable	and	would
not	result	in	the	release	of	much	energy.	In	general,	we	can	expect	electron	affinity	to	decrease
down	groups	and	increase	across	periods.

A	crude	way	of	describing	the	difference	between	ionization	energy	and	electron	affinity	is	that	the
former	tells	us	how	attached	the	atom	is	to	the	electrons	it	already	has,	while	the	latter	tells	us	how
the	atom	feels	about	gaining	another	electron.

A	CLOSER	LOOK

Cesium	(Cs),	at	the	bottom	left	of	the	periodic	table,	has	the	largest	atomic	radius	of	any
naturally	occurring	atom.	It	also	has	the	lowest	ionization	energy,	the	lowest	electron
affinity,	and	the	lowest	electronegativity	of	all	stable	neutral	atoms.	(Francium	is	not	a
stable,	naturally	occurring	element.)

ELECTRONEGATIVITY
Electronegativity	is	a	measure	of	the	attraction	an	atom	has	for	electrons	in	a	chemical	bond.	The
greater	the	electronegativity	of	an	atom,	the	greater	its	attraction	for	bonding	electrons.	It	is	related
to	ionization	energy	and	electron	affinity:	Elements	with	low	ionization	energies	and	low	electron
affinities	will	have	low	electronegativities	because	their	nuclei	do	not	attract	electrons	strongly,
while	elements	with	high	ionization	energies	and	high	electron	affinities	will	have	high
electronegativities	because	of	the	strong	pull	the	nucleus	has	on	electrons.	Therefore,
electronegativity	increases	from	left	to	right	across	periods.	In	any	group,	the	electronegativity
decreases	as	the	atomic	number	increases,	as	a	result	of	the	increased	distance	between	the	valence
electrons	and	the	nucleus,	i.e.,	greater	atomic	radius.





Types	of	Elements

The	elements	of	the	periodic	table	may	be	classified	into	three	categories:	metals,	located	on	the
left	side	and	in	the	middle	of	the	periodic	table;	nonmetals,	located	on	the	right	side	of	the	table;
and	metalloids	(semimetals),	found	along	a	diagonal	line	between	the	other	two.

METALS
Metals	are	shiny	solids	at	room	temperature	(except	for	mercury,	which	is	a	liquid),	and	generally
have	high	melting	points	and	densities.	Metals	have	the	characteristic	ability	to	be	deformed
without	breaking.	The	ability	of	a	metal	to	be	hammered	into	shapes	is	called	malleability	and	the
ability	to	be	drawn	into	wires	is	called	ductility.	Many	of	the	characteristic	properties	of	metals,
such	as	large	atomic	radius,	low	ionization	energy,	and	low	electronegativity,	are	due	to	the	fact
that	the	few	electrons	in	the	valence	shell	of	a	metal	atom	can	easily	be	removed.	Because	the
valence	electrons	can	move	freely,	metals	are	good	conductors	of	heat	and	electricity.	Groups	IA	and
IIA	represent	the	most	reactive	metals.	The	transition	elements	are	metals	that	have	partially	filled	d
orbitals.

NONMETALS
Nonmetals	are	generally	brittle	in	the	solid	state	and	show	little	or	no	metallic	luster.	They	have	high
ionization	energies	and	electronegativities,	and	are	usually	poor	conductors	of	heat	and	electricity.



Most	nonmetals	share	the	ability	to	gain	electrons	easily	(i.e.,	they	tend	to	form	negative	ions),	but
otherwise	they	display	a	wide	range	of	chemical	behaviors	and	reactivities.	The	nonmetals	are
located	on	the	upper	right	side	of	the	periodic	table;	they	are	separated	from	the	metals	by	a	line
cutting	diagonally	through	the	region	of	the	periodic	table	containing	elements	with	partially	filled
p	orbitals.

METALLOIDS
The	metalloids,	or	semimetals,	are	found	along	the	line	between	the	metals	and	nonmetals	in	the
periodic	table,	and	their	properties	vary	considerably.	Their	densities,	boiling	points,	and	melting
points	fluctuate	widely.	The	electronegativities	and	ionization	energies	of	metalloids	lie	between
those	of	metals	and	nonmetals;	therefore,	these	elements	possess	characteristics	of	both	those
classes.	For	example,	silicon	has	a	metallic	luster,	yet	it	is	brittle	and	is	not	an	efficient	conductor.
The	reactivity	of	metalloids	is	dependent	upon	the	element	with	which	they	are	reacting.	For
example,	boron	(B)	behaves	as	a	nonmetal	when	reacting	with	sodium	(Na)	and	as	a	metal	when
reacting	with	fluorine	(F).	The	elements	classified	as	metalloids	are	boron,	silicon,	germanium,
arsenic,	antimony,	and	tellurium.

DON’T	MIX	THESE	UP	ON	TEST	DAY

Metalloids

Boron	(B)
Silicon	(Si)
Germanium	(Ge)
Arsenic	(As)
Antimony	(Sb)
Tellurium	(Te)



The	Chemistry	of	Groups

Elements	in	the	same	group	have	the	same	number	of	valence	electrons,	and	hence	tend	to	have
very	similar	chemical	properties.

ALKALI	METALS
The	alkali	metals	are	the	elements	of	Group	IA.	They	possess	most	of	the	physical	properties
common	to	metals,	yet	their	densities	are	lower	than	those	of	other	metals.	The	alkali	metals	have
only	one	loosely	bound	electron	in	their	outermost	shell,	giving	them	the	largest	atomic	radii	of	all
the	elements	in	their	respective	periods.	Their	metallic	properties	and	high	reactivity	are
determined	by	the	fact	that	they	have	low	ionization	energies;	thus,	they	easily	lose	their	valence
electron	to	form	univalent	cations	(cations	with	a	+1	charge).	Alkali	metals	have	low
electronegativities	and	react	very	readily	with	nonmetals,	especially	halogens.

ALKALINE	EARTH	METALS
The	alkaline	earth	metals	are	the	elements	of	Group	IIA.	They	also	possess	many	characteristically
metallic	properties.	Like	the	alkali	metals,	these	properties	are	dependent	upon	the	ease	with	which
they	lose	electrons.	The	alkaline	earths	have	two	electrons	in	their	outer	shell	and	thus	have	smaller
atomic	radii	than	the	alkali	metals.	However,	the	two	valence	electrons	are	not	held	very	tightly	by
the	nucleus,	so	they	can	be	removed	to	form	divalent	cations.	Alkaline	earths	have	low
electronegativities	and	low	electron	affinities.

HALOGENS
The	halogens,	Group	VIIA	(second	to	last	column),	are	highly	reactive	nonmetals	with	seven	valence
electrons	(one	short	of	the	favored	octet	configuration).	Halogens	are	highly	variable	in	their
physical	properties.	For	instance,	the	halogens	range	from	gaseous	(F2	and	Cl2)	to	liquid	(Br2)	to	solid
(I2)	at	room	temperature.	Their	chemical	properties	are	more	uniform:	The	electronegativities	of



halogens	are	very	high,	and	they	are	particularly	reactive	toward	alkali	metals	and	alkaline	earths,
which	“want”	to	donate	electrons	to	the	halogens	to	form	stable	ionic	crystals.

NOBLE	GASES
The	noble	gases,	also	called	the	inert	gases,	are	found	in	Group	VIII.	They	are	fairly	nonreactive
because	they	have	a	complete	valence	shell,	which	is	an	energetically	favored	arrangement.	They
thus	have	high	ionization	energies.	They	possess	low	boiling	points	and	are	all	gases	at	room
temperature.

TRANSITION	ELEMENTS
The	transition	elements	are	those	that	are	found	between	the	alkaline	earth	metals	and	those	with
valence	p	electrons	(the	last	six	columns).	The	numbering	of	the	groups	can	get	rather	confusing
because	of	the	existence	of	two	conventions,	but	you	needn’t	be	too	concerned	with	this.	These
elements	are	metals	and	hence	are	also	known	as	transition	metals.	They	are	very	hard	and	have
high	melting	and	boiling	points.	As	one	moves	across	a	period,	the	five	d	orbitals	become
progressively	more	filled.	The	d	electrons	are	held	only	loosely	by	the	nucleus	and	are	relatively
mobile,	contributing	to	the	malleability	and	high	electrical	conductivity	of	these	elements.
Chemically,	transition	elements	have	low	ionization	energies	and	may	exist	in	a	variety	of	positively
charged	forms	or	oxidation	states.	This	is	because	transition	elements	are	capable	of	losing	various
numbers	of	electrons	from	the	s	and	d	orbitals	of	their	valence	shell.	For	instance,	copper	(Cu)	can
exist	in	either	the	+1	or	the	+2	oxidation	state,	and	manganese	(Mn)	occurs	in	the	+2,	+3,	+4,	+6,	or	+7
state.	Because	of	this	ability	to	attain	positive	oxidation	states,	transition	metals	form	many
different	ionic	and	partially	ionic	compounds.	The	dissolved	ions	can	form	complex	ions	either	with
molecules	of	water	(hydration	complexes)	or	with	nonmetals,	forming	highly	colored	solutions	and
compounds,	such	as	CuSO4	·	5H2O.

Complexes	of	transition	metal	ions,	called	coordination	complexes,	are	an	interesting	class	of
species	because	many	of	them	possess	bright	colors.	This	results	from	the	fact	that	the	formation	of
complexes	causes	the	d	orbitals	(normally	all	of	the	same	energy)	to	be	split	into	two	energy
sublevels.	Many	of	the	complexes	can	thus	absorb	certain	frequencies	of	light—those	containing	the
precise	amount	of	energy	required	to	raise	electrons	from	the	lower	to	the	higher	d	sublevel.	The
frequencies	not	absorbed	give	the	complexes	their	characteristic	colors.



THINGS	TO	REMEMBER

Valence	Electrons
Atomic	Radii
Ionization	Energy
Electron	Affinity
Electronegativity
Metals
Nonmetals
Metalloids
Alkali	Metals
Alkaline	Earth	Metals
Halogens
Noble	Gases
Transition	Elements



Review	Questions

1.	 Elements	in	a	given	period	have	the	same

atomic	weight(A)
maximum	azimuthal	quantum	number(B)
maximum	principal	quantum	number(C)
valence	electron	structure(D)
atomic	number(E)

2.	 Arrange	the	following	species	in	terms	of	increasing	atomic	(or	ionic)	radius:

Sr,	P,	Mg,	Mg2+

3.	 Which	of	the	following	elements	has	the	lowest	electronegativity?

Cesium(A)
Strontium(B)
Calcium(C)
Barium(D)
Potassium(E)

4.	 Arrange	the	following	calcium	species	in	terms	of	increasing	size:

Ca,	Ca+,	Ca2+,	Ca3+,	Ca–,	Ca2–

5.	 The	order	of	the	elements	in	the	periodic	table	is	based	on



the	number	of	neutrons(A)
the	radius	of	the	atom(B)
the	atomic	number(C)
the	atomic	weight(D)
the	number	of	oxidation	states(E)

6.	 The	elements	within	each	column	of	the	periodic	table

have	similar	valence	electron	configurations(A)
have	similar	atomic	radii(B)
have	the	same	principal	quantum	number(C)
will	react	to	form	stable	elements(D)
have	no	similar	chemical	properties(E)

7.	 Arrange	the	following	elements	in	terms	of	increasing	first	ionization	energy:

Ga,	Ba,	Ru,	F,	N

8.	 Arrange	the	following	elements	in	terms	of	decreasing	electronegativity:

Ca,	Cl,	Fr,	P,	Zn

9.	 Which	element	has	the	greatest	electronegativity?

Chlorine(A)
Oxygen(B)
Sulfur(C)
Phosphorus(D)
Fluorine(E)



10.	 Which	of	the	following	elements	is	most	electronegative?

S(A)
Cl(B)
Na(C)
Mg(D)
P(E)

11.	 Transition	metal	compounds	generally	exhibit	bright	colors	because

the	electrons	in	the	partially	filled	d	orbitals	are	easily	promoted	to	excited	states(A)
the	metals	become	complexed	in	water(B)
the	metals	conduct	electricity,	producing	colored	light(C)
the	electrons	in	the	d	orbitals	emit	energy	as	they	relax(D)
their	valence	electrons	cause	them	to	bind	to	other	metals(E)

12.	 Identify	the	following	elements	as	metal,	nonmetal,	or	semimetal	(metalloid):

Fr(A)
Pd(B)
I(C)
B(D)
Sc(E)



Answer	Key

REVIEW	QUESTIONS
1.	 C
2.	 Mg2+	<	P	<	Mg	<	Sr
3.	 A
4.	 Ca3+,	Ca2+,	Ca+,	Ca,	Ca–,	Ca2–

5.	 C
6.	 A
7.	 Ba	<	Ru	<	Ga	<	N	<	F
8.	 Cl	>	P	>	Zn	>	Ca	>	Fr
9.	 E

10.	 B
11.	 A
12.	 See	Answers	and	Explanations



Answers	and	Explanations

REVIEW	QUESTIONS
1.	 C

Refer	to	the	first	paragraph	of	this	chapter.

2.	 Mg2+	<	P	<	Mg	<	Sr

The	trends	in	atomic	radii	are	as	follows:	Going	from	left	to	right	across	a	period,	the	atomic
radii	decrease	because	the	atomic	number	increases.	The	increasing	number	of	protons	in	the
nucleus	will	have	a	stronger	attraction	for	the	outermost	electrons,	causing	them	to	be	held
closer	and	more	tightly	to	the	nucleus.	Going	down	a	group,	the	atomic	radius	will	increase
because	there	are	more	filled	principal	energy	levels	separating	the	nucleus	and	the	outermost
electrons,	shielding	the	attractive	force	between	them.	P	has	a	small	radius	because	it	lies	far
to	the	right	and	high	in	a	group.	The	magnesium	species	will	have	smaller	radii	than	the
strontium	species	because	they	are	higher	in	Group	II.	Finally,	positive	ions	have	smaller
atomic	radii	than	the	corresponding	neutral	molecules,	because	the	loss	of	electrons	leads	to
a	decrease	in	electron-electron	repulsion	within	the	atom,	which	in	turn	allows	the	electrons
to	move	in	closer	to	the	nucleus.	Therefore,	Mg2+	will	be	smaller	than	Mg.	Mg2+	has	a	smaller
radius	than	P	because	Mg2+	has	no	electrons	in	orbitals	of	the	third	principal	energy	level.

3.	 A
The	least	electronegative	elements	are	located	at	the	bottom	left	of	the	periodic	table.	Cesium
has	the	lowest	ionization	energy	and,	likewise,	it	is	the	least	electronegative.	Note	that
Francium	(Fr)	would	be	lower	still	but	is	not	a	stable,	naturally	occurring	element.

4.	 Ca3+,	Ca2+,	Ca+,	Ca,	Ca–,	Ca2–

Positive	ions	will	have	smaller	radii	than	the	corresponding	neutral	atoms,	and	the	greater	the
positive	charge,	the	smaller	the	ionic	radius.	Negative	ions	will	have	larger	radii	than	the



corresponding	neutral	atoms,	and	the	greater	the	negative	charge,	the	larger	the	ionic	radius
(see	answer	to	question	2,	above).

5.	 C
Refer	to	the	first	paragraph	of	this	chapter.

6.	 A
Refer	to	the	first	paragraph	of	this	chapter.

7.	 Ba	<	Ru	<	Ga	<	N	<	F

Remember	two	common	trends	when	ordering	atoms	according	to	their	ionization	energies.
First,	the	ionization	energy	increases	toward	the	right	across	a	period,	because	the	elements
are	less	willing	to	give	up	an	electron	as	the	attractive	pull	of	the	nucleus	increases.	Second,
the	ionization	energy	decreases	down	a	group,	because	the	distance	separating	the	valence
electrons	from	the	nucleus	increases.	Therefore,	to	order	the	elements	according	to	their	first
ionization	energy,	it	is	necessary	to	go	from	the	bottom	left	of	the	periodic	table,	where	the
lowest	values	are,	across	to	the	top	right	of	the	periodic	table,	where	the	highest	values	are.

8.	 Cl	>	P	>	Zn	>	Ca	>	Fr

The	two	trends	to	remember	with	electronegativity	are	that	it	increases	across	a	period	and
decreases	down	a	group.	Therefore,	chlorine,	which	is	farthest	to	the	top	and	right,	will	have
the	highest	value.	Francium	lies	farthest	to	the	left	and	bottom,	so	it	will	have	the	lowest
electronegativity.

9.	 E
Fluorine	is	the	most	electronegative	element	among	the	ones	given	since	it	is	closest	to	the
upper	right-hand	corner	of	the	periodic	table.

10.	 B
Chlorine	has	the	greatest	electronegativity	because,	out	of	all	the	choices,	it	lies	farthest	to	the
right	and	top	of	the	periodic	table.	Chlorine	has	a	great	attraction	for	electrons	in	a	chemical
bond	because	it	needs	only	one	more	electron	to	complete	a	stable	octet	formation.
Therefore,	it	has	a	high	electronegativity.



11.	 A
The	closely	spaced	split	d	orbitals	allow	for	relatively	low	energy	transitions;	these	transitions
often	occur	in	the	visible	region	of	the	electromagnetic	spectrum.	The	compound	appears	to
have	a	color	that	is	complementary	to	the	one	that	is	absorbed.	For	example,	if	the	transition
occurs	in	the	red	region	of	the	spectrum,	the	compound	will	appear	green.

12.	 Fr:	metalA.
Pd:	metalB.
I:	nonmetalC.
B:	semimetalD.
Sc:	metalE.



Chapter	5

Chemical	Bonding	and	Molecular	Structure

The	atoms	of	many	elements	can	combine	to	form	molecules.	The	atoms	in	most	molecules	are
held	together	by	strong	attractive	forces	called	chemical	bonds.	These	bonds	are	formed	via	the
interaction	of	the	valence	electrons	of	the	combining	atoms.	The	chemical	and	physical	properties
of	the	resulting	molecules	are	often	very	different	from	those	of	their	constituent	elements.

In	addition	to	the	very	strong	forces	within	a	molecule,	there	are	weaker	intermolecular	forces
between	molecules.	These	intermolecular	forces,	although	weaker	than	the	intramolecular
chemical	bonds,	are	of	considerable	importance	in	understanding	the	physical	properties	of	many
substances.	We	shall	discuss	intermolecular	forces	in	greater	detail	when	we	look	at	the	different
phases	of	matter	later	on.	Processes	that	involve	the	breaking	and	forming	of	chemical	bonds	are
generally	considered	chemical	processes,	while	those	that	only	involve	interactions	between
molecules	are	generally	considered	physical	processes.

In	the	formation	of	chemical	bonds,	many	molecules	contain	atoms	bonded	according	to	the	octet
rule,	which	states	that	an	atom	tends	to	bond	with	other	atoms	until	it	has	eight	electrons	in	its
outermost	shell,	thereby	forming	a	stable	electron	configuration	similar	to	that	of	the	noble	gas
elements.	Exceptions	to	this	rule	are	as	follows:	hydrogen,	which	can	have	only	two	valence
electrons	(the	configuration	of	He);	lithium	and	beryllium,	which	bond	to	attain	two	and	four
valence	electrons,	respectively;	boron,	which	bonds	to	attain	six;	and	elements	beyond	the	second

Ionic	Bonds	and	Ionic	Compounds
Covalent	Bonds
Lewis	Structures
Types	of	Covalent	Bonding
Geometry	and	Polarity	of	Covalent	Molecules
Orbital	Hybridization
Sigma	and	Pi	Bonds



row,	such	as	phosphorus	and	sulfur,	which	can	expand	their	octets	to	include	more	than	eight
electrons	by	incorporating	d	orbitals.

When	classifying	chemical	bonds,	it	is	helpful	to	introduce	two	distinct	types:	ionic	bonds	and
covalent	bonds.	In	ionic	bonding,	one	or	more	electrons	from	an	atom	with	a	smaller	ionization
energy	are	transferred	to	an	atom	with	a	great	electron	affinity,	and	the	resulting	ions	are	held
together	by	electrostatic	forces.	In	covalent	bonding,	an	electron	pair	is	shared	between	two	atoms.
In	many	cases,	the	bond	is	partially	covalent	and	partially	ionic;	we	call	such	bonds	polar	covalent
bonds.



Ionic	Bonds	and	Ionic	Compounds

When	two	atoms	with	large	differences	in	electronegativity	react,	there	is	a	complete	transfer	of
electrons	from	the	less	electronegative	atom	to	the	more	electronegative	atom.	The	atom	that	loses
electrons	becomes	a	positively	charged	ion,	or	cation,	and	the	atom	that	gains	electrons	becomes	a
negatively	charged	ion,	or	anion.	In	general,	the	elements	of	Groups	I	and	II	(low	electronegativities)
bond	ionically	to	elements	of	Group	VII	(high	electronegativities).	Elements	of	Groups	I	and	II
(metals)	give	up	their	electrons	to	form	cations	that	have	a	noble	gas	configuration,	while	Group	VII
elements	gain	an	electron	to	form	anions	with	the	noble	gas	configuration.	For	example,	a	neutral
sodium	atom	has	one	valence	electron	in	the	3s	subshell,	whereas	a	neutral	chlorine	atom	has	seven
valence	electrons.	If	sodium	sheds	itself	of	its	valence	electron,	it	will	possess	the	same	electronic
configuration	as	neon,	a	noble	or	inert	gas	with	a	filled	octet.	Conversely,	chlorine	is	one	electron
short	of	a	stable	octet:	If	it	gains	an	extra	electron,	it	will	have	the	electronic	configuration	of	argon.
When	the	two	come	together,	then	sodium	loses	an	electron	to	chlorine:

Na	+	Cl	→	Na+	Cl–

Since	opposite	charges	attract,	these	two	are	now	held	together	by	electrostatic	forces	and	form	the
compound	we	know	as	sodium	chloride,	or	salt.	This	force	of	attraction	between	the	charged	ions	is
called	an	ionic	bond.

BASIC	CONCEPTS

ionic	bond: transfer	of	electron(s)

covalent	bond: sharing	of	electron(s)

As	seen	from	the	example	above,	ionic	compounds	are	formed	by	the	interactions	of	cations	and
anions.	The	nomenclature,	or	naming,	of	ionic	compounds	is	based	on	the	names	of	the	component
ions.	The	following	are	some	general	guidelines:



The	cationic	species	(usually	metals)	are	usually	named	simply	as	the	element,	e.g.,	NaCl:
sodium	chloride,	CaF2:	calcium	fluoride.	For	elements	that	can	form	more	than	one	positive
ion,	the	charge	is	indicated	by	a	Roman	numeral	in	parentheses	following	the	name	of	the
element.

Fe2+	Iron	(II) Cu+	Copper	(I)

Fe3+	Iron	(III) Cu2+	Copper	(II)

1.

An	older	but	still	commonly	used	method	is	to	add	the	endings	–ous	or	–ic	to	the	root	of	the
Latin	name	of	the	element,	to	represent	the	ions	with	lesser	or	greater	charge,	respectively.

Fe2+	Ferrous Cu+	Cuprous

Fe3+	Ferric Cu2+	Cupric

2.

Monatomic	anions	(single-atom	anions)	are	named	by	dropping	the	ending	of	the	name	of	the
element	and	adding	–ide,	as	in	the	examples	of	sodium	chloride	and	calcium	fluoride	above.
Also:

H– Hydride

S2– Sulfide

N3– Nitride

O2– Oxide

P3– Phosphide

3.

Many	polyatomic	anions	contain	oxygen	and	are	called	oxyanions.	When	an	element	forms
two	oxyanions,	the	name	of	the	one	with	less	oxygen	ends	in	–ite	and	the	one	with	more
oxygen	ends	in	–ate.

NO2
–	Nitrite SO3

2–	Sulfite

NO3
–	Nitrate SO4

2–	Sulfate

4.

When	the	series	of	oxyanions	contains	four	oxyanions,	prefixes	are	also	used.	Hypo–	and	per–
are	used	to	indicate	less	oxygen	and	more	oxygen,	respectively.	(Note	that	these	prefixes	are
used	only	when	there	are	more	than	two	possibilities	for	the	oxyanion.)

ClO– Hypochlorite

5.



Using	the	above	rules,	then,	one	can	determine	the	names	of	ionic	compounds	such	as	the
following:

NaClO4 sodium	perchlorate

NaClO sodium	hypochlorite

NaNO3 sodium	nitrate

KNO2 potassium	nitrite

Li2SO4 lithium	sulfate

MgSO3 magnesium	sulfite

Note	that	the	name	itself	does	not	explicitly	tell	us	how	many	ions	of	each	there	are;	for	example,
the	names	lithium	sulfite	and	calcium	fluoride	do	not	tell	us	that	there	are	two	lithium	ions	and	two
fluoride	ions	in	the	respective	compound—we	have	to	deduce	that	from	knowing	that	the	positive
and	negative	charges	have	to	balance	each	other	to	give	a	neutral	ionic	compound.	Also,	note	that
in	a	compound	like	lithium	sulfate,	both	ionic	and	covalent	bonds	exist:	The	sulfur	is	bonded
covalently	to	the	oxygen	atoms,	while	the	sulfate	anion	as	a	whole	interacts	with	lithium	ions	to
form	ionic	bonds.

ClO2
– Chlorite

ClO3
– Chlorate

ClO4
– Perchlorate

Polyatomic	anions	often	gain	one	or	more	H+	ions	to	form	anions	of	lower	charge.	The
resulting	ions	are	named	by	adding	the	word	hydrogen	or	dihydrogen	to	the	front	of	the
anion’s	name.	An	older	method	uses	the	prefix	bi–	to	indicate	the	addition	of	a	single
hydrogen	ion.

HCO3
– Hydrogen	carbonate	or	bicarbonate

HSO4
– Hydrogen	sulfate	or	bisulfate

H2PO4
– Dihydrogen	phosphate

6.



As	described	in	the	previous	chapter,	metals,	which	are	found	in	the	left	part	of	the	periodic	table,
generally	form	positive	ions,	whereas	nonmetals,	which	are	found	in	the	right	part	of	the	periodic
table,	generally	form	negative	ions.	Note,	however,	the	existence	of	anions	that	contain	metallic
elements,	such	as	MnO4

–	(permanganate)	and	CrO4
2–	(chromate).	All	elements	in	a	given	group	tend

to	form	monatomic	ions	with	the	same	charge.	Thus	ions	of	alkali	metals	(Group	I)	usually	form
cations	with	a	single	positive	charge,	the	alkaline	earth	metals	(Group	II)	form	cations	with	a	double
positive	charge,	and	the	halides	(Group	VII)	form	anions	with	a	single	negative	charge.

Ionic	compounds	have	characteristic	physical	properties.	They	have	high	melting	and	boiling	points
due	to	the	strong	electrostatic	forces	between	the	ions.	They	can	conduct	electricity	in	the	liquid
and	aqueous	states,	though	not	in	the	solid	state.	Ionic	solids	form	crystal	lattices	consisting	of
infinite	arrays	of	positive	and	negative	ions	in	which	the	attractive	forces	between	ions	of	opposite
charge	are	maximized,	while	the	repulsive	forces	between	ions	of	like	charge	are	minimized.



Covalent	Bonds

When	two	or	more	atoms	with	similar	electronegativities	interact,	they	achieve	a	noble	gas	electron
configuration	by	sharing	electrons	in	what	is	known	as	a	covalent	bond.	The	binding	force	between
the	two	atoms	results	from	the	attraction	that	each	electron	of	the	shared	pair	has	for	the	two
positive	nuclei.	This	sharing	of	electrons	is	best	envisioned	by	using	dots	to	represent	valence
electrons	as	follows:

Each	fluorine	atom	has	seven	valence	electrons;	they	are	both	one	short	of	a	stable	octet.	Unlike	the
case	of	ionic	bonding,	however,	there	are	no	willing	“electron	donors”	with	low	electronegativity
around	from	which	they	can	grab	an	electron.	What	they	need	to	do	is	to	each	share	one	electron
with	its	partner:	The	first	structure	drawn	on	the	right-hand	side	of	the	arrow	shows	how	each	F
atom	now	has	eight	valence	electrons;	the	pair	in	the	middle	is	shared	by	both.	This	pair	of	electrons
is	known	as	a	bonding	pair	of	electrons,	as	opposed	to	the	unshared	lone	pairs,	and	is	what
constitutes	the	covalent	bond	between	the	two	F	atoms	in	the	F2	molecule.	The	bonding	nature	of
these	atoms	is	better	indicated	by	the	line	between	the	atoms	shown	in	the	second	structure.

Sometimes	forming	an	octet	requires	sharing	more	than	one	electron	from	each	atom.	The	oxygen
molecule,	O2,	and	carbon	monoxide,	CO,	for	example,	involve	two	and	three	pairs	of	bonding
electrons,	respectively:

When	two	pairs	of	electrons	are	shared,	the	bond	is	known	as	a	double	bond.	When	three	pairs	of
electrons	are	shared,	the	bond	is	known	as	a	triple	bond.	The	number	of	shared	electron	pairs
between	two	atoms	is	called	the	bond	order;	hence	a	single	bond	(as	in	F2)	has	a	bond	order	of	one,
a	double	bond	has	a	bond	order	of	two,	and	a	triple	bond	has	a	bond	order	of	three.



A	covalent	bond	can	be	characterized	by	two	features:	bond	length	and	bond	energy.

BOND	LENGTH
Bond	length	is	the	average	distance	between	the	two	nuclei	of	the	atoms	involved	in	the	bond.	As
the	number	of	shared	electron	pairs	increases,	the	two	atoms	are	pulled	closer	together,	leading	to
a	decrease	in	bond	length.	Thus,	for	a	given	pair	of	atoms,	a	triple	bond	is	shorter	than	a	double
bond,	which	is	in	turn	shorter	than	a	single	bond.

BOND	ENERGY
Bond	energy	is	the	energy	required	to	separate	two	bonded	atoms.	For	a	given	pair	of	atoms,	the
strength	of	a	bond	(and	therefore	the	bond	energy)	increases	as	the	number	of	shared	electron	pairs
increases.	So	a	triple	bond	is	stronger	than	a	double	bond,	and	a	double	bond	is	stronger	than	a
single	bond.	It	is	not	the	case,	however,	that	a	double	bond	is	twice	as	strong	(that	is,	needs	twice	as
much	energy	to	break)	as	a	single	bond.	The	reason	for	this	will	become	clearer	as	we	examine
bonding	from	a	slightly	different	perspective	toward	the	end	of	this	chapter.

BASIC	CONCEPT

The	larger	the	bond	energy,	the	harder	it	is	to	break	the	bond,	and	the	stronger	the	bond.



Lewis	Structures

As	mentioned	above,	the	shared	valence	electrons	of	a	covalent	bond	are	called	the	bonding
electrons,	while	the	valence	electrons	not	involved	in	the	covalent	bond	are	called	nonbonding
electrons,	also	called	lone	electron	pairs.	A	convenient	notation,	called	a	Lewis	structure	(examples
of	which	have	already	been	shown),	is	used	to	represent	the	bonding	and	nonbonding	electrons	in	a
molecule,	facilitating	chemical	“bookkeeping.”

The	number	of	valence	electrons	attributed	to	a	particular	atom	in	the	Lewis	structure	of	a	molecule
is	not	necessarily	the	same	as	the	number	would	be	in	the	isolated	atom,	and	the	difference
accounts	for	what	is	referred	to	as	the	formal	charge	of	that	atom.	Often,	more	than	one	Lewis
structure	can	be	drawn	for	a	molecule;	this	phenomenon	is	called	resonance.

DRAWING	LEWIS	STRUCTURES
A	Lewis	structure,	or	Lewis	dot	symbol,	is	the	chemical	symbol	of	an	element	surrounded	by	dots,
each	representing	one	of	the	s	and/or	p	valence	electrons	of	the	atom.	The	Lewis	symbols	of	the
elements	found	in	the	second	period	of	the	periodic	table	are	shown	below.

Just	as	a	Lewis	symbol	is	used	to	represent	the	distribution	of	valence	electrons	in	an	atom,	it	can
also	be	used	to	represent	the	distribution	of	valence	electrons	in	a	molecule.



Certain	steps	must	be	followed	in	assigning	a	Lewis	structure	to	a	molecule.	These	steps	are
outlined	below,	using	HCN	as	an	example.

Write	the	skeletal	structure	of	the	compound	(i.e.,	the	arrangement	of	atoms).	In	general,	the
least	electronegative	atom	is	the	central	atom.	Hydrogen	(always)	and	the	halogens	F,	Cl,	Br,
and	I	(usually)	occupy	the	end	position.
In	HCN,	H	must	occupy	an	end	position.	Of	the	remaining	two	atoms,	C	is	the	least
electronegative,	and	therefore	occupies	the	central	position.	The	skeletal	structure	is	as
follows:

H			C			N

Count	all	the	valence	electrons	of	the	atoms.	The	number	of	valence	electrons	of	the	molecule
is	the	sum	of	the	valence	electrons	of	all	atoms	present:

H	has	one	valence	electron;

C	has	four	valence	electrons;

N	has	five	valence	electrons;	therefore,

HCN	has	a	total	of	ten	valence	electrons.

Draw	single	bonds	between	the	central	atom	and	the	atoms	surrounding	it.	Place	an	electron
pair	in	each	bond	(bonding	electron	pair).

H		:		C		:		N

Each	bond	has	two	electrons,	so	10	–	4	=	6	valence	electrons	remain.

Complete	the	octets	(eight	valence	electrons)	of	all	atoms	bonded	to	the	central	atom,	using
the	remaining	valence	electrons	still	to	be	assigned.	(Recall	that	H	is	an	exception	to	the	octet
rule	since	it	can	have	only	two	valence	electrons.)	In	this	example	H	already	has	two	valence
electrons	in	its	bond	with	C.



FORMAL	CHARGE
The	number	of	electrons	officially	assigned	to	an	atom	in	a	Lewis	structure	does	not	always	equal
the	number	of	valence	electrons	of	the	free	atom.	The	difference	between	these	two	numbers	is	the
formal	charge	of	the	atom.	Formal	charge	can	be	calculated	using	the	following	formula:

where	V	is	the	number	of	valence	electrons	in	the	free	atom,	Nbonding	is	the	number	of	bonding
electrons,	and	Nnonbonding	is	the	number	of	nonbonding	electrons.

The	charge	of	an	ion	or	molecule	is	equal	to	the	sum	of	the	formal	charges	of	the	individual	atoms
comprising	the	ion	or	molecule.	In	other	words,	for	a	neutral	molecule,	the	formal	charges	of	the
individual	atoms	have	to	add	up	to	zero.

Example: Calculate	the	formal	charge	on	the	central	N	atom	of	NH4
+.

Solution: The	Lewis	structure	of	NH4
+	is

Place	any	extra	electrons	on	the	central	atom.	If	the	central	atom	has	less	than	an	octet,	try	to
write	double	or	triple	bonds	between	the	central	and	surrounding	atoms	using	the
nonbonding,	unshared	lone	electron	pairs.
The	HCN	structure	above	does	not	satisfy	the	octet	rule	for	C	because	C	possesses	only	four
valence	electrons.	Therefore,	two	lone	electron	pairs	from	the	N	atom	must	be	moved	to	form
two	more	bonds	with	C,	creating	a	triple	bond	between	C	and	N.	Finally,	bonds	are	drawn	as
lines	rather	than	pairs	of	dots.

H	–	C	≡	N:

Now	the	octet	rule	is	satisfied	for	all	three	atoms,	since	C	and	N	have	eight	valence	electrons
and	H	has	two	valence	electrons.



	 Nitrogen	is	in	group	VA;	thus	it	has	5	valence	electrons.	In	NH4
+,	N	has	4	bonds	(i.e.,	8

bonding	electrons	and	no	nonbonding	electrons).	So,	V	=	5;	Nbonding	=	8;	Nnonbonding	=	0

Thus,	the	formal	charge	on	the	N	atom	in	NH4
+	is	+1.

RESONANCE	STRUCTURES
For	some	molecules,	two	or	more	nonidentical	Lewis	structures	can	be	drawn;	these	are	called
resonance	structures.	The	molecule	doesn’t	actually	exist	as	either	one	of	the	resonance	structures,
but	is	rather	a	composite,	or	hybrid,	of	the	two.	For	example,	SO2	has	three	resonance	structures.
Resonance	structures	are	expressed	with	a	double-headed	arrow	between	them;	thus,

represents	the	resonance	structures	of	SO2.	The	actual	molecule	is	a	hybrid	of	these	three	structures
(the	two	S–O	bonds	are	actually	equivalent:	No	one	bond	is	stronger	than	the	other).

The	last	two	resonance	structures	of	sulfur	dioxide	shown	above	have	equivalent	energy	or	stability.
Often,	nonequivalent	resonance	structures	may	be	written	for	a	molecule.	In	these	cases,	the	more
stable	the	structure,	the	more	that	structure	contributes	to	the	character	of	the	resonance	hybrid.
Conversely,	the	less	stable	the	resonance	structure,	the	less	that	structure	contributes	to	the
resonance	hybrid.	In	the	example	above,	it	is	the	structure	on	the	left	of	the	diagram	that	is	the	most
stable.	Formal	charges	are	often	useful	for	qualitatively	assessing	the	stability	of	a	particular
resonance	structure.	The	following	guidelines	are	used:

A	Lewis	structure	with	small	or	no	formal	charges	is	preferred	over	a	Lewis	structure	with	large



Resonance	structures	can	differ	only	in	the	way	the	electrons	are	distributed;	the	arrangement	of
the	actual	atoms	cannot	change.

Example: Write	the	resonance	structures	for	NCO–.

Solution:

formal	charges.
A	Lewis	structure	in	which	negative	formal	charges	are	placed	on	more	electronegative	atoms
is	more	stable	than	one	in	which	the	formal	charges	are	placed	on	less	electronegative	atoms.

C	is	the	least	electronegative	of	the	three	given	atoms,	N,	C,	and	O.	Therefore	the	C	atom	occupies	the	central

position	in	the	skeletal	structure	of	NCO–.

N			C			O

1.

N	has	5	valence	electrons;

C	has	4	valence	electrons;

O	has	6	valence	electrons;

and	the	species	itself	has	one	negative	charge,	indicating	the	presence	of	an	extra	electron.

2.

Draw	single	bonds	between	the	central	C	atom	and	the	surrounding	atoms,	N	and	O.	Place	a	pair	of	electrons	in

each	bond.

N	:	C	:	O

3.

Complete	the	octets	of	N	and	O	with	the	remaining	16	–	4	=	12	electrons.4.

The	C	octet	is	incomplete.	There	are	three	ways	in	which	double	and	triple	bonds	can	be	formed	to	complete	the

C	octet:	two	lone	pairs	from	the	O	atom	can	be	used	to	form	a	triple	bond	between	the	C	and	O	atoms;

or	one	lone	electron	pair	can	be	taken	from	both	the	O	and	the	N	atoms	to	form	two	double	bonds,	one	between

N	and	C,	and	the	other	between	O	and	C;

5.



EXCEPTIONS	TO	THE	OCTET	RULE	AND	LEWIS	STRUCTURES
As	mentioned	above,	atoms	found	in	or	beyond	the	third	period	can	have	more	than	eight	valence
electrons,	since	some	of	the	valence	electrons	may	occupy	d	orbitals.	(Recall	that	in	order	to	have
electrons	in	the	d	subshell,	the	principal	quantum	number	must	be	3	or	above.	The	maximum
number	of	electrons	that	a	shell	can	hold	is	2n2	≥	18	when	n	≥	3.)	These	atoms	can	be	assigned	more
than	four	bonds	in	Lewis	structures.	When	drawing	the	Lewis	structure	of	the	sulfate	ion,	giving	the
sulfur	12	valence	electrons	permits	three	of	the	five	atoms	to	be	assigned	a	formal	charge	of	zero.
The	sulfate	ion	can	be	drawn	in	six	resonance	forms,	each	with	the	two	double	bonds	attached	to	a
different	combination	of	oxygen	atoms.

or	two	lone	electron	pairs	can	be	taken	from	the	N	atom	to	form	a	triple	bond	between	the	C	and	N	atoms.

These	three	are	all	resonance	structures	of	NCO–.



Types	of	Covalent	Bonding

The	nature	of	a	covalent	bond	depends	on	the	relative	electronegativities	of	the	atoms	sharing	the
electron	pairs.	Covalent	bonds	are	polar	or	nonpolar	depending	on	the	difference	in
electronegativities	between	the	atoms.

POLAR	COVALENT	BONDS
Polar	covalent	bonding	occurs	between	atoms	with	small	differences	in	electronegativity.	The
bonding	electron	pair	is	not	shared	equally,	but	pulled	more	toward	the	element	with	the	higher
electronegativity.	Yet	the	difference	in	electronegativity	is	not	high	enough	for	complete	electron
transfer	(ionic	bonding)	to	take	place.	As	a	result,	the	more	electronegative	atom	acquires	a	partial
negative	charge,	δ–,	and	the	less	electronegative	atom	acquires	a	partial	positive	charge,	δ+,	giving
the	molecule	partially	ionic	character.	For	instance,	the	covalent	bond	in	HCl	is	polar	because	the
two	atoms	have	a	small	difference	in	electronegativity.	Chlorine,	the	more	electronegative	atom,
attains	a	partial	negative	charge	and	hydrogen	attains	a	partial	positive	charge.	This	difference	in
charge	is	indicated	by	an	arrow	crossed	(a	plus	sign)	at	the	positive	end	pointing	to	the	negative	end:

This	small	separation	of	charge	generates	what	is	known	as	a	dipole	moment.

NONPOLAR	COVALENT	BONDS
Nonpolar	covalent	bonding	occurs	between	atoms	that	have	the	same	electronegativities.	The
bonding	electrons	are	shared	equally,	with	no	separation	of	charge	across	the	bond.	Not
surprisingly,	nonpolar	covalent	bonds	occur	in	diatomic	molecules	with	the	same	atoms.	Certain
elements	exist	under	normal	conditions	only	as	diatomic	molecules:	N2,	O2,	F2,	Cl2,	Br2,	I2,	H2.	Their
positions	in	the	periodic	table	form	an	inverted	L-shape	towards	the	top	right,	excluding	the	noble
gases.



QUICK	QUIZ

Match	each	of	the	following	descriptions	with	the	lettered	types	of	bonds	below.

Answers:

COORDINATE	COVALENT	BONDS
In	a	coordinate	covalent	bond,	the	shared	electron	pair	comes	from	the	lone	pair	of	one	of	the
atoms	in	the	molecule.	Once	such	a	bond	forms,	it	is	indistinguishable	from	any	other	covalent
bond.	Distinguishing	such	a	bond	is	useful	only	in	keeping	track	of	the	valence	electrons	and	formal
charges.	Coordinate	bonds	are	typically	found	in	Lewis	acid-base	compounds	(see	chapter	13 	on
Acids	and	Bases).	A	Lewis	acid	is	a	compound	that	can	accept	an	electron	pair	to	form	a	covalent
bond;	a	Lewis	base	is	a	compound	that	can	donate	an	electron	pair	to	form	a	covalent	bond.	For
example,	in	the	reaction	between	boron	trifluoride	(BF3)	and	ammonia	(NH3):

Bonding	between	atoms	with	the	same	electronegativities1.
Bonding	between	atoms	with	small	differences	in	electronegativity2.
Bond	in	which	the	shared	electron	pair	comes	from	the	lone	pair	of	one	atom3.

Polar	covalent	bond(A)
Nonpolar	covalent	bond(B)
Coordinate	covalent	bond(C)

=	(B)1.
=	(A)2.
=	(C)3.



NH3	donates	a	pair	of	electrons	to	form	a	coordinate	covalent	bond;	thus,	it	acts	as	a	Lewis	base.	BF3
accepts	this	pair	of	electrons	to	form	the	coordinate	covalent	bond;	thus,	it	acts	as	a	Lewis	acid.



Geometry	and	Polarity	of	Covalent	Molecules

The	Lewis	structure	is	not	necessarily	a	good	pictorial	representation	of	the	three-dimensional
appearance	of	a	molecule.	The	actual	geometric	arrangement	of	the	bonds	and	different	atoms	is
obtained	by	using	the	VSEPR	theory	described	below.	The	shape	of	a	molecule	can	affect	its	polarity.

THE	VALENCE	SHELL	ELECTRON-PAIR	REPULSION	THEORY
The	valence	shell	electron-pair	repulsion	(VSEPR)	theory	uses	Lewis	structures	to	predict	the
molecular	geometry	of	covalently	bonded	molecules.	It	states	that	the	three-dimensional
arrangement	of	atoms	surrounding	a	central	atom	is	determined	by	the	repulsions	between	the
bonding	and	the	nonbonding	electron	pairs	in	the	valence	shell	of	the	central	atom.	These	electron
pairs	arrange	themselves	as	far	apart	as	possible,	thereby	minimizing	repulsion.

The	following	steps	are	used	to	predict	the	geometrical	structure	of	a	molecule	using	the	VSEPR
theory.

Valence	electron	arrangements	are	summarized	in	the	following	table:

number	of	valence

electrons

example geometric	arrangement	of	electron	pairs	around

the	central	atom

shape angle	between

electron	pairs

2 BeCl2 linear 180°

3 BH3 trigonal	planar 120°

4 CH4 tetrahedral 109.5°

Draw	the	Lewis	structure	of	the	molecule.
Count	the	total	number	of	bonding	and	nonbonding	electron	pairs	in	the	valence	shell	of	the
central	atom.
Arrange	the	electron	pairs	around	the	central	atom	so	that	they	are	as	far	apart	from	each
other	as	possible.	It	is	important	not	to	forget	to	take	into	consideration	nonbonding	pairs.



5 PCl5 trigonal

bipyramidal

90°,120°,180°

6 SF6 octahedral 90°,180°

While	the	number	of	electron	pairs	dictates	their	overall	arrangement	around	the	central	atom,	it	is
only	a	starting	point	in	arriving	at	the	actual	description	of	the	geometry	of	the	molecule.	If	one	of
the	X’s	in	the	table	above	is	a	lone	pair	of	electrons	rather	than	an	actual	atom	or	group	of	atoms,
new	terms	need	to	be	introduced	to	describe	the	spatial	arrangement	of	the	atoms.	The	example
below	illustrates	this	point.

Example: Predict	the	geometry	of	NH3.

Solution:

In	describing	the	shape	of	a	molecule,	only	the	arrangement	of	atoms	(not	electrons)	is	considered.
Even	though	the	electron	pairs	are	arranged	tetrahedrally,	the	shape	of	NH3	is	described	as	trigonal
pyramidal.	It	is	not	trigonal	planar	because	the	lone	pair	repels	the	three	bonding	electron	pairs,
causing	them	to	move	as	far	away	as	possible.

Example: Predict	the	geometry	of	CO2.

The	Lewis	structure	of	NH3	is:1.

The	central	atom,	N,	has	3	bonding	electron	pairs	and	1	nonbonding	electron	pair,	for	a	total	of	4	electron	pairs.2.

The	4	electron	pairs	will	be	farthest	apart	when	they	occupy	the	corners	of	a	tetrahedron.3.



Solution: The	Lewis	structure	of	CO2	is	O=C=O,	with	two	extra	lone	pairs	of	electrons	on	each
oxygen	atom	so	all	three	atoms	have	an	octet	structure.

The	double	bond	behaves	just	like	a	single	bond	for	purposes	of	predicting	molecular	shape.	This
compound	has	two	groups	of	electrons	around	the	carbon.	According	to	the	VSEPR	theory,	the	two
sets	of	electrons	will	orient	themselves	180°	apart,	on	opposite	sides	of	the	carbon	atom,
minimizing	electron	repulsion.	Therefore,	the	molecular	structure	of	CO2	is	linear.

POLARITY	OF	MOLECULES

BASIC	CONCEPT

A	molecule	is	polar	if	it	has	polar	bonds	and	if	the	dipole	moments	of	these	bonds	do	not
cancel	one	another.

Earlier	we	talked	about	the	concept	of	the	dipole	moment	in	a	polar	covalent	bond.	If	a	molecule
has	more	than	two	atoms,	there	will	be	more	than	one	bond.	Each	bond	may	or	may	not	be	a	dipole,
and	in	such	cases	one	can	talk	about	the	polarity	of	the	molecule	as	a	whole.	A	molecule	is	polar	if	it
has	polar	bonds	and	if	the	dipole	moments	of	these	bonds	do	not	cancel	one	another	(by	pointing	in
opposite	directions,	for	example).	The	polarity	of	a	molecule,	therefore,	depends	on	the	polarity	of
the	constituent	bonds	and	on	the	shape	of	the	molecule.	A	molecule	with	only	nonpolar	bonds	is
always	nonpolar;	a	molecule	with	polar	bonds	may	be	polar	or	nonpolar,	depending	on	the
orientation	of	the	bond	dipoles.	For	instance,	CCl4	has	four	polar	C–Cl	bonds.	According	to	the
VSEPR	theory,	the	shape	of	CCl4	is	tetrahedral.	The	four	bond	dipoles	point	to	the	vertices	of	the
tetrahedron	and	cancel	each	other,	resulting	in	a	nonpolar	molecule.



However,	if	the	orientation	of	the	bond	dipoles	is	such	that	they	do	not	cancel	out,	the	molecules
will	have	a	net	dipole	moment	and	therefore	be	polar.	For	instance,	H2O	has	two	polar	O–H	bonds.
According	to	the	VSEPR	model,	its	shape	is	angular.	The	two	dipoles	add	together	to	give	a	net
dipole	moment	to	the	molecule,	making	the	H2O	molecule	polar.

A	molecule	of	two	atoms	bound	by	a	polar	bond	must	have	a	net	dipole	moment	and	therefore	be
polar.	The	two	equal	and	opposite	partial	charges	are	localized	at	the	ends	of	the	molecule	on	the
two	atoms.



Orbital	Hybridization

So	far	we	have	ignored	the	fact	that	the	valence	electrons	that	interact	originally	occupy	different
atomic	orbitals	in	the	atoms	they	come	from.	What	does	it	mean	for	an	electron	in	the	2p	subshell	of
an	oxygen	atom	to	be	“shared”	with	another	atom,	for	example?	Does	it	still	occupy	the	same
dumbbell-like	region	of	space?	Does	it	matter	whether	the	orbital	is	2px,	2py,	or	2pz?	Can	it	not	be	a
valence	electron	from	the	2s	subshell	instead?	All	these	questions	are	addressed	(or	perhaps	more
correctly,	as	you	shall	see,	sidestepped)	in	the	orbital	hybridization	picture	of	bonding,	which
“scrambles”	the	atomic	orbitals	of	the	central	one	to	form	new,	hybrid	ones	that	participate	in
bonding.	It	is	not	so	much	an	alternative	to	VSEPR	theory	as	an	extension	of	it	that	gives	a	fuller
understanding	of	the	nature	of	bonding.

sp	HYBRIDIZATION
A	molecule	such	as	BeH2	has	a	linear	geometry.	The	two	valence	electrons	of	Be,	originally	in	the	2s
orbital,	are	shared	with	the	hydrogen	atoms	(which	in	turn	share	their	1s	electrons	with	Be).	In	the
orbital	hybridization	picture,	each	of	the	two	electrons	in	Be	actually	occupies	an	orbital	that	is	a
mix	of	an	s	and	a	p	orbital,	called	an	sp	hybrid	orbital.

These	two	hybrid	orbitals	are	oriented	antiparallel	to	each	other,	and	interact	with	the	1s	orbitals	of
the	hydrogen	atoms	on	each	end	of	the	molecule.	This	leads	to	the	180°	bond	angle	predicted	in	the
VSEPR	theory	(implied	by	the	linear	geometry).	The	general	convention	adopted	is	to	call	the	p
orbital	that	participates	in	hybridization	the	pz	orbital,	even	though	such	designations	are	by	and
large	arbitrary.	Also,	note	that	we	mix	two	atomic	orbitals	and	end	up	with	two	hybrid	orbitals:	In
general,	the	number	of	atomic	orbitals	that	“go	in”	has	to	equal	the	number	of	hybrid	orbitals	that
“come	out.”



sp2	HYBRIDIZATION
Three	sp2	hybrid	orbitals	are	formed	by	mixing	an	s	and	two	p	orbitals.

Again,	three	orbitals	are	mixed	to	generate	three	new	hybrid	orbitals.	These	are	oriented	120°	apart
from	each	other	and	thus	the	spatial	arrangement	is	in	accordance	with	the	trigonal	planar
geometry	of	molecules	like	BF3.

sp3	HYBRIDIZATION
Four	sp3	hybrid	orbitals	are	formed	by	mixing	an	s	and	all	three	of	the	p	orbitals.	These	hybrid
orbitals	point	toward	the	four	corners	of	a	tetrahedron.



Sigma	and	Pi	Bonds

Going	back	to	the	example	of	BeH2,	one	envisions	an	sp	hybridized	orbital	overlapping	with	the	s
orbitals	of	the	two	hydrogen	atoms	to	form	bonds.	These	kinds	of	bonds,	which	result	from	end-to-
end	overlap	of	orbitals	from	the	two	bonded	atoms,	are	known	as	sigma	bonds	(σ	bonds).	When
multiple	bonds	are	involved,	however,	we	do	not	have	several	σ	bonds	between	two	atoms.	What	we
have	instead	is	another	kind	of	bond	known	as	a	pi	bond	(π	bond),	which	has	a	very	different	spatial
arrangement.	A	useful	example	to	consider	is	that	of	the	ethene	molecule,	H2C=CH2,	in	which	the
carbon	atoms	are	double-bonded	to	each	other	and	each	of	them	is	also	bonded	to	two	hydrogen
atoms.	Each	carbon	atom,	then,	is	bonded	to	three	groups—a	CH2	group	and	two	H	atoms,	and
VSEPR	theory	would	lead	us	to	predict	that	the	three	groups	are	arranged	about	120°	apart:

This	is	in	fact	the	case.	The	carbon	atoms	are	both	sp2	hybridized.	For	each	of	the	two	carbon	atoms,
two	of	the	hybrid	orbitals	are	used	to	form	the	bonds	with	the	hydrogen	atoms,	with	the	remaining
one	forming	a	σ	bond	with	the	leftover	hybrid	orbital	from	the	other	carbon	atom.

Where	does	one	get	a	double	bond?	It	is	not	the	case	that	each	hybrid	orbital	gives	a	bond,	thus
giving	two:	Two	hybrid	orbitals	are	needed	to	interact	to	give	one	bond.	The	second	bond	that	is
needed	to	give	a	double	bond	comes	from	the	interaction	of	the	p	orbitals	that	are	left	unused	in
hybridization	(one	on	each	carbon	atom).	Remember	that	three	sp2	hybrid	orbitals	are	formed	by
mixing	an	s	and	two	p	orbitals.	Since	there	are	actually	three	p	orbitals,	one	is	left	over,	sticking	out
of	the	plane	that	contains	the	hybrid	orbitals.	(In	this	case,	then,	the	unhybridized	p	orbitals	are
coming	out	at	you.)	These	two	unhybridized	orbitals	from	different	carbon	atoms	can	interact	and



form	a	weaker	π	bond.	It	is	weaker	because	the	overlap	is	not	end-to-end	but	only	side-to-side.	You
can	see	this	by	rotating	the	molecule	90°	out	of	the	paper	so	that	the	plane	of	the	molecule	is	now
coming	out	at	you:

A	single	bond	then	consists	of	one	σ	bond,	while	a	double	bond	consists	of	a	σ	and	a	π	bond.	Since,
as	just	mentioned,	a	π	bond	is	weaker,	a	double	bond	is	not	twice	as	strong	as	a	single	bond,	even
though	it	is	stronger	because	of	the	additional	interactions.

Similarly,	a	triple	bond	consists	of	a	σ	and	two	π	bonds:	in	the	sp	hybridization	scheme,	two	p
orbitals	are	left	unused,	one	along	the	x	and	one	along	the	y	direction.	Each	of	these	can	form	a	π
bond	with	a	parallel	p	orbital	on	a	neighboring	atom.	These,	together	with	the	σ	bond	along	the	z
direction	formed	from	the	end-on-end	overlap	of	two	sp	hybridized	orbitals,	give	three	bonds	total.
Again,	since	π	bonds	are	weaker,	a	triple	bond,	though	stronger	than	a	single	bond,	is	not	three
times	as	strong.

DON’T	MIX	THESE	UP	ON	TEST	DAY

THINGS	TO	REMEMBER

A	single	bond	consists	of	one	σ	bond.
A	double	bond	consists	of	a	σ	and	a	π	bond.
A	triple	bond	consists	of	a	σ	and	two	π	bonds.

Ionic	Bonds



Ionic	Compounds
Covalent	Bonds
Bond	Length
Bond	Energy
Lewis	Structures
Formal	Charge
Resonance	Structures
Exceptions	to	the	Octet	Rule	and	Lewis	Structures
Polar	Covalent	Bonds
Nonpolar	Covalent	Bonds
Coordinate	Covalent	Bonds
The	Valence	Shell	Electron-Pair	Repulsion	Theory
Polarity	of	Molecules
sp	Hybridization
sp2	Hybridization
sp3	Hybridization
Sigma	and	Pi	Bonds



Review	Questions

1.	 Consider	the	following	reaction:

H2	(g)	+	F2	(g)	→	2	HF	(g)

Is	the	H—F	bond	more	or	less	polar	than	an	H—H	bond?

2.	 Arrange	the	following	compounds	in	terms	of	increasing	polarity:

HCN,	NaCl,	Cl2

3.	 Which	has	a	greater	C-C	bond	distance,	C2H4	or	C2H2?(A)

Which	has	a	greater	C-C	bond	energy?(B)

4.	 Which	represents	the	proper	Lewis	structure	of:

CHCl3(A)

I.

II.



III.

IV.

N2(B)

I.

II.

III.

IV.

[ClO4]–(C)

I.

II.

III.



IV.

5.	 Which	is	not	a	resonance	form	of:

(A)

I.

II.

III.

(B)

I.

II.



III.

6.	 Label	formal	charges	and	predict	which	is	the	most	likely	resonance	structure	for	N2O:

(A)
(B)
(C)
(D)

7.	 Draw	Lewis	structures	of	the	most	likely	ions	of	the	elements	from	Na	to	Ca.

8.	 Draw	Lewis	structures	for	each	of	the	following:

nitrate	ion	([NO3]–)(A)
phosphoric	acid	(H3PO4)(B)
aluminum	chloride	(AlCl3)(C)
sodium	phosphate	(Na3PO4)(D)

9.	 A	hydride	is	a	compound	containing	hydride	ion,	H–.	Predict	two	elements	whose	hydrides
would	contain	incomplete	octets.

10.	 Which	of	the	following	sets	of	molecules	contains	only	nonpolar	species?

BH3,	NH3,	AlH3(A)
NO2,	CO2,	ClO2(B)
HCl,	HNO2,	HClO3(C)
BH3,	H2S,	BCl3(D)
BeH2,	BH3,	CH4(E)



Answer	Key

REVIEW	QUESTIONS
1.	 The	H—F	bond	is	more	polar	than	an	H—H	bond.
2.	 Cl2	<	HCN	<	NaCl
3.	 See	Answers	and	Explanations
4.	 See	Answers	and	Explanations
5.	 See	Answers	and	Explanations
6.	 D
7.	 See	Answers	and	Explanations
8.	 See	Answers	and	Explanations
9.	 See	Answers	and	Explanations

10.	 E



Answers	and	Explanations

REVIEW	QUESTIONS
1.	 The	H—F	bond	is	more	polar	than	an	H—H	bond.

“Polar”	denotes	unequal	sharing	of	electrons;	H—H	must	have	equal	sharing,	since	the	two
atoms	are	the	same.	H	and	F	are	different	atoms,	with	different	electronegativities,	and	so	the
electrons	are	unequally	shared.

2.	 Cl2	<	HCN	<	NaCl

Cl2	is	the	least	polar,	because	it	contains	two	identical	atoms	that	must	share	electrons
equally.	HCN	is	a	linear	molecule	with	a	triple	bond	between	C	and	N;	it	has	a	dipole	moment
pointing	from	the	relatively	electropositive	H	atom	toward	the	rather	electronegative	N	atom.
Still,	we	would	expect	HCN	to	be	less	polar	than	NaCl;	the	bond	between	Na	and	Cl,	a	metal
and	a	nonmetal	whose	electronegativities	differ	greatly,	is	completely	ionic.

3.	 C2H4

C2H4	has	greater	bond	distance	because	it	is	a	double	bond,	and	is	therefore	held	less
closely	than	C2H2,	which	is	a	triple	bond.

A.

C2H2

C2H2	has	a	greater	bond	energy	because	it	is	a	triple	bond,	and	more	energy	is	needed	to
break	it.

B.

4.	 I	and	IV
Choices	I	and	IV	are	both	correct	Lewis	structures	and	are,	in	fact,	equivalent.	Choice	II
has	an	impossible	configuration;	H	can	never	be	double-bonded	to	anything,	since	the
maximum	number	of	electrons	it	may	possess	is	two.	Choice	III	is	also	impossible,	since
having	four	bonds	around	H	would	imply	eight	electrons.

A.



II
Choices	I	and	III	must	be	wrong	because,	although	they	satisfy	the	octet	rule,	they	have
the	wrong	total	number	of	electrons;	choice	I	has	eight	valence	electrons,	while	choice	III
has	12.	Given	two	N	atoms,	there	can	be	(2)(5)	=	10	valence	electrons,	as	in	correct	choice
II.	Choice	IV	is	doubly	wrong	because,	in	addition	to	having	only	eight	total	electrons,	the
octet	rule	is	not	satisfied,	as	each	nucleus	has	seven,	not	eight,	valence	electrons.

B.

IV
Choice	IV	is	the	preferred	structure,	since	four	of	the	five	atoms	have	a	formal	charge	of
zero.	Since	Cl	is	in	the	third	period,	its	number	of	valence	electrons	can	exceed	eight.

C.

5.	 II
In	resonance	forms,	only	the	electrons	change	place;	atoms	are	not	rearranged.	Choices	I
and	III	are	both	resonance	structures.	Choice	II	requires	rearrangement	of	the	atoms.

A.

II
By	the	same	reasoning	as	above.

B.

6.	 D
There	is	no	formal	charge	on	the	structure	of	choice	A;	therefore,	this	structure	should	be	the
more	likely	resonance	structure.	However,	the	expanded	octet	on	N	makes	the	structure
impossible.	Choice	C	is	incorrect	because	the	negative	formal	charge	is	on	N,	which	is	not	the
most	electronegative	atom.	Choice	B	is	incorrect	because	O,	which	is	the	most	electronegative
atom,	has	a	formal	charge	of	+2.

D	is	most	likely	because	the	negative	formal	charge	is	on	O,	the	more	electronegative	element.

7.	

Note	that	a	correct	ionic	Lewis	structure	must	always	show	the	charge	on	the	ion.

8.	 [NO3]–

has needs

charge: 1	electron

A.



N: 5	electrons 8	electrons

3	O: 18	electrons 24	electrons

24	electrons 32	electrons

(32	–	24)	electrons	=	8	electrons	=	4	bonds

Place	N	at	the	center:

(N	and	O	both	have	a	formal	charge.)

They	cannot	be	reduced	because	the	N	octet	cannot	be	expanded.	However,	since
resonance	will	be	present,	a	better	version	might	be:

H3PO4

has needs

3	H 3	electrons 3(2)	=	6	electrons

P 5	electrons 8	electrons	(at	least)

4	O 24	electrons 32	electrons

32	electrons 46	electrons

(46	–	32)	electrons	=	14	electrons	=	7	bonds	(at	least)

Place	the	P	at	the	center,	the	four	oxygens	around	it,	and	hydrogens	on	three	of	the
oxygens,	with	single	bonds	between	them;	this	will	use	all	seven	bonds.

B.



Now	check	the	formal	charges:

The	P	has	a	formal	charge	of	+1	and	the	O	has	a	formal	charge	of	–1.	These	can	be
eliminated	by	moving	a	pair	of	electrons	around	from	the	O	into	a	second	bond:

Both	aluminum	chloride	and	sodium	phosphate	are	ionic.
AlCl3:

C.

Na3PO4D.

9.	 Be	and	B,	because	they	can	join	to	only	two	or	three	hydrogens,	respectively,	since	they	have
fewer	than	four	valence	electrons.	The	elements	Mg	and	Al	may	also	do	this,	as	could	Na,	Ca,
and	the	other	active	metals	of	Groups	I	and	II.

10.	 E
NH3	is	polar	(positive	end	at	base	of	pyramid,	negative	end	at	N).A.

NO2	and	ClO2	are	both	angular	molecules,	therefore	polar.B.



All	three	are	polar.C.

H2S	is	angular	due	to	the	two	lone	pairs	on	S,	therefore	polar.D.



Chapter	6

Chemical	Reactions	and	Stoichiometry

In	the	last	chapter,	we	discussed	how	atoms	combine	and	are	held	together	by	bonds	that	can	be
either	ionic	or	covalent.	After	they	come	together,	they	may	lose	some	of	their	individual	properties
and	gain	new	ones	that	result	from	the	combination.	Water,	for	example,	formed	from	two
hydrogen	atoms	and	an	oxygen	atom,	does	not	really	behave	like	the	elements	hydrogen	or	oxygen.

A	compound	is	a	pure	substance	that	is	composed	of	two	or	more	elements	in	a	fixed	proportion.
Compounds	can	be	broken	down	chemically	to	produce	their	constituent	elements	or	other
compounds.	All	elements,	except	for	some	of	the	noble	gases,	can	react	with	other	elements	or
compounds	to	form	new	compounds.	These	new	compounds	can	react	further	to	form	yet	different
compounds.

Molecular	Weight	and	Molar	Mass
Representation	of	Compounds
Types	of	Chemical	Reactions
Net	Ionic	Equations
Balancing	Equations
Applications	of	Stoichiometry
Limiting	Reactants



Molecular	Weight	and	Molar	Mass

A	molecule	is	a	combination	of	two	or	more	atoms	held	together	by	covalent	bonds.	It	is	the
smallest	unit	of	a	compound	that	displays	the	properties	of	that	compound.	Molecules	may	contain
two	atoms	of	the	same	element,	as	in	N2	and	O2,	or	may	be	composed	of	two	or	more	different
atoms,	as	in	CO2	and	SOCl2.

In	chapter	3 ,	we	discussed	the	concept	of	the	atomic	weight.	Like	atoms,	molecules	can	also	be
characterized	by	their	weight.	The	molecular	weight	is	simply	the	sum	of	the	weights	of	the	atoms
that	make	up	the	molecule.

Example: What	is	the	molecular	weight	of	SOCl2?

Solution: To	find	the	molecular	weight	of	SOCl2,	add	together	the	atomic	weights	of	each	of
the	atoms.

1S	= 1	×	32	amu = 32	amu

1O	= 1	×	16	amu = 16	amu

2Cl	= 2	×	35.5	amu = 71	amu

molecular	weight = 119	amu

Ionic	compounds	do	not	form	true	molecules.	In	the	solid	state	they	can	be	considered	to	be	a
nearly	infinite,	three-dimensional	array	of	the	charged	particles	of	which	the	compound	is
composed.	Since	no	actual	molecule	exists,	molecular	weight	becomes	meaningless,	and	the	term
formula	weight	is	used	in	its	place,	although	the	calculation	is	the	same:	We	simply	add	up	the
atomic	masses	of	the	elements	in	the	compound’s	empirical	formula	(see	below).	The	formula
weight	of	NaCl,	for	example,	is	the	atomic	weight	of	Na	plus	the	atomic	weight	of	Cl:	(23	+	35.5)	amu
=	58.5	amu.

Remember	that	a	mole	of	something	is	about	6.022	×	1023	of	that	thing.	In	addition,	the	atomic	mass
of	an	atom,	reported	in	units	of	amu,	is	numerically	the	same	as	its	mass	in	grams	per	mole.	For



example,	one	mole	of	an	atom	with	atomic	mass	x	amu	has	a	mass	of	x	grams.	The	same
relationship	holds	for	molecules:	One	mole	of	a	compound	has	a	mass	in	grams	equal	to	the
molecular	weight	of	that	compound	in	amu,	and	contains	6.022	×	1023	molecules	of	the	compound.
For	example,	the	molecular	weight	of	carbonic	acid,	H2CO3,	is	(2	×	1	+	12	+	3	×	16)	=	62	amu.	62	g	of
H2CO3	represents	one	mole	of	carbonic	acid	and	contains	6.022	×	1023	H2CO3	molecules.	In	other
words,	the	molar	mass	of	H2CO3	is	62	g/mol.	This	can	also	be	arrived	at	by	simply	adding	the	molar
atomic	mass	of	the	atoms	in	the	compound:	1	mole	of	H2CO3	contains	2	moles	of	H	atoms,	1	mole	of
C	atoms,	and	3	moles	of	O	atoms.

Given	the	weight	of	a	sample,	one	can	determine	the	number	of	moles	present	with	the	following
formula:

number	of	moles	=	weight	of	sample	(g)	÷	molar	mass	(g/mol)

Example: How	many	moles	are	in	9.52	g	of	MgCl2?
Solution: First,	find	the	molar	mass	of	MgCl2.

1(24.31	g/mol)	+	2(35.45	g/mol)	=	95.21	g/mol

Now,	solve	for	the	number	of	moles.



Representation	of	Compounds

The	formula	for	a	chemical	compound	gives	us	information	about	the	relative	proportions	of	the
different	elements	that	constitute	it.	Conversely,	knowledge	of	the	composition	of	a	compound
enables	us	to	determine	its	(empirical)	formula.	Knowing	how	to	represent	chemical	compounds,
and	knowing	how	to	determine	a	compound’s	formula,	is	very	important	for	the	SAT	Subject	Test:
Chemistry.

LAW	OF	CONSTANT	COMPOSITION
The	law	of	constant	composition	states	that	any	sample	of	a	given	compound	will	contain	the	same
elements	in	the	identical	mass	ratio.	For	instance,	every	sample	of	H2O	will	contain	two	atoms	of
hydrogen	for	every	atom	of	oxygen,	or,	in	other	words,	one	gram	of	hydrogen	for	every	eight	grams
of	oxygen.	This	is	hardly	surprising	since	we	already	know	that	atoms	prefer	an	octet	structure	and
would	combine	with	other	atoms	in	predictable	ways	to	achieve	this.

EMPIRICAL	AND	MOLECULAR	FORMULAS
There	are	two	ways	to	express	a	formula	for	a	compound.	The	empirical	formula	gives	the	simplest
whole	number	ratio	of	the	elements	in	the	compound.	The	molecular	formula	gives	the	exact
number	of	atoms	of	each	element	in	a	molecule	of	the	compound,	and	is	a	multiple	of	the	empirical
formula	(including	a	multiple	of	1—that	is,	same	as	the	empirical	formula).	For	example,	benzene	is
a	molecule	where	six	carbon	atoms	are	joined	together	in	a	ring,	with	a	hydrogen	atom	attached	to
each	of	them.	Its	molecular	formula	is	therefore	C6H6,	but	its	empirical	formula	is	just	CH.	For	some
compounds,	the	empirical	and	molecular	formulas	are	the	same,	as	in	the	case	of	H2O.	An	ionic
compound,	such	as	NaCl	or	CaCO3,	will	have	only	an	empirical	formula	since	there	are	no	real
molecules	in	the	solid	state	in	these	cases,	as	discussed	above.

DON’T	MIX	THESE	UP	ON	TEST	DAY



The	molecular	formula	is	either	the	same	as	the	empirical	formula	or	a	multiple	of	it.

Given	a	molecular	formula,	you	can	always	write	the	empirical	formula	just	by	looking	to	see
whether	the	numbers	of	atoms	are	already	in	the	smallest	whole	number	ratio.	If	not,	you	can	factor
out	the	common	factor	among	them.	C2H4	is	not	an	empirical	formula	because	you	can	factor	out	a
two	from	the	subscripts	to	get	CH2.	CH4,	on	the	other	hand,	is	already	an	empirical	formula.	If	you
are	given	an	empirical	formula,	however,	you	need	to	know	the	molecular	weight	(or	molar	mass)	of
the	compound	to	find	out	the	actual	molecular	formula.

Example: A	compound	with	the	empirical	formula	CH2O	has	a	weight	of	180	g/mol.	What	is	the
molecular	formula?

Solution: Let	us	first	find	what	the	formula	weight	is	from	the	empirical	formula:	1	×	mass	of
carbon	atom	+	2	×	mass	of	hydrogen	atom	+	1	×	mass	of	oxygen	atom	=	(1	×	12	+	2	×
1	+	1	×	16)	g/mol	=	30	g/mol
The	actual	molecular	weight	is	6	times	this;	therefore	the	molecular	formula	must
be	6	times	the	empirical	formula:	C6H12O6.

PERCENT	COMPOSITION
The	percent	composition	by	mass	of	an	element	is	the	weight	percent	of	the	element	in	a	specific
compound.	To	determine	the	percent	composition	of	an	element	X	in	a	compound,	the	following
formula	is	used:

The	percent	composition	of	an	element	may	be	determined	using	either	the	empirical	or	molecular
formula.

Example: What	is	the	percent	composition	of	chromium	in	K2Cr2O7?
Solution: The	formula	weight	of	K2Cr2O7	is:

2(39	g/mol)	+	2(52	g/mol)	+	7(16	g/mol)	=	294	g/mol
%	composition	of



Example: What	are	the	empirical	and	molecular	formulas	of	a	compound	that	contains	40.9%
carbon,	4.58%	hydrogen,	54.52%	oxygen,	and	has	a	molecular	weight	of	264	g/mol?

Solution: First,	assume	that	we	have	a	sample	that	weighs	100	g	total.	The	percentage	then
translates	directly	into	the	weight	of	that	element	in	the	sample	(e.g.,	40.9%	by
weight	means	40.9	g	in	a	100-g	sample).	Then	convert	grams	to	moles	by	dividing
the	weight	of	each	element	by	its	molar	atomic	mass:

Next,	find	the	simplest	whole	number	ratio	of	the	elements	by	dividing	the	number
of	moles	by	the	smallest	number	obtained	in	the	previous	step.

Finally,	the	empirical	formula	is	obtained	by	converting	the	numbers	obtained	into
whole	numbers	(multiplying	them	by	an	integer	value).	In	this	case,	we	want	to	turn
1.33	into	an	integer;	the	smallest	number	we	can	multiply	it	by	to	make	it	an	integer
is	3:

1.33	×	3	=	4

The	empirical	formula	is	therefore	3	×	C1H1.33O1	=	C3H4O3.

This	method	gives	the	empirical	formula	because	the	elements	are	always	in	their	smallest	whole
number	ratio.	A	molecular	formula	of	C6H8O6,	which	is	a	multiple	of	two	of	the	empirical	formula,



would	be	entirely	consistent	with	the	percent	compositions	given	above:	You	cannot	distinguish
between	the	two,	or	any	multiple	of	the	empirical	formula,	just	by	percent	compositions	alone.
Incidentally,	this	is	how	the	term	empirical	formula	gets	its	name:	The	word	empirical	means
experimental,	and	the	values	of	percent	compositions,	obtained	experimentally	through	simple
analytical	techniques,	only	allow	us	to	determine	the	empirical	formula.	(Of	course,	nowadays	with
modern	technology,	we	are	not	limited	to	experimental	techniques	that	would	only	give	us	percent
compositions.)

For	the	second	part	of	the	question	on	the	molecular	formula,	we	can	use	the	same	approach
discussed	earlier:	Divide	the	molecular	weight	by	the	weight	represented	by	the	empirical	formula.
The	resultant	value	is	the	number	of	empirical	formula	units	in	the	molecular	formula.	The
empirical	formula	weight	of	C3H4O3	is:

3(12	g/mol)	+	4(1	g/mol)	+	3(16	g/mol)	=	88	g/mol

The	molecular	weight	is	given	to	be	264	g/mol.	Therefore:

C3H4O3	×	3	=	C9H12O9	is	the	molecular	formula.



Types	of	Chemical	Reactions

There	are	many	ways	in	which	elements	and	compounds	can	react	to	form	other	species;
memorizing	every	reaction	would	be	impossible,	as	well	as	unnecessary.	However,	nearly	every
inorganic	reaction	can	be	classified	into	at	least	one	of	four	general	categories.

SYNTHESIS	REACTIONS
Synthesis	reactions	are	reactions	in	which	two	or	more	reactants	form	one	product.	The	formation
of	sulfur	dioxide	by	burning	sulfur	in	air	is	an	example	of	a	synthesis	reaction.

S	(s)	+	O2	(g)	→	SO2	(g)

The	letters	in	parentheses	designate	the	phase	of	the	species:	s	for	solid,	g	for	gas,	l	for	liquid,	and
aq	for	aqueous	solution.

DECOMPOSITION	REACTIONS
A	decomposition	reaction	is	defined	as	one	in	which	a	compound	breaks	down	into	two	or	more
substances,	usually	as	a	result	of	heating.	An	example	of	a	decomposition	reaction	is	the	breakdown
of	mercury	(II)	oxide	(the	sign	∆	here	represents	the	addition	of	heat).

SINGLE	DISPLACEMENT	REACTIONS
Single	displacement	reactions	occur	when	an	atom	(or	ion)	of	one	compound	is	replaced	by	an
atom	of	another	element.	For	example,	zinc	metal	will	displace	copper	ions	in	a	copper	sulfate
solution	to	form	zinc	sulfate.



Zn	(s)	+	CuSO4	(aq)	→	Cu	(s)	+	ZnSO4	(aq)

Single	displacement	reactions	are	often	further	classified	as	redox	reactions.	(These	will	be
discussed	in	more	detail	in	chapter	14 .)

DOUBLE	DISPLACEMENT	REACTIONS
In	double	displacement	reactions,	also	called	metathesis	reactions,	elements	from	two	different
compounds	displace	each	other	to	form	two	new	compounds.	For	example,	when	solutions	of
calcium	chloride	and	silver	nitrate	are	combined,	insoluble	silver	chloride	forms	in	a	solution	of
calcium	nitrate.

CaCl2	(aq)	+	2AgNO3	(aq)	→	Ca(NO3)2	(aq)	+	2AgCl	(s)

Neutralization	reactions	are	a	specific	type	of	double	displacements	that	occur	when	an	acid	reacts
with	a	base	to	produce	a	solution	of	a	salt	and	water.	For	example,	hydrochloric	acid	and	sodium
hydroxide	will	react	to	form	sodium	chloride	and	water.

HCl	(aq)	+	NaOH	(aq)	→	NaCl	(aq)	+	H2O	(l)

This	type	of	reaction	will	be	discussed	further	in	the	chapter	on	Acids	and	Bases,	chapter	13 .

QUICK	QUIZ

Match	the	type	of	reaction	with	the	lettered	description	below.

Synthesis	reaction1.
Decomposition	reaction2.
Single	displacement	reaction3.
Double	displacement	reaction4.

Elements	from	two	different	compounds	displace	each	other	to	form	two	new
compounds.

(A)



Answers:

A	compound	breaks	down	into	two	or	more	substances.(B)
Two	or	more	reactants	form	one	product.(C)
An	atom	of	one	compound	is	replaced	by	an	atom	of	another	element.(D)

=	(C)1.
=	(B)2.
=	(D)3.
=	(A)4.



Net	Ionic	Equations

Because	reactions	such	as	displacements	often	involve	ions	in	solution,	they	can	be	written	in	ionic
form.	In	the	example	where	zinc	is	reacted	with	copper	sulfate,	the	ionic	equation	would	be:

Zn	(s)	+	Cu2+	(aq)	+	SO4
2–	(aq)	→	Cu	(s)	+	Zn2+	(aq)	+	SO4

2–	(aq)

When	displacement	reactions	occur,	there	are	usually	spectator	ions	that	do	not	take	part	in	the
overall	reaction	but	simply	remain	in	solution	throughout.	The	spectator	ion	in	the	equation	above
is	sulfate,	which	does	not	undergo	any	transformation	during	the	reaction.	A	net	ionic	reaction	can
be	written	showing	only	the	species	that	actually	participate	in	the	reaction:

Zn	(s)	+	Cu2+	(aq)	→	Cu	(s)	+	Zn2+	(aq)

Net	ionic	equations	are	important	for	demonstrating	the	actual	reaction	that	occurs	during	a
displacement	reaction.



Balancing	Equations

Chemical	equations	express	how	much	and	what	type	of	reactants	must	be	used	to	obtain	a	given
quantity	of	product.	From	the	law	of	conservation	of	mass,	the	mass	of	the	reactants	in	a	reaction
must	be	equal	to	the	mass	of	the	products.	More	specifically,	chemical	equations	must	be	balanced
so	that	there	are	the	same	number	of	atoms	of	each	element	in	the	products	as	there	are	in	the
reactants.	Stoichiometry	is	essentially	the	study	of	how	the	quantities	of	reactants	and	products	are
related	in	a	chemical	reaction.	Stoichiometric	coefficients	are	numbers	used	to	indicate	the	number
of	moles	of	a	given	species	involved	in	the	reaction.	For	example,	the	reaction	for	the	formation	of
water	is:

2H2	(g)	+	O2	(g)	→	2H2O	(g)

The	coefficients	indicate	that	two	moles	of	H2	gas	must	be	reacted	with	one	mole	of	O2	gas	to
produce	two	moles	of	water.	In	general,	stoichiometric	coefficients	are	given	as	whole	numbers.

Given	the	identities	of	the	compounds	participating	in	a	reaction	(the	reactants	and	products),	you
need	to	balance	the	equation	for	the	reaction	before	you	can	deduce	any	stoichiometric
information	from	it.	When	balancing	an	equation,	the	important	thing	to	realize	is	that	you	can	only
change	the	number	in	front	of	a	compound,	the	one	that	tells	you	how	many	molecules	(or	moles)
of	that	compound	are	needed	for	the	reaction	to	occur.	You	may	not	change	the	subscripts—that
would	change	the	nature	or	the	identity	of	the	compound,	and	hence	the	reaction	itself.

For	example,	in	the	reaction	on	the	previous	page,	if	we	are	just	given	the	information	H2	and	O2

react	to	form	H2O	and	are	told	to	balance	the	equation	to	determine	the	molar	relationships,	we
may	not	write	H2	+	O2	→	H2O2.	Yes,	all	the	elements	are	balanced,	but	the	reaction	has	changed:	We
have	written	the	formation	of	hydrogen	peroxide	instead	of	water!	To	correctly	balance	the
equation,	we	must	ensure	that	there	are	the	same	number	of	atoms	of	each	type	of	element.	Since
we	cannot	change	subscripts,	we	place	coefficients	in	front	of	the	molecules.



TEST	STRATEGY

When	balancing	equations,	it	is	in	general	more	effective	to	focus	on	the	least	represented
elements	(often	the	heavier	ones).

Example: Balance	the	following	reaction.

C4H10	(l)	+	O2	(g)	→	CO2	(g)	+	H2O	(l)

Solution: First,	we	can	balance	the	carbons	in	reactants	and	products	because	carbon	is	the
least	represented	and	heaviest	element.

C4H10	+	O2	→	4CO2	+	H2O

Second,	balance	the	hydrogens	in	reactants	and	products	because	hydrogen	is	the
second	least	represented	element	in	the	equation.

C4H10	+	O2	→	4CO2	+	5H2O

Third,	balance	the	oxygens	in	the	reactants	and	products.

2C4H10	+	13 O2	→	8 CO2	+	10 H2O

Finally,	check	that	all	of	the	elements,	and	the	total	charges,	are	balanced	correctly.
We	could	have	balanced	the	elements	in	a	different	order,	although	in	general	it	is
easier	to	tackle	the	least	represented	atoms	first.



Applications	of	Stoichiometry

Once	an	equation	has	been	balanced,	the	ratio	of	moles	of	reactant	to	moles	of	products	is	known,
and	that	information	can	be	used	to	solve	many	types	of	stoichiometry	problems.

Example: How	many	grams	of	calcium	chloride	are	needed	to	prepare	72	g	of	silver	chloride
according	to	the	following	equation?

CaCl2	(aq)	+	2AgNO3	(aq)	→	Ca(NO3)2	(aq)	+	2AgCl	(s)

Solution: Noting	first	that	the	equation	is	balanced,	1	mole	of	CaCl2	yields	2	moles	of	AgCl	when
it	is	reacted	with	two	moles	of	AgNO3.	The	molar	mass	of	CaCl2	is	110	g,	and	the	molar
mass	of	AgCl	is	144	g.	As	the	first	step	in	our	calculations,	we	find	out	how	many	moles
of	AgCl	it	is	that	we	want:

Based	on	the	stoichiometric	relationship	between	AgCl	and	CaCl2,	we	know	that	we	need	

	CaCl2.	The	mass	of	CaCl2	needed	is	therefore	0.25	mol	×	110	g/mol	=	27.5	g.

This	line	of	reasoning	can	be	quite	time	consuming	to	go	through.	A	powerful	technique	in	handling
such	problems	is	that	of	dimensional	analysis,	in	which	we	arrange	the	numbers	and	quantities	so
that	the	units	cancel	to	give	us	the	right	one	that	we	want.	For	this	problem,	we	could	have	done	the
calculations	in	one	step:



Note	that	we	start	with	the	value	of	72	g	AgCl	given	in	the	question	and	multiply	it	by	three	fractions
that	have	in	common	the	property	that	the	numerator	is	equivalent	to	(or	“corresponds	to”)	the
quantity	in	the	denominator:	1	mol	of	AgCl	is	equivalent	to	144	g	of	AgCl;	1	mol	CaCl2	gives	us	2	mol
AgCl	in	this	reaction;	1	mol	CaCl2	is	equivalent	to	110	g	CaCl2.	Because	of	the	equivalence	between
numerator	and	denominator,	we	can	switch	the	two	and	not	affect	the	fraction	as	a	whole.	The	way
we	have	decided	which	to	use	as	numerator	and	which	to	use	as	denominator	is	dictated	by	which
units	we	want	to	cancel.	For	example,	we	want	to	get	rid	of	the	weight	of	AgCl	and	obtain	the
number	of	moles	instead,	and	so	we	have	chosen	to	put	144	g	AgCl	in	the	denominator	to	cancel	the
unit	of	(g	AgCl)	in	the	starting	value:

You	can	verify	that	all	the	units	do	cancel	to	yield	at	the	end	“g	CaCl2,”	which	is	what	we	want.	The
way	the	equation	has	to	be	set	up	to	give	the	right	unit	tells	us	how	to	manipulate	the	numbers,
without	having	to	spend	too	much	time	trying	to	recall,	“Should	I	divide	by	the	molar	mass	or
multiply?”



Limiting	Reactants

When	reactants	are	mixed,	they	are	seldom	added	in	the	exact	stoichiometric	proportions	as	shown
in	the	balanced	equation.	Therefore,	in	most	reactions,	one	of	the	reactants	will	be	used	up	first.
This	reactant	is	known	as	the	limiting	reactant	(or	limiting	reagent)	because	it	limits	the	amount	of
product	that	can	be	formed	in	the	reaction.	The	reactant	that	remains	after	all	of	the	limiting
reactant	is	used	up	is	called	the	excess	reactant.

TEST	STRATEGY

If	the	quantities	of	two	reactants	are	given,	be	on	the	lookout	for	the	possibility	that	one	of
them	is	a	limiting	reactant.

Example: If	28	g	of	Fe	reacts	with	24	g	of	S	to	produce	FeS,	what	would	be	the	limiting
reactant?	How	many	grams	of	excess	reactant	would	be	present	in	the	vessel	at	the
end	of	the	reaction?

Solution: First,	the	balanced	equation	needs	to	be	determined.	We	are	told	that	Fe	and	S
come	together	to	form	FeS:

Fe	+	S	→	FeS

This	is	already	balanced.
Next,	the	number	of	moles	for	each	reactant	must	be	determined.



Since	one	mole	of	Fe	is	needed	to	react	with	one	mole	of	S,	and	there	are	0.5	mol	Fe
versus	0.75	mol	S,	the	limiting	reagent	is	Fe.	Thus,	0.5	mol	Fe	will	react	with	0.5	mol
S,	leaving	an	excess	of	0.25	mol	S	in	the	vessel.	The	mass	of	the	excess	reactant	will
be:

Note	that	the	limiting	reactant	is	not	necessarily	the	one	with	the	smallest	mass.	It	depends	also	on
the	molecular	(or	atomic)	weights	of	all	the	reactants	and	also	the	stoichiometric	relationship.	In
the	question	above,	for	example,	there	is	a	higher	mass	of	Fe	than	S,	yet	as	we	have	seen,	Fe	is	the
limiting	reactant.

YIELDS
The	yield	of	a	reaction,	which	is	the	amount	of	product	predicted	or	obtained	when	the	reaction	is
carried	out,	can	be	determined	or	predicted	from	the	balanced	equation.	There	are	three	distinct
ways	of	reporting	yields.	The	theoretical	yield	is	the	amount	of	product	that	can	be	predicted	from	a
balanced	equation,	assuming	that	all	of	the	limiting	reagent	has	been	used,	that	no	competing	side
reactions	have	occurred,	and	all	of	the	product	has	been	collected.	The	theoretical	yield	is	seldom
obtained;	therefore,	chemists	speak	of	the	actual	yield,	which	is	the	amount	of	product	that	is
isolated	from	the	reaction	experimentally.

The	term	percent	yield	is	used	to	express	the	relationship	between	the	actual	yield	and	the
theoretical	yield,	and	is	given	by	the	following	equation:

Example: What	is	the	percent	yield	for	a	reaction	in	which	27	g	of	Cu	is	produced	by	reacting
32.5	g	of	Zn	in	excess	CuSO4	solution?

Solution: The	balanced	equation	is	as	follows:

Zn	(s)	+	CuSO4	(aq)	→	Cu	(s)	+	ZnSO4	(aq)



Calculate	the	theoretical	yield	for	Cu.	We	are	told	that	CuSO4	is	in	excess,	and	so	the
theoretical	yield	will	be	dictated	by	the	amount	of	Zn:

31.6	g	Cu	=	theoretical	yield
This	is	the	most	one	can	ever	hope	to	get.	The	actual	yield,	we	are	told,	is	27	g.	The
percent	yield	is	therefore
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Review	Questions

1.	 What	is	the	sum	of	the	coefficients	of	the	following	equation	when	it	is	balanced?

C6H12O6	+	O2	→	CO2	+	H2O

20(A)
38(B)
21(C)
19(D)
18(E)

2.	 Determine	the	molecular	formula	and	calculate	the	percent	composition	of	each	element
present	in	nicotine,	which	has	an	empirical	formula	of	C5H7N	and	a	molecular	weight	of
162	g/mol.

3.	 Acetylene,	used	as	a	fuel	in	welding	torches,	is	produced	in	a	reaction	between	calcium
carbide	and	water:

CaC2	+	2H2O	→	Ca(OH)2	+	C2H2

How	many	grams	of	C2H2	are	formed	from	0.400	moles	of	CaC2?

0.400(A)
0.800(B)
4.00(C)
10.4(D)
26.0(E)



4.	 CH3CO2Na	+	HClO4	→	CH3CO2H	+	NaClO4

The	above	reaction	is	classified	as	a

double	displacement	reaction(A)
synthesis	reaction(B)
decomposition	reaction(C)
single	displacement	and	decomposition	reaction(D)
synthesis	and	decomposition	reaction(E)

5.	 Aspirin	(C9H8O4)	is	prepared	by	reacting	salicylic	acid	(C7H6O3)	and	acetic	anhydride
(C4H6O3):

C7H6O3	+	C4H6O3	→	C9H8O4	+	C2H4O2

How	many	moles	of	salicylic	acid	should	be	used	to	prepare	six	5-grain	aspirin	tablets?	(1	g
=	15.5	grains)

0.01(A)
0.1(B)
1.0(C)
2.0(D)
31.0(E)

6.	 The	percent	composition	of	an	unknown	element	X	in	CH3X	is	32%.	Which	of	the	following
is	element	X?

H(A)
F(B)
Cl(C)
Na(D)
Li(E)



The	following	reaction	should	be	used	to	answer	questions	9–11.

Ag(NH3)2+	→	Ag+	+	2NH3

7.	 27.0	g	of	silver	was	reacted	with	excess	sulfur,	according	to	the	following	equation:

2Ag	+	S	→	Ag2S

25.0	g	of	silver	sulfide	was	collected.	What	are	the	theoretical	yield,	actual	yield,	and
percent	yield?

8.	 What	is	the	mass	in	grams	of	a	single	chlorine	atom?	Of	a	single	molecule	of	O2?

9.	 How	many	moles	of	Ag	are	required	for	the	production	of	11	moles	of	ammonia	(NH3)?

	moles

10.	 If	5.8	g	of	Ag(NH3)2+	yields	1.4	g	of	ammonia,	how	many	moles	of	silver	are	produced?

4.4(A)
5.8(B)
0.041(C)
0.054(D)
7.2(E)

11.	 What	are	the	percent	compositions	of	Ag,	N,	and	H	in	Ag(NH3)2+?



12.	 A	hydrocarbon	(which	by	definition	contains	only	C	and	H	atoms)	is	heated	in	an	excess	of
oxygen	to	produce	58.67	g	of	CO2	and	27	g	of	H2O.	What	is	the	empirical	formula	of	the
hydrocarbon?

13.	 Balance	the	following	reactions:

I2	+	Cl2	+	H2O	→	HIO3	+	HCl(A)
MnO2	+	HCl	→	H2O	+	MnCl2	+	Cl2(B)
BCl3	+	P4	+	H2	→	BP	+	HCl(C)
C3H5(NO3)3	→	CO2	+	H2O	+	N2	+	O2(D)
HCl	+	Ba(OH)2	→	BaCl2	+	H2O(E)



Answer	Key

REVIEW	QUESTIONS
1.	 D
2.	 C10H14N2,	74.1%	C,	8.6%	H,	17.3%	N
3.	 D
4.	 A
5.	 A
6.	 E
7.	 31	g,	25	g,	81%
8.	 5.81	×	10–23	g/atom,	5.31	×	10–23	g/molecule
9.	 5.5

10.	 C
11.	 76.1%,	19.7%,	4.2%
12.	 C4H9

13.	 See	Answers	and	Explanations



Answers	and	Explanations

REVIEW	QUESTIONS
1.	 D

In	order	to	answer	this	question,	the	equation	must	first	be	balanced.	Starting	with	carbon,	it
can	be	seen	that	there	are	six	carbons	on	the	reactant	side	and	only	one	on	the	product	side,
so	a	coefficient	of	six	should	be	placed	in	front	of	the	carbon	dioxide.	For	the	hydrogen,	there
are	12	atoms	on	the	left	and	only	two	on	the	right;	thus,	a	coefficient	of	six	should	go	in	front
of	water.	Now,	for	oxygen,	there	are	eight	atoms	on	the	left	and	18	on	the	right.	In	order	to
balance	the	oxygen,	ten	more	atoms	of	oxygen	must	be	added	to	the	left	side.	The	best	way	to
do	this	is	to	put	a	coefficient	of	six	in	front	of	oxygen,	since	putting	a	stoichiometric	coefficient
in	front	of	the	glucose	molecule	would	unbalance	the	equation	in	terms	of	carbon	and
hydrogen.	Therefore,	the	final	balanced	equation	is:

C6H12O6	+	6O2	→	6CO2	+	6H2O

Adding	up	the	coefficients,	the	result	is	(1	+	6	+	6	+	6)	=	19.

2.	 C10H14N2,	74.1%	C,	8.6%	H,	17.3%	N

To	determine	the	molecular	formula	of	nicotine,	the	empirical	weight	of	the	compound	must
be	calculated.

The	empirical	weight	(81	g/mol)	is	then	divided	into	the	molecular	weight	(162	g/mol)	to
determine	the	number	by	which	each	subscript	in	the	empirical	formula	must	be	multiplied	to
obtain	the	molecular	formula.



To	find	the	percent	composition	of	each	element,	the	following	calculations	are	carried	out.

The	same	percentages	would	be	obtained	if	we	used	the	empirical	formula	for	this	calculation.

3.	 D
According	to	the	balanced	equation,	one	mole	of	CaC2	yields	one	mole	of	C2H2.	Therefore,	if
0.400	moles	of	CaC2	were	used,	0.400	moles	of	C2H2	would	be	produced.	The	molecular	weight
of	C2H2	is	2(12	g/mol)	+	2(1	g/mol)	=	26	g/mol.	Thus,	the	mass	of	C2H2	is	26	g/mol	×	0.400	mol	=
10.4	g.

4.	 A
Since	the	only	change	is	that	the	Na	from	CH3CO2Na	exchanges	with	the	H	from	HClO4,	this	is	a
double	displacement	reaction.	Alternatively,	this	reaction	could	be	classified	as	a
neutralization,	since	it	is	an	acid	and	a	base	that	react.

5.	 A
According	to	the	balanced	equation,	one	mole	of	salicylic	acid	will	yield	one	mole	of	aspirin.
Therefore,	to	solve	this	question,	the	number	of	moles	of	aspirin	in	six	5-grain	tablets,	or	30
grains	of	aspirin,	must	be	determined,	using	the	following	relationship.

Therefore,	the	weight	of	the	aspirin	produced	is	about	2	grams,	which	must	be	converted	to
moles.	The	molecular	weight	of	aspirin	is	9(C)	+	8(H)	+	4(O)	=	9(12	g/mol)	+	8(1	g/mol)	+	4(16
g/mol)	=	180	g/mol.	Then,	the	number	of	moles	in	2g	of	aspirin	is	calculated.



6.	 E
Let	n	be	the	atomic	mass	of	element	X.	The	expression	for	the	percent	composition	of	X	in
CH3X	is:

This,	we	are	told,	is	equal	to	32%.	Therefore

Answer	choice	E,	Li,	has	an	atomic	weight	of	7.

7.	 31	g,	25	g,	81%

According	to	the	balanced	equation,	two	moles	of	silver	should	react	with	one	mole	of	sulfur
to	form	one	mole	of	silver	sulfide.	The	theoretical	yield	is	the	amount	of	product	that	would	be
collected	if	all	of	the	limiting	reagent	reacts.	Using	a	stoichiometric	calculation,	the	theoretical
yield	of	silver	sulfide	if	27.0	g	of	silver	is	used	would	be	as	follows:

The	actual	yield	is	the	amount	of	product	that	is	obtained	from	the	experiment.	It	is	usually
less	than	the	theoretical	yield	since	the	reagents	may	not	react	completely,	and	the	product
may	be	difficult	to	collect.	In	this	experiment,	the	actual	yield	is	25.0	g	of	silver	sulfide.	Finally,
the	percent	yield	represents	the	percentage	of	product	actually	collected	in	reference	to	the
theoretical	yield.	Thus,	the	percent	yield	for	this	experiment	would	be



8.	 5.81	×	10–23	g/atom,	5.31	×	10–23	g/molecule

The	mass	of	a	single	atom	is	determined	by	dividing	the	atomic	weight	by	Avogadro’s	number.
Therefore,	the	mass	of	a	chlorine	atom	is

The	mass	of	an	oxygen	molecule	(O2)	is	similarly	determined	by	dividing	the	molecular	weight
of	oxygen\	by	Avogadro’s	number.

9.	 5.5
From	the	balanced	equation,	it	can	be	seen	that	for	every	mole	of	ammonia	produced,	0.5	mol
Ag(NH3)2+	is	needed	(a	ratio	of	2:1).	So,	to	produce	11	mol	ammonia,	5.5	mol	Ag(NH3)2+	is
required	and	since	a	mole	of	Ag(NH3)2+	contains	1	mole	of	Ag,	5.5	moles	of	Ag	are	required.

10.	 C
In	order	to	answer	this	question,	you	must	use	the	law	of	conservation	of	mass,	which	says	that
the	mass	of	the	products	must	be	equal	to	the	mass	of	the	reactants.	Therefore,	if	5.8	g	of
Ag(NH3)2+	is	allowed	to	dissociate	to	form	1.4	g	of	ammonia,	5.8	–	1.4	or	4.4	g	of	silver	must	be
formed.	The	following	calculation	is	used	to	determine	the	number	of	moles	of	silver	that	are
formed.

11.	 76.1%,	19.7%,	4.2%

The	percent	composition	of	elements	in	a	compound	or	formula	is	determined	by	dividing	the
mass	of	the	element	by	the	total	formula	weight	of	the	compound.	Therefore,	in	the	complex
ion,	Ag(NH3)2+,	which	has	a	formula	weight	of	142	g/mol,	the	percent	compositions	of	Ag,	N,
and	H	are	as	follows:



Note	that	(NH3)2	implies	N2H6:	2	atoms	of	N	and	6	atoms	of	H.

12.	 C4H9

The	reaction	is	of	the	form:

hydrocarbon	+	O2	→	CO2	and	H2O

We	can	see	that	all	the	carbon	and	all	the	hydrogen	on	the	product	side	have	to	come	from	the
hydrocarbon	originally,	and	so	from	the	amounts	of	CO2	and	H2O	given,	the	moles	of	carbon
and	hydrogen	in	the	hydrocarbon	can	be	calculated.

Since	each	mole	of	CO2	contains	one	mole	of	carbon,	1.33	moles	of	CO2	contains	1.33	moles	of
carbon.	Therefore,	the	hydrocarbon	contains	1.33	moles	of	carbon.

Since	one	mole	of	H2O	contains	two	moles	of	hydrogen	atoms,	1.5	moles	of	H2O	contains	3.0
moles	of	hydrogen.	Therefore,	the	hydrocarbon	contains	3	moles	of	hydrogen.

Using	these	calculations,	the	simplest	formula	that	can	be	written	is	C1.33H3.	However,
empirical	and	molecular	formulas	are	not	expressed	with	decimals	or	fractions,	so	these
coefficients	should	be	multiplied	by	their	least	common	multiple	to	get	whole-number
coefficients.	Both	1.33	and	3	are	multiplied	by	3	to	give	an	empirical	formula	of	C4H9.

13.	 The	following	are	the	correct	balanced	equations.



I2	+	5	Cl2	+	6	H2O	→	2	HIO3	+	10	HClA.

MnO2	+	4	HCl	→	2	H2O	+	MnCl2	+	Cl2B.

4	BCl3	+	P4	+	6	H2	→	4 	BP	+	12	HClC.

4	C3H5(NO3)3	→	12	CO2	+	10	H2O	+	6	N2	+	O2D.

2	HCl	+	Ba(OH)2	→	BaCl2	+	2 H2OE.



Chapter	7

The	Gas	Phase

Among	the	different	phases	of	matter,	the	gaseous	phase	is	the	simplest	to	understand	and	to
model,	since	all	gases,	to	a	first	approximation,	display	similar	behavior	and	follow	similar	laws
regardless	of	their	identity.	The	atoms	or	molecules	in	a	gaseous	sample	move	rapidly	and	are	far
apart.	In	addition,	intermolecular	forces	between	gas	particles	tend	to	be	weak;	this	results	in
certain	characteristic	physical	properties,	such	as	the	ability	to	expand	to	fill	any	volume	and	to	take
on	the	shape	of	a	container.	Furthermore,	gases	are	easily,	though	not	infinitely,	compressible.

The	state	of	a	gaseous	sample	is	generally	defined	by	four	variables:	pressure	(P),	volume	(V),
temperature	(T),	and	number	of	moles	(n),	though	as	we	shall	see,	these	are	not	all	independent.
The	pressure	of	a	gas	is	the	force	per	unit	area	that	the	atoms	or	molecules	exert	on	the	walls	of	the
container	through	collision.	The	SI	unit	for	pressure	is	the	pascal	(Pa),	which	is	equal	to	1	newton	per
meter	squared.	(The	SI	units	are	those	that	are	based	on	the	simple	metric	units	of	kilogram,	meter,
second,	et	cetera.	A	newton,	for	example,	is	a	kg•m/s2.)	In	chemistry,	however,	gas	pressures	are
more	commonly	expressed	in	units	of	atmospheres	(atm)	or	millimeters	of	mercury	(mm	Hg	or	torr),
which	are	related	as	follows:

1	atm	=	760	mm	Hg	=	760	torr	=	101,325	Pa

Volume	is	generally	expressed	in	liters	(L)	or	milliliters	(mL).	The	temperature	of	a	gas	is	usually
given	in	Kelvin	(K,	not	ºK),	and	its	value,	also	known	as	the	absolute	temperature,	is	related	to	the
temperature	in	degrees	Celsius	by	the	expression	T(K)	=	T(ºC)	+	273.15.	Gases	are	often	discussed	in
terms	of	standard	temperature	and	pressure	(STP),	which	refers	to	conditions	of	273.15	K	(0ºC)	and
1	atm.

Measurement	of	Gas	Pressures
Ideal	Gases
Kinetic	Molecular	Theory	of	Gases
Descriptive	Chemistry	of	Some	Common	Gases



Note	that	it	is	important	not	to	confuse	STP	with	standard	conditions	encountered	in
thermochemistry—the	two	standards	involve	different	temperatures	and	are	used	for	different
purposes.	STP	(0ºC	or	273	K)	is	generally	used	for	gas	law	calculations;	standard	conditions	(usually
25ºC	or	298	K)	is	used	when	measuring	standard	enthalpy,	entropy,	Gibbs	free	energy,	and	cell
potential.



Measurement	of	Gas	Pressures

As	stated	above,	the	pressure	of	a	gas	is	the	force	it	exerts	per	unit	area.	This	force	can	push	a
column	of	liquid	up	a	tube:	the	higher	the	pressure,	the	larger	the	force	for	a	given	area,	and
consequently	the	more	liquid	that	is	pushed	up.	This	behavior	is	exploited	in	the	measuring	of
pressure.	There	are	two	different	kinds	of	setups	or	devices:	the	barometer	and	the	manometer.

The	simplest	form	of	barometer	consists	of	a	container	of	liquid	open	to	the	atmosphere,	with	an
inverted	tube	placed	in	it.	Care	is	taken	so	that	there	is	no	air	trapped	within	the	inverted	tube.	The
pressure	exerted	by	the	air	in	the	environment	(i.e.,	the	atmospheric	pressure)	pushes	the	liquid	up
the	tube.	The	pressure	is	reported	as	the	height	to	which	the	liquid	rises.	A	value	of	760	mm	Hg,	for
example,	which	is	a	typical	reading	for	atmospheric	pressure,	means	that	liquid	mercury	(Hg)	rises
to	a	height	of	760	mm.

If,	instead	of	measuring	just	the	atmospheric	pressure,	we	wish	to	measure	the	pressure	of	a	gas
generated	in	a	reaction,	a	slightly	different	setup	is	needed,	although	it	is	one	that	uses	the	same
principle.	In	an	open-tube	manometer,	the	liquid	(usually	mercury)	is	placed	in	a	U-tube	with	one
end	exposed	to	the	atmosphere	and	the	other	end	connected	to	the	closed	vessel	holding	the	gas
whose	pressure	we	want	to	measure:



It	is	the	difference	in	heights	of	the	two	ends	of	the	mercury	that	enables	us	to	calculate	the
pressure	of	the	gas	in	the	vessel.	If	the	end	exposed	to	the	atmosphere	is	x	mm	lower	than	the	other
end	(as	in	the	diagram	above),	then	the	pressure	of	the	gas	is	(760	–	x)	mm	Hg:	The	pressure	is	lower
than	atmospheric	pressure,	hence	the	mercury	is	pushed	down	further	on	the	open-end	side.
Conversely,	if	the	exposed	end	is	x	mm	higher	than	the	other	end,	the	pressure	of	the	gas	is	higher
than	atmospheric	pressure,	more	exactly	(760	+	x)	mm	Hg.

A	closed-tube	manometer	setup,	considered	a	hybrid	between	the	barometer	and	the	open-end
manometer,	is	also	possible.	The	end	that	used	to	be	exposed	is	now	sealed	off	as	well,	with	any
trapped	air	again	evacuated.	This	time,	the	difference	in	heights	is	read	off	directly	as	the	pressure
of	the	gas,	without	having	to	reference	the	atmospheric	pressure.	In	the	diagram	below,	then,	the
pressure	of	the	gas	is	simply	x	mm	Hg.

This	setup	is	generally	used	only	to	measure	pressures	that	are	lower	than	atmospheric	pressure.



Ideal	Gases

When	examining	the	behavior	of	gases	under	varying	conditions	of	temperature	and	pressure,	it	is
most	convenient	to	treat	them	as	ideal	gases.	An	ideal	gas	represents	a	hypothetical	gas	whose
molecules	have	no	intermolecular	forces	(that	is,	they	do	not	interact	with	each	other)	and	occupy
no	volume.	Although	gases	in	reality	deviate	from	this	idealized	behavior,	at	relatively	low	pressures
(atmospheric	pressure)	and	high	temperatures	many	gases	behave	in	a	nearly	ideal	fashion.
Therefore,	the	assumptions	used	for	ideal	gases	can	be	applied	to	real	gases	with	reasonable
accuracy.

BOYLE’S	LAW
Experimental	studies	on	the	relationship	between	the	pressure	and	the	volume	of	a	gas	performed
by	Robert	Boyle	in	1660	led	to	the	formulation	of	Boyle’s	law.	His	work	showed	that	for	a	given
gaseous	sample	held	at	constant	temperature	(isothermal	conditions),	the	volume	of	the	gas	is
inversely	proportional	to	its	pressure:

PV	=	k	or	P1V1	=	P2V2

where	k	is	a	proportionality	constant	and	the	subscripts	1	and	2	represent	two	different	sets	of
conditions.	A	plot	of	volume	versus	pressure	for	an	ideal	gas	is	shown	below.

Example: Under	isothermal	conditions,	what	would	be	the	volume	of	a	1	L	sample	of	helium



after	its	pressure	is	changed	from	12	atm	to	4	atm?
Solution: P1	=	12	atm	P2	=	4	atm

V1	=	1	L											V2	=	unknown
P1V1	=	P2V2
12	atm	(1	L)	=	4	atm	(V2 )
V2	=	3	L

DALTON’S	LAW	OF	PARTIAL	PRESSURES
When	two	or	more	ideal	gases	are	found	in	one	vessel	without	chemical	interaction,	each	gas	will
behave	independently	of	the	other(s).	Therefore,	the	pressure	exerted	by	each	gas	in	the	mixture
will	be	equal	to	the	pressure	that	gas	would	exert	if	it	were	the	only	one	in	the	container.	The
pressure	exerted	by	each	individual	gas	is	called	the	partial	pressure	of	that	gas.	In	1801,	John
Dalton	derived	an	expression,	now	known	as	Dalton’s	law	of	partial	pressures,	which	states	that	the
total	pressure	of	a	gaseous	mixture	is	equal	to	the	sum	of	the	partial	pressures	of	the	individual
components:

PT	=	PA	+	PB	+	PC	+ …

TEST	STRATEGY

Look	for	opposing	answers	in	the	answer	selections.	If	two	answers	are	close	in	wording	or	if
they	contain	opposite	ideas,	there	is	a	strong	possibility	that	one	of	them	is	the	correct
answer.

The	mole	fraction	of	a	gas	A	in	a	mixture	of	gases	is	defined	as:

The	partial	pressure	of	a	gas	is	related	to	its	mole	fraction	and	can	be	determined	using	the
following	equation:



PA	=	PT XA

Example: A	vessel	contains	0.75	mol	of	nitrogen,	0.20	mol	of	hydrogen,	and	0.05	mol	of
fluorine	at	a	total	pressure	of	2.5	atm.	What	is	the	partial	pressure	of	each	gas?

Solution: First	calculate	the	mole	fraction	of	each	gas.

Then	calculate	the	partial	pressure:

LAW	OF	CHARLES	AND	GAY-LUSSAC
The	Law	of	Charles	and	Gay-Lussac,	more	simply	known	as	Charles’s	law,	states	that	at	constant
pressure,	the	volume	of	a	gas	is	directly	proportional	to	its	absolute	temperature:

where	k	is	a	constant	and	the	subscripts	1	and	2	represent	two	different	sets	of	conditions.	A	plot	of
volume	versus	temperature	is	shown	below.



Example: If	the	absolute	temperature	of	2	L	of	gas	at	constant	pressure	is	changed	from	283.15	K
to	566.30	K,	what	would	be	the	final	volume?

Solution:

AVOGADRO’S	LAW
For	all	gases	at	a	constant	temperature	and	pressure,	the	volume	of	the	gas	will	be	directly
proportional	to	the	number	of	moles	of	gas	present;	therefore,	all	gases	at	the	same	temperature
and	pressure	have	the	same	number	of	moles	in	the	same	volume.

The	subscripts	1	and	2	once	again	apply	to	two	different	sets	of	conditions	with	the	same
temperature	and	pressure.

IDEAL	GAS	LAW



The	ideal	gas	law	combines	the	relationships	outlined	in	Boyle’s	law,	Charles’s	law,	and	Avogadro’s
law	to	yield	an	expression	that	can	be	used	to	predict	the	behavior	of	a	gas.	The	ideal	gas	law	shows
the	relationship	between	four	variables	that	define	a	sample	of	gas—pressure	(P),	volume	(V),
temperature	(T),	and	number	of	moles	(n)—and	is	represented	by	the	equation

PV	=	nRT

BASIC	CONCEPT

All	the	information	in	Boyle’s	law,	Charles’s	law,	and	Avogadro’s	law	is	contained	in	the	ideal
gas	equation:

PV	=	nRT

The	constant	R	is	known	as	the	(universal)	gas	constant.	Under	STP	conditions	(273.15	K	and	1
atmosphere),	1	mole	of	gas	was	shown	to	have	a	volume	of	22.4	L.	Substituting	these	values	into	the
ideal	gas	equation	gave	R	=	8.21	×	10–2	L	•	atm/(mol	•	K).

The	gas	constant	may	be	expressed	in	many	other	units;	another	common	value	is	8.314	J/(K	•	mol),
which	is	derived	when	the	SI	units	of	pascals	(for	pressure)	and	cubic	meters	(for	volume)	are
substituted	into	the	ideal	gas	law.	When	carrying	out	calculations	based	on	the	ideal	gas	law,	it	is
important	to	choose	a	value	of	R	that	matches	the	units	of	the	variables.

Example: What	volume	would	12	g	of	helium	occupy	at	20˚C	and	a	pressure	of	380	mm	Hg?
Solution: The	ideal	gas	law	can	be	used,	but	first,	all	of	the	variables	must	be	converted	to	yield

units	that	will	correspond	to	the	expression	of	the	gas	constant	as	0.0821	L	•	atm/(mol	•
K).



Substituting	into	the	ideal	gas	equation:

FURTHER	USES	OF	THE	IDEAL	GAS	LAW
In	addition	to	standard	calculations	to	determine	the	pressure,	volume,	or	temperature	of	a	gas,	the
ideal	gas	law	may	be	used	to	determine	the	density	and	molar	mass	of	a	gas.

BASIC	CONCEPT

density	=	mass/volume

Calculating	Density

Density	is	defined	as	the	mass	per	unit	volume	of	a	substance	and,	for	gases,	is	usually	expressed	in
units	of	g/L.	By	rearrangement,	the	ideal	gas	equation	can	be	used	to	calculate	the	density	of	a	gas.

PV	=	nRT

n,	the	number	of	moles,	is	also	equal	to	m/M	where	m	=	total	mass	(in	g)	and	M	=	molar	mass	(in
g/mol).

Another	way	to	find	the	density	of	a	gas	is	to	start	with	the	volume	of	a	mole	of	gas	at	STP,	22.4	L,
calculate	the	effect	of	pressure	and	temperature	on	the	volume,	and	finally	calculate	the	density	by



dividing	the	mass	by	the	new	volume.	The	following	equation,	called	the	Combined	Gas	Law	and
derived	from	Boyle’s	and	Charles’s	laws,	is	used	to	relate	changes	in	the	temperature,	volume,	and
pressure	of	a	gas:

where	the	subscripts	1	and	2	refer	to	the	two	states	of	the	gas	(at	STP	and	under	the	actual
conditions).	Rearranging	it	gives:

V2	is	then	used	to	find	the	density	of	the	gas	under	nonstandard	conditions	by	d	=	m/V2.	Since	we
started	by	assuming	1	mole	of	gas	(22.4	L	at	STP),	the	mass	used	will	be	the	molar	mass.

If	you	try	to	anticipate	how	the	changes	in	pressure	and	temperature	affect	the	volume	of	the	gas,
this	can	serve	as	a	check	to	be	sure	you	have	not	accidentally	confused	the	pressure	or	temperature
value	that	belongs	in	the	numerator	with	the	one	that	belongs	in	the	denominator.

Example: What	is	the	density	of	HCl	gas	at	2	atm	and	45°C?
Solution: At	STP,	a	mole	of	gas	occupies	22.4	liters.	Since	the	increase	in	pressure	to	2	atm

decreases	volume,	22.4	L	must	be	multiplied	by	1/2.	And	since	the	increase	in
temperature	increases	volume,	the	temperature	factor	will	be	318/273.

Calculating	Molar	Mass

Sometimes	the	identity	of	a	gas	is	unknown,	and	the	molar	mass	must	be	determined	in	order	to
identify	it.	The	density	of	the	gas	at	STP	is	calculated	using	the	gas	laws	and	experimentally
determined	values	of	mass	and	volume.	The	molecular	weight	is	then	found	by	multiplying	the
density	at	STP	by	22.4	liters,	the	volume	of	one	mole	of	gas	at	STP.	Alternatively,	the	number	of



moles	of	the	gas	can	be	found	using	the	ideal	gas	law,	and	then	the	molar	mass	can	be	found	by
dividing	the	total	mass	of	the	gas	by	the	number	of	moles	contained.

Example: What	is	the	molar	mass	of	a	2.8	g	sample	of	gas	that	occupies	a	volume	of	3	L	at	a
temperature	of	546	K	and	a	pressure	of	1.5	atm?

Solution:

molar	mass	=	1.24	g/L	×	22.4	L/mol	=	28	g/mol
The	gas	is	therefore	most	likely	N2.



Kinetic	Molecular	Theory	of	Gases

As	indicated	by	the	gas	laws,	all	gases	show	similar	physical	characteristics	and	behavior.	A
theoretical	model	to	explain	why	gases	behave	the	way	they	do	was	developed	during	the	second
half	of	the	19th	century.	The	combined	efforts	of	Boltzmann,	Maxwell,	and	others	led	to	the	kinetic
molecular	theory	of	gases,	which	gives	us	an	understanding	of	gaseous	behavior	on	a	microscopic,
molecular	level.	Like	the	gas	laws,	this	theory	was	developed	in	reference	to	ideal	gases,	although	it
can	be	applied	with	reasonable	accuracy	to	real	gases	as	well.

The	assumptions	of	the	kinetic	molecular	theory	of	gases	are	as	follows:

AVERAGE	MOLECULAR	SPEEDS
According	to	the	kinetic	molecular	theory	of	gases,	the	average	kinetic	energy	of	a	gas	is
proportional	to	the	absolute	temperature	of	the	gas;	more	specifically,	the	kinetic	energy	of	one
mole	of	gas	is	3/2	RT.	Since	the	kinetic	energy	is	related	to	the	speed	(KE	=	1/2	mv 2),	this	also	means
that	the	higher	the	temperature,	the	faster	the	gas	molecules	are	moving.	However,	because	the
large	number	of	rapidly	and	randomly	moving	gas	particles	do	not	all	move	at	the	same	speed,	the
speed	of	an	individual	gas	molecule	is	nearly	impossible	to	define	and	is	not	a	very	useful	concept.
There	will	be	molecules	that	move	faster	and	those	that	move	slower	than	the	average	value.	A
Maxwell-Boltzmann	distribution	curve	shows	the	distribution	of	speeds	of	the	gas	particles	at	a
given	temperature.	The	figure	below	shows	a	distribution	curve	of	molecular	speeds	at	two

Gases	are	made	up	of	particles	whose	volumes	are	negligible	compared	to	the	container
volume.

1.

Gas	atoms	or	molecules	exhibit	no	intermolecular	attractions	or	repulsions.2.
Gas	particles	are	in	continuous,	random	motion,	undergoing	collisions	with	other	particles	and
with	the	container	walls.

3.

Collisions	between	any	two	gas	particles	are	elastic,	meaning	that	no	energy	is	dissipated	or,
equivalently,	that	kinetic	energy	is	conserved.

4.

The	average	kinetic	energy	of	gas	particles	is	proportional	to	the	absolute	temperature	of	the
gas,	and	is	the	same	for	all	gases	at	a	given	temperature.

5.



temperatures,	T1	and	T2,	where	T2	>	T1.	Notice	that	the	bell-shaped	curve	flattens	and	shifts	to	the
right	as	the	temperature	increases,	indicating	that	at	higher	temperatures	more	molecules	are
moving	at	high	speeds.	The	area	under	the	curve	is	the	total	number	of	gas	molecules	and	thus	has
to	remain	constant	even	as	the	shape	of	the	curve	changes.

BASIC	CONCEPT

For	gases	of	the	same	molecules,	the	higher	the	temperature,	the	higher	the	kinetic	energy,
and	thus	the	higher	the	average	speed	of	the	molecules.

GRAHAM’S	LAW	OF	DIFFUSION	AND	EFFUSION
The	typical	speed	of	a	gas	molecule	in	room	temperature	is	quite	high.	If,	however,	a	bottle	of
perfume	at	the	center	of	a	room	is	opened	while	you	are	standing	in	a	corner,	the	time	lapse
between	the	opening	of	the	bottle	and	when	you	can	detect	the	smell	may	be	longer	than	what
would	be	expected	from	the	molecular	speed.	This	is	because	the	perfume	molecules	are	constantly
colliding	with	air	molecules	that	change	their	course	in	a	random	fashion.	This	process	in	which	gas
molecules	move	through	a	mixture	is	known	as	diffusion	(although	this	term	is	not	limited	to	the
gaseous	phase).	Effusion,	on	the	other	hand,	is	the	flow	of	gas	particles	under	pressure	from	one
compartment	to	another	through	a	small	opening.	The	kinetic	molecular	theory	of	gases	predicted
that	heavier	gas	molecules	move	more	slowly	than	lighter	ones	under	the	same	conditions.	Under
isothermal	(same	temperature)	and	isobaric	(same	pressure)	conditions,	the	rates	at	which	two
gases	diffuse	and	effuse	follow	the	same	mathematical	rule	and	are	inversely	proportional	to	the
square	root	of	their	molar	masses:



where	r1	and	M1	represent	the	diffusion/effusion	rate	and	molar	mass	of	gas	1,	and	r2	and	M2

represent	the	diffusion/effusion	rate	and	molar	mass	of	gas	2.	In	general,	this	means	that	larger	gas
molecules	diffuse/effuse	at	a	slower	rate	than	smaller	gas	molecules.

A	CLOSER	LOOK

One	common	application	of	Graham’s	law	is	in	the	separation	of	isotopes;	for	example,	in
the	enrichment	of	uranium	for	nuclear	reactors.	Most	of	the	naturally	occurring	atoms	of
uranium	are	U-238,	while	a	few	are	the	U-235	isotopes	used	as	fuel	for	nuclear	fission
reactors.	This	lighter	isotope	is	collected	and	concentrated	by	letting	a	sample	of	uranium
(compounded	with	fluorine)	effuse	into	an	evacuated	container.	The	fluoride	compound
with	the	lighter	isotope	would	diffuse	faster	and	thus	be	present	in	a	higher	concentration	in
the	second	container.	This	procedure	is	repeated	several	times	to	attain	the	desired	isotopic
purity.



Descriptive	Chemistry	of	Some	Common	Gases

There	are	certain	miscellaneous	facts	on	the	properties	of	some	common	gases	that	one	needs	to
be	aware	of	for	the	SAT	Subject	Test:	Chemistry.	These	properties	are	exploited	in	qualitative	tests
designed	to	detect	their	presence:

CO2	(g)	+	H2O	(l)		H2CO3	(aq)

When	carbon	dioxide	is	passed	through	limewater,	Ca(OH)2,	the	solution	turns	cloudy	from	the
formation	of	insoluble	calcium	carbonate:

CO2	+	Ca(OH)2	→	CaCO3	+	H2O

The	precipitation	of	calcium	carbonate,	however,	does	not	go	on	indefinitely.	As	just	mentioned,
water	containing	CO2	is	slightly	acidic,	and	this	causes	the	calcium	carbonate	to	dissolve:

CaCO3	(s)	+	H2O	(l)	+	CO2	(g)	→	Ca2+	(aq)	+	2HCO3
–	(aq)

THINGS	TO	REMEMBER

Oxygen:	molecular	oxygen,	O2,	is	a	reactant	in	combustion	reactions.	If	a	glowing	splint	is
lowered	into	a	test	tube	containing	oxygen,	it	will	reignite.
Hydrogen:	when	ignited	in	air,	hydrogen,	H2,	burns	with	a	blue	flame.
Nitrogen:	N2,	the	largest	component	of	air	(a	little	less	than	80%	by	volume),	is	relatively	inert.
Carbon	dioxide:	CO2	gives	a	moderately	acidic	solution	when	dissolved	in	water	because	of	the
reaction:

Measurement	of	Gas	Pressures
Boyle’s	Law



Dalton’s	Law	of	Partial	Pressures
Law	of	Charles	and	Gay-Lussac
Combined	Gas	Law
Avogadro’s	Law
Ideal	Gas	Law
Calculating	Density
Calculating	Molar	Mass
Average	Molecular	Speeds
Graham’s	Law	of	Diffusion	and	Effusion



Review	Questions

1.	 Boyle’s	law	can	be	used	for	which	of	the	following?

Predicting	the	expected	volumes	of	two	party	balloons(A)
Predicting	the	relative	pressures	inside	a	hot	air	balloon(B)
Predicting	the	change	in	volume	of	an	inflatable	toy	from	summer	to	winter(C)
Predicting	the	height	of	a	mercury	barometer	column	in	a	low-pressure	system(D)
Predicting	the	change	in	volume	of	a	party	balloon	inside	a	bell	jar	as	a	vacuum	is
being	drawn

(E)

2.	 A	sample	of	argon	occupies	50	L	at	standard	temperature.	Assuming	constant	pressure,
what	volume	will	the	gas	occupy	if	the	temperature	is	doubled?

25	L(A)
50	L(B)
100	L(C)
200	L(D)
2500	L(E)

3.	 What	is	the	molecular	weight	of	an	unknown	gas	if	2.5	g	of	it	occupies	2	L	at	630	torr	and	a
temperature	of	600	K?

	g/mol

4.	 Explain	the	conditions	that	define	an	ideal	gas.



5.	 If	a	360	mL	sample	of	helium	contains	0.25	mol	of	the	gas,	how	many	molecules	of
chlorine	gas	would	occupy	the	same	volume	at	the	same	temperature	and	pressure?

1.2	×	1024(A)
6.022	×	1023(B)
3.01	×	1023(C)
1.51	×	1023(D)
7.55	×	1022(E)

6.	 In	the	kinetic	molecular	theory	of	gases,	which	of	the	following	statements	concerning
average	speeds	is	true?

Most	of	the	molecules	are	moving	at	the	average	speed.(A)
Any	given	molecule	moves	at	the	average	speed	most	of	the	time.(B)
When	the	temperature	increases,	more	of	the	molecules	will	move	at	the	new
average	speed.

(C)

When	the	temperature	increases,	fewer	molecules	will	move	at	the	new	average
speed.

(D)

When	the	temperature	increases,	the	average	speed	decreases.(E)

7.	 What	is	the	density	of	a	gas	at	76	torr	and	37˚C	(molar	mass	=	25	g/mol)?

0.1	g/L(A)
0.8	g/L(B)
22.4	g/L(C)
75	g/L(D)
633	g/L(E)

8.	 The	following	reaction	represents	the	production	of	hydrogen	chloride	gas.

H2	+	Cl2	→	2HCl



For	questions	13	and	14,	use	the	following	information:

Water	undergoes	electrolysis	to	produce	hydrogen	and	oxygen	gas	at	14°C,	with	the	products
collected	above	water.	The	vapor	pressure	of	water	at	14°C	is	12	mm	Hg.	The	total	pressure	is	740

How	many	grams	of	chlorine	gas	are	needed	to	produce	3	L	of	HCl	gas	at	a	pressure	of	2
atm	and	a	temperature	of	19°C?

	g

9.	 A	student	performing	an	experiment	has	a	bulb	containing	14	g	of	N2,	64	g	of	O2,	8	g	of	He,
and	35	g	of	Cl2,	at	a	total	pressure	of	380	torr.	What	are	the	partial	pressures	of	each	gas?

10.	 All	of	the	following	statements	underlie	the	kinetic	molecular	theory	of	gases	EXCEPT:

Gas	molecules	have	no	intermolecular	forces.(A)
Gas	particles	are	in	random	motion.(B)
The	collisions	between	gas	particles	are	elastic.(C)
Gas	particles	have	no	volume.(D)
The	average	kinetic	energy	is	proportional	to	the	temperature	(°C)	of	the	gas.(E)

11.	 What	will	be	the	final	pressure	of	a	gas	that	expands	from	1	L	at	10°C	to	10	L	at	100°C,	if	the
original	pressure	was	3	atm?

	atm

12.	 In	the	reaction	N2	+	2O2	→	2NO2,	what	volume	of	NO2	is	produced	from	7	g	of	nitrogen	gas
at	27°C	and	0.9	atm?

	L



mm	Hg.

13.	 What	is	the	pressure	due	to	the	electrolysis	products	(hydrogen	gas	plus	oxygen	gas)?

	mm	Hg

14.	 If	the	partial	pressure	of	oxygen	is	242.7	mm	Hg,	what	is	the	mole	fraction	of	hydrogen
gas?



Answer	Key

REVIEW	QUESTIONS
1.	 E
2.	 C
3.	 74
4.	 See	Answers	and	Explanations
5.	 D
6.	 D
7.	 A
8.	 8.88
9.	 38	torr,	152	torr,	152	torr,	38	torr

10.	 E
11.	 0.4
12.	 13.7
13.	 728
14.	 0.66



Answers	and	Explanations

REVIEW	QUESTIONS
1.	 E

Boyle’s	law	states	that	when	a	gas	is	held	at	constant	temperature,	its	pressure	and	volume	are
inversely	proportional.	This	means	that	as	the	pressure	increases,	the	volume	decreases,	and
vice	versa.	Of	the	answer	choices,	the	only	one	that	involves	both	pressure	and	volume—in
addition	to	a	controlled	variation	of	one	of	the	variables—is	choice	E.	When	a	balloon	is	placed
in	a	bell	jar,	the	volume	of	the	balloon	will	increase	as	a	vacuum	is	being	drawn	in	the	jar.
Boyle’s	law	can	be	used	to	predict	this	behavior.

2.	 C
This	question	is	an	application	of	Charles’s	law,	which	states	that	at	constant	pressure,	the
volume	and	temperature	of	a	gas	will	vary	in	direct	proportion	to	each	other.	If	a	50	L	volume
of	gas	is	heated	from	standard	temperature,	which	is	273	K,	to	two	times	standard
temperature,	576	K,	the	volume	will	double	as	well.	Therefore,	the	volume	of	the	gas	will
increase	from	50	L	to	100	L.

3.	 74
Using	the	ideal	gas	law,	we	can	determine	the	number	of	moles	of	the	gas:

The	molecular	weight,	or	molar	mass,	of	the	gas	can	then	be	found	by	dividing	the	mass	of	the
gas	by	the	number	of	moles	it	contains:	2.5	g/0.034	mol	=	74	g/mol.

4.	 The	conditions	that	define	an	ideal	gas	are	low	pressure	and	high	temperature.	Under	these
conditions,	the	ideal	gas	assumption	that	gas	molecules	have	no	intermolecular	forces	and
occupy	no	volume	is	most	valid.



5.	 D
This	question	is	an	application	of	Avogadro’s	principle,	which	states	that	at	a	constant
temperature	and	pressure,	all	gases	will	have	the	same	number	of	moles	in	the	same	volume.
This	is	true	regardless	of	the	identity	of	the	gas.	Thus,	if	there	is	0.25	mol	of	He	gas	under	one
set	of	conditions,	there	will	likewise	be	0.25	mol	of	chlorine	gas	under	the	same	set	of
conditions.	The	number	of	chlorine	gas	molecules	is	therefore	0.25	times	Avogadro’s	number:

Note	that	the	actual	numerical	value	of	the	volume	does	not	even	come	into	play.

6.	 D
The	average	speed	of	a	gas	is	defined	as	the	mathematical	average	of	all	the	speeds	of	the	gas
particles	in	a	sample.	To	answer	this	question,	you	must	understand	the	Maxwell-Boltzmann
distribution	curve,	which	shows	the	distribution	of	speeds	of	all	the	gas	particles	in	a	sample	at
a	given	temperature.	The	distribution	curve	is	a	bell-shaped	curve	that	flattens	and	shifts	to
the	right	as	the	temperature	increases.	The	flattening	of	the	curve	means	that	gas	particles
within	the	sample	are	traveling	at	a	greater	range	of	speeds.	As	a	result,	a	smaller	proportion
of	the	molecules	will	move	at	exactly	the	new	average	speed.

7.	 A
A	gas	weighing	25	g/mol	will	have	a	density	of	(25	g/mol)	/	(22.4	L	/	mol)	=	(25/22.4)	g/mol	at
STP.	The	density	at	76	torr	and	37ºC	is	found	by	calculating	the	change	in	volume	of	a	mole	of
gas	under	these	conditions:

Therefore	the	density	of	the	gas	is	25g	/	254	L	=	0.1	g/mol.	Alternatively,	we	can	use	the
equation	given	earlier:	

8.	 8.88
First,	find	out	the	volume	of	one	mole	of	gas	at	the	pressure	and	temperature	given:



Since	one	mole	of	HCl	occupies	12	L	at	this	temperature	and	pressure,	3	L	HCl	then
corresponds	to	0.25	mol.	Since	2	mol	of	HCl	are	produced	from	each	mol	of	Cl2,	0.25	mol	HCl
would	be	produced	from	0.125	mol	of	Cl2.	The	molecular	weight	of	Cl2	is	71,	so	the	answer	is
(71	g/mol	of	Cl2)	(0.125	mol)	=	8.88	g.

9.	 38	torr,	152	torr,	152	torr,	38	torr

According	to	Dalton’s	law	of	partial	pressures,	the	sum	of	the	partial	pressures	of	the	gases	in	a
mixture	is	equal	to	the	total	pressure	of	the	mixture.	Therefore,	the	partial	pressures	of
nitrogen,	oxygen,	helium,	and	chlorine	will	add	up	to	380	torr.	The	partial	pressure	of	a	gas	A,
PA,	is	calculated	using	the	equation	PA	=	PT XA	where	X	is	the	mole	fraction	of	the	gas	A	and	PT	is
the	total	pressure.	First,	then,	one	must	calculate	the	number	of	moles	of	each	gas	present	by
dividing	the	mass	of	each	gas	by	its	molar	mass,	and	then	determine	the	mole	fraction	of	each.
It	can	be	easily	verified	that	XN2

=	0.1,	XO2
=	0.4,	XHe	=	0.4,	and	XCl2=	0.1.	Now	the	partial	pressures

may	be	calculated:

10.	 E
The	average	kinetic	energy	of	a	gas	is	proportional	to	its	temperature	in	K,	not	°C.

11.	 0.4
Rearranging	the	equation:



12.	 13.7
7	g	of	nitrogen	corresponds	to	0.25	mol,	and	hence	from	the	balanced	reaction,	one	would
expect	that	0.50	mol	of	NO2	will	be	produced.	Therefore,	the	volume	at	STP	will	be	(0.5	mol
NO2)	(22.4	L/mol	at	STP)	=	11.2	L	NO2

Now	find	the	volume	under	the	conditions	given:

13.	 728
There	are	three	different	gases	in	this	system:	hydrogen,	oxygen,	and	water	vapor.	Therefore,
the	pressure	due	to	hydrogen	plus	oxygen	will	be	equal	to	the	total	pressure	minus	the	vapor
pressure	of	the	water,	which	is	12	mm	Hg:

740	mm	Hg	–	12	mm	Hg	=	728	mm	Hg

14.	 0.66
From	Dalton’s	law	of	partial	pressures,	the	sum	of	the	partial	pressures	is	equal	to	the	total
pressure.	In	question	13	it	was	determined	that	the	pressure	due	to	H2	and	O2	is	728	mm	Hg.	If
the	partial	pressure	of	oxygen	is	242.7	mm	Hg,	then	the	partial	pressure	of	hydrogen	is	728	mm
Hg	–	242.7	mm	Hg	=	485.3	mm	Hg.	Now,	the	mole	fraction	can	be	calculated	using	the
equation



Chapter	8

The	Condensed	Phases	and	Phase	Changes

When	the	attractive	forces	between	molecules	overcome	the	random	thermal	kinetic	energy	that
keeps	molecules	apart	in	the	gas	phase,	the	molecules	cluster	together	so	that	they	can	no	longer
move	about	freely,	and	enter	the	liquid	or	solid	phase.	Because	of	their	smaller	volume	relative	to
gases,	liquids	and	solids	are	often	referred	to	as	the	condensed	phases.	The	relative	order	of	kinetic
energy	among	the	three	different	phases	of	matter	is	one	of	the	most	important	concepts	to	keep	in
mind.	Molecules	move	most	quickly	in	gases,	flow	more	slowly	in	liquids,	and	merely	vibrate	in
solids.

General	Properties	of	Liquids
General	Properties	of	Solids
Liquid	Crystals
Intermolecular	Forces
Phase	Equilibria	and	Phase	Changes
Phase	Diagrams



General	Properties	of	Liquids

In	a	liquid,	atoms	or	molecules	are	held	close	together	with	little	space	between	them.	As	a	result,
liquids,	unlike	gases,	have	definite	volumes	and	cannot	easily	be	expanded	or	compressed.
However,	the	molecules	can	still	move	around	and	are	in	a	state	of	relative	disorder.	Consequently,
a	liquid	can	change	shape	to	fit	its	container,	and	its	molecules	are	able	to	diffuse	and	evaporate.

One	of	the	most	important	properties	of	liquids	is	their	ability	to	mix,	both	with	each	other	and	with
other	phases,	to	form	solutions.	The	degree	to	which	two	liquids	can	mix	is	called	their	miscibility.
Oil	and	water	are	almost	completely	immiscible	because	of	their	polarity	difference.	Oil	and	water
normally	form	separate	layers	when	mixed,	with	oil	on	top	because	it	is	less	dense.	Under	extreme
conditions,	such	as	violent	shaking,	two	immiscible	liquids	can	form	a	fairly	homogeneous	mixture
called	an	emulsion.	Although	they	look	like	solutions,	emulsions	are	actually	mixtures	of	discrete
particles	too	small	to	be	seen	distinctly.

A	CLOSER	LOOK

Although	they	look	like	solutions,	emulsions	are	actually	mixtures	of	discrete	particles	too
small	to	be	seen	distinctly.



General	Properties	of	Solids

In	a	solid,	the	attractive	forces	between	atoms,	ions,	or	molecules	are	strong	enough	to	hold	them
rigidly	together;	thus,	the	particles’	only	motion	is	vibration	about	fixed	positions,	and	the	kinetic
energy	of	solids	is	predominantly	vibrational	energy.	As	a	result,	solids	have	definite	shapes	and
volumes.

CRYSTALLINE	SOLIDS
A	solid	may	be	crystalline	or	amorphous.	A	crystalline	solid,	such	as	NaCl,	possesses	an	ordered
structure;	its	atoms	exist	in	a	specific	three-dimensional	geometric	arrangement	with	repeating
patterns	of	atoms,	ions,	or	molecules.	Because	of	this	long-range	order,	crystalline	solids	have	highly
regular	shapes.

The	repeating	units	of	crystals	are	represented	by	the	unit	cell,	the	smallest	structural	unit	that
contains	all	the	information	about	the	spatial	arrangement	of	the	particles.	Unit	cells	can	be
thought	of	as	building	blocks	of	crystalline	solids:	Repeating	them	in	all	directions	will	reproduce	the
crystal.	There	are	many	types	of	unit	cells,	differing	in	geometry,	size,	etc.	Below	are	the	structures
of	the	three	cubic	unit	cells:	simple	cubic,	body-centered	cubic,	and	face-centered	cubic.

The	structure	of	crystalline	solids	can	be	determined	using	the	technique	of	X-ray	crystallography.
When	electromagnetic	radiation	(of	which	X-ray	is	a	type)	passes	through	matter,	it	interacts	with
the	electrons	and	is	scattered	in	different	directions.	If	the	matter	is	made	up	of	a	regularly	spaced
array	of	structural	units	(as	is	the	case	for	crystals),	the	X-ray	is	scattered	in	such	a	way	that	it
produces	a	characteristic	pattern	of	spots.	This	phenomenon	is	known	as	diffraction.	The



arrangement	of	the	spots,	known	as	the	diffraction	pattern,	is	determined	by	the	structure	of	the
crystal	(the	dimensions	and	shape	of	the	unit	cell)	and	the	arrangement	of	particles	within	it.
Obtaining	the	diffraction	pattern,	then,	allows	one	to	deduce	the	crystal	structure.

Most	solids	are	crystalline	in	structure,	and	can	be	further	categorized	by	the	nature	of	the	forces
that	hold	the	particles	together.

A	CLOSER	LOOK

The	structure	of	crystalline	solids	can	be	determined	using	the	technique	of	X-ray
crystallography.	When	electromagnetic	radiation	(of	which	X-ray	is	a	type)	passes	through
matter,	it	interacts	with	the	electrons	and	is	scattered	in	different	directions.	If	the	matter	is
made	up	of	a	regularly	spaced	array	of	structural	units	(as	is	the	case	for	crystals),	the	X-ray	is
scattered	in	such	a	way	that	it	produces	a	characteristic	pattern	of	spots.	This	phenomenon
is	known	as	diffraction.

Ionic	Crystals

Ionic	solids	are	generally	formed	between	atoms	with	significantly	different	electronegativities.	The
atoms	exist	in	their	ionic	form	in	the	solid,	with	the	positive	and	negative	ions	occupying	alternate
sites	within	the	unit	cell.	Examples	include	NaCl	and	CaF2.	Ionic	solids	are	brittle	and	are
characterized	by	high	melting	points,	high	boiling	points,	and	poor	electrical	conductivity	in	the
solid	phase.	These	properties	are	due	to	the	compounds’	strong	electrostatic	interactions,	which
also	cause	the	ions	to	be	relatively	immobile.	Because	they	are	aggregates	of	positively	and
negatively	charged	ions,	there	are	no	discrete	molecules,	and	their	formulas	are	empirical	formulas
that	describe	the	ratio	of	ions	in	the	lowest	possible	whole	numbers.	For	example,	the	empirical
formula	BaCl2	gives	the	ratio	of	Ba2+	to	Cl–	ions	within	the	crystal.

Covalent	Crystals

Covalent	crystals	are	composed	of	atoms	linked	by	strong	covalent	bonds	into	a	large	three-
dimensional	structure	that	can	be	thought	of	as	one	giant	molecule.	Because	of	the	strong	forces
binding	the	atoms	together,	covalent	crystals	have	high	melting	points	and	are	hard.	The	most



common	example	of	covalent	crystals	is	diamond,	which	is	a	network	of	carbon	atoms,	each	of
which	is	bonded	to	four	others	in	a	tetrahedral	arrangement.

Metallic	Crystals

Metallic	solids	consist	of	metal	atoms	packed	together.	They	have	high	melting	and	boiling	points	as
a	result	of	their	strong	covalent	attractions.	They	differ	from	normal	covalent	solids	in	that	the
valence	orbitals	of	the	constituent	atoms	interact	to	form	molecular	orbitals	delocalized	over	the
entire	crystal	and	through	which	electrons	can	move.	Because	of	the	ability	of	electrons	to	move
freely	within	the	such	solids,	metallic	crystals	conduct	electricity	and	heat	very	well.

Molecular	Crystals

The	molecules	or	atoms	making	up	these	solids	are	held	together	by	intermolecular	forces	that	tend
to	be	weaker	than	ionic	and	covalent	forces.	They	thus	tend	to	have	low	melting	points	and	are
easily	deformable.	The	structures	of	a	lot	of	biological	molecules	(such	as	proteins)	are	determined
by	performing	X-ray	crystallography	on	the	molecular	crystals	that	they	form.

AMORPHOUS	SOLIDS
An	amorphous	solid,	such	as	glass,	does	not	possess	the	long-range,	periodic	structure	that
crystalline	solids	do,	although	the	molecules	are	also	fixed	in	place.



Liquid	Crystals

Not	all	material	falls	neatly	into	one	of	the	above	categories.	Metalloids,	for	example,	possess
properties	that	are	intermediate	between	those	of	metallic	and	covalent	solids.	A	more	astounding
example	is	that	of	liquid	crystals,	a	state	of	matter	in	between	liquids	and	solids.

Most	of	the	substances	that	can	form	liquid	crystals	are	long,	rodlike	organic	molecules.	Above	a
certain	temperature,	they	behave	like	normal	liquids,	oriented	randomly	and	moving	relatively
freely	among	themselves.	As	they	are	cooled,	they	pass	through	several	intermediate	phases,	each
of	increasing	order.	In	particular,	these	rodlike	molecules	tend	to	line	up	parallel	to	one	another.
The	precise	orientation	these	molecules	choose	to	line	up	in	is	affected	by	external	electric	and
magnetic	fields.	It	is	this	property	that	makes	liquid	crystals	useful	in	electronic	displays	such	as
certain	computer	screens.

A	CLOSER	LOOK

Liquid	crystals	are	a	state	of	matter	in	between	liquids	and	solids.	Above	a	certain
temperature,	they	behave	like	normal	liquids,	oriented	randomly	and	moving	relatively
freely	among	themselves.	As	they	are	cooled,	they	pass	through	several	intermediate	phases,
each	of	increasing	order.	In	particular,	these	rod-like	molecules	tend	to	line	up	parallel	to
one	another.	The	precise	orientation	these	molecules	choose	to	line	up	in	is	affected	by
external	electric	and	magnetic	fields.	It	is	this	property	that	makes	liquid	crystals	useful	in
electronic	displays	such	as	certain	computer	screens.



Intermolecular	Forces

Molecular	crystals,	as	mentioned	above,	and	most	liquids	(except	those	that	are	molten	forms	of
ionic	solids)	are	held	together	by	intermolecular	attractions	that	are	generally	weaker	than	ionic
and	covalent	interactions.	These	attractive	forces	are	electrostatic	in	nature,	and	affect	the	atoms	or
molecules	even	though	they	are	neutral	because	of	the	asymmetric	distribution	of	charge	density.
They	can	be	roughly	categorized	into	three	types:	dipole-dipole	interactions,	London	dispersion
forces,	and	hydrogen	bonding.	These	intermolecular	forces	are	sometimes	referred	to	collectively	as
van	der	Waals	forces.

BASIC	CONCEPT

From	strongest	to	weakest:

DIPOLE-DIPOLE	INTERACTIONS
Polar	molecules	tend	to	orient	themselves	so	that	the	positive	region	of	one	molecule	is	close	to	the
negative	region	of	another	molecule.	This	arrangement	is	energetically	favorable	because	of	the
electrostatic	attraction	between	unlike	charges.	The	magnitude	of	this	kind	of	interaction	increases
with	increasing	polarity	of	the	molecules.

Dipole-dipole	interactions	are	present	in	the	solid	and	liquid	phases	when	the	constituent	molecules
are	polar,	but	often	become	negligible	in	the	gas	phase	because	the	molecules	are	generally	much
farther	apart.	Polar	species	tend	to	have	higher	boiling	points	than	nonpolar	species	of	comparable
molecular	weight.

Hydrogen	bonding
Dipole-dipole	interactions
Dispersion	(London)	forces



LONDON	DISPERSION	FORCES
Even	though	atoms	or	nonpolar	molecules	have	no	dipole	moment,	they	experience	attractive
forces	among	themselves.	This	is	because	at	any	particular	point	in	time,	the	electron	density	will	be
distributed	randomly	throughout	the	orbital;	that	is,	the	electron	density	fluctuates	with	time.	This
leads	to	rapid	polarization	and	counterpolarization	of	the	electron	cloud	and	thus	the	formation	of
short-lived	dipoles.	These	dipoles	interact	with	the	electron	clouds	of	neighboring	molecules,
inducing	the	formation	of	more	dipoles.	The	attractive	interactions	of	these	short-lived	dipoles	are
called	dispersion	or	London	forces.

Dispersion	forces	are	generally	weaker	than	other	intermolecular	forces.	They	do	not	extend	over
long	distances	and	are	therefore	most	important	when	molecules	are	close	together.	The	strength
of	these	interactions	within	a	given	substance	depends	directly	on	how	easily	the	electrons	in	the
molecules	can	move	(i.e.,	be	polarized).	Large	molecules	in	which	the	electrons	are	far	from	the
nucleus	are	relatively	easy	to	polarize	and	therefore	experience	greater	dispersion	forces	among
themselves.	If	it	were	not	for	dispersion	forces,	the	noble	gases	would	not	liquefy	at	any
temperature	since	no	other	intermolecular	forces	exist	between	the	noble	gas	atoms.	The	low
temperature	at	which	the	noble	gases	liquefy	is	indicative	of	the	relatively	small	magnitude	of
dispersion	forces	between	the	atoms.

HYDROGEN	BONDING
Hydrogen	bonding	is	a	specific,	unusually	strong	form	of	dipole-dipole	interaction.	When	hydrogen
is	bound	to	a	highly	electronegative	atom	such	as	fluorine,	oxygen,	or	nitrogen,	the	hydrogen	atom
carries	little	of	the	electron	density	of	the	covalent	bond,	most	of	which	is	shifted	over	to	the
electronegative	atom.	This	positively	charged	hydrogen	atom	interacts	with	the	partial	negative
charge	located	on	the	electronegative	atoms	of	nearby	molecules,	causing	the	two	molecules	to
experience	an	attraction	for	each	other.	Substances	that	display	hydrogen	bonding	tend	to	have
unusually	high	boiling	points	compared	with	compounds	of	similar	molecular	formula	that	do	not
participate	in	hydrogen	bonding.	The	difference	derives	from	the	energy	required	to	break	the
hydrogen	bonds.	Hydrogen	bonding	is	particularly	important	in	the	behavior	of	water,	alcohols,
amines,	and	carboxylic	acids.	In	fact,	if	it	were	not	for	the	hydrogen	bonding	ability	of	water,	life	as
we	know	it	would	not	be	possible	on	Earth.



Phase	Equilibria	and	Phase	Changes

The	different	phases	of	matter	interchange	upon	the	absorption	or	release	of	energy,	and	more	than
one	of	them	may	exist	in	equilibrium	under	certain	conditions.	For	example,	at	1	atm	and	0°C,	an	ice
cube	floating	in	water	is	a	system	in	which	the	liquid	and	the	solid	phases	coexist	in	equilibrium.	On
the	microscopic	level,	however,	the	two	phases	are	constantly	interconverting	while	in	this
seemingly	static	state.	Some	of	the	ice	may	absorb	heat	and	melt,	but	an	equal	amount	of	water	will
release	heat	and	freeze.	That	is,	individual	H2O	molecules	are	going	between	the	solid	and	liquid
phases	constantly,	but	in	a	way	such	that	the	relative	amounts	of	ice	and	water	remain	constant.
This	condition	in	which	two	opposing	processes	occur	such	that	the	net	change	in	the	outcome	is
zero	is	known	as	dynamic	equilibrium.

GAS-LIQUID	EQUILIBRIUM
The	temperature	of	a	liquid	is	related	to	the	average	kinetic	energy	of	the	liquid	molecules;
however,	the	kinetic	energy	of	the	individual	molecules	will	vary	(just	as	there	is	a	distribution	of
molecular	speeds	in	a	gas).	A	few	molecules	near	the	surface	of	the	liquid	may	have	enough	energy
to	leave	the	liquid	phase	and	escape	into	the	gaseous	phase.	This	process	is	known	as	evaporation
(or	vaporization).	Each	time	the	liquid	loses	a	high-energy	particle,	the	average	kinetic	energy	of
the	remaining	molecules	decreases,	which	means	that	the	temperature	of	the	liquid	decreases.
Evaporation	is	thus	a	cooling	process.	Given	enough	kinetic	energy,	the	liquid	will	completely
evaporate.

If	a	cover	is	placed	on	a	beaker	of	liquid,	the	escaping	molecules	are	trapped	above	the	solution.
These	molecules	exert	a	countering	pressure,	which	forces	some	of	the	gas	back	into	the	liquid
phase;	this	process	is	called	condensation.	Atmospheric	pressure	acts	on	a	liquid	in	a	similar	fashion
as	a	solid	lid.	As	evaporation	and	condensation	proceed,	an	equilibrium	is	reached	in	which	the	rates
of	the	two	processes	become	equal;	that	is,	the	liquid	and	the	vapor	are	in	dynamic	equilibrium.	The
pressure	that	the	gas	exerts	when	the	two	phases	are	at	equilibrium	is	called	the	vapor	pressure.
Vapor	pressure	increases	as	temperature	increases,	because	more	molecules	will	have	sufficient
kinetic	energy	to	escape	into	the	gas	phase.	The	temperature	at	which	the	vapor	pressure	of	the



liquid	equals	the	external	(most	often	atmospheric)	pressure	is	called	the	boiling	point.	In	general,
then,	the	temperature	at	which	a	liquid	boils	is	dependent	on	the	pressure	surrounding	it.	We	know
water	to	boil	at	100°C	because	it	is	at	this	temperature	that	its	vapor	pressure	(or	the	pressure
exerted	by	the	gas	phase	H2O	molecules)	is	equal	to	one	atmosphere.	At	places	of	high	elevation,	the
surrounding	pressure	is	lower	than	1	atm	and	so	water	boils	at	a	lower	temperature.	By	controlling
the	ambient	pressure,	then,	we	can	change	the	temperature	at	which	water	boils.	This	is	the
principle	behind	the	pressure	cooker:	By	maintaining	a	high	pressure,	water	can	reach	a
temperature	higher	than	100°C	before	it	vaporizes,	thus	making	it	more	effective	at	heating	things.

LIQUID-SOLID	EQUILIBRIUM
The	liquid	and	solid	phases	can	also	coexist	in	equilibrium	(such	as	in	the	ice-water	mixture
discussed	above).	Even	though	the	atoms	or	molecules	of	a	solid	are	confined	to	definite	locations,
each	atom	or	molecule	can	undergo	motions	about	some	equilibrium	position.	These	motions
(vibrations)	increase	when	energy	(most	commonly	in	the	form	of	heat)	is	supplied.	If	atoms	or
molecules	in	the	solid	phase	absorb	enough	energy	in	this	fashion,	the	solid’s	three-dimensional
structure	breaks	down	and	the	liquid	phase	begins.	The	transition	from	solid	to	liquid	is	called
fusion	or	melting.	The	reverse	process,	from	liquid	to	solid,	is	called	solidification,	crystallization,
or	freezing.	The	temperature	at	which	these	processes	occur	is	called	the	melting	point	or	freezing
point,	depending	on	the	direction	of	the	transition.	Whereas	pure	crystals	have	distinct,	very	sharp
melting	points,	amorphous	solids,	such	as	glass,	tend	to	melt	over	a	larger	range	of	temperatures,
due	to	their	less-ordered	molecular	distribution.

GAS-SOLID	EQUILIBRIUM
A	third	type	of	phase	equilibrium	is	that	between	a	gas	and	a	solid.	When	a	solid	goes	directly	into
the	gas	phase,	the	process	is	called	sublimation.	Dry	ice	(solid	CO2)	sublimes	under	atmospheric
pressure;	the	absence	of	the	liquid	phase	makes	it	a	convenient	refrigerant.	The	reverse	transition,
from	the	gaseous	to	the	solid	phase,	is	called	deposition.



Phase	Diagrams

Implicit	in	the	discussion	above	is	the	fact	that	the	phase	in	which	a	substance	finds	itself	is	a
function	of	external	conditions.	On	a	plot	of	pressure	versus	temperature,	one	can	imagine	dividing
the	area	of	the	quadrant	into	three	sections,	one	corresponding	to	each	of	the	three	phases.	The	x
and	y	values	falling	within	each	section	are	all	the	combinations	of	the	pressure	and	temperature
values	at	which	the	substance	will	be	in	that	phase.	In	general,	the	gas	phase	is	found	at	high
temperature	and	low	pressure;	the	solid	phase	is	found	at	low	temperature	and	high	pressure;	and
the	liquid	phase	is	found	at	high	temperature	and	high	pressure.	A	typical	phase	diagram	is	shown
below:

BASIC	CONCEPT

In	a	phase	diagram,	the	point	at	which	all	three	lines	intersect	is	called	the	triple	point.

The	three	phases	are	demarcated	by	lines	indicating	the	temperatures	and	pressures	at	which	two
phases	are	in	equilibrium.	Along	line	A,	the	solid	and	liquid	phases	are	in	equilibrium;	along	line	B,

Triple	Point



liquid	and	gas;	and	along	line	C,	solid	and	gas.	Crossing	one	of	these	lines	represents	a	phase	change
process:	Crossing	line	B,	for	example,	denotes	either	evaporation	or	condensation,	depending	on
the	direction	of	travel.	The	intersection	of	the	three	lines	is	called	the	triple	point.	At	this
temperature	and	pressure,	unique	for	a	given	substance,	all	three	phases	are	in	equilibrium.	Each
substance	has	its	own	characteristic	phase	diagram	that	describes	its	physical	properties.	The
reason	why	dry	ice	sublimes	rather	than	melts,	for	example,	is	because	the	triple	point	of	carbon
dioxide	lies	at	a	pressure	above	1	atm.	The	process	of	raising	its	temperature	in	open	air
(atmospheric	pressure)	thus	occurs	in	the	lower	portion	of	the	plot	and	the	phase	transition	takes
the	substance	across	line	C,	bypassing	the	liquid	phase.	If	the	external	pressure	is	8	atm,	then
heating	a	block	of	dry	ice	would	cause	it	to	melt	into	the	liquid	state.

The	liquid-gas	equilibrium	curve,	line	B,	terminates	at	a	point	known	as	the	critical	point,	beyond
which	there	are	no	distinct	liquid	and	gas	phases.	Instead,	the	substance	exists	in	a	form	known	as	a
supercritical	fluid.	On	the	other	hand,	the	boundary	between	the	solid	and	liquid	phases	continues
indefinitely	(hence	the	arrowhead	on	line	A),	and	for	almost	all	substances	leans	to	the	right,	which
means	that	as	the	pressure	increases,	a	higher	and	higher	temperature	is	needed	to	cause	melting
(solid	to	liquid)	to	occur.	This	is	because	high	pressure	favors	the	typically	denser	solid	phase	over
the	liquid	one.	H2O	is	unique	in	that	its	solid	form	is	generally	less	dense	than	its	liquid	form	(the
reason	ice	floats	on	water).	As	a	result,	the	phase	diagram	for	H2O	has	a	solid-liquid	equilibrium
curve	that	slopes	to	the	left.

THINGS	TO	REMEMBER

General	Properties	of	Liquids
Crystalline	Solids
Amorphous	Solids
Liquid	Crystals
Dipole-Dipole	Interactions
Dispersion	Forces
Hydrogen	Bonding
Gas-Liquid	Equilibrium
Liquid-Solid	Equilibrium
Gas-Solid	Equilibrium



Review	Questions

1.	 Which	of	the	following	indicates	the	relative	randomness	of	molecules	in	the	three	states
of	matter?

Solid	>	liquid	>	gas(A)
Liquid	<	solid	<	gas(B)
Liquid	>	gas	>	solid(C)
Gas	>	liquid	>	solid(D)
None	of	the	above(E)

2.	 What	factors	determine	whether	or	not	two	liquids	are	miscible?

Molecular	size(A)
Molecular	polarity(B)
Density(C)
Both	B	and	C(D)

3.	 Discuss	the	physical	properties	of	ionic	crystals.

4.	 Alloys	are	mixtures	of	pure	metals	in	either	the	liquid	or	solid	phase.	Which	of	the
following	is	usually	true	of	alloys?



Refer	to	the	phase	diagram	below	for	questions	5–7.

The	melting/freezing	point	of	an	alloy	will	be	lower	than	that	of	either	of	the
component	metals,	because	the	new	bonds	are	stronger.

(A)

The	melting/freezing	point	of	an	alloy	will	be	lower	than	that	of	either	of	the
component	metals,	because	the	new	bonds	are	weaker.

(B)

The	melting/freezing	point	of	an	alloy	will	be	greater	than	that	of	either	of	the
component	metals,	because	the	new	bonds	are	weaker.

(C)

The	melting/freezing	point	of	an	alloy	will	be	greater	than	that	of	either	of	the
component	metals,	because	the	new	bonds	are	stronger.

(D)

5.	 What	is	the	typical	form	of	a	substance	in	state	B?

Pure	crystalline	solid(A)
Amorphous	solid(B)
Gas(C)
Liquid(D)

6.	 What	is	the	typical	form	of	a	substance	in	state	C?



Pure	crystalline	solid(A)
Amorphous	solid(B)
Gas(C)
Liquid(D)

7.	 What	is	the	triple	point?



Answer	Key

REVIEW	QUESTIONS
1.	 D
2.	 B
3.	 See	Answers	and	Explanations
4.	 B
5.	 D
6.	 C
7.	 See	Answers	and	Explanations



Answers	and	Explanations

REVIEW	QUESTIONS
1.	 D

Because	gas	molecules	have	the	greatest	freedom	to	move	around,	gases	have	the	greatest
disorder.	Liquids	are	denser	than	gases	and	therefore	the	molecules	experience	stronger
intermolecular	attractions	and	are	less	free	to	move	around.	The	arrangement	of	molecules	in
solids	is	the	least	random.	Thus,	melting	and	boiling	are	accompanied	by	an	increase	in
entropy,	i.e.,	∆S	>	0.	(See	chapter	11 .)

2.	 B
The	miscibility	of	two	liquids	strongly	depends	on	their	polarities.	In	general,	polar	and
nonpolar	liquids	are	not	miscible,	while	a	polar	liquid	can	usually	be	mixed	with	another	polar
liquid,	and	a	nonpolar	liquid	with	another	nonpolar	liquid.	Choice	A,	molecular	size,	and
choice	C,	the	density	of	a	liquid,	do	not	directly	affect	the	miscibility	(although	choice	C	should
remind	you	that	two	immiscible	liquids	will	form	separate	layers,	with	the	denser	liquid	on	the
bottom).	Thus,	B	is	the	only	correct	choice.

3.	 Ionic	crystals	contain	repeating	units	of	cations	and	anions.	Because	of	the	strong	electrostatic
attraction	between	the	ions,	these	crystals	have	high	melting	points.	Since	the	charges	in
these	crystals	are	tightly	fixed	in	the	lattice,	ionic	solids	are	poor	conductors	of	electricity.	In
the	liquid	or	solution	phase	the	charged	particles	can	move	around,	and	thus	liquid	ionic
compounds	will	conduct	electricity,	as	do	solutions	of	such	salts.

4.	 B
The	bonds	between	different	metal	atoms	in	an	alloy	are	much	weaker	than	those	between
the	atoms	in	pure	metals.	Therefore,	breaking	these	bonds	requires	less	energy	than	does
breaking	the	bonds	in	pure	metals.	Since	melting	and	freezing	points	increase	as	the	stability
of	bonds	increases,	they	tend	to	be	lower	for	alloys	than	for	pure	metals.



5.	 D
Refer	to	the	discussion	of	phase	diagrams.

6.	 C
Refer	to	the	discussion	of	phase	diagrams.

7.	 The	unique	combination	of	temperature	and	pressure	at	which	the	solid,	liquid,	and	gas
phases	coexist	at	equilibrium.



Chapter	9

Solution	Chemistry

Solutions	are	homogeneous	(that	is,	everywhere	the	same)	mixtures	of	substances	that	combine	to
form	a	single	phase,	generally	the	liquid	phase.	Many	important	chemical	reactions,	both	in	the
laboratory	and	in	nature,	take	place	in	solution	(including	almost	all	reactions	in	living	organisms).

A	solution	consists	of	a	solute	(e.g.,	NaCl,	NH3,	or	C12H22O11)	dispersed	(dissolved)	in	a	solvent	(e.g.,
H2O	or	benzene).	The	solvent	is	the	component	of	the	solution	whose	phase	remains	the	same	after
mixing.	For	example,	a	solid	cube	of	sugar	dissolved	in	water	(a	liquid)	yields	a	liquid	mixture	of
water	and	sugar:	Water	is	therefore	the	solvent	and	sugar	the	solute.	If	the	two	substances	are
already	in	the	same	phase,	the	solvent	is	generally	taken	to	be	the	component	present	in	greater
quantity.	Solute	molecules	move	about	freely	in	the	solvent	and	can	interact	with	other	molecules
or	ions;	consequently,	chemical	reactions	occur	easily	in	solution.

BASIC	CONCEPT

solute	= substance	being	dissolved	(often	solid)
solvent	= substance	doing	the	dissolving	(often	liquid)
solution	= solvent	+	dissolved	solute

Solvation
Solubility	and	Concentration	Units
Dilution
Electrolytes	and	Conductivity
Colligative	Properties



Solvation

The	interaction	between	solute	and	solvent	molecules	is	known	as	solvation	or	dissolution;	when
water	is	the	solvent,	it	is	also	known	as	hydration	and	the	resulting	solution	is	known	as	an	aqueous
solution.	Solvation	is	possible	when	the	attractive	forces	between	solute	and	solvent	are	stronger
than	those	between	the	solute	particles,	i.e.,	when	solute-solvent	interactions	overcome	solute-
solute	interactions.	It	then	becomes	more	energetically	favorable	for	the	solute	particles	to	be
surrounded	each	by	the	solvent	rather	than	stay	close	together.	For	example,	when	NaCl	dissolves	in
water,	its	component	ions	(Na+	and	Cl–)	dissociate	from	one	another	and	become	surrounded	by
water	molecules.	Because	water	is	polar,	ion-dipole	interactions	can	occur	between	the	Na+	and	Cl–

ions	and	the	water	molecules.	For	nonionic	solutes,	solvation	involves	van	der	Waals	forces	between
the	solute	and	solvent	molecules.	The	general	rule	is	that	like	dissolves	like:	Ionic	and	polar	solutes
are	soluble	in	polar	solvents,	and	nonpolar	solutes	are	soluble	in	nonpolar	solvents.

This	same	generalization	also	applies	to	cases	where	the	solute	is	not	a	solid.	Water	and	oil	do	not
mix,	for	example,	because	they	do	not	“dissolve	each	other.”	The	interactions	between	water
molecules	and	the	nonpolar	molecules	of	oil	are	nowhere	near	as	strong	as	the	hydrogen	bonding
among	water	molecules	themselves,	which	would	need	to	be	disrupted	if	mixing	were	to	occur.	The
two	liquids	therefore	stay	separate	from	each	other.

Gases,	in	contrast,	can	dissolve	in	liquid.	Gas	solubility	depends	on	pressure	and	temperature.
Henry’s	law	states	that,	at	constant	temperature,	the	solubility	of	a	gas	in	a	liquid	is	directly
proportional	to	the	partial	pressure	of	the	gas	on	the	surface	of	the	liquid.	For	example,	in	a	closed
container,	the	amount	of	carbon	dioxide	dissolved	in	water	is	proportional	to	the	partial	pressure	of
the	carbon	dioxide	above	the	liquid.	If	you	open	the	container,	the	carbon	dioxide	escapes	into	the
atmosphere,	and	the	solubility	of	the	gas	in	the	water	decreases	according	to	Henry’s	law.



Solubility	and	Concentration	Units

The	solubility	of	a	substance	is	the	maximum	amount	of	that	substance	that	can	be	dissolved	in	a
particular	solvent	at	a	particular	temperature.	When	this	maximum	amount	of	solute	has	been
added,	the	solution	is	said	to	be	saturated.	In	this	state,	the	solution	is	in	a	state	of	dynamic
equilibrium:	The	two	opposite	processes	of	dissolution	and	precipitation	(or	crystallization)	are
taking	place	at	the	same	rate.

If	more	solute	is	added	to	a	saturated	solution,	it	will	not	dissolve.	For	example,	at	18°C,	a	maximum
of	83	g	of	glucose	(C6H12O6)	will	dissolve	in	100	mL	of	H2O.	Thus,	we	can	say	that	the	solubility	of
glucose	is	83	g/100	mL.	If	more	glucose	is	added,	it	will	remain	in	solid	form,	precipitating	to	the
bottom	of	the	container.	In	some	unique	temperature	conditions	more	solid	can	be	dissolved	than
is	allowed,	in	which	case	the	solution	is	said	to	be	supersaturated.	This	is,	however,	an	unstable
system,	and	often	the	slightest	disturbance	would	cause	the	excess	solute	to	precipitate	out.

A	solution	in	which	the	proportion	of	solute	to	solvent	is	small	is	said	to	be	dilute,	and	one	in	which
the	proportion	is	large	is	said	to	be	concentrated.	Of	course,	very	often	we	need	to	specify	the
amount	of	solute	dissolved	in	a	solvent	more	exactly,	and	this	is	expressed	by	the	quantity	of
concentration.	Solubility,	then,	can	be	thought	of	as	the	maximum	possible	concentration	for	the
given	solute-solvent	pair	in	question.	In	the	example	above,	we	mentioned	that	the	maximum
concentration	of	glucose	in	water	at	18°C	is	83	g/100	mL.	More	commonly,	however,	the
concentration	of	a	solution	is	expressed	as	percent	composition	by	mass,	parts	per	million,	mole
fraction,	molarity,	molality,	or	normality.

PERCENT	COMPOSITION	BY	MASS
The	percent	composition	by	mass	of	a	solution	is	the	mass	of	the	solute	divided	by	the	mass	of	the
solution	(solute	plus	solvent),	multiplied	by	100.

Example: What	is	the	percent	composition	by	mass	of	a	salt	water	solution	if	200	g	of	the
solution	contains	0.3	mol	of	NaCl?



Solution: First	we	need	to	convert	the	amount	of	NaCl	into	mass:

PARTS	PER	MILLION
The	parts	per	million	(ppm)	of	a	solution	is	equal	to	the	grams	of	solute	divided	by	1,000,000	g	of
solution.

Example: A	chemical	analysis	shows	that	there	are	2.2	mg	of	iron	in	a	500	g	sample	of	tap
water.	Convert	this	to	parts	per	million	(ppm).

Solution: First	we	need	to	convert	the	amount	of	iron	to	grams.

2.2	mg	×	1	g/1000	mg	=	0.0022	g	Fe

Second,	we	need	to	create	a	proportion	between	the	amount	of	iron	per	500	g	of
water	and	the	amount	of	iron	per	1,000,000	g	of	water.

Cross	multiply,	then	solve	for	x.

The	units	of	grams	cancel	out,	leaving	us	with	units	of	parts	per	million.



MOLE	FRACTION
The	mole	fraction	(X)	of	a	compound	is	equal	to	the	number	of	moles	of	the	compound	divided	by
the	total	number	of	moles	of	all	species	within	the	system.	The	sum	of	the	mole	fractions	in	a
system	will	always	equal	1.

Example: If	92	g	of	glycerol	is	mixed	with	90	g	of	water,	what	will	be	the	mole	fractions	of	the	two
components?	(MW	of	H2O	=	18;	MW	of	C3H8O3	=	92)

Solution: 90	g	water	=	90	g	×	(1	mol/18	g)	=	5	mol
92	g	glycerol	=	92	g	×	(1	mol/92	g)	=	1	mol
total	number	of	moles	=	5	+	1	=	6
Xwater	=	5	mol/6	mol	=	0.833
Xglycerol	=	1	mol/6	mol	=	0.167

Since	these	are	the	only	two	components	in	the	system,	one	can	verify	that	the	two
mole	fractions	add	up	to	be	1.

MOLARITY
The	molarity	(M)	of	a	solution	is	the	number	of	moles	of	solute	per	liter	of	solution.	Solution
concentrations	are	usually	expressed	in	terms	of	and	in	units	of	mol/L,	also	abbreviated	M	molarity.
Molarity	depends	on	the	volume	of	the	solution,	not	on	the	volume	of	solvent	used	to	prepare	the
solution.	In	other	words,	mixing	1	mol	of	solute	with	1	L	of	solvent	will	not	in	general	give	a	1	M
solution	since	the	final	volume	after	mixing	may	be	different	from	1	L.	You	may	recall	from	your
laboratory	experience	that	in	order	to	produce	a	solution	of	a	particular	molarity,	you	add	solvent	to
a	container	(volumetric	flask)	that	already	has	the	solute	weighed	out	in	it,	until	the	total	volume	of
the	mixture	reaches	a	specific	value	(marked	by	a	ring	around	the	narrow	neck	of	the	flask).	One
generally	is	not	interested	in,	and	does	not	keep	track	of,	the	volume	of	solvent	actually	added.

Example: If	enough	water	is	added	to	11	g	of	CaCl2	to	make	100	mL	of	solution,	what	is	the
molarity	of	the	solution?

Solution: 11	g	CaCl2	=	0.10	mol	CaCl2
100	mL	=	0.10	L
	molarity	=	0.10	mol/0.10	L	=	1.0	M



MOLALITY
The	molality	(m)	of	a	solution	is	the	number	of	moles	of	solute	per	kilogram	of	solvent.	For	dilute
aqueous	solutions	at	25°C	the	molality	is	approximately	equal	to	the	molarity,	because	the	density
of	water	at	this	temperature	is	1	kilogram	per	liter	and	the	volume	of	the	solution	is	presumed	to	be
approximately	the	same	as	that	of	the	solvent	(i.e.,	water)	added.	But	note	that	this	is	an
approximation	and	true	only	for	dilute	aqueous	solutions.

Example: If	10	g	of	NaOH	are	dissolved	in	500	g	of	water,	what	is	the	molality	of	the	solution?
Solution:

DON’T	MIX	THESE	UP	ON	TEST	DAY

Do	not	confuse	molarity	and	molality!

Molarity	= moles	of	solute/volume	of	solution
Molality	= moles	of	solute/mass	of	solvent

NORMALITY
The	normality	(N)	of	a	solution	is	equal	to	the	number	of	equivalents	of	solute	per	liter	of	solution.
An	equivalent	is	a	measure	of	the	reactive	capacity	of	a	molecule,	and	is	defined	according	to	the
type	of	reaction	being	considered.

To	calculate	the	normality	of	a	solution,	then,	we	must	know	for	what	purpose	the	solution	is	being
used,	because	it	is	the	concentration	of	the	reactive	species	with	which	we	are	concerned.	For
example,	a	1	molar	solution	of	sulfuric	acid	would	be	2	normal	for	acid-base	reactions	(because	each
mole	of	sulfuric	acid,	H2SO4,	provides	2	moles	of	H+	ions)	but	is	only	1	normal	for	a	sulfate
precipitation	reaction	(because	each	mole	of	sulfuric	acid	provides	only	1	mole	of	sulfate	ions).



Normality	is	always	a	whole-number	multiple	of	molarity:	for	example,	a	3	M	solution	may	be	3	N,	6
N,	et	cetera,	but	not	2N	or	5N.

BASIC	CONCEPT

Normality	is	best	thought	of	as	“molarity	of	the	stuff	of	interest”	in	a	solution.



Dilution

A	solution	is	diluted	when	solvent	is	added	to	a	solution	of	high	concentration	to	produce	a	solution
of	lower	concentration.	The	concentration	of	a	solution	after	dilution	can	be	conveniently
determined	using	the	equation	below:

MiVi	=	MfVf

where	M	is	molarity,	V	is	volume,	and	the	subscripts	i	and	f	refer	to	initial	and	final	values,
respectively.	Note	that	the	product	MV	gives	the	number	of	moles	of	solute,	and	the	equation	is	just
a	statement	on	the	conservation	of	matter:	The	amount	of	solute	dissolved	in	the	solution	remains
constant	after	a	dilution.

Example: How	many	mL	of	water	must	be	added	to	65	mL	of	a	5.5	M	solution	of	NaOH	in	order
to	prepare	a	1.2	M	NaOH	solution?

Solution: The	first	step	is	to	find	the	final	volume	of	the	solution:

The	volume	of	water	that	needs	to	be	added	is	therefore

(300	−	65)	mL	=	235	mL



Electrolytes	and	Conductivity

The	ability	of	a	substance	to	conduct	electrical	currents	depends	on	how	easily	charges	can	move
through	it.	Metallic	solids,	as	we	have	seen,	conduct	electricity	because	the	structure	of	the
electronic	orbitals	allows	electrons	to	migrate	freely.	In	the	case	of	aqueous	solutions,	electrical
conductivity	is	governed	by	the	presence	and	concentration	of	ions	in	solution.	The	movement	of
these	ions	in	response	to	an	electric	field	is	what	makes	up	a	current.	Therefore,	pure	water	does	not
conduct	an	electrical	current	well	since	the	concentrations	of	hydronium	and	hydroxide	ions	are
very	small.	Solutes	whose	solutions	are	conductive	are	called	electrolytes.	A	solute	is	considered	a
strong	electrolyte	if	it	dissociates	completely	into	its	constituent	ions.	Examples	of	strong
electrolytes	include	ionic	compounds,	such	as	NaCl	and	KI,	and	molecular	compounds	with	highly
polar	covalent	bonds	that	dissociate	into	ions	when	dissolved,	such	as	HCl	in	water.	A	weak
electrolyte,	on	the	other	hand,	ionizes	or	hydrolyzes	incompletely	in	aqueous	solution	and	only
some	of	the	solute	is	present	in	ionic	form.	Examples	include	acetic	acid	and	other	weak	acids,
ammonia	and	other	weak	bases,	and	HgCl2.	Many	compounds	do	not	ionize	at	all	in	aqueous
solution,	retaining	their	molecular	structure	in	solution.	These	compounds	are	called
nonelectrolytes	and	include	many	nonpolar	gases	and	organic	compounds,	such	as	oxygen	and
sugar.



Colligative	Properties

The	presence	of	solute	particles	can	make	the	physical	properties	(such	as	boiling	point	and	freezing
point)	of	the	solution	different	from	those	of	the	pure	solvent.	Such	effects	are	more	easily	studied
systematically	in	cases	where	the	solution	is	relatively	dilute	and	the	solute	is	nonvolatile	(negligible
presence	in	the	gas	phase;	does	not	exert	vapor	pressure	of	its	own).	The	more	numerous	these
solute	particles	are	in	solution,	the	more	pronounced	the	changes	on	the	physical	properties.
Physical	properties	that	depend	on	the	number	of	dissolved	particles	in	the	solution	but	not	on	their
chemical	identity	or	nature	are	known	as	colligative	properties.

VAPOR-PRESSURE	LOWERING	(RAOULT’S	LAW)

A	CLOSER	LOOK

Raoult’s	law	is	the	basis	of	the	technique	of	distillation,	used	to	separate	substances	with
different	boiling	points	or	volatilities.

When	solute	B	is	added	to	pure	solvent	A,	the	vapor	pressure	of	A	above	the	solvent	decreases.	If	the
vapor	pressure	of	A	above	pure	solvent	A	is	designated	by	P°A	and	the	vapor	pressure	of	A	above	the
solution	containing	B	is	PA,	the	change	in	vapor	pressure,	defined	as	∆P	=	P°A	–	PA,	is

∆P	=	XBP°A

where	XB	is	the	mole	fraction	of	the	solute	B	in	solvent	A.	For	a	two-component	system	(that	is,	no
other	kind	of	solute	present),	XB	=	1	–	XA,	and	so	by	substituting	this	into	the	equation,	together	with
the	definition	∆P	=	P°A	–	PA,	one	obtains	Raoult’s	law:

PA	=	XAP°A



The	more	solute	particles	there	are	in	solution,	the	lower	the	mole	fraction	of	the	solvent	would	be,
and	hence	the	lower	the	vapor	pressure.	One	limiting	case	is	the	trivial	scenario	where	only	the
solute	is	present;	without	any	solvent,	XA	is	zero,	and	so	the	vapor	pressure	of	A	is	zero	by	the
equation,	which	certainly	makes	sense	because	there	simply	isn’t	any	solvent	around	to	exert	a
vapor	pressure.	In	the	other	extreme,	when	no	solute	is	present,	the	system	is	composed	entirely	of
solvent	A;	its	mole	fraction	is	therefore	one	and	its	vapor	pressure	would	be	the	same	as	that	of	pure
A.	In	between	these	two	cases,	Raoult’s	law	states	that	the	vapor	pressure	is	linearly	proportional	to
the	mole	fraction	of	the	solvent.

It	should	be	pointed	out	that	even	though	we	have	introduced	Raoult’s	law	in	the	study	of	colligative
properties,	it	is	not	limited	to	the	solvent-nonvolatile	solute	systems	on	which	we	have	focused.	In	a
solution	with	several	volatile	components	(a	mixture	of	benzene	and	toluene,	for	example),	Raoult’s
law	states	that	the	vapor	pressure	of	each	component	is	proportional	to	its	mole	fraction	in	the
solution	below.

The	sum	of	all	the	mole	fractions	has	to	equal	one.	The	total	vapor	pressure	over	the	solution,	then,
is	the	sum	of	the	partial	vapor	pressures	of	each	component:

Ptot	=	PA	+	PB	+	PC	+	…	=	XAP°A	+	XBP°B	+	X C  P°C	+	…

This	last	result	is	simply	an	application	of	Dalton’s	law	of	partial	pressures.

Raoult’s	law	is	actually	only	an	idealized	description	of	the	behavior	of	solutions,	and	holds	only
when	the	attraction	between	molecules	of	the	different	components	of	the	mixture	is	equal	to	the
attraction	between	the	molecules	of	any	one	component	in	its	pure	state.	When	this	condition	does
not	hold,	the	relationship	between	mole	fraction	and	vapor	pressure	will	deviate	from	Raoult’s	law.
Solutions	that	obey	Raoult’s	law	are	called	ideal	solutions,	much	in	the	same	way	that	gases	obeying
PV	=	nRT	are	called	ideal	gases.

A	CLOSER	LOOK



Solutions	that	obey	Raoult’s	law	are	called	ideal	solutions.

FREEZING-POINT	DEPRESSION
Pure	water	(H2O)	freezes	at	0°C	at	1	atm;	however,	for	every	mole	of	solute	particles	dissolved	in	1	L
of	water,	the	freezing	point	is	lowered	by	1.86°C.	This	is	because	the	solute	particles	interfere	with
the	process	of	crystal	formation	that	occurs	during	freezing;	the	solute	particles	lower	the
temperature	at	which	the	molecules	can	align	themselves	into	a	crystalline	structure.

A	CLOSER	LOOK

Freezing-point	depression	is	the	principle	behind	spreading	salt	on	ice:	The	freezing	point	of
water	is	lowered	by	the	presence	of	the	salt,	and	so	the	ice	melts.	Antifreeze	(mostly	ethylene
glycol)	also	operates	by	the	same	principle.

The	formula	for	calculating	this	freezing-point	depression	is:

∆Tf	=	Kf m

where	∆Tf	is	the	freezing-point	depression	(the	number	of	degrees	or	Kelvin	the	freezing	point	is
lowered	by),	Kf	is	a	proportionality	constant	characteristic	of	a	particular	solvent,	and	m	is	the
molality	of	the	solution	(mol	solute/kg	solvent).	Each	solvent	has	its	own	characteristic	Kf	.	The
larger	the	value,	the	more	sensitive	its	freezing	point	is	to	the	presence	of	solutes.

Note	that	the	molality	in	question	is	the	total	molality	of	all	particles	present.	A	1	m	aqueous
solution	of	NaCl,	for	example,	would	correspond	to	2	m	in	solute	particles	since	it	dissociates	to	give
1	m	of	Na+	ions	and	1	m	of	Cl−	ions.	It	would	lead	to	a	freezing-point	depression	that	is	twice	the
magnitude	of	that	of	a	1	m	aqueous	solution	of	sugar.

Freezing-point	depression	is	the	principle	behind	spreading	salt	on	ice:	The	freezing	point	of	water	is
lowered	by	the	presence	of	the	salt,	and	so	the	ice	melts.	Antifreeze	(mostly	ethylene	glycol)	also



operates	by	the	same	principle.

BOILING-POINT	ELEVATION
A	liquid	boils	when	its	vapor	pressure	equals	the	atmospheric	pressure.	Since,	as	we	have	seen
above,	the	vapor	pressure	of	a	solution	is	lower	than	that	of	the	pure	solvent,	more	energy	(and
consequently	a	higher	temperature)	will	be	required	before	its	vapor	pressure	equals	atmospheric
pressure.	In	other	words,	the	boiling	point	of	a	solution	is	higher	than	that	of	the	pure	solvent.	The
extent	to	which	the	boiling	point	of	a	solution	is	raised	relative	to	that	of	the	pure	solvent	is	given	by
the	following	formula:

∆Tb	=	K bm

where	∆Tb	is	the	boiling-point	elevation,	Kb	is	a	proportionality	constant	characteristic	of	a
particular	solvent,	and	m	is	the	molality	of	the	solution.	Note	how	similar	this	equation	is	in	form	to
that	for	freezing-point	depression:	The	only	difference	is	that	a	solvent	will	have	different	values	for
Kf	and	Kb,	and	that	it	is	important	to	keep	in	mind	that	in	one	case	the	temperature	is	raised	(∆T	>	0),
while	in	the	other	case	the	temperature	is	lowered	(∆T	<	0).

OSMOTIC	PRESSURE
Consider	a	container	separated	into	two	compartments	by	a	semipermeable	membrane	(which,	by
definition,	selectively	permits	the	passage	of	certain	molecules).	One	compartment	contains	pure
water,	while	the	other	contains	water	with	dissolved	solute.	The	membrane	allows	water	but	not	the
solute	molecules	to	pass	through.	Because	it	is	more	favorable	for	the	two	compartments	to
equalize	their	concentration,	water	will	diffuse	from	the	compartment	containing	pure	water	to	the
compartment	containing	the	water-solute	mixture.	This	net	flow	will	cause	the	water	level	in	the
compartment	containing	the	solution	to	rise	above	the	level	in	the	compartment	containing	pure
water.

Because	the	solute	cannot	pass	through	the	membrane,	the	concentrations	of	solute	in	the	two
compartments	can	never	be	equal.	The	pressure	exerted	by	the	water	level	in	the	solute-containing
compartment	will	eventually	oppose	the	influx	of	water,	and	thus	the	water	level	will	rise	only	to	the
point	at	which	it	exerts	a	sufficient	pressure	to	counterbalance	the	tendency	of	water	to	flow	across



the	membrane.	This	pressure	is	defined	as	the	osmotic	pressure	(Π)	of	the	solution,	and	is	given	by
the	formula:

Π	=	MRT

where	M	is	the	molarity	of	the	solution,	R	is	the	ideal	gas	constant,	and	T	is	the	temperature	on	the
Kelvin	scale.	This	equation	clearly	shows	that	molarity	and	osmotic	pressure	are	directly
proportional;	that	is,	as	the	concentration	of	the	solution	increases,	the	osmotic	pressure	also
increases.

A	CLOSER	LOOK

The	solute	concentration	in	the	cytoplasm	of	a	cell	relative	to	that	of	its	environment
determines	the	net	direction	of	the	flow	of	water,	and	may	lead	to	either	shrinking	or
swelling	(maybe	even	bursting,	or	lysing)	of	the	cell.

The	setup	behind	the	concept	of	osmotic	pressure,	as	described	above,	may	seem	at	first	glance
artificial	and	contrived,	but	actually	is	very	important	in	cellular	biology,	because	the	cell	membrane
is	a	semipermeable	membrane	that	allows	only	certain	types	of	molecules	to	diffuse	through.	The
solute	concentration	in	the	cytoplasm	of	a	cell	relative	to	that	of	its	environment	determines	the	net
direction	of	the	flow	of	water,	and	may	lead	to	either	shrinking	or	swelling	(maybe	even	bursting,	or
lysing)	of	the	cell.

THINGS	TO	REMEMBER

Solvation
Percent	Composition	by	Mass
Mole	Fraction
Molarity
Molality
Normality
Dilution



Electrolytes	and	Conductivity
Vapor-Pressure	Lowering	(Raoult’s	Law)
Freezing-Point	Depression
Boiling-Point	Elevation
Osmotic	Pressure



Review	Questions

1.	 Which	of	the	following	choices	correctly	describes	the	solubility	behavior	of	potassium
chloride	(KCl)?

Solubility	in	CCl4	>	solubility	in	CH3CH2OH	>	solubility	in	H2O(A)
Solubility	in	H2O	>	solubility	in	CH3CH2OH	>	solubility	in	CCl4(B)
Solubility	in	CH3CH2OH	>	solubility	in	CCl4	>	solubility	in	H2O(C)
Solubility	in	H2O	>	solubility	in	CCl4	>	solubility	in	CH3CH2OH(D)

2.	 How	much	NaOH	must	be	added	to	make	200	mL	of	a	1	M	NaOH	solution?

8	g(A)
16	g(B)
40	g(C)
80	g(D)

3.	 To	what	volume	must	10.0	mL	of	5.00	M	HCl	be	diluted	to	make	a	0.500	M	HCl	solution?

1	mL(A)
50	mL(B)
100	mL(C)
500	mL(D)
1,000	mL(E)

4.	 What	is	the	normality	of	a	2	M	solution	of	phosphoric	acid,	H3PO4,	for	an	acid-base
titration?



0.67(A)
2(B)
3(C)
6(D)

5.	 Given	that	the	molecular	weight	of	ethyl	alcohol,	CH3CH2OH,	is	46,	and	that	of	water	is	18,
how	many	grams	of	ethyl	alcohol	must	be	mixed	with	100	mL	of	water	for	the	mole
fraction	(X)	of	ethyl	alcohol	to	be	0.2?

	g

6.	 Which	of	the	following	will	be	the	most	electrically	conductive?

Sugar	dissolved	in	water(A)
Salt	water(B)
Salt	dissolved	in	an	organic	solvent(C)
An	oil	and	water	mixture(D)

7.	 A	semipermeable	membrane	separates	a	container	of	fresh	water	from	one	of	salt	water.
If	the	volume	of	fresh	water	decreases	significantly,	what	must	be	true	of	the
semipermeable	membrane?	Assume	that	evaporation	is	negligible.

8.	 Once	equilibrium	is	reached,	if	the	temperature	in	question	7	is	suddenly	increased,	the
osmotic	pressure

will	decrease(A)
will	increase(B)
will	remain	the	same(C)
cannot	be	determined(D)



9.	 What	is	the	freezing	point	of	a	solution	containing	0.5	mol	of	glucose	dissolved	in	200	g	of
H2O?	(The	Kf	for	water	is	1.86°Cm–1.)

	°C

10.	 The	osmotic	pressure	at	STP	of	a	solution	made	from	1	L	of	NaCl	(aq)	containing	117	g	of
NaCl	is

44.77	atm(A)
48.87	atm(B)
89.54	atm(C)
117	atm(D)

11.	 At	18°C,	the	vapor	pressure	of	pure	water	is	0.02	atm,	and	the	vapor	pressure	of	pure	ethyl
alcohol	(MW	=	46)	is	0.50	atm.	For	a	water-alcohol	mixture	with	the	alcohol	present	in	a
mole	fraction	of	0.2,	find	the	vapor	pressure	due	to	the	alcohol	and	the	vapor	pressure
due	to	water.	(Assume	solution	to	be	ideal.)

	atm



Answer	Key

REVIEW	QUESTIONS
1.	 B
2.	 A
3.	 C
4.	 D
5.	 64.4
6.	 B
7.	 See	Answers	and	Explanations
8.	 B
9.	 –4.65

10.	 C
11.	 0.10



Answers	and	Explanations

REVIEW	QUESTIONS
1.	 B

KCl	is	an	ionic	salt,	and	therefore	should	be	soluble	in	polar	solvents	and	insoluble	in	nonpolar
solvents.	Water	is	a	highly	polar	liquid.	The	carbon	atom	in	carbon	tetrachloride,	CCl4,	is
bonded	to	four	atoms,	so	the	molecule	is	tetrahedral.	This	geometry	means	that	the	individual
dipole	moments	of	the	bonds	cancel	and	CCl4	is	nonpolar.	Ethanol	(CH3CH2OH)	has	two	carbon
atoms	in	tetrahedral	arrangement;	most	of	the	dipole	moments	associated	with	the	bonds	are
the	same,	but	the	C	—	C	and	C	—	OH	bonds	are	different,	so	ethanol	is	somewhat	polar.	Thus,
the	polarities	of	the	three	solvents	decrease	in	the	following	sequence:	H2O	>	CH3CH2OH	>	CCl4,
with	the	solubility	of	KCl	decreasing	along	that	sequence.

2.	 A
A	1	M	NaOH	solution	means	that	there	is	1	mol	of	NaOH	for	every	liter	of	the	solution.	We	are
interested,	however,	in	a	final	volume	of	200	mL,	which	is	a	fifth	of	a	liter.	Therefore,	0.2	mol	of
NaOH	is	needed.	The	formula	weight	of	NaOH	is	40,	and	so	the	amount	of	NaOH	needed	is	0.2
mol	×	40	g/mol	=	8	g.

3.	 C
When	a	solution	is	diluted,	more	solvent	is	added,	yet	the	number	of	moles	of	solute	remains
the	same.	To	solve	a	dilution	problem,	the	following	equation	is	used:

MiVi	=	MfVf

where	i	represents	the	initial	conditions	and	f	represents	the	final	conditions.	Therefore,	the
calculation	to	solve	for	the	final	volume	is:



4.	 D
Each	mole	of	H3PO4	contains	3	moles	of	hydrogen	and	(since	this	is	an	acid)	three	equivalents.
A	2	M	solution	of	this	acid	is	thus	2	M	×	3	N/M	=	6	N.

5.	 64.4
The	number	of	moles	of	water	is	found	by	estimating	the	density	of	water	to	be	1	g/mL.

If	the	mole	fraction	of	ethyl	alcohol	is	to	be	0.2,	then	the	mole	fraction	of	water	must	be	0.8.	If
n	equals	the	total	number	of	moles:

Then

mol	ethyl	alcohol	=	(.2)(7)	=	1.4	mol

and

(1.4	mol	ethyl	alcohol)	(46	g/mol)	=	64.4	g	ethyl	alcohol

6.	 B
Only	ionic	compounds	(electrolytes)	dissolved	in	polar	solvents	will	conduct	electricity.	Sugar
is	a	covalent	solid,	and	therefore	is	not	an	electrolyte	even	when	dissolved	in	water.	Choice	C	is
incorrect	because	salt	will	not	dissolve	appreciably	in	an	organic	solvent	and	so	no	ions	will	be
present.	Choice	D	is	incorrect	because	oil	and	water	are	immiscible,	and	neither	on	its	own
contains	a	significant	amount	of	electrolytes.	Salt	water	is	in	essence	an	aqueous	solution	of
NaCl,	which	dissociates	to	generate	Na+	and	Cl–	ions,	and	so	choice	B	is	correct.



7.	 The	membrane	must	be	permeable	to	water,	but	not	to	salt.	If	it	were	permeable	to	salt,	the
salt	would	diffuse	across	the	membrane	into	the	freshwater	container	(down	its	concentration
gradient)	until	the	molarities	of	the	two	containers	were	the	same.	However,	the	volume	of	the
salt	water	container	increased,	indicating	that	fresh	water	diffused	across	the	membrane	from
a	region	of	low	solute	concentration	to	one	of	high	solute	concentration.	The	water	level	rose
until	it	exerted	enough	pressure	to	counterbalance	the	tendency	to	diffuse;	this	pressure	is
known	as	the	osmotic	pressure.

8.	 B
Using	the	formula	Π	=	MRT,	we	see	that	osmotic	pressure	and	temperature	are	directly
proportional;	i.e.,	if	temperature	increases,	osmotic	pressure	will	also	increase.	Thus,	choice	B
is	the	correct	answer.

9.	 –4.65
This	question	applies	the	concept	of	freezing-point	depression.	If	0.5	mol	of	a	nonelectrolyte
solute	such	as	glucose	is	dissolved	in	200	g	of	H2O,	then	the	molality	of	the	solution	is:

0.5	mol/0.200	kg	solvent	=	2.5	m

Using	the	equation	ΔTf	=	Kf m,	the	freezing-point	depression	is	2.5	×	1.86°C,	or	4.65°C,	and	the
new	freezing	point	is	thus	the	original	freezing	point	–4.65°C	=	(0	–	4.65)°C	=	–4.65°C.

10.	 C
The	osmotic	pressure	(Π)	of	a	solution	is	given	by	Π	=	MRT.	At	STP,	T	=	273	K.	The	formula
weight	of	NaCl	is	58.5.	The	number	of	moles	in	the	solution	described	is:

117	g/(58.5	g/mol)	=	2	moles	of	NaCl

But	since	NaCl	is	a	strong	electrolyte,	it	dissociates	in	aqueous	solution	and	there	are	actually	4
moles	of	particles	present	in	the	solution,	i.e.,	2	moles	of	Na+	and	2	moles	of	Cl–.	The	volume	of
the	solution	is	1	L,	and	so	the	total	molarity	of	solutes	is	4	M.

11.	 0.10



Use	Raoult’s	law	to	answer	this	question,	with	A	=	H2O	and	B	=	ethyl	alcohol.

Since	we	are	told	that	XB	=	0.2,	then	XA	=	1	–	XB	=	1	–	0.2	=	0.8.

Thus	the	vapor	pressure	due	to	water	is	0.016	atm	and	the	vapor	pressure	due	to	the	alcohol	is
0.10	atm.
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Dynamic	Equilibrium

When	we	write	a	balanced	chemical	equation	of	the	form	2NO2	→	N2O4,	the	meaning	seems	clear:
Two	molecules	of	NO2	come	together	in	a	synthesis	reaction	to	yield	a	molecule	of	N2O4.	From	our
discussions	earlier	on	stoichiometry,	we	know	that	we	can	also	look	at	it	as	2	moles	of	NO2	coming
together	to	form	one	mole	of	N2O4,	or	as	5	moles	of	NO2	coming	together	to	form	two	and	a	half
moles	of	N2O4,	et	cetera.	In	real	life,	however,	if	we	put	a	certain	amount	of	gaseous	NO2	in	a	vessel,
we	will	most	likely	not	end	up	with	half	that	number	of	moles	of	N2O4;	in	other	words,	the	reaction	is
not	seen	to	go	to	completion.	Instead,	what	we	would	have	is	a	mixture	of	both	gases.	What	we	have
failed	to	take	into	account	is	that	just	as	two	molecules	of	nitrogen	dioxide	can	combine	to	form	a
molecule	of	N2O4,	a	molecule	of	N2O4	can	also	undergo	decomposition	to	give	back	two	molecules
of	nitrogen	dioxide.	In	the	beginning,	because	there	is	no	N2O4	around,	only	the	synthesis	reaction
takes	place;	however,	as	the	product	of	this	reaction,	N2O4,	accumulates,	the	decomposition
reaction	starts	to	“kick	in”	and	works	to	undo	what	the	combination	reaction	has	done.	In	general,
for	every	reaction	there	is	a	reverse	reaction	that	takes	place	simultaneously	in	opposition	to	it.	In
the	long	run,	a	state	is	eventually	reached	where	the	two	reactions,	while	still	going	on,	reach	a
stalemate	so	that	no	one	side	is	gaining	any	net	ground.	From	a	macroscopic	perspective	(to	our
naked	eye,	if	you	will)	no	change	is	occurring	in	the	composition	of	the	system.	This	state	is	known
as	a	dynamic	equilibrium	and	will	persist	until	the	surrounding	conditions	are	disturbed.



Law	of	Mass	Action

For	a	general	reaction	of	the	form

aA	+	bB	→	cC	+	dD,

the	law	of	mass	action	states	that	the	equilibrium	condition	is	expressed	by	the	equation:

where	Kc	is	a	constant	known	as	the	concentration	equilibrium	constant.	You	may	also	see	it
referred	to	as	Keq.	Its	value	changes	depending	on	the	reaction	in	question	and	on	the	temperature
at	which	the	reaction	is	carried	out,	[C]	denotes	the	concentration	of	C	in	moles	per	liter	(molarity),
et	cetera.	(Even	though	molarity	is	a	concept	most	commonly	encountered	when	talking	about
aqueous	solutions,	there	is	no	reason	why	one	cannot	talk	about	the	molarity	of	a	gas	in	a	mixture—
the	number	of	moles	of	that	gas	divided	by	the	volume	of	the	container	in	liters.)	Note	that	the
exponents	of	the	concentrations	are	the	same	as	the	stoichiometric	coefficients	in	the	balanced
chemical	equation.

Example: What	is	the	expression	for	the	equilibrium	constant	for	the	following	reaction?

3H2	(g)	+	N2	(g)	→	2NH3	(g)

Solution:



It	is	important	to	understand	what	the	law	of	mass	action	is	saying.	It	is	always	possible	to	write	an
expression	like	the	right-hand	side	in	the	example	above;	in	fact,	this	expression	involving	the
concentrations	of	the	species	is	known	generally	as	the	reaction	quotient.	Its	value	changes	as	the
reaction	progresses:	It	will	be	very	small	in	the	beginning	since	the	system	is	composed	only	of
reactants	(small	numerator,	large	denominator),	but	will	increase	as	products	accumulate
(numerator	gets	bigger	as	denominator	decreases).	When	its	value	has	reached	that	of	Kc	,	the
system	or	the	reaction	has	reached	equilibrium	and	the	concentrations	of	each	species	will	no
longer	change.	The	concentrations	that	appear	in	the	law	of	mass	action	are	therefore	the
equilibrium	concentrations	of	the	species.	A	large	Kc	(Kc	>>	1)	means	that	the	reaction	goes	almost
to	completion:	at	equilibrium,	there	is	a	high	concentration	of	products	(high	[C]	and	[D]),	and	we
say	that	the	equilibrium	“lies	to	the	right.”	A	small	Kc	(Kc	<<	1),	on	the	other	hand,	means	that	the
reaction	is	not	very	favorable:	At	equilibrium	there	are	still	a	lot	of	reactants	around	(high	[A]	and
[B]);	we	say	that	the	equilibrium	“lies	to	the	left.”

Equilibrium	can	be	reached	from	either	direction.	In	other	words,	in	the	generic	equation	written
above,	we	can	start	with	a	container	filled	with	C	and	D.	At	equilibrium,	the	relative	concentrations
of	the	species	would	be	the	same.	The	reaction	would	now	technically	be	written	as

cC	+	dD	→	aA	+	bB,

and	the	mass	action	expression	would	be

Note	that	the	equilibrium	constant	for	this	reverse	reaction,	Kc,	is	simply	the	reciprocal	of	the
equilibrium	constant	for	the	forward	reaction.	That	is:

The	more	favorable	a	reaction	is,	the	less	favorable	its	reverse	will	be,	and	vice	versa.



Gas-Phase	Equilibria

The	concentrations	of	the	species	in	the	law	of	mass	action	are	expressed	in	moles	per	liter	(M).	If,
however,	the	reaction	is	in	the	gas	phase	(if	the	reactants	and	products	are	gases),	the	more
common	approach	is	to	formulate	the	law	of	mass	action	in	terms	of	the	partial	pressures	of	the
species.	For	the	reaction

aA	(g)	+	bB	(g)	→	cC	(g)	+	dD	(g),

the	law	of	mass	action	is	usually	written	in	the	form:

where	PC	is	the	partial	pressure	of	gas	C,	et	cetera.	All	partial	pressures	should	be	in	units	of
atmospheres.	For	the	reaction	mentioned	at	the	beginning	of	this	chapter	and	the	one	in	the
example	problem	above,	then,	one	can	write	the	following	mass	action	expressions:

The	numerical	value	of	Kp	would	in	general	be	different	from	that	of	Kc,	the	equilibrium	constant
written	with	molarities.	What	is	unchanged,	however,	is	the	essence	of	the	law	of	mass	action:	At
equilibrium,	a	certain	relationship	will	always	prevail	among	the	amount	of	reactants	and	products,
no	matter	how	you	choose	to	report	these	amounts.



Heterogeneous	Equilibria

Reaction	equilibria	that	involve	different	physical	states	of	matter	(different	phases)	are	known	as
heterogeneous	equilibria.	For	example,	for	a	reaction	of	the	type

aA	(s)	+	bB	(g)	→	cC	(s)	+	dD	(g),

one	would	expect	to	write	the	law	of	mass	action	as	on	the	previous	page:

But	the	molarity	of	a	solid	compound	like	A	is	just	its	density	divided	by	its	molar	mass,	which	is	a
constant	that	is	characteristic	of	A.	The	numerical	values	of	[A]	and	[C]	(and	consequently	[A]a	and
[C]c)	can	therefore	be	subsumed	into	the	equilibrium	constant:

Or,	keeping	in	mind	what	we	just	discussed	above,	we	would	also	write

The	same	holds	for	reactants	and	solids	that	appear	as	pure	liquids.	In	short,	concentrations	of	pure
solids	and	liquids	do	not	appear	in	the	equilibrium	constant	expression.

One	final	note	on	equilibrium	constants:	One	might	expect,	from	examining	the	law	of	mass	action,
that	the	units	for	equilibrium	constants	would	change	depending	on	the	reaction,	since	the	mass



action	expression	involves	different	powers	of	concentration	or	pressure	depending	on	the
stoichiometry.	However,	the	equilibrium	constant	is	always	dimensionless,	with	the	understanding
that	we	are	sticking	to	the	units	of	molars	and	atmospheres	for	concentrations	and	pressures,
respectively.

Finally,	to	emphasize	the	equilibrium	nature	of	a	reaction,	we	often	use	two	arrows,	pointing	in
opposite	directions,	to	separate	the	reactants	and	the	products.	The	reaction	above	could	therefore
be	written	as	an	equilibrium	of	the	form:

aA	+	bB	 	cC	+	dD



Le	Châtelier’s	Principle

The	French	chemist	Henry	Louis	Le	Châtelier	stated	that	a	system	at	equilibrium	to	which	a	stress	is
applied	tends	to	change	so	as	to	relieve	the	applied	stress.	This	rule,	known	as	Le	Châtelier’s
principle,	is	used	to	determine	the	direction	in	which	a	reaction	at	equilibrium	will	proceed	when
subjected	to	a	stress,	such	as	a	change	in	concentration,	pressure,	temperature,	or	volume.

CHANGES	IN	CONCENTRATION
Increasing	the	concentration	of	a	species	once	the	system	has	reached	equilibrium	will	tend	to	shift
the	equilibrium	away	from	the	species	that	is	added,	in	order	to	reestablish	its	equilibrium
concentration,	and	vice	versa.	For	example,	in	the	reaction

A	+	B	 	C	+	D,

BASIC	CONCEPT

if	the	concentration	of	A	and/or	B	is	increased,	the	equilibrium	will	shift	toward	(or	favor	production
of)	C	and	D.	Conversely,	if	the	concentration	of	C	and/or	D	is	increased,	the	equilibrium	will	shift
away	from	the	production	of	C	and	D,	favoring	production	of	A	and	B.	Similarly,	decreasing	the
concentration	of	a	species	will	tend	to	shift	the	equilibrium	toward	the	production	of	that	species.
For	example,	if	A	and/or	B	is	removed	from	the	above	reaction,	the	equilibrium	will	shift	so	as	to
favor	increasing	concentration	of	A	and	B.

All	of	this	could	be	read	from	the	law	of	mass	action.	If,	for	example,	the	concentration	of	A	is
increased	by	the	injection	of	more	A	into	the	system,	the	reaction	quotient	would	have	a	lower	value

Increase	reactant	concentration:	favors	products
Increase	product	concentration:	favors	reactants



than	the	equilibrium	constant.	Equilibrium	is	reestablished	only	by	having	more	reactants	go	on	to
yield	products:	lowering	[A]	and	[B]	and	raising	[C]	and	[D]	so	that	the	value	of	the	reaction	quotient
would	once	again	be	equal	to	the	equilibrium	constant.

Note	that	this	new	equilibrium	does	not	contain	the	same	amounts	of	A,	B,	C,	and	D;	in	fact,	we
know	that	[C]	and	[D]	will	be	higher	than	before,	and	[B]	will	be	lower	(since	it	is	depleted	by	reaction
with	the	excess	A	that	the	system	was	trying	to	get	rid	of).	Yet	the	value	of	the	equilibrium	constant
is	not	changed:	the	concentrations	adjust	themselves	to	new	values	while	maintaining	the	equality
stated	in	the	law	of	mass	action.	A	more	concrete	example	may	help:	Suppose	the	concentrations	of
A,	B,	C,	and	D	are	3	M,	4	M,	2	M,	and	2	M,	respectively,	at	equilibrium.	The	injection	of	more	A	brings
its	concentration	up	to	5	M,	at	which	point	the	system	is	no	longer	at	equilibrium.	After	we	have
waited	for	the	system	to	react	to	this	stress	and	settle	into	the	new	equilibrium,	we	find	that	the
concentrations	are	now	4.6	M,	3.8	M,	2.4	M,	and	2.4	M.	They	are	all	different	from	before,	yet	both
sets	of	values	correspond	to	equilibrium,	and	both	sets	satisfy	the	law	of	mass	action:

Graphically,	a	plot	of	the	concentrations	of	the	species	as	a	function	of	time	would	look	as	follows:

The	system	has	reached	its	initial	equilibrium	by	time	t1.	At	time	t2,	more	A	is	injected,	bringing	its
concentration	up	to	5	M.	This	perturbs	the	system	and	it	is	no	longer	at	equilibrium.	The
concentrations	of	the	species	adjust	themselves	to	new	values	and	settle	into	a	new	equilibrium	at
time	t3.

Taking	advantage	of	this	aspect	of	Le	Châtelier’s	principle	is	a	common	way	in	industry	to	increase
the	yield	of	a	useful	product	or	drive	a	reaction	to	completion.	If	D	were	constantly	removed	from



the	above	reaction,	the	net	reaction	would	produce	more	D	and	concurrently	more	C.	Likewise,
using	an	excess	of	the	least	expensive	reactant	helps	to	drive	the	reaction	forward.

CHANGES	IN	PRESSURE	OR	VOLUME
In	a	system	at	constant	temperature,	a	change	in	pressure	may	cause	a	change	in	volume,	and	vice
versa.	Since	liquids	and	solids	are	practically	incompressible,	a	change	in	the	pressure	or	volume	of
systems	involving	only	these	phases	has	little	or	no	effect	on	their	equilibrium.	Reactions	involving
gases,	however,	may	be	greatly	affected	by	changes	in	pressure	or	volume,	since	gases	are	highly
compressible.

BASIC	CONCEPT

Pressure	and	volume	are	inversely	related	from	the	ideal	gas	law	(or	Boyle’s	law	to	be	more	precise).
An	increase	in	the	pressure	(or	decrease	in	the	volume)	of	a	system	will	shift	the	equilibrium	so	as	to
decrease	the	number	of	moles	of	gas	present.	This	reduces	the	total	pressure	of	the	system	and
relieves	the	stress.	Consider	the	following	reaction:

3H2	(g)	+	N2	(g)	→	2NH3	(g)

The	left	side	of	the	reaction	has	4	moles	of	gas,	whereas	the	right	side	has	only	2	moles.	When	the
pressure	of	this	system	is	increased,	the	equilibrium	will	shift	so	that	the	side	of	the	reaction	with
fewer	moles	is	favored.	Since	there	are	fewer	moles	on	the	right,	the	equilibrium	will	shift	toward
the	right.	Conversely,	if	the	volume	of	the	same	system	is	increased,	its	pressure	immediately
decreases,	which,	according	to	Le	Châtelier’s	principle,	leads	to	a	shift	in	the	equilibrium	to	the	left.

CHANGES	IN	TEMPERATURE

Higher	pressure:	favors	side	with	fewer	moles	of	gases
Large	volume:	favors	side	with	more	moles	of	gases



Changes	in	temperature	also	affect	equilibrium.	To	predict	this	effect,	heat	may	be	considered	as	a
product	in	reactions	that	release	energy	(exothermic	reactions),	and	as	a	reactant	in	reactions	that
absorb	energy	(endothermic	reactions).	Consider	the	following	exothermic	reaction:

A	→	B	+	heat

BASIC	CONCEPT

If	this	system	were	placed	in	an	ice	bath,	its	temperature	would	decrease,	driving	the	reaction	to	the
right	to	produce	more	heat.	Conversely,	if	the	system	were	placed	in	a	boiling-water	bath,	the
reaction	equilibrium	would	shift	to	the	left	because	of	the	increased	“concentration”	of	heat.

Not	only	does	a	temperature	change	alter	the	position	of	the	equilibrium,	it	also	alters	the
numerical	value	of	the	equilibrium	constant.	In	contrast,	changes	in	the	concentration	of	a	species
in	the	reaction	will	alter	the	position	of	the	equilibrium	without	changing	the	numerical	value	of	the
equilibrium	constant.

Higher	temperature:	favors	reactant	if	exothermic	(heat	as	product)
Lower	temperature:	favors	product	if	exothermic



Ionic	Equilibria

In	chapter	9 ,	we	discussed	the	concepts	of	solubility	and	solvation.	The	notion	of	the	equilibrium
constant	gives	us	a	way	of	describing	the	process	of	dissolution	more	quantitatively.	The	process	of
solvation,	like	other	reversible	chemical	and	physical	changes,	tends	toward	an	equilibrium.
Immediately	after	solute	has	been	introduced	into	a	solvent,	most	of	the	change	taking	place	is
dissociation,	because	no	dissolved	solute	is	initially	present.	However,	as	solute	dissociates,	the
reverse	reaction	(precipitation	of	the	solute)	also	begins	to	occur.	Eventually	an	equilibrium	is
reached,	with	the	rate	of	solute	dissociation	equal	to	the	rate	of	precipitation.

THE	SOLUBILITY	PRODUCT	CONSTANT
An	ionic	solid	introduced	into	a	polar	solvent	(for	example,	water)	dissociates	into	its	component
ions.	The	dissociation	of	such	a	solute	in	these	solvents	may	be	represented	by:

AmBn	(s)	→	mAn+	(aq)	+	nBm–	(aq)

The	equilibrium	constant	for	this	reaction	is	[An+]m[Bm–]n,	where	the	concentrations	are	those	of	the
ions	in	the	saturated	solution.	(Recall	that	the	solid	does	not	appear	in	the	mass	action	expression.)
To	specify	that	this	constant	is	for	a	dissolution	process,	it	is	also	referred	to	as	the	solubility	product
constant	and	given	the	symbol	Ksp.	Each	salt	has	its	own	distinct	Ksp	at	a	given	temperature.

Just	as	in	the	case	of	the	more	general	law	of	mass	action,	it	is	important	to	realize	that	one	can
always	write	an	expression	of	the	form	[An+]m[Bm−]n;	it	is	only	when	the	solution	is	saturated	that	the
concentrations	are	related	in	such	a	way	that	[An+]m[Bm−]n	=	Ksp.	An	unsaturated	solution	will	have
[An+]m[Bm−]n	<	Ksp,	while	a	supersaturated	solution	will	have	[An+]m[Bm−]n	>	Ksp.	If	the	supersaturated
solution	is	disturbed	by	adding	more	salt	or	other	solid	particles,	or	jarring	the	solution	by	a	sudden
decrease	in	temperature,	the	solid	salt	will	precipitate	until	the	equality	holds.

DON’T	MIX	THESE	UP	ON	TEST	DAY



SOLUBILITY	AND	THE	SOLUBILITY	PRODUCT	CONSTANT
Since	the	solubility	product	constant	contains	information	about	the	maximum	concentration	of
ions	in	the	solution	of	a	particular	salt,	it	should	come	as	no	surprise	that	Ksp	is	related	to	the	salt’s
solubility,	the	maximum	amount	that	can	be	dissolved	in	the	solvent.	For	ionic	compounds	that
dissociate	into	constituent	ions,	the	way	these	two	quantities	relate	to	each	other	depends	on	the
stoichiometry	of	the	compound.

For	the	general	dissolution	and	dissociation	of	the	type

AmBn	(s)	→	mAn+	(aq)	+	nBm−	(aq),

we	have	already	determined	the	relationship	Ksp	=	[An+]m[Bm−]n.	Relating	that	to	the	solubility	of
AmBn,	we	need	to	keep	in	mind	that	for	every	x	moles	of	AmBn	that	dissolve,	mx	moles	of	An+	and	nx
moles	of	Bm−	will	result.	Thus	if	x	is	the	molar	solubility	of	the	salt,	then:

So	for	salts	of	the	form	MX,	e.g.,	AgCl,	the	reaction	is:

MX	(s)	→	M+	(aq)	+	X−	(aq),

and	Ksp	=	[M+][X−]	=	x2.	Whereas	for	salts	of	the	form	MX2,	e.g.,	CaCl2,	the	reaction	is:

Every	slightly	soluble	salt	of	the	general	formula	MX	will	have	a	Ksp	=	x2,	where	x	is	the
molar	solubility.
Every	slightly	soluble	salt	of	the	general	formula	MX2	will	have	a	Ksp	=	4x3,	where	x	is	the
molar	solubility.
Every	slightly	soluble	salt	of	the	general	formula	MX3	will	have	a	Ksp	=	27x4,	where	x	is
the	molar	solubility.



MX2	(s)	→	M2+	(aq)	+	2X−	(aq),

and

Ksp	=	[M2+][X−]2	=	x	(2x)2	=	4x3;	et	cetera.

In	general,	note	how	the	stoichiometry	comes	into	play	twice:	once	to	determine	the	relationship
between	the	amount	of	solid	dissolved	and	the	amount	of	ions	present,	and	again	as	the	exponent
in	the	law	of	mass	action.

TEST	STRATEGY

Predict	your	answer	before	you	go	to	the	answer	choices	so	you	don’t	get	persuaded	by	the
wrong	choices	you’ll	find	there.	This	helps	protect	you	from	persuasive	or	tricky	wrong
answer	choices,	which	are	often	logical	twists	on	the	correct	choice.

Example: The	solubility	of	Fe(OH)3	in	aqueous	solution	was	determined	to	be	4.5	×	10−10	mol/L.
What	is	the	value	of	the	Ksp	for	Fe(OH)3?

Solution: The	molar	solubility	(the	solubility	of	the	compound	in	mol/L)	is	given	as	4.5	×	10−10	M.
The	equilibrium	concentration	of	each	ion	can	be	determined	from	the	molar
solubility	and	the	balanced	dissociation	reaction	of	Fe(OH)3.	The	dissociation	reaction
is:

Fe(OH)3	(s)	→	Fe3+	(aq)	+	3OH−	(aq)

Thus,	for	every	mole	of	Fe(OH)3	that	dissociates,	one	mole	of	Fe3+	and	three	moles	of	OH−	are
produced.	Since	the	solubility	is	4.5	×	10−10	M,	the	Ksp	can	be	determined	as	follows:



Example: What	are	the	concentrations	of	each	of	the	ions	in	a	saturated	solution	of	PbBr2,	given
that	the	Ksp	of	PbBr2	is	2.1	×	10−6?	If	5	g	of	PbBr2	are	dissolved	in	water	to	make	1	L	of
solution	at	25°C,	would	the	solution	be	saturated,	unsaturated,	or	supersaturated?

Solution: The	first	step	is	to	write	out	the	dissociation	reaction:

Let	x	be	the	concentration	of	Pb2+.	Note	that	this	is	also	the	maximum	molarity	of
PbBr2	that	can	dissolve	(i.e.,	its	solubility).	Since	every	mole	of	PbBr2	that	dissolves
yields	one	mole	of	Pb2+	and	two	moles	of	Br−,	[Br−]	is	two	times	[Pb2+];	i.e.,	the
concentration	of	Br−	in	the	saturated	solution	at	equilibrium	=	2x.

(x)(2x)2	=	4x3	=	Ksp	=	2.1	×	10−6

Solving	for	x,	the	concentration	of	Pb2+	in	a	saturated	solution	is	8.07	×	10−3	M	and	the
concentration	of	Br−	is	2x	=	1.61	×	10–2	M.
For	the	second	part	of	the	problem,	we	convert	5	g	of	PbBr2	into	moles:

1.36	×	10−2	mol	of	PbBr2	is	dissolved	in	1	L	of	solution,	so	the	concentration	of	the	solution	is	1.36	×
10−2	M.	Since	this	is	higher	than	the	concentration	of	a	saturated	solution,	this	solution	would	be
supersaturated.	Any	slight	disturbance	would	cause	the	salt	to	precipitate	out	of	solution,	reducing
the	ion	concentration	until	the	solution	is	just	saturated.



THE	COMMON-ION	EFFECT
The	solubility	of	a	salt	is	considerably	reduced	when	it	is	dissolved	in	a	solution	that	already	contains
one	of	its	ions,	rather	than	in	a	pure	solvent.	For	example,	if	a	salt	such	as	CaF2	is	dissolved	in	a
solution	already	containing	Ca2+	ions,	the	dissociation	equilibrium	will	shift	toward	the	production
of	the	solid	salt.	This	reduction	in	solubility,	called	the	common-ion	effect,	is	another	example	of	Le
Châtelier’s	principle.

Example: The	Ksp	of	AgI	in	aqueous	solution	is	1	×	10−16	mol/L.	If	a	1	×	10−5	M	solution	of	AgNO3	is
saturated	with	AgI,	what	will	be	the	final	concentration	of	the	iodide	ion?

Solution: The	concentration	of	Ag+	in	the	original	AgNO3	solution	will	be	1	×	10−5	mol/L.	After	AgI
is	added	to	saturation,	the	iodide	concentration	can	be	found	by	the	formula:

where	x	=	molar	solubility	of	AgI.	Since	the	Ksp	of	AgI	is	so	small	compared	with	the
initial	concentration	of	Ag+	ions,	we	can	assume	that	dissociation	of	AgI	will	not
contribute	much	to	the	final	concentration	of	Ag+	ions;	that	is,	that	(1	×	10−5	+	x)	≈	1	×
10−5.	Solving	for	x:

If	the	AgI	had	been	dissolved	in	pure	water,	the	concentration	of	both	Ag+	and	I−	would	have	been	1	×
10−8	mol/L.	The	presence	of	the	common	ion,	silver,	at	a	concentration	one	thousand	times	higher
than	what	it	would	normally	be	in	a	silver	iodide	solution	has	reduced	the	iodide	concentration	to
one	thousandth	of	what	it	would	have	been	otherwise.	An	additional	1	×	10−11	mol/L	of	silver	will,	of
course,	dissolve	in	solution	along	with	the	iodide	ion,	but	this	will	not	significantly	affect	the	final
silver	concentration,	which	is	much	higher,	thus	validating	the	approximation	we	made.

THINGS	TO	REMEMBER



Dynamic	Equilibrium
Law	of	Mass	Action
Gas-Phase	Equilibria
Heterogeneous	Equilibria
Le	Châtelier’s	Principle
Changes	in	Concentration
Changes	in	Pressure	or	Volume
Changes	in	Temperature
The	Solubility	Product	Constant
Solubility	and	the	Solubility	Product	Constant
The	Common-Ion	Effect



Review	Questions

1.	 Given	the	following	reaction:

2NO2	(g)	+	2H2	(g)	→	N2	(g)	+	2H2O	(g),

what	is	the	law	of	mass	action	equation?

2.	 If	Kc	>>	1,

the	equilibrium	mixture	will	favor	products	over	reactants(A)
the	equilibrium	mixture	will	favor	reactants	over	products(B)
the	equilibrium	amounts	of	reactants	and	products	are	equal(C)
the	reaction	is	irreversible(D)

3.	 Answer	the	following	questions	using	the	reaction	given	below.

CH3OH	(l)	+	H2	(g)	→	CH4	(g)	+	H2O	(l)

If	the	reaction	releases	energy,	in	which	direction	would	the	reaction	be	shifted	if	the
temperature	were	increased?

(A)

In	which	direction	would	the	reaction	be	shifted	if	the	volume	were	doubled?(B)
In	which	direction	would	the	reaction	be	shifted	if	CH4,	methane,	were	removed	from
the	reaction	vessel?

(C)

4.	 What	is	the	concentration	of	the	Ag+	ion	in	a	saturated	solution	of	AgCl?	(Ksp	for	AgCl	=	1.7
×	10−10)



1.7	×	10−10	M(A)
3.4	×	10−10	M(B)
1.3	×	10−5	M(C)
2.6	×	10−5	M(D)



Answer	Key

REVIEW	QUESTIONS
1.	 See	Answers	and	Explanations
2.	 A
3.	 See	Answers	and	Explanations
4.	 C



Answers	and	Explanations

REVIEW	QUESTIONS

1.	

It	can	also	be	expressed	in	terms	of	pressures.

2.	 A
The	larger	the	value	of	K,	the	more	heavily	the	products	are	favored	over	the	reactants.

3.	 (A)	The	reaction	shifts	to	the	left.

(B)	The	reaction	will	remain	unchanged.	Changing	the	volume	constraints	on	a	reaction
that	involves	gases	will	affect	the	equilibrium	only	when	one	side	of	the	reaction	has	a
greater	number	of	moles	of	gases	than	the	other.	For	this	reaction,	there	is	one	mole	of	gas
on	each	side.

(C)	The	reaction	would	shift	to	the	right.	By	removing	methane	gas	from	the	reaction
vessel,	the	reactant	concentrations	are	effectively	increased	relative	to	the	product
concentrations,	and	the	reaction	will	go	to	the	right	to	correct	for	this.

4.	 C



Chapter	11

Thermochemistry

In	the	last	chapter,	we	introduced	the	equilibrium	constant,	which	allows	us	to	decribe	in	a
quantitative	way	just	how	favorable	a	reaction	is.	Le	Châtelier’s	principle,	in	addition,	allows	us	to
predict	qualitatively	how	the	equilibrium	position	of	a	system	would	react	to	changes	in	external
conditions.	A	more	fundamental	question	we	did	not	try	to	answer,	however,	is:	What	makes	a
reaction	favorable	in	the	first	place?	Why	does	Mother	Nature	prefer	some	reactions	to	others?	In
this	chapter	we	will	introduce	and	examine	the	concepts	of	enthalpy,	entropy,	and	Gibbs	free
energy,	all	of	which	will	give	us	a	fuller	understanding	of	why	reactions	take	place.

From	HCl	dissociating	in	water	to	give	protons	and	chloride	ions,	to	the	synthesis	of	polypeptide
chains	(proteins)	from	amino	acids	in	our	cells,	to	the	breakdown	of	ozone	in	the	stratosphere,	all
chemical	reactions	have	in	common	the	fact	that	they	are	accompanied	by	energy	changes.
Whenever	a	reaction	takes	place,	the	atoms	involved	find	themselves	in	a	different	environment
than	before.	Old	bonds	have	been	broken	while	new	ones	have	been	formed;	they	may	now	be
surrounded	by	solvent	molecules	rather	than	“one	of	their	own,”	and	so	on.	The	amount	of	energy
still	residing	in	the	system,	and	the	way	that	this	energy	is	being	distributed	among	the	species	in	it,
may	very	well	have	changed.	It	is	these	changes	that	dictate	the	favorability	of	a	reaction,	and	form
the	heart	of	the	study	of	chemical	thermodynamics,	or	thermochemistry.

Systems	and	Surroundings:	The	First	Law	of	Thermodynamics
Heat
States	and	State	Functions



Systems	and	Surroundings:	The	First	Law	of
Thermodynamics

The	term	system	is	used	to	describe	the	particular	part	of	the	universe	we	are	focusing	our	attention
on:	a	beaker,	a	cell,	Earth	and	its	atmosphere,	et	cetera;	everything	outside	the	system	is	considered
the	surroundings	or	environment	(i.e.,	system	+	surroundings	=	universe).	A	system	may	be	classified
as:

BASIC	CONCEPT

Three	Types	of	Systems

You	may	have	learned	that	energy,	though	interconvertible	among	all	its	different	forms	(kinetic,
potential,	et	cetera),	is	conserved:	The	total	amount	of	energy	has	to	be	constant.	This	is	true	of	a
particular	system	only	if	it	is	isolated.	Since	energy	can	neither	go	in	nor	go	out,	it	has	to	be
conserved.	If	the	system	is	closed	or	open,	the	amount	of	energy	in	the	system	can	certainly	change.
A	system	can	exchange	energy	with	its	surroundings	in	two	general	ways:	as	heat	or	as	work.	The

Isolated—when	it	cannot	exchange	energy	or	matter	with	the	surroundings,	as	with	an
insulated	bomb	reactor	or	a	well-insulated	Thermos	flask
Closed—when	it	can	exchange	energy	but	not	matter	with	the	surroundings,	as	with	a	steam
radiator	or	a	stoppered	test	tube	out	of	(and	into)	which	heat	can	flow
Open—when	it	can	exchange	both	matter	and	energy	with	the	surroundings,	as	with	a	pot	of
boiling	water:	Water	molecules	are	escaping	into	the	gas	phase,	bringing	energy	with	them.

Isolated
Closed
Open



first	law	of	thermodynamics	states	that	the	change	in	the	internal	energy	of	a	system	is	equal	to	the
heat	added	to	the	system,	q,	minus	the	work	that	a	system	does,	w:

∆E	(or	∆U)	=	q	−	w

If	work	is	done	on	a	system,	w	is	negative.	Note,	however,	that	sometimes	w	is	defined	as	the	work
done	on,	rather	than	by,	the	system,	in	which	case	the	equation	is	written	as	∆E	=	q	+	w,	and	work
done	by	the	system	is	considered	negative.	Regardless	of	which	convention	is	used,	if	work	is	done
on	a	system,	its	energy	will	increase;	if	work	is	done	by	the	system,	its	energy	will	decrease.	Work	is
generally	associated	with	movement	against	some	force.	For	ideal	gas	systems,	for	example,
expansion	against	some	external	pressure	means	that	work	is	done	by	the	system,	while
compression	implies	work	being	done	on	the	system.



Heat

Heat	is	often	considered	a	form	of	energy	associated	with	temperature.	Based	on	the	equation
above,	we	now	see	that	a	more	accurate,	though	perhaps	more	abstract,	way	of	looking	at	it	is	as	a
means	by	which	energy	is	transferred.	More	specifically,	heat	is	energy	transfer	that	occurs	as	a
result	of	a	temperature	difference	between	the	system	and	its	surroundings.	This	transfer	will	occur
spontaneously	from	a	warmer	system	to	a	cooler	system.	Heat,	being	an	exchange	of	energy,	is
measured	in	the	same	units	of	energy,	e.g.,	calories	(cal)	or	joules	(J),	although	kcal	(kilocalorie,
equals	1,000	cal)	or	kJ	(kilojoule,	or	1,000	J)	is	often	more	convenient.	The	conversion	between
calories	and	joules	is	done	via	the	relation:	1	cal	=	4.184	J;	similarly,	1	kcal	=	4.184	kJ.	According	to
convention,	heat	absorbed	by	a	system	(from	its	surroundings)	is	considered	positive,	while	heat
lost	by	a	system	(to	its	surroundings)	is	considered	negative.	This	is	consistent	with	the	first	law:
heat	absorbed	would	lead	to	a	positive	∆E,	meaning	that	energy	has	increased.

SPECIFIC	HEAT	AND	HEAT	CAPACITY
Heat	is	supplied	to	(or	absorbed	by)	the	system	to	raise	its	temperature;	conversely,	heat	is	released
if	it	cools.	The	heat	absorbed	or	released	by	an	object	as	a	result	of	a	change	in	temperature	is
calculated	from	the	equation:

q	=	mcΔT

where	m	is	the	mass	of	the	object,	∆T	is	the	change	in	temperature	and	is	equal	to	the	final
temperature	minus	the	initial	temperature,	and	c	is	a	quantity	known	as	the	specific	heat	of	the
substance,	a	notion	that	will	be	discussed	further	below.

It	seems	intuitively	obvious	that	the	more	of	the	substance	there	is	(the	more	massive	it	is),	the
more	heat	is	required	to	bring	about	a	particular	change	in	temperature.	Recall	from	our	earlier
discussion	on	the	kinetic	theory	of	gases	that	temperature	is	a	measurement	of	the	average	kinetic
energy	of	the	particles.	This	applies,	at	least	conceptually,	to	other	states	of	matter	as	well:	Even
though	motion	is	more	restricted	for	particles	in	the	condensed	phases,	they	can	still	carry	kinetic



energy.	In	solids,	for	example,	the	atoms	vibrate	about	their	equilibrium	positions;	the	stronger
these	vibrations,	the	higher	the	temperature	of	the	solid.	A	certain	amount	of	heat	supplied	to	a
large	number	of	particles	would	not	increase	their	average	energy	by	much;	however,	if	there	were
only	a	small	number	of	particles	in	the	system,	that	same	amount	of	heat	is	now	spread	not	as
thinly,	and	thus	each	particle	would	gain	a	larger	amount	of	energy,	bringing	up	the	temperature
more.

BASIC	CONCEPT

The	more	of	a	substance	there	is,	the	more	heat	is	required	to	bring	about	a	change	in	its
temperature.

Yet	not	every	substance	is	responsive	to	heat	to	the	same	degree.	Even	though	we	expect	from	the
last	paragraph	that	to	raise	2	kg	of	a	substance	by	1°C	requires	more	heat	than	raising	1	kg	of	the
same	substance	by	1°C	(in	fact,	it	requires	twice	the	amount	of	heat),	we	would	not	expect	that	the
same	amount	of	heat	is	required	to	raise	the	temperature	of	1	kg	of	steel	versus	1	kg	of	plastic.	The
specific	heat,	c,	is	a	proportionality	constant	that	gives	an	indication	of	the	ease	with	which	one	can
raise	the	temperature	of	something:	the	larger	it	is,	the	larger	the	amount	of	heat	required	to	raise
its	temperature	a	certain	number	of	degrees,	and	also	the	more	heat	released	if	it	cools	by	a	certain
number	of	degrees.	Its	value	is	a	property	of	the	nature	of	the	substance	and	does	not	change	based
on	the	amount	of	stuff	we	have	(that	has	already	been	taken	into	account	by	the	mass).	The	specific
heat	is	often	more	formally	defined	as	the	heat	necessary	to	raise	the	temperature	of	1	kg	or	1	g	of	a
material	by	1°C	or	1	K.	Iron,	for	example,	has	a	specific	heat	of	about	0.1	kcal/kg°C,	while	water	has	a
specific	heat	of	1.0	kcal/kg°C.	It	is	therefore	much	easier	to	raise	the	temperature	of	1	kg	of	iron	by
10°C	than	it	is	to	do	the	same	to	1	kg	of	water.	In	fact,	you	should	be	able	to	see	that	ten	times	the
heat	is	needed.

The	mass	and	the	specific	heat	are	sometimes	lumped	together	to	give	a	quantity	known	as	the	heat
capacity.	This	quantity	then	describes	the	heat	needed	to	raise	the	temperature	of	the	object	as	a
whole	by	1°C	or	1	K.

While	heat	is	associated	with	exchange	of	thermal	energy,	and	we	have	so	far	been	talking	about	the
mathematical	relationship	between	heat	and	temperature	changes,	a	system	that	is	heated	does
not	necessarily	increase	in	temperature.	Heat	can	also	increase	the	potential	(rather	than	kinetic)



energy	of	the	particles	in	a	system;	this	occurs	during	a	phase	change.	Heat	is	required	to	melt
something	(change	its	phase	from	solid	to	liquid)	or	to	vaporize	something	(change	its	phase	from
liquid	to	gas).	In	both	cases	(and	also	in	the	case	of	sublimation,	where	a	solid	is	converted	into	a	gas
directly),	the	molecules	are	overcoming	the	attractive	forces	that	hold	them	together.	This	is	where
the	energy	supplied	by	heating	is	being	“put	to	use.”	Conversely,	heat	is	released	as	a	substance
crystallizes	(or	freezes)	or	condenses.	During	such	phase	changes	the	temperature	remains
constant,	and	the	heat	involved	in	these	processes	can	be	expressed	as:

q	=	mL

where	m	is	again	the	mass	of	the	substance	undergoing	the	phase	change	and	L	is	the	heat	of
transformation,	the	value	of	which	depends	on	both	the	substance	and	the	particular	process	we
are	talking	about:	vaporization,	sublimation,	fusion	(melting),	et	cetera.

The	heats	of	transformation	for	two	reverse	processes	have	the	same	magnitude;	that	is,	the	heat	of
fusion	is	the	same	as	the	heat	of	crystallization	with	opposite	sign;	the	heat	of	vaporization	is	the
same	as	the	heat	of	condensation	with	opposite	sign;	and	so	forth.

To	bring	a	cube	of	ice	at	−50°C	to	water	vapor	at	130°C,	then,	the	heat	required	would	be:

q	=	mcice	(50°C)	+	mLfus	+	mcwater	(100°C)	+	mLvap	+	mcsteam	(30°C)

where	Lfus	is	the	heat	of	fusion	of	water	and	Lvap	the	heat	of	vaporization	of	water.	Only	one	m	value
is	needed	since	mass	is	conserved.

The	“heating	curve,”	a	plot	of	the	temperature	versus	the	amount	of	heat	added,	would	look	like:



The	flat	portions	imply	that	the	temperature	is	not	changing,	and	correspond	to	the	processes	of
melting	and	boiling.

Reactions	that	absorb	heat	energy	are	said	to	be	endothermic,	while	those	that	release	heat	are	said
to	be	exothermic.	An	adiabatic	process	is	one	in	which	no	heat	exchange	occurs	(no	heat	goes	into
or	out	of	the	system).	Melting	and	vaporization	are	therefore	endothermic,	while	freezing	and
condensation	are	exothermic	processes.	An	isothermal	process	is	one	in	which	the	temperature	of
the	system	remains	constant.

CALORIMETRY
Calorimetry	is	an	experimental	technique	that	measures	the	heat	change	associated	with	a	process.
In	constant-volume	calorimetry,	the	volume	of	the	container	holding	the	reacting	mixture	does	not
change	during	the	course	of	the	reaction.	The	heat	of	reaction	is	measured	using	a	device	called	a
bomb	calorimeter.	This	apparatus	consists	of	a	steel	bomb	into	which	the	reactants	are	placed.	The
bomb	is	immersed	in	an	insulated	container	holding	a	known	amount	of	water.	The	reactants	are
electrically	ignited	and	heat	is	absorbed	or	evolved	as	the	reaction	proceeds.	The	heat	of	the
reaction,	qrxn,	can	be	determined	as	follows.	Since	no	heat	enters	or	leaves	the	system,	the	net	heat
change	for	the	system	is	zero;	therefore,	the	heat	change	for	the	reaction	is	compensated	for	by	the
heat	change	for	the	water	and	the	bomb,	which	is	easy	to	measure.



States	and	State	Functions

The	state	of	a	system	is	described	by	the	macroscopic	properties	of	the	system.	Examples	of
macroscopic	properties	include	temperature	(T),	pressure	(P),	and	volume	(V).	When	the	state	of	a
system	changes,	the	values	of	the	properties	also	change.	If	the	change	in	the	value	of	a	property
depends	only	on	the	initial	and	final	states	of	the	system,	and	not	on	the	path	of	the	change	(how
the	change	was	accomplished),	that	property	is	known	as	a	state	function.	Pressure,	temperature,
and	volume	are	important	state	functions.	Other	examples	are	enthalpy	(H),	entropy	(S),	Gibbs	free
energy	(G)	(all	discussed	below),	and	internal	energy	(E	or	U).

DON’T	MIX	THESE	UP	ON	TEST	DAY

Do	not	confuse	standard	conditions	with	standard	temperature	and	pressure	(STP)	used	in
gas	law	calculations.

A	set	of	standard	conditions	(25°C	and	1	atm)	is	normally	used	for	measuring	the	enthalpy,	entropy,
and	Gibbs	free	energy	of	a	reaction.	A	substance	in	its	most	stable	form	under	standard	conditions	is
said	to	be	in	its	standard	state.	Examples	of	substances	in	their	standard	states	include	hydrogen	as
H2	(g),	water	as	H2O	(l),	and	salt	as	NaCl	(s).	The	changes	in	enthalpy,	entropy,	and	Gibbs	free	energy
that	occur	when	a	reaction	takes	place	under	standard	conditions	are	symbolized	by	ΔH°,	ΔS°,	and
ΔG°,	and	are	known	as	the	standard	change	in	enthalpy	(or	standard	enthalpy	change),	et	cetera.

ENTHALPY
Most	reactions	in	the	lab	occur	under	constant	pressure	(at	1	atm,	in	open	containers).	(Reactions
carried	out	under	a	constant	pressure	are	said	to	be	isobaric.)	To	express	heat	changes	at	constant
pressure,	chemists	use	the	term	enthalpy	(H),	often	thought	of	as	the	“heat	content”	of	a	system.
The	change	in	enthalpy	(∆H)	of	a	process	is	equal	to	the	heat	absorbed	or	evolved	by	the	system	at
constant	pressure.	Since	enthalpy	is	a	state	function,	the	enthalpy	change	of	a	process	depends	only



on	the	enthalpies	of	the	initial	and	final	states,	not	on	the	path.	Thus,	to	find	the	enthalpy	change	of
a	reaction,	∆Hrxn,	one	may	subtract	the	enthalpy	of	the	reactants	from	the	enthalpy	of	the	products:

∆Hrxn	=	Hproducts	–	Hreactants

BASIC	CONCEPT

ΔH	negative	= exothermic
= heat	given	off

ΔH	positive	= endothermic
= heat	absorbed

A	positive	∆H	corresponds	to	an	endothermic	process	(absorbs	heat),	and	a	negative	∆H	corresponds
to	an	exothermic	process	(releases	heat).	The	value	of	enthalpy	change	(or	of	enthalpies	in	general)
is	dependent	on	external	conditions	such	as	temperature	and	pressure.	As	we	shall	see,	enthalpy
plays	an	important	role	in	determining	the	favorability	of	a	reaction,	but	first	we	need	to	discuss
ways	in	which	one	can	calculate	or	obtain	values	for	changes	in	enthalpy.

Hess’s	Law

Hess’s	law	is	simply	the	application	of	the	concept	of	path-independence	to	enthalpy.	It	states	that	if
a	reaction	can	be	broken	down	into	a	series	of	steps,	the	enthalpy	change	for	the	overall	net
reaction	is	just	the	sum	of	the	enthalpy	changes	of	each	step.	The	steps	need	not	even	correspond
to	actual	processes	carried	out	in	the	real	world	or	in	the	lab,	but	can	be	purely	hypothetical.	For
example,	consider	the	reaction:

Br2	(l)	→	Br2	(g)	∆H	=	31	kJ

The	enthalpy	change	of	the	above	reaction	will	always	be	31	kJ/mol	provided	that	the	same	initial
and	final	states	Br2	(l)	and	Br2	(g)	are	operative.	Instead	of	direct	vaporization,	Br2	(l)	could	first	be
decomposed	to	Br	atoms	and	then	recombined	to	form	Br2	(g);	since	the	net	reaction	is	the	same



(the	two	possible	sequences	share	the	same	initial	state	and	the	same	final	state),	the	change	in
enthalpy	will	be	the	same.

Example: Given	the	following	thermochemical	equations:

Solution: Equations	a,	b,	and	c	must	be	combined	to	obtain	equation	d.	Since	equation	d	contains	only	C,	H2,	and	C3H8,	we

must	eliminate	O2,	CO2,	and	H2O	from	the	first	three	equations.	Equation	a	is	reversed	to	get	C3H8	on	the	product	side.

e)

(Note	that	when	we	reverse	the	reaction,	the	sign	of	the	enthalpy	change	is	reversed	as	well.)

Next,	equation	b	is	multiplied	by	3	(this	gives	equation	f)	and	c	by	4	(this	gives	equation	g).	The	following	addition	is

done	to	obtain	the	required	equation	d:	3b	+	4c	+	e.

f)

a)

b)

Calculate	ΔH	for	the	reaction:

c)

3C	(graphite)	+	4H2	(g)	→	C3H8	(g)d)



g)

where	∆Hd	=	∆He	+	∆Hf	+	∆Hg.

Standard	Enthalpy	of	Formation

Hess’s	law	is	useful	because	measuring	the	change	in	enthalpy	for	a	process	directly	can	be
challenging	experimentally,	but	by	taking	advantage	of	the	fact	that	this	quantity	is	independent	of
path,	one	can	calculate	∆H	for	any	process	if	the	values	for	certain	other	reactions	are	known.	The
most	common	approach	is	to	express	the	enthalpy	change	of	a	reaction	in	terms	of	the	standard
enthalpies	of	formation	of	the	products	and	the	reactants.

The	standard	enthalpy	of	formation	of	a	compound,	∆H°f ,	is	the	enthalpy	change	that	would	occur	if
one	mole	of	a	compound	were	formed	directly	from	its	elements	in	their	standard	states.	For
example,	the	standard	enthalpy	of	formation	of	H2O	is	just	the	enthalpy	change	for	the	reaction:

H2	(g)	+	1/2	O2	(g)	→	H2O	(l)

if	the	reaction	were	carried	out	under	standard	conditions.	We	have	picked	the	gaseous	forms	of
hydrogen	and	oxygen	because	that	is	the	most	stable	form	in	which	they	exist	under	such
conditions.

Note	that	∆H°f	of	an	element	in	its	standard	state	is	zero.	The	∆H°f’s	of	most	known	substances	are
tabulated.	The	enthalpy	of	formation	is	also	often	referred	to	as	the	heat	of	formation.

Standard	Enthalpy	of	Reaction

The	standard	enthalpy	(or	heat)	of	a	reaction,	∆H°rxn,	is	the	hypothetical	enthalpy	change	that	would
occur	if	the	reaction	were	carried	out	under	standard	conditions;	that	is,	when	reactants	in	their
standard	states	are	converted	to	products	in	their	standard	states	at	298	K.	It	can	be	expressed	as:



∆H°rxn	=	(sum	of	∆H°f	of	products)	–	(sum	of	∆H°f	of	reactants)

Earlier	we	gave	a	general	definition	∆Hrxn	=	Hproducts	−	Hreactants.	This	expression,	however,	is	not	very
useful.	The	actual	values	of	the	enthalpies	of	the	species	cannot	be	measured	(and	are	in	fact	more	a
matter	of	definition);	what	we	can	measure	is	only	enthalpy	changes,	and	those	often	only	with
difficulty.	But	from	our	discussion	on	Hess’s	law,	we	know	we	can	concoct	a	scheme	consisting	of	a
series	of	steps	that	yield	the	same	net	reaction,	and	the	sums	of	enthalpy	changes	would	be	the
same	as	the	net	enthalpy	change	of	the	reaction.	The	equation	above,	∆H°rxn	=	(sum	of	∆H°f	of
products)	–	(sum	of	∆H°f	of	reactants),	establishes	a	common	scheme	for	all	reactions:	We	first	break
the	reactants	down	to	give	elements	in	their	standard	states,	then	we	combine	these	rudimentary
“building	blocks”	in	new	ways	to	give	the	products	of	the	reaction.	For	example,	when	we	express
the	enthalpy	change	for	the	reaction

CaCO3	(s)	→	CaO	(s)	+	CO2	(g)

as	∆H°rxn	=	∆H°f	of	CaO	+	∆H°f	of	CO2	–	∆H°f	of	CaCO3,	we	are	essentially	reporting	the	reaction	as
follows:	First	we	break	down	each	mole	of	CaCO3	into	1	mole	of	Ca,	1	of	C,	and	3/2	of	O2,	then	we
combine	the	Ca	with	half	a	mole	of	O2	to	form	a	mole	of	CaO,	and	use	the	remaining	oxygen	to	form
CO2	with	carbon.	The	enthalpy	changes	for	the	last	two	steps	are	the	standard	enthalpies	of
formation	of	CaO	and	CO2,	while	the	first	step	is	the	reverse	of	the	formation	of	CaCO3,	from	which
we	get	the	minus	sign	in	front	of	the	enthalpy	of	formation	of	CaCO3,	and	which	explains	why	we
subtract	the	enthalpies	of	formation	of	the	reactants	in	the	general	equation.

It	should	be	emphasized	again	that	this	scheme	is	not	actually	carried	out,	but	merely	used	for
“accounting	conveniences”:	Instead	of	tabulating	an	enthalpy	change	for	every	reaction	imaginable,
we	need	only	a	list	of	enthalpies	of	formation	of	different	compounds	which,	while	still	numerous,
do	not	possess	this	almost	infinite	possible	number	of	combinations.

Bond	Dissociation	Energy

Enthalpies	or	heats	of	reaction	are	related	to	changes	in	energy	associated	with	the	breakdown	and
formation	of	chemical	bonds.	The	reason	why	bonds	are	formed	in	the	first	place	is	because	it	is
energetically	favorable	for	the	atoms	to	come	together—it	corresponds	to	a	state	of	lower	energy.
This	implies,	therefore,	that	energy	needs	to	be	supplied	to	break	a	bond	and	separate	the	atoms



(i.e.,	bond	breaking	is	endothermic).	Bond	energy,	or	bond	dissociation	energy,	is	an	average	of	the
energy	required	to	break	a	particular	type	of	bond	in	one	mole	of	gaseous	molecules.	It	is	tabulated
as	the	magnitude	of	the	energy	absorbed	as	the	bonds	are	broken.	For	example:

H2	(g)	→	2H	(g)	∆H	=	436	kJ

BASIC	CONCEPT

Bond	breaking	is	endothermic;	bond	formation	is	exothermic.

A	molecule	of	H2	gas	is	cleaved	to	produce	two	gaseous,	unassociated	hydrogen	atoms.	For	each
mole	of	H2	gas	cleaved,	436	kJ	of	energy	is	absorbed	by	the	system.	This	is	the	bond	energy	of	the	H
—H	bond.	For	other	types	of	bonds,	the	energy	requirements	are	averaged	by	measuring	the
enthalpy	of	cleaving	many	different	compounds	with	that	bond.	The	averaging	is	needed	because
the	energy	required	to	break	a	bond	is	not	uniquely	determined	by	what	atoms	are	being	separated;
it	also	depends	on	what	else	may	be	bonded	to	those	atoms.	For	example,	the	energy	needed	to
break	a	C—H	bond	is	different	on	going	from	CH4	to	CH3Cl	to	CCl3H,	et	cetera.	The	C—H	bond
dissociation	energy	one	would	find	in	a	table	(415	kJ/mol)	was	compiled	from	measurements	on
thousands	of	different	organic	compounds.

Bond	energies	can	be	used	to	estimate	enthalpies	of	reactions.	The	enthalpy	change	of	a	reaction	is
given	by:

Example: Calculate	the	enthalpy	change	for	the	following	reaction:

C	(s)	+	2H2	(g)	→	CH4	(g)

Bond	dissociation	energies	of	H—H	and	C—H	bonds	are	436	kJ/mol	and	415	kJ/mol,
respectively.



∆Hf	of	C	(g)	=	715	kJ/mol

Solution: For	each	mole	of	CH4	formed,	2	moles	of	H—H	bonds	are	broken	and	4	moles	of	C—H
bonds	are	formed	(each	molecule	of	CH4	contains	4	C—H	bonds).	The	one	additional
thing	we	have	to	take	into	consideration	is	that	bond	dissociation	energies	are	always
in	reference	to	the	gas	phase,	yet	here	we	have	carbon	in	its	solid	form.	This	is	why	we
need	the	enthalpy	of	formation	of	gaseous	carbon:	The	first	step	in	our	hypothetical
scheme	is	to	convert	carbon	from	its	solid	to	its	gaseous	form.	Thus	the	enthalpy
change	is:

Again,	we	subtract	the	bond	dissociation	energy	to	reflect	the	fact	that	the	C—H	bonds	are	being
formed	rather	than	broken.

Heats	of	Combustion

One	more	type	of	standard	enthalpy	change	that	is	often	used	is	the	standard	heat	of	combustion,
∆H°comb.	A	combustion	reaction	is	one	in	which	the	reactant	reacts	with	(excess)	oxygen	to	yield	(in
most	cases)	carbon	dioxide	and	water,	producing	a	flame	during	the	reaction.	(Excess	oxygen	is
specified	because	inadequate	oxygen	leads	to	the	generation	of	carbon	monoxide	rather	than
carbon	dioxide.)	The	burning	of	a	log,	for	example,	is	a	combustion	reaction.	These	reactions	are
exothermic	(release	energy,	have	a	negative	enthalpy	change).	The	reactions	used	in	the	C3H8	(g)
example	earlier	were	combustion	reactions,	and	the	corresponding	values	∆Ha,	∆Hb,	and	∆Hc	in	that
example	were	thus	heats	of	combustion.

QUICK	QUIZ

At	any	given	temperature,	which	will	have	a	higher	degree	of	entropy,	a	solid	or	a	gas?

Answer:	Gas



ENTROPY
Entropy	(S)	is	a	measure	of	the	disorder,	or	randomness,	of	a	system.	The	units	of	entropy	are
energy/temperature,	commonly	J/K	or	cal/K.	The	greater	the	order	in	a	system,	the	lower	the
entropy;	the	greater	the	disorder	or	randomness,	the	higher	the	entropy.	At	any	given	temperature,
a	solid	will	have	lower	entropy	than	a	gas,	because	individual	molecules	in	the	gaseous	state	are
moving	randomly,	while	individual	molecules	in	a	solid	are	constrained	in	place.	Entropy	is	a	state
function,	so	a	change	in	entropy	depends	only	on	the	initial	and	final	states:

∆S	=	Sfinal	−	Sinitial

A	change	in	entropy	is	also	given	by:

where	qrev	is	the	heat	added	to	the	system	undergoing	a	reversible	process	(a	process	that	proceeds
with	infinitesimal	changes	in	the	system’s	conditions)	and	T	is	the	absolute	temperature.

A	standard	entropy	change	for	a	reaction,	∆S°,	is	calculated	using	the	standard	entropies	of
reactants	and	products:

∆S°rxn	=	(sum	of	S°products)	−	(sum	of	S°reactants)

The	Second	Law	of	Thermodynamics

Entropy	is	an	important	concept	because	it	determines	whether	a	process	will	occur	spontaneously.
The	second	law	of	thermodynamics	states	that	all	spontaneous	processes	proceeding	in	an	isolated
system	lead	to	an	increase	in	entropy.	Since	the	universe	as	a	whole	is	one	big	isolated	system,	we
can	also	rephrase	this	law	in	a	way	that	is	perhaps	more	stimulating	to	our	imagination—the
entropy	of	the	universe	either	increases	(spontaneous,	irreversible	processes)	or	stays	the	same
(reversible	processes).	It	can	never	decrease.



∆Suniverse	=	∆Ssystem	+	∆Ssurroundings	≥	0

Note	that	the	entropy	of	a	system	can	decrease,	as	long	as	it	is	compensated	for	by	a	larger	increase
in	entropy	in	the	surroundings.	The	mechanism	of	refrigeration	decreases	the	entropy	within	the
refrigerator	by	maintaining	a	low	temperature	that	would	not	persist	if	left	to	nature;	heat	is,
however,	generated	and	dumped	outside	into	the	kitchen	that	increases	the	entropy.	Our	cells	are
constantly	engaging	in	biochemical	reactions	that	increase	the	order	locally:	Synthesizing	large
biomolecules	from	disordered	“building	blocks,”	sequestering	ions	in	different	compartments	when
it	would	be	more	“natural”	for	them	to	diffuse	over	a	larger	volume,	et	cetera.	All	these	processes
come	at	the	expense	of	entropy	increases	elsewhere:	for	example,	disorder	that	was	generated
when	we	digested	our	meal	the	previous	evening.	A	system	will	spontaneously	tend	toward	an
equilibrium	state	(one	of	maximum	entropy)	if	left	alone.

The	Third	Law	of	Thermodynamics

Instead	of	just	working	with	changes	or	relative	magnitudes	(as	in	the	case	of	enthalpy),	there	is	a
standard	with	which	one	can	assign	the	actual	value	of	entropy	of	a	substance.	The	third	law	of
thermodynamics	states	that	the	entropy	of	a	pure	crystalline	substance	at	absolute	zero	is	zero.	This
corresponds	to	a	state	of	“perfect	order”	because	all	the	atoms	in	this	hypothetical	state	possess	no
kinetic	energy	and	do	not	vibrate	at	all;	thus,	there	is	absolutely	no	randomness	and	no	disorder	in
the	spatial	arrangement	of	the	atoms.

GIBBS	FREE	ENERGY
What	makes	a	reaction	favorable?	In	the	quantity	of	entropy,	we	have	an	unambiguous	criterion	of
whether	a	reaction	would	occur	spontaneously:	The	total	entropy	of	the	universe	has	to	increase.
The	only	problem	with	this	is	that	it	is	not	very	practical—who	knows	how	to	keep	track	of	the
entropy	of	the	entire	universe?	It	would	be	nice	to	have	a	quantity	that	deals	only	with	the	system
itself	that	we	can	examine	to	determine	the	favorability	of	a	reaction.	The	thermodynamic	state
function,	G	(known	as	the	Gibbs	free	energy),	is	just	such	a	quantity.	It	combines	the	two	factors	that
affect	the	spontaneity	of	a	reaction—changes	in	enthalpy,	∆H,	and	changes	in	entropy,	∆S,	of	the
system.	The	change	in	the	free	energy	of	a	system,	∆G,	represents	the	maximum	amount	of	energy
released	by	a	process,	occurring	at	constant	temperature	and	pressure,	that	is	available	to	perform
useful	work.	∆G	is	defined	by	the	equation:



∆G	=	∆H	–	T∆S

where	T	is	the	absolute	temperature.

Spontaneity	of	Reaction

In	the	equilibrium	state,	free	energy	is	at	a	minimum.	A	process	can	occur	spontaneously	if	the	Gibbs
function	decreases,	i.e.,	∆G	<	0.

Because	the	temperature	is	always	positive,	i.e.,	in	Kelvins,	the	effects	of	the	signs	of	ΔH	and	ΔS	and
the	effect	of	temperature	on	spontaneity	can	be	summarized	as	follows:

∆H ∆S Outcome

− + spontaneous	at	all	temperatures

+ − nonspontaneous	at	all	temperatures

+ + spontaneous	only	at	high	temperatures

− − spontaneous	only	at	low	temperatures

Qualitatively,	the	equation	ΔG	=	ΔH	−	TΔS,	and	more	generally	the	whole	notion	of	free	energy,	tell
us	that	there	are	two	factors	that	favor	a	reaction:	a	decrease	in	energy	in	the	form	of	enthalpy	and
an	increase	in	disorder.	If	these	two	factors	are	working	against	each	other	in	a	reaction,	then
temperature	will	determine	which	is	the	more	dominant	factor—the	higher	the	temperature,	the
easier	entropic	considerations	override	enthalpic	ones.	Note	also	the	implication	that	a	reaction
that	is	favorable	at	one	temperature	may	not	be	favorable	at	another.	This,	actually,	should	not	be	a
surprise;	after	all,	for	example,	the	melting	of	ice	is	expected	to	occur	at	15	ºC,	but	not	at	−100	ºC
(assuming	atmospheric	pressure).

Standard	Free	Energy	Change

If	ΔG	is	negative,	the	reaction	is	spontaneous.1.
If	ΔG	is	positive,	the	reaction	is	not	spontaneous.2.
If	ΔG	is	zero,	the	system	is	in	a	state	of	equilibrium;	thus,	ΔG	=	0	and	ΔH	=	TΔS	at	equilibrium.3.



Standard	free	energy	change,	ΔGº,	is	defined	as	the	ΔG	of	a	process	occurring	under	standard
conditions,	and	for	which	the	concentrations	of	any	solutions	involved	are	1	M.	The	standard	free
energy	of	formation	of	a	compound,	ΔGºf,	is	the	free-energy	change	that	occurs	when	1	mole	of	a
compound	in	its	standard	state	is	formed	from	its	elements	in	their	standard	states.	The	standard
free	energy	of	formation	of	any	element	in	its	most	stable	form	(and,	therefore,	its	standard	state)	is
zero.	The	standard	free	energy	of	a	reaction,	ΔGºrxn,	is	the	free	energy	change	that	occurs	when	that
reaction	is	carried	out	under	standard	state	conditions;	i.e.,	when	the	reactants	in	their	standard
states	are	converted	to	the	products	in	their	standard	states,	at	standard	conditions	of	T	and	P.
Bearing	in	mind	what	we	did	for	enthalpy	changes,	we	can	write:

ΔG°rxn	=	(sum	of	ΔG°f	of	products)	–	(sum	of	ΔG°f	of	reactants).

BASIC	CONCEPT

ΔG°	positive:	small	K,	reaction	not	favored

ΔG°	negative:	large	K,	reaction	favored

Relation	Between	Free	Energy	and	the	Equilibrium	Constant

The	value	of	the	free	energy	change	in	general	(under	nonstandard	conditions)	is	related	to	the
standard	free	energy	change	by	the	following	equation:

ΔG	=	ΔG°	+	RT	ln	Q

where	R	is	the	gas	constant,	T	is	the	temperature	in	Kelvins,	ln	stands	for	the	natural	logarithm
function,	and	Q	is	the	reaction	quotient	we	mentioned	briefly	in	passing	in	the	last	chapter.	For	the
reaction	a	A	+	b	B	 	c	C	+	d	D,	the	reaction	quotient	is



Unlike	the	mass	action	expression,	the	values	for	the	concentrations	are	not	necessarily	those	at
equilibrium.	Because	the	concentrations	of	the	species	change	as	the	reaction	progresses	towards
equilibrium,	the	value	of	Q,	and	hence	also	the	value	of	ΔG,	will	change	as	the	reaction	progresses.
As	pointed	out	above,	when	the	system	is	at	equilibrium	ΔG	is	zero,	and	in	that	case	we	would
obtain	from	the	equation

0	=	ΔGº	+	RT	ln	Qeq

where	Qeq	is	the	value	of	the	reaction	quotient	at	equilibrium.	But	that	is	just	K,	the	equilibrium
constant!	Hence	we	can	rewrite	and	rearrange	to	get

ΔGº	=	−RT	ln	K

or	equivalently,

K	=	e−∆G˚/RT

Thus,	we	have	obtained	the	final	missing	link	to	put	it	all	together:	the	more	negative	ΔG°	is,	the
larger	the	equilibrium	constant,	and	hence	the	more	the	products	are	favored	at	equilibrium.

Examples

H2O	(l)	+	heat	→	H2O	(g)

When	water	boils,	hydrogen	bonds	(H-bonds)	are	broken.	Energy	is	absorbed	(the	reaction	is
endothermic),	and	thus	ΔH	is	positive.	Entropy	increases	as	the	closely	packed	molecules	of	the
liquid	become	the	more	randomly	moving	molecules	of	a	gas;	thus,	TΔS	is	also	positive.	Since	ΔH
and	TΔS	are	both	positive,	the	reaction	will	proceed	spontaneously	only	if	TΔS	>	ΔH.	For	the
particular	values	of	ΔS	and	ΔH	applicable	for	this	reaction,	this	condition	is	true	only	at
temperatures	above	100°C.	Below	100°C,	ΔG	is	positive	and	the	water	remains	a	liquid.	At	100°C,	ΔH
=	TΔS	and	ΔG	=	0:	an	equilibrium	is	established	between	water	and	water	vapor.	The	opposite	is	true

Vaporization	of	water	at	one	atmosphere	pressurea.



when	water	vapor	condenses:	H-bonds	are	formed,	and	energy	is	released;	the	reaction	is
exothermic	(ΔH	is	negative)	and	entropy	decreases,	since	a	liquid	is	forming	from	a	gas	(TΔS	is
negative).	Condensation	will	be	spontaneous	only	if	ΔH	<	TΔS.	This	is	the	case	at	temperatures
below	100°C;	above	100°C,	TΔS	is	more	negative	than	ΔH,	ΔG	is	positive,	and	condensation	is	not
spontaneous.	Again,	at	100°C,	an	equilibrium	is	established.

2C6H6	(l)	+	15O2	(g)	→	12CO2	(g)	+	6H2O	(g)	+	heat

In	this	case,	heat	is	released	(ΔH	is	negative)	as	the	benzene	burns	and	the	entropy	is	increased	(TΔS
is	positive),	because	two	gases	(18	moles	total)	have	greater	entropy	than	a	gas	and	a	liquid	(15
moles	gas	and	2	liquid).	ΔG	is	negative	and	the	reaction	is	spontaneous.

THINGS	TO	REMEMBER

The	combustion	of	C6H6	(benzene)b.

The	First	Law	of	Thermodynamics
Specific	Heat	and	Heat	Capacity
Calorimetry
Enthalpy
Hess’s	Law
Entropy
The	Second	Law	of	Thermodynamics
The	Third	Law	of	Thermodynamics
Gibbs	Free	Energy



Review	Questions

1.	 A	process	involving	no	heat	exchange	is	known	as

an	isothermal	process(A)
an	isobaric	process(B)
an	adiabatic	process(C)
an	isometric	process(D)

2.	 What	is	the	specific	heat	of	a	10	g	sample	that	has	absorbed	100	cal	over	a	temperature
change	of	30ºC?

0.333	cal/gºC(A)
0.666	cal/gºC(B)
3	cal/gºC(C)
300	cal/gºC(D)

3.	 Calculate	the	enthalpy	of	formation	of	N	(g)	in	the	following	reaction:

N2	(g)	→	2N	(g) ΔH°rxn	=	945.2	kJ

−945.2	kJ/mol(A)
0.0	kJ/mol(B)
472.6	kJ/mol(C)
945.2	kJ/mol(D)

4.	 Calculate	the	amount	of	heat	needed	to	bring	10	g	of	ice	from	−15°C	to	110°C.	(Heat	of
fusion	=	80	cal/g;	heat	of	vaporization	=	540	cal/g.	The	heat	capacities	of	both	ice	and



steam	vary	with	temperature;	for	this	problem,	use	the	estimate	of	0.5	cal/g	•	K	for	both.
The	specific	heat	of	water	is	1.0	cal/g	•	K.)

7.325	cal(A)
7.450	cal(B)
7.325	kcal(C)
7.450	kcal(D)

5.	 Using	the	information	given	in	the	reaction	equations	below,	calculate	the	heat	of
formation	for	1	mole	of	carbon	monoxide.

−221	kJ/mol(A)
−110	kJ/mol(B)
110	kJ/mol(C)
221	kJ/mol(D)

6.	 If	the	free	energy	change	accompanying	a	reaction	is	negative,

the	reaction	can	occur	spontaneously(A)
the	reaction	can	be	used	to	do	work	by	driving	other	reactions(B)
the	entropy	must	always	be	negative(C)
both	A	and	B(D)

7.	 All	of	the	following	are	correct	statements	concerning	entropy	EXCEPT

All	spontaneous	processes	tend	toward	an	increase	in	entropy.(A)
The	more	highly	ordered	the	system,	the	higher	the	entropy.(B)
The	entropy	of	a	pure	crystalline	solid	at	0	K	is	0.(C)
The	change	in	entropy	of	an	equilibrium	process	is	0.(D)



8.	 A	50	g	sample	of	metal	was	heated	to	100°C	and	then	dropped	into	a	beaker	containing	50
g	of	water	at	25°C.	If	the	specific	heat	capacity	of	the	metal	is	0.25	cal/g	•	°C,	what	is	the
final	temperature	of	the	water?

27°C(A)
40°C(B)
60°C(C)
86°C(D)

9.	 Calculate	the	maximum	amount	of	work	that	can	be	done	by	the	following	reaction	at
30°C:

(ΔH	=	−125	kJ,	ΔS	=	−200	J/K)

FeCl2	(aq)	+	1/2	Cl2	(g)	→	FeCl3	(aq)

64.4	kJ(A)
119	kJ(B)
5875	kJ(C)
60,475	kJ(D)

10.	 Calculate	the	bond	energy	of	a	BrF	bond	using	the	following	reaction	equation.	(ΔHf	of
BrF5	(g)	=	−429	kJ/mol,	ΔHf	of	Br	(g)	=	112	kJ/mol,	ΔHf	of	F	(g)	=	79	kJ/mol)

Br	(g)	+	5F	(g)	→	BrF5	(g)

936	kJ/mol(A)
187	kJ/mol(B)
86	kJ/mol(C)
47	kJ/mol(D)



Bond Average	Bond	Energy

C≡O 1075	kJ/mol

C=O 728	kJ/mol

C–Cl 326	kJ/mol

Cl–Cl 243	kJ/mol

11.	 Calculate	the	heat	of	reaction	for	the	following	equation	using	the	information	given
above.

CO	+	Cl2	→	COCl2

62	kJ(A)
−62	kJ(B)
−409	kJ(C)
706	kJ(D)



Answer	Key

REVIEW	QUESTIONS
1.	 C
2.	 A
3.	 C
4.	 C
5.	 B
6.	 D
7.	 B
8.	 B
9.	 A

10.	 B
11.	 B



Answers	and	Explanations

REVIEW	QUESTIONS
1.	 C

An	adiabatic	process	is	one	in	which	no	heat	flow	takes	place.	An	isothermal	process	is	one	in
which	the	temperature	remains	the	same.	An	isobaric	process	is	one	in	which	the	pressure
remains	the	same.	An	isometric	process	is	one	in	which	the	volume	remains	the	same.

2.	 A
In	calorimetry,	the	amount	of	heat	absorbed	in	a	given	process	is	calculated	using	the
following	equation:

q	=	mc∆T

Knowing	that	the	heat	absorbed	is	100	cal,	the	mass	is	10	g,	and	the	temperature	change	is
30°C,	the	specific	heat	can	be	calculated:

3.	 C
The	reaction	given	is	a	formation	reaction,	since	the	reactant	N2	is	in	its	stable	elemental	state
(gaseous	dimer).	The	enthalpy	of	the	change	of	the	reaction	is	the	enthalpy	of	formation	of	N,
except	that	since	two	moles	of	N	are	formed,	we	need	to	divide	the	value	by	two	to	get	the
value	per	mole.

4.	 C
To	answer	this	question,	the	ice	must	be	imagined	as	passing	through	the	following	stages:	ice
from	–15°C	to	ice	at	0°C;	ice	at	0°C	to	water	at	0°C;	water	from	0°C	to	water	at	100°C;	water	at
100°C	to	steam	at	100°C;	steam	at	100°C	to	steam	at	110°C.	Once	these	steps	have	been



outlined,	the	amount	of	heat	needed	to	perform	each	of	them	must	be	calculated	using	the
following	equation:

5.	 B
This	problem	uses	Hess’s	law,	which	states	that	heats	of	reaction	may	be	added	to	determine
the	enthalpy	of	another	reaction.	To	calculate	the	heat	of	formation	for	one	mole	of	carbon
monoxide,	the	reaction	equations	must	be	manipulated	as	follows:

The	second	equation	must	be	reversed:

If	the	two	equations	are	added	together,	a	third	equation	is	obtained:

This	is	the	formation	reaction	of	carbon	monoxide.	As	in	question	3,	however,	we	need	to
divide	the	enthalpy	change	by	two	to	obtain	the	value	for	1	mole.

6.	 D
A	negative	free	energy	change	signifies	that	the	reaction	is	spontaneous	and	that	work	can	be
done.	If	the	energy	that	is	released	is	coupled	to	less	favorable	reactions,	they	can	be	driven	to
completion.	This,	for	example,	is	how	your	body	uses	the	breakdown	of	ATP	to	accomplish
certain	reactions	that	normally	wouldn’t	occur.

7.	 B



The	opposite	of	the	statement	in	choice	B	is	true:	the	more	highly	ordered	a	system,	the	lower
its	entropy.	Choices	A	and	C	are	statements	of	the	second	and	third	laws	of	thermodynamics,
respectively.	Choice	D	is	correct	because	if	a	system	is	at	equilibrium,	it	is	not	getting	more	or
less	disordered	and	thus	there	should	be	no	change	in	its	entropy.

8.	 B
This	problem	uses	the	concept	of	conservation	of	energy.	When	the	metal	is	put	in	the	water,	it
will	lose	heat;	that	heat	will	be	transferred	to	the	water.	Thus,	the	amount	of	heat	released	by
the	metal	is	the	same	as	the	amount	of	heat	absorbed	by	the	water.	Use	the	following
equation	for	heat	transfer:

q	=	mcΔT

In	addition,	given	a	long	enough	time,	the	metal	and	the	water	will	reach	thermal	equilibrium:
they	will	eventually	have	the	same	temperature.	The	expressions	for	the	heat	released	and
absorbed	by	the	metal	and	water,	respectively,	are:

However,	since	q	should	be	the	same	for	both	equations,	the	expression	can	be	rewritten:

Canceling	the	50	g	from	each	side	and	solving	for	Tf,	which	is	the	final	temperature,

9.	 A
The	maximum	amount	of	work	that	can	be	done	by	a	spontaneous	reaction	is	the	absolute
value	of	its	Gibbs	free	energy	change,	and	the	following	equation	can	be	used	to	solve	for	it:



ΔG	=	ΔH	−	TΔS

The	free	energy	change	due	to	the	reaction	can	be	calculated	by	substituting	the	information
given	for	ΔH,	T,	and	ΔS.	Be	sure	that	the	units	are	consistent	when	solving	the	equation.

Thus,	64.4	kJ	can	be	done	by	the	system.

10.	 B
The	change	in	enthalpy,	or	heat	of	reaction,	for	any	reaction	is	the	sum	of	the	enthalpies	of
formation	of	the	products	minus	the	sum	of	the	enthalpies	of	formation	of	the	reactants:

ΔHrxn	=	ΣΔHf	(products)	−	ΣΔHf	(reactants)

Substituting	the	heats	of	formation	of	BrF5	(g),	Br	(g),	and	F	(g)	into	the	equation,	the	heat	of
reaction	can	be	calculated:

Since	no	bonds	were	broken	in	this	reaction,	the	(magnitude	of	the)	heat	of	formation	here	is
equal	to	the	sum	of	the	bond	energies	of	the	product.	As	there	are	five	equivalent	Br–F	bonds,
each	one	would	contribute	to	one-fifth	of	the	total	bond	energy.	This	means	that	for	each
bond	formed,	an	average	of	187	kJ/mol	of	energy	was	released	(note	the	negative	sign	in	front
of	the	enthalpy).	The	bond	energy	is	defined	to	be	the	energy	required	to	break	the	bond,	the
reverse	of	the	process	we	have	just	described.	The	Br–F	bond	energy	is	therefore	187	kJ/mol.
As	it	always	requires	energy	to	break	a	bond,	all	bond	enthalpies	are	positive.

11.	 B
Heats	of	reaction	can	be	calculated	from	bond	energies	using	the	following	equation:



CO	contains	a	triple	bond	between	C	and	O	that	is	being	broken.	COCl2	contains	a	double	bond
between	C	and	O	and	two	C–Cl	single	bonds	that	are	being	formed.



Chapter	12

Chemical	Kinetics

Thermodynamics	and	the	study	of	chemical	equilibrium	tell	us	whether	the	occurrence	of	a	reaction
is	favorable	and	to	what	extent	the	reaction	goes	toward	completion.	However,	a	lot	of	reactions
that,	from	a	free	energy	perspective,	are	expected	to	favor	products	heavily	are	not	seen	to	proceed
readily	in	our	everyday	experience.	For	example,	graphite	is	the	more	thermodynamically	stable
state	of	carbon	under	standard	conditions	compared	to	diamond,	but	we	probably	have	better
things	to	worry	about	than	our	diamonds	turning	into	pencils.	Similarly,	combustion	reactions	of
hydrocarbons	(a	constituent	of	the	human	body)	are	exothermic	and	also	tend	to	be	entropically
favored,	but	we	probably	shouldn’t	count	on	our	enemies	spontaneously	erupting	into	flames.	The
reason	behind	these	observations	is	that	thermodynamics	reveals	only	part	of	the	story	about
chemical	reactions.	The	inherent	tendency	of	a	reaction	to	occur	does	not	necessarily	have	anything
to	do	with	how	readily	or	quickly	it	does	take	place.	Furthermore,	thermodynamics	does	not	give	us
a	microscopic	picture	of	how	exactly	a	reaction	is	proceeding:	How	do	the	individual	molecules
interact	with	one	another	to	lead	to	the	end	product?	How	many	steps	does	the	reaction	have	to	go
through?	All	these	issues	are	investigated	within	the	realm	of	chemical	kinetics—the	study	of	the
rates	of	reactions,	the	effect	of	reaction	conditions	on	these	rates,	and	the	mechanisms	implied	by
such	observations.

Reaction	Rates
Changes	in	Concentration	Over	Time
Collision	Theory,	Transition	States,	and	Energy	Profiles
Reaction	Mechanisms
Factors	Affecting	Reaction	Rate
Dynamic	Equilibrium



Reaction	Rates

The	rate	of	a	reaction	is	an	indication	of	how	rapidly	it	is	occurring.	First	of	all,	we	need	to	have	an
exact,	quantitative	way	of	describing	the	rate.	Then	we	shall	explore	what	the	rate	depends	on.

DEFINITION	OF	RATE
Consider	a	reaction	2A	+	B	→	C,	in	which	1	mole	of	C	is	produced	from	every	2	moles	of	A	and	1	mole
of	B.	We	want	to	come	up	with	some	quantitative	way	of	describing	just	how	fast	the	reaction	has
proceeded	or	is	proceeding	at	any	instant	in	time.	The	most	natural	way	is	to	use	either	the
disappearance	of	reactants	over	time,	or	the	appearance	of	products	over	time.	The	faster	either	of
these	rates	is,	the	faster	the	rate	of	reaction:

Because	the	concentration	of	a	reactant	decreases	during	the	reaction	while	we	want	the	rates	to	be
positive	numbers,	a	minus	sign	needs	to	be	placed	before	a	rate	that	is	expressed	in	terms	of

reactants.	For	the	reaction	above,	the	rate	of	disappearance	of	A	is	 	the	rate	of	disappearance

of	B	is	 	and	the	rate	of	appearance	of	C	is	 	In	this	particular	reaction,	the	three	rates	are
not	equal.	According	to	the	stoichiometry	of	the	reaction,	A	is	used	up	twice	as	fast	as	B	

	and	A	is	consumed	twice	as	fast	as	C	is	produced	
To	show	a	standard	rate	of	reaction	in	which	the	rates	with	respect	to	all	substances	are	equal,	the
rate	for	each	substance	should	be	divided	by	its	stoichiometric	coefficient.	In	this	particular	case,
then:



In	general,	for	the	reaction

Rate	is	expressed	in	units	of	concentration	per	unit	time,	most	often	moles	per	liter	per	second
(mol/L	•	s),	which	is	the	same	as	molarity	per	second	(molarity/s).

DON’T	MIX	THESE	UP	ON	TEST	DAY

Keep	in	mind	the	difference	between	the	rate	law	and	the	equilibrium	expression.	The
exponents	in	the	rate	law,	unlike	those	in	the	equilibrium	expression,	do	not	necessarily
have	to	do	with	the	balanced	chemical	equation!

RATE	LAW
For	nearly	all	forward,	irreversible	reactions,	the	rate	is	proportional	to	the	product	of	the
concentrations	of	the	reactants,	each	raised	to	some	power.	For	the	general	reaction:

aA	+	bB	→	cC	+	dD

the	rate	is	proportional	to	[A]x	[B]y,	that	is:

rate	=	k[A]x[B]y.

This	expression	is	the	rate	law	for	the	general	reaction	above,	where	k	is	known	as	the	rate	constant,
and	is	different	for	different	reactions	and	may	also	change	depending	on	the	reaction	conditions
(more	on	this	below).	Multiplying	the	units	of	k	by	the	concentration	factors	raised	to	the
appropriate	powers	gives	the	rate	in	units	of	concentration/time.	(The	unit	of	k,	therefore,	depends
on	the	values	of	x	and	y.)	The	exponents	x	and	y	are	called	the	orders	of	reaction;	x	is	the	order	of	the
reaction	with	respect	to	A	and	y	is	the	order	with	respect	to	B.	These	exponents	may	be	integers,



fractions,	or	zero,	and	must	be	determined	experimentally.	It	is	most	important	to	realize	that	the
exponents	of	the	rate	law	are	not	necessarily	equal	to	the	stoichiometric	coefficients	in	the	overall
reaction	equation.	It	is	generally	not	the	case	that	x	=	a	and	y	=	b,	for	example,	unless	the	reaction	is
a	one-step	process	in	which	the	stoichiometric	equation	is	actually	a	microscopic	description	of	how
the	molecules	collide.

The	overall	order	of	a	reaction	(or	the	reaction	order)	is	defined	as	the	sum	of	the	exponents,	here
equal	to	x	+	y.

Example: Given	the	data	below,	find	the	rate	law	for	the	following	reaction	at	300	K.

A	+	B	→	C	+	D

Trial [A]initial(M) [B]initial(M) rinitial(M/s)

1 1.00 1.00 2.0

2 1.00 2.00 8.1

3 2.00 2.00 15.9

Solution: a)	In	trials	1	and	2,	the	concentration	of	A	is	kept	constant	while	the	concentration	of	B
is	doubled.	The	rate	increases	by	a	factor	of	approximately	4.	Write	down	the	rate
expressions	of	the	two	trials.

Dividing	the	second	equation	by	the	first,

b)	In	trials	2	and	3,	the	concentration	of	B	is	kept	constant	while	the	concentration	of	A



is	doubled;	the	rate	is	increased	by	a	factor	of	15.9/8.1,	approximately	2.	The	rate
expressions	of	the	two	trials	are:

Dividing	the	second	equation	by	the	first,

So	r	=	k[A]	[B]2,	i.e.,	the	order	of	the	reaction	with	respect	to	A	is	1	and	with	respect
to	B	is	2;	the	overall	reaction	order	is	1	+	2	=	3.
To	calculate	k,	substitute	the	values	from	any	one	of	the	above	trials	into	the	rate
law,	e.g.:

Therefore,	the	rate	law	is	r	=	2.0	M−2	s−1	[A][B]2.

Note,	however,	that	this	result	could	have	been	obtained	more	easily	if	we	had	been	able	to	see
without	cumbersome	substitution	that,	for	example,	from	trial	1	to	trial	2	the	rate	is	quadrupled
when	the	concentration	of	B	is	doubled.	Therefore,	the	rate	has	to	be	dependent	on	the	square	of
[B].



Changes	in	Concentration	Over	Time

As	a	reaction	proceeds,	the	concentrations	of	the	species	involved	(reactants	and	products)	will
change.	The	value	of	the	concentration	of	each	reactant	and	product	at	different	points	in	time	can
in	general	be	calculated	if	the	rate	law	is	known,	although	the	mathematics	needed	to	perform	the
manipulations	may	be	quite	complicated,	depending	on	the	order	of	the	reaction.	The	relationships
derived	are	often	also	not	general	enough	to	be	of	interest.	The	simplest	cases,	however,	are	worth
examining	in	more	detail.

ZERO-ORDER	REACTIONS
A	zero-order	reaction	has	a	constant	rate,	which	is	independent	of	the	reactants’	concentrations.
Thus,	the	rate	law	is:	rate	=	k,	where	k	has	units	of	M	s−1.	The	concentration	of	the	reactants
decreases	linearly	over	time,	i.e.,	it	decreases	by	the	same	amount	in	each	period	of	time,	until	it	is
completely	used	up.	A	plot	of	reactant	concentration	([A])	versus	time	for	a	zero-order	reaction	is	a
straight	line	with	slope	equal	to	negative	k.

FIRST-ORDER	REACTIONS
A	first-order	reaction	(order	=	1)	has	a	rate	proportional	to	the	concentration	of	one	reactant:



First-order	rate	constants	have	units	of	s−1.

A	CLOSER	LOOK

The	most	common	example	of	a	first-order	reaction	is	the	process	of	radioactive	decay.

The	most	common	example	of	a	first-order	reaction	is	the	process	of	radioactive	decay.	Each	atom
of	a	radioactive	species	has	a	certain	probability	of	undergoing	decay	within	a	window	of	time.	The
more	of	these	“reactants”	there	are,	therefore,	the	more	of	these	decay	events	we	will	see,	which
means	that	the	process	occurs	faster	the	more	radioactive	atoms	are	around.	From	the	rate	law
above,	one	can,	with	the	use	of	calculus,	derive	the	following	relationship	between	the
concentration	of	radioactive	substance	A	and	the	time	t,	as	shown	on	the	next	page.

A	graph	of	[A]	versus	time	is	an	exponential	function:

Plotting	the	natural	logarithm	of	[A]	versus	time,	however,	would	yield	a	straight	line:



The	half-life	(τ1/2)	of	a	reaction	is	the	time	needed	for	the	concentration	of	the	radioactive	substance
to	decrease	to	one-half	of	its	original	value.	In	other	words,	the	half-life	is	the	value	of	t	such	that	the
following	equality	holds:

We	can	substitute	in	the	expression	for	[A]t:

Manipulation	of	the	above	equation	leads	to	the	following	formula	for	half-life:

where	k	is	the	first-order	rate	constant.

After	one	half-life,	half	of	the	reactants	will	be	left.	After	another	half-life	has	elapsed,	half	of	that
half	will	remain;	in	other	words,	the	concentration	of	the	reactants	will	be	one-quarter	the	initial

value.	More	generally,	the	concentration	of	A	is	 	after	the	passage	of	n	number	of	half-lives.



Collision	Theory,	Transition	States,	and	Energy
Profiles

In	order	for	a	reaction	to	occur,	molecules	must	collide	with	each	other.	The	collision	theory	of
chemical	kinetics	states	that	the	rate	of	a	reaction	is	proportional	to	the	number	of	collisions	per
second	between	the	reacting	molecules.

Not	all	collisions,	however,	result	in	a	chemical	reaction.	An	effective	collision	(one	that	leads	to	the
formation	of	products)	occurs	only	if	the	molecules	collide	with	correct	orientation	and	sufficient
force	to	break	the	existing	bonds	and	form	new	ones.	The	minimum	energy	of	collision	necessary	for
a	reaction	to	take	place	is	called	the	activation	energy,	or	the	energy	barrier,	designated	Ea.	Only	a
fraction	of	colliding	particles	have	enough	kinetic	energy	to	exceed	the	activation	energy.	This
means	that	only	a	fraction	of	all	collisions	are	effective.

When	molecules	collide	with	sufficient	energy,	they	go	through	what	is	known	as	a	transition	state
(also	called	the	activated	complex),	in	which	the	old	bonds	are	weakened	and	the	new	bonds	are
beginning	to	form.	The	transition	state	then	dissociates	into	products	and	the	new	bonds	are	fully
formed.	For	example,	in	a	reaction	A2	+	B2	→	2AB,	the	transition	state	or	activated	complex	may
look	like	the	middle	species	in	the	following	diagram,	where	the	dashed	lines	represent	partial
bonds	(bonds	that	are	not	quite	as	strong	as	a	single	bond):

The	activated	complex	exists	only	in	one	fleeting	instant	in	time	and	is	thus	only	a	snapshot	of	how
the	molecules	are	arranged	somewhere	along	the	reaction;	it	is	not	a	stable	isolatable	species	by
itself.

A	potential	energy	diagram	is	very	helpful	in	visualizing	the	progress	of	a	reaction.	The	x-axis	in
these	diagrams	corresponds	to	the	“reaction	coordinate,”	which	essentially	measures	how	far	along
one	is	in	a	reaction	by	charting	the	progress	from	reactants	to	products:	As	one	moves	from	left	to



right,	the	configuration	of	all	the	species	participating	in	the	reaction	goes	from	being	in	the
reactant	stage	to	resembling	more	and	more	that	of	the	products,	until	the	reaction	has	gone	to
completion	and	the	products	are	formed.	The	y-axis	plots	the	potential	energy	of	the	varying
configuration	of	the	atoms.	The	most	important	thermodynamic	factor	in	these	diagrams	is	the
relative	energy	of	the	products	and	reactants.	The	overall	energy	change	of	the	reaction	is	the
difference	between	the	potential	energy	of	the	products	and	the	potential	energy	of	the	reactants.	If
the	energy	level	of	the	products	is	lower	than	that	of	the	reactants,	the	products	are	more	stable
thermodynamically	and	there	is	a	net	release	of	energy	for	the	reaction.	If	the	energy	of	the
reactants	is	lower	than	that	of	the	products,	the	reverse	is	true:	The	reactants	are	more	stable
thermodynamically	and	energy	is	absorbed	in	the	process.

The	activated	complex	exists	at	the	top	of	the	energy	barrier.	It	has	greater	energy	than	either	the
reactants	or	the	products,	and	is	denoted	by	the	symbol	‡.	The	energy	required	to	bring	the
reactants	up	to	this	level	is	the	activation	energy	for	the	reaction,	Ea.	Once	an	activated	complex	is
formed,	it	can	either	go	on	to	form	the	products	or	revert	to	reactants	without	any	additional	energy
input.	(The	difference	in	energy	between	the	activated	complex	and	the	products	is	the	activation
energy	for	the	reverse	reaction:	that	of	products	going	to	reactants.)

It	is	important	to	note	that	even	if	the	reaction	results	in	a	net	release	of	energy,	i.e.,	even	if	the
products	are	more	stable	thermodynamically	than	the	reactants,	the	reactants	need	to	have
sufficient	energy	initially	to	overcome	this	activation	barrier,	since	the	transition	state	is	always	at	a
higher	energy	than	either	the	reactants	or	the	products.	This	is	the	reason	why	we	do	not	observe
diamond	turning	into	graphite:	Under	standard	conditions,	the	activation	energy	for	these
processes	is	so	high	that	regardless	of	the	thermodynamic	favorability	of	the	reactions,	the
reactants	simply	cannot	overcome	the	energy	barrier.	In	plainer	terms,	the	ultimate	payoff	may	be
great	for	these	reactions,	but	the	effort	called	for	is	too	much.

In	terms	of	the	rate	law,	the	height	of	this	barrier	(the	activation	energy)	is	what	determines	the
value	of	the	rate	constant	k:	The	higher	the	barrier,	the	slower	the	rate,	i.e.,	the	smaller	the	value	of



k.



Reaction	Mechanisms

The	mechanism	of	a	reaction	is	the	actual	series	of	steps	through	which	a	chemical	reaction	occurs.
Consider	the	reaction	below:

Overall	Reaction:	A2	+	2B	→	2AB

This	equation	seems	to	imply	some	sort	of	encounter	between	two	molecules	or	atoms	of	B	and	one
molecule	of	A2	to	form	two	molecules	of	AB.	But	suppose	instead	that	the	reaction	actually	takes
place	in	two	steps.

Step	1: A2	+	B	→	A2B (Slow)

Step	2: A2B	+	B	→	2AB (Fast)

Note	that	these	two	steps	add	up	to	the	overall	(net)	reaction.	A2B,	which	does	not	appear	in	the
overall	reaction	because	it	is	neither	a	reactant	nor	a	product,	is	called	an	intermediate.	Reaction
intermediates,	unlike	activated	complexes,	are	real	molecules	that	exist	at	least	for	a	while.
Nonetheless,	they	may	still	be	difficult	to	detect.

The	slowest	step	in	a	proposed	mechanism	is	called	the	rate-determining	step	(or	the	rate-limiting
step),	so	called	because	as	the	bottleneck	in	the	progression	of	the	reaction,	it	determines	the	rate
by	imposing	an	upper	limit	on	how	fast	it	goes.	In	the	reaction	mechanism	given	above,	for	example,
the	first	step,	which	has	been	described	as	slow,	is	the	rate-determining	step;	the	overall	reaction
simply	cannot	occur	any	faster	than	this	step,	in	the	same	way	that	in	a	family	outing,	no	matter
how	fast	the	other	members	are,	everyone	will	still	have	to	wait	for	the	slowest	one	to	be	ready
before	the	family	can	set	off.

In	the	discussion	on	the	potential	energy	diagram	above,	we	have	limited	ourselves	to	considering
reactions	occurring	in	a	single	step.	For	one	that	involves	several	steps,	the	graph	will	go	through	a
series	of	“hilltops	and	valleys”:	Each	step	will	involve	a	transition	state.	The	low	points	between



these	maxima	are	intermediates.	The	activation	energy	of	each	step	is	the	difference	in	energy
between	the	transition	state	and	the	“valley”	immediately	before	it	(corresponding	to	either
reactants	or	intermediates).	The	step	with	the	highest	activation	energy	is	the	rate-determining	or
rate-limiting	step.	The	two	plots	below	show	the	potential	energy	diagrams	for	a	two-step	reaction.
In	one,	the	first	step	is	the	rate-determining	step	while	in	the	other,	the	second	step	is	rate
determining.

A	CLOSER	LOOK

The	factors	discussed	here	change	the	rate	of	reaction	mathematically	by	affecting	the	value
of	k,	the	rate	constant,	in	the	rate	law.



Factors	Affecting	Reaction	Rate

The	rate	of	a	chemical	reaction	as	expressed	in	the	applicable	rate	law,	as	we	have	seen,	involves
both	a	rate	constant	and,	except	for	zero	order	reactions,	the	concentration	of	reactants.	The	rate	of
a	reaction,	then,	could	be	increased	by	either	increasing	the	concentration	of	the	reactants	(which
increases	the	number	of	effective	collisions	between	the	reactant	molecules)	or	by	altering	the	value
of	the	rate	constant.	We	have	pointed	out	above	that	the	rate	constant	ultimately	depends	upon	the
energy	difference	between	the	reactants	and	the	transition	state.	The	smaller	this	activation	energy
is	(the	smaller	the	gap	between	the	two	energy	levels),	the	larger	the	rate	constant,	and	the	faster
the	reaction	will	proceed.	Two	factors	that	most	commonly	affect	the	rate	of	a	reaction	are
temperature	and	the	presence	of	a	catalyst.

For	nearly	all	reactions,	the	reaction	rate	will	increase	as	the	temperature	of	the	system	increases.
Since	the	temperature	of	a	substance	is	generally	a	measure	of	the	particles’	average	kinetic	energy,
increasing	the	temperature	increases	the	average	kinetic	energy	of	the	molecules.	Consequently,
the	proportion	of	molecules	having	energies	greater	than	Ea	(thus	capable	of	undergoing	reaction)
increases	with	higher	temperature.	Again,	this	is	valid	even	for	reactions	that	are	exothermic
because	the	activated	complex	is	at	a	higher	potential	energy	than	the	reactants.	Raising	the
temperature	of	a	system	in	which	an	exothermic	reaction	is	occurring	would	shift	the	equilibrium	in
favor	of	the	reactants	(from	Le	Châtelier’s	principle),	but	the	system	would	attain	this	equilibrium
faster.

A	CLOSER	LOOK

The	rate	for	most	reactions	approximately	doubles	for	every	10°C	increase	in	the
temperature.

Catalysts	are	substances	that	increase	the	reaction	rate	without	themselves	being	consumed;	they
do	this	by	lowering	the	activation	energy.	Catalysts	are	important	in	biological	systems	and	in
industrial	chemistry;	enzymes	are	biological	catalysts.	Catalysts	accomplish	this	lowering	of



activation	energy	by	a	variety	of	ways:	They	may,	for	example,	increase	the	frequency	of	collision
between	the	reactants,	or	change	the	relative	orientation	of	the	reactants	making	a	higher
percentage	of	collisions	effective.	The	following	figure	compares	the	energy	profiles	of	catalyzed
and	uncatalyzed	reactions.

The	energy	barrier	for	the	catalyzed	reaction	is	much	lower	than	the	energy	barrier	for	the
uncatalyzed	reaction.	Note	that	the	rates	of	both	the	forward	and	the	reverse	reactions	are
increased	by	catalysis,	since	Ea	of	the	forward	and	reverse	reactions	are	lowered	by	the	same
amount.	Therefore,	the	presence	of	a	catalyst	causes	the	reaction	to	proceed	more	quickly	toward
equilibrium,	without	changing	the	position	of	the	equilibrium,	i.e.,	without	changing	the	value	of
the	equilibrium	constant.



Dynamic	Equilibrium

Although	we	have	learned	that	the	kinetics	of	a	reaction	may	override	predictions	based	purely	on
thermodynamics,	the	two	aspects	are	not	totally	separate.	This	is	because,	as	mentioned	in	the
chapter	on	chemical	equilibrium,	one	of	the	things	that	characterizes	equilibrium	is	that	the
forward	and	reverse	reactions	are	occurring	at	the	same	rate:	The	relative	rates	of	reactions	set	up	a
thermodynamic	equilibrium	in	the	system.

The	ratio	of	the	forward	rate	constant	to	the	reverse	rate	constant	is	the	equilibrium	constant	for
that	one-step	process,	i.e.:

where	kf	is	the	rate	constant	of	the	forward	reaction	and	kr	is	the	rate	constant	for	the	reverse
reaction.	The	larger	the	value	of	kf,	the	faster	the	forward	reaction	occurs	(relative	to	the	reverse
reaction);	that	is,	products	are	formed	more	rapidly	than	they	revert	back	to	reactants,	and	so	there
will	tend	to	be	more	products	around	at	equilibrium,	which	is	reflected	in	a	large	equilibrium
constant.

It	may	now	be	more	obvious	why	a	catalyst	does	not	affect	the	position	of	equilibrium:	Both	kf	and
kr	are	increased	by	the	same	proportion,	such	that	their	ratio	remains	unchanged.
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Review	Questions

1.	 All	of	the	following	are	true	statements	concerning	reaction	orders	EXCEPT:

The	rate	of	a	zero-order	reaction	is	constant.(A)
After	three	half-lives,	a	radioactive	sample	will	have	one-ninth	of	its	original
concentration.

(B)

The	units	for	the	rate	constant	for	first-order	reactions	are	s−1.(C)
If	doubling	the	concentration	of	a	reactant	doubles	the	rate	of	the	reaction,	then
the	reaction	is	first	order	in	that	reactant.

(D)

2.	 The	half-life	of	radioactive	sodium	is	15.0	hours.	How	many	hours	would	it	take	for	a	64	g
sample	to	decay	to	one-eighth	of	its	original	concentration?

3(A)
15(B)
30(C)
45(D)

3.	 Consider	the	following	hypothetical	reaction	and	experimental	data:

[A]0	(mol/L) [B]0	(mol/L) Rate

Exp	1 0.10 1 0.035

Exp	2 0.10 4 0.070

Exp	3 0.20 1 0.140

Exp	4 0.10 16 0.140



What	is	the	order	with	respect	to	A?(A)
What	is	the	order	with	respect	to	B?(B)
What	is	the	rate	equation?(C)
What	is	the	overall	order	of	the	reaction?(D)
Calculate	the	rate	constant.(E)

4.	 Consider	the	following	chemical	reaction	and	experimental	data:

A	(aq)	→	B	(aq)	+	C(g)

Trial	1 Trial	2

[A]	(mol/L) Rate [A]	(mol/L) Rate

0.10 0.6 0.10 0.9

0.20 0.6 0.20 0.9

0.30 0.6 0.30 0.9

0.40 0.6 0.40 0.9

What	is	the	rate	expression	for	trial	1?(A)
What	is	the	rate	constant	for	trial	1?(B)
What	is	the	most	likely	reason	for	the	increased	rate	in	trial	2?(C)

5.	 Consider	the	following	reaction	and	experimental	data:

SO3	+	H2O	→	H2SO4

[SO3]	(mol/L) [H2O]	(mol/L) Rate

Trial	1 0.1 0.01 0.013

Trial	2 0.2 0.01 0.052



Trial	3 X 0.02 0.234

Trial	4 0.1 0.03 0.039

What	is	the	value	of	X?(A)
What	is	the	order	of	the	reaction?(B)
What	is	the	rate	constant?(C)
What	would	be	the	rate	if	[SO3]	in	trial	4	were	raised	to	0.2?(D)

6.	 In	the	following	diagram,	which	labeled	arrow	represents	the	activation	energy	for	the
reverse	reaction?

A(A)
B(B)
C(C)
D(D)

7.	 The	activation	energy	for	a	reaction	in	the	forward	direction	is	78	kJ.	The	activation
energy	for	the	same	reaction	in	reverse	is	300	kJ.	If	the	energy	of	the	products	is	25	kJ,
then:

What	is	the	energy	of	the	reactants?(A)
Is	the	forward	reaction	endothermic	or	exothermic?(B)
Is	the	reverse	reaction	endothermic	or	exothermic?(C)
What	is	the	enthalpy	change	for	the	forward	reaction?(D)



8.	 According	to	chemical	kinetic	theory,	a	reaction	can	occur

if	the	reactants	collide	with	the	proper	orientation(A)
if	the	reactants	possess	sufficient	energy	of	collision(B)
if	the	reactants	are	able	to	form	a	correct	transition	state(C)
All	of	the	above(D)

9.	 The	number	of	undecayed	nuclei	in	a	sample	of	bromine-87	decreased	by	a	factor	of	4
over	a	period	of	112	s.	What	is	the	rate	constant	for	the	decay	of	bromine-87?

56	s(A)
6.93	×	10−1	s−1(B)
1.24	×	10−2	s−1(C)
6.19	×	10−3	s−1(D)

10.	 Which	of	the	following	is	most	likely	to	increase	the	rate	of	a	reaction?

Decreasing	the	temperature(A)
Increasing	the	volume	of	the	reaction	vessel(B)
Reducing	the	activation	energy(C)
Decreasing	the	concentration	of	the	reactant	in	the	reaction	vessel(D)

11.	 All	of	the	following	are	true	statements	concerning	catalysts	EXCEPT

A	catalyst	will	speed	the	rate-determining	step.(A)
A	catalyst	will	be	used	up	in	a	reaction.(B)
A	catalyst	may	induce	steric	strain	in	a	molecule	to	make	it	react	more	readily.(C)
A	catalyst	will	lower	the	activation	energy	of	a	reaction.(D)

12.	 The	equilibrium	constant,	Keq,	of	a	certain	single-reactant	reaction	is	0.16.	Suppose	an
appropriate	catalyst	is	added.



What	will	be	the	equilibrium	constant?(A)
Will	the	activation	energy	increase	or	decrease?(B)

13.	 At	equilibrium

the	forward	reaction	will	continue(A)
a	change	in	reaction	conditions	may	shift	the	equilibrium(B)
the	reverse	reaction	will	not	continue(C)
Both	A	and	B(D)



Answer	Key

REVIEW	QUESTIONS
1.	 B
2.	 D
3.	 See	Answers	and	Explanations
4.	 See	Answers	and	Explanations
5.	 See	Answers	and	Explanations
6.	 B
7.	 See	Answers	and	Explanations
8.	 D
9.	 C

10.	 C
11.	 B
12.	 See	Answers	and	Explanations
13.	 D



Answers	and	Explanations

REVIEW	QUESTIONS
1.	 B

Radioactivity	is	a	first-order	process.	After	three	half-lives,	the	concentration	of	the	sample	will

be	 	,	or	 	,	of	the	original.

2.	 D
In	order	for	a	64	g	sample	to	decay	to	one-eighth	of	its	original	activity,	or	8	g,	the	sample
would	have	to	go	through	three	half-lives.	Therefore,	the	amount	of	time	needed	for	the	decay
is	3	×	15	=	45	hours.

3.	 First,	the	general	rate	equation	must	be	written	out.	It	is:

rate	=	k[A]x[B]y

where:

k	= the	rate	constant
x	= the	order	with	respect	to	reactant	A
y	= the	order	with	respect	to	reactant	B

x	=	2
To	solve	for	x,	it	is	necessary	to	find	two	trials	in	which	B	is	held	constant;	here,
experiments	1	and	3.	The	data	shows	that	if	the	concentration	of	A	is	doubled,	the	rate
increases	by	a	factor	of	4.	Thus,	the	rate	varies	as	the	square	of	the	concentration	of	A.
The	order	is	therefore	equal	to	2.

A.

y	=	0.5B.



Given	the	rate	expression,	the	rate	constant	can	easily	be	calculated	by	substituting	the	rate
and	concentrations	for	any	of	the	four	trials	into	the	rate	expression;	the	rate	constant	will
work	out	to	3.5	in	each	case.

Trial	1:	0.035	= k[0.10]2	[1]0.5	:	k	=	3.5
Trial	2:	0.070	= k[0.10]2	[4]0.5	:	k	=	3.5
Trial	3:	0.140	= k[0.20]2	[1]0.5	:	k	=	3.5
Trial	4:	0.140	= k[0.10]2	[16]0.5	:	k	=	3.5

To	solve	for	y,	follow	the	steps	as	in	A.	In	experiments	1	and	2	(and	2	and	4)	[A]	is	held
constant,	the	concentration	of	B	quadruples,	and	the	rate	doubles.	The	rate,	therefore,
varies	as	the	square	root	of	the	concentration	of	B.	The	order,	y,	is	therefore	equal	to	0.5.

rate	=	k[A]2	[B]0.5C.
2.5D.
3.5E.

4.	 rate	=	k[A]0	=	k
This	reaction	has	only	one	reactant.	It	is	evident	from	the	data	that	the	rate	of	the
reaction	is	not	affected	by	reactant	concentration.	This	is	a	zero-order	reaction,	and	the
rate	is	equal	to	its	rate	constant,	k.

A.

k	=	0.6B.
The	most	likely	reason	for	the	increased	rate	in	trial	2	is	a	change	in	temperature	or	the
addition	of	a	catalyst.	The	rate	is	still	independent	of	the	reactant	concentration,	but	is
faster	overall.	This	increase	can	only	come	from	an	increase	in	the	value	of	the	rate
constant,	which	is	affected	by	temperature	and	the	activation	energy,	which	in	turn	is
lowered	in	the	presence	of	a	catalyst.

C.

5.	 X	=	0.3
To	calculate	X,	first	write	the	rate	expression	for	this	reaction.	From	the	data,	the	rate
expression	is	calculated	as:

rate	=	k[SO3]2	[H2O]

A.



The	order	with	respect	to	SO3	is	2,	since	the	rate	quadruples	while	the	concentration	of
SO3	doubles	(with	the	concentration	of	H2O	remaining	constant)	between	trials	1	and	2.
The	order	with	respect	to	H2O	is	1,	as	the	rate	triples	as	the	concentration	of	H2O	triples
(with	the	concentration	of	SO3	remaining	constant)	between	trials	1	and	4.

X	can	be	calculated	by	plugging	the	values	from	trial	3	into	the	rate	expression.	First,
however,	calculate	the	rate	constant,	k,	by	plugging	in	the	known	values	from	trial	1,	2,	or
4.	For	instance:

Trial	4:	0.039	=	k[0.1]2	[0.03]:	k	=	130

To	calculate	X,	plug	in	the	values	of	rate	and	[H2O]	for	trial	3,	using	k	=	130:

One	can	also	arrive	at	this	answer	without	first	calculating	the	rate	constant	by	noting
that	the	concentration	of	H2O	is	doubled	on	going	from	trial	1	to	trial	3.	Since	the
reaction	is	first	order	in	H2O,	we	would	expect	the	rate	to	have	doubled	from	the	change
in	[H2O]	alone.	The	fact	is,	however,	that	the	rate	has	been	increased	18	times	(0.013	×	18
=	0.234),	and	so	the	remaining	factor	of	9	(18	=	9	×	2)	in	the	increase	has	to	come	from	the
change	in	[SO3].	We	know	that	the	reaction	is	second	order	in	SO3,	and	so	a	threefold
increase	in	[SO3]	would	give	us	the	overall	increase	we	are	looking	for.	Therefore	the
concentration	of	SO3	is	3	×	0.1	=	0.3.

3
The	order	of	the	reaction	is	the	sum	of	the	exponents	in	the	rate	expression:	in	this	case,
2	+	1	=	3.

B.

130
For	calculations,	see	solution	to	part	A.

C.

0.156	units
Substitute	0.2	instead	of	0.1:

D.



rate	=	(130)(0.2)2(0.03)	=	0.156

Again,	even	if	we	had	not	known	what	the	rate	constant	is,	we	would	not	need	to
calculate	it	explicitly	for	this	problem.	If	[SO3]	were	raised	to	0.2	in	trial	4,	it	would	have
been	doubled.	Therefore	the	rate	would	be	quadrupled,	and	would	equal	4	×	0.039	=
0.156.

6.	 B
The	activation	energy	is	the	minimum	amount	of	energy	needed	for	a	reaction	to	proceed.	The
activation	energy	for	the	reverse	reaction	is	the	change	in	potential	energy	between	the
products	and	the	transition	state	indicated	by	arrow	B.	A	is	the	overall	(thermodynamic)
energy	change	of	the	reaction.	C	is	the	activation	energy	for	the	forward,	not	the	reverse,
reaction.

7.	 The	best	way	to	visualize	the	solution	to	this	set	of	problems	is	to	draw	a	diagram.

ΔE	=	Activation	Energy	(forward)	–	Activation	Energy	(reverse)

=	78	kJ	–	300	kJ	=	−222	kJ.

And	since

ΔE	=	Energy	(products)	−	Energy	(reactants)

−222	kJ	=	25	kJ	−	X	kJ,

X	=	247	kJ	=	energy	of	reactants.

A.



The	forward	reaction	is	exothermic,	since	ΔE	is	negative.B.

The	reverse	reaction	is	endothermic.C.

The	enthalpy	change,	ΔE,	of	the	reaction	is	−222	kJ.D.

8.	 D
In	order	for	products	to	form,	the	reactant	atoms	or	molecules	need	to	collide	at	an
orientation	that	allows	them	to	react,	and	with	sufficient	energy	to	surmount	the	activation
barrier	as	it	goes	through	the	transition	state.

9.	 C
If	the	number	of	nuclei	decaying	in	a	sample	has	decreased	by	a	factor	of	4,	the	sample	has
been	through	2	half-lives,	and	the	half-life	will	be

The	equation	to	determine	the	decay	constant	for	the	first-order	reaction	is

Thus,	given	that	the	half-life	is	56	sec,	the	decay	constant	will	be

10.	 C
Reducing	the	activation	energy	makes	it	easier	for	molecules	to	overcome	the	barrier	to
reaction:	At	any	temperature,	there	will	now	be	more	molecules	that	have	sufficient	energy	to
react.	The	rate	of	reaction	will	therefore	be	faster.	All	the	other	choices	tend	to	decrease	the
reaction	rate:	Lowering	the	temperature	would	mean	decreasing	the	energy	of	the	molecules;
it	will	be	more	difficult	for	them	to	overcome	the	energy	barrier.	Increasing	the	volume	of	the
reaction	vessel,	with	all	else	remaining	the	same,	would	decrease	the	density	(and	hence
concentration)	of	the	reactant	molecules,	causing	collisions	among	them	to	be	less	frequent.



11.	 B
The	definition	and	properties	of	a	catalyst	are	discussed	in	the	section	on	factors	affecting	the
reaction	rate.

12.	 Keq	remains	constant	at	0.16.	Catalysts	do	not	affect	equilibrium	position.A.

Addition	of	a	catalyst	decreases	the	activation	energy.B.

13.	 D
At	equilibrium,	both	the	forward	and	reverse	reactions	are	proceeding.	Any	change	in	the
equilibrium	conditions	will	shift	the	equilibrium	in	order	to	alleviate	the	stress	on	the	reaction.



Chapter	13

Acids	and	Bases

Many	important	reactions	in	chemical	and	biological	systems	involve	two	classes	of	compounds
called	acids	and	bases.	The	presence	of	acids	and	bases	can	often	be	easily	detected	because	they
lead	to	color	changes	in	certain	compounds	called	indicators,	which	may	be	in	solution	or	on	paper.
A	particular	common	indicator	is	litmus	paper,	which	turns	red	in	acidic	solution	and	blue	in	basic
solution.	A	more	extensive	discussion	of	the	chemical	properties	of	acids	and	bases	is	outlined
below.

Definitions
Nomenclature	of	Acids
Properties	of	Acids	and	Bases
Polyvalence	and	Normality
Salt	Formation
Titration	and	Buffers
Amphoteric	Species



Definitions

Three	different	definitions	of	acids	and	bases	exist.	The	Brønsted-Lowry	definition	is	the	most
common,	although	you	should	be	aware	of	the	other	two	as	well.

ARRHENIUS	DEFINITION
The	first	definitions	of	acids	and	bases	were	formulated	by	Svante	Arrhenius	toward	the	end	of	the
19th	century.	Arrhenius	defined	an	acid	as	a	species	that	produces	H+	(protons)	in	an	aqueous
solution,	and	a	base	as	a	species	that	produces	OH−	(hydroxide	ions)	in	an	aqueous	solution.	These
definitions,	though	useful,	fail	to	describe	acidic	and	basic	behavior	in	nonaqueous	media.

BASIC	CONCEPT

Arrhenius	defined	an	acid	as	a	species	that	produces	H+	in	an	aqueous	solution,	and	a	base	as
a	species	that	produces	OH−	in	aqueous	solution.

BRØNSTED-LOWRY	DEFINITION
A	more	general	definition	of	acids	and	bases	was	proposed	independently	by	Johannes	Brønsted
and	Thomas	Lowry	in	1923.	A	Brønsted-Lowry	acid	is	a	species	that	donates	protons,	while	a
Brønsted-Lowry	base	is	a	species	that	accepts	protons.	For	example,	NH3	and	Cl−	are	both	Brønsted-
Lowry	bases	because	they	accept	protons.	However,	they	cannot	be	called	Arrhenius	bases	since	in
aqueous	solution	they	do	not	dissociate	to	form	OH−.	Another	advantage	of	the	Brønsted-Lowry
concept	of	acids	and	bases	is	that	it	is	not	limited	to	aqueous	solutions.

BASIC	CONCEPT



A	Brønsted-Lowry	acid	is	a	species	that	donates	protons,	while	a	Brønsted-Lowry	base	is	a
species	that	accepts	protons.

Brønsted-Lowry	acids	and	bases	always	occur	in	pairs,	called	conjugate	acid-base	pairs.	The	two
members	of	a	conjugate	pair	are	related	by	the	transfer	of	a	proton.	For	example,	H3O+	is	the
conjugate	acid	of	H2O,	and	NO2

−	is	the	conjugate	base	of	HNO2:

Conversely,	one	can	also	say	that	H2O	is	the	conjugate	base	of	H3O+,	and	that	HNO2	is	the	conjugate
acid	of	NO2

−.

LEWIS	DEFINITION
At	approximately	the	same	time	as	Brønsted	and	Lowry,	Gilbert	Lewis	also	proposed	definitions	for
acids	and	bases.	Lewis	defined	an	acid	as	an	electron-pair	acceptor,	and	a	base	as	an	electron-pair
donor.	Lewis’s	are	the	most	inclusive	definitions.	Just	as	every	Arrhenius	acid	is	a	Brønsted-Lowry
acid,	every	Brønsted-Lowry	acid	is	also	a	Lewis	acid	(and	likewise	for	bases).	However,	the	Lewis
definition	encompasses	some	species	not	included	within	the	Brønsted-Lowry	definition.	For
example,	BCl3	and	AlCl3	can	each	accept	an	electron	pair	and	are	therefore	Lewis	acids,	despite	their
inability	to	donate	protons.	We	shall,	however,	focus	our	attention	on	Brønsted-Lowry	acids	and
bases.

BASIC	CONCEPT

A	Lewis	acid	is	an	electron-pair	acceptor,	and	a	Lewis	base	is	an	electron-pair	donor.



Nomenclature	of	Acids

The	name	of	an	acid	is	related	to	the	name	of	the	parent	anion	(the	anion	that	combines	with	H+	to
form	the	acid).	Acids	formed	from	anions	whose	names	end	in	-ide	have	the	prefix	hydro-	and	the
ending	-ic.

F− Fluoride HF Hydrofluoric	acid

Br− Bromide HBr Hydrobromic	acid

Acids	formed	from	oxyanions	are	called	oxyacids.	If	the	anion	ends	in	-ite	(less	oxygen),	then	the	acid
will	end	with	-ous	acid.	If	the	anion	ends	in	-ate	(more	oxygen),	then	the	acid	will	end	with	-ic	acid.
Prefixes	in	the	names	of	the	anions	are	retained.	Some	examples:

ClO− Hypochlorite HClO Hypochlorous	acid

ClO2− Chlorite HClO2 Chlorous	acid

ClO3− Chlorate HClO3 Chloric	acid

ClO4− Perchlorate HClO4 Perchloric	acid

NO2− Nitrite HNO2 Nitrous	acid

NO3− Nitrate HNO3 Nitric	acid



Properties	of	Acids	and	Bases

Acids	and	bases	are	compounds	with	unique	properties	and	behaviors.	In	general,	acids	have	a	tart
or	sour	taste,	are	usually	liquids	and	gases,	conduct	electricity	well,	and	react	with	metals.	Bases,	in
contrast,	are	often	solids,	feel	slippery,	and	tend	to	attack	oils	and	greases.

The	behavior	of	acids	and	bases	in	solution	is	governed	by	equilibrium	considerations.	Some
concepts	you	already	may	be	familiar	with	will	appear	with	new	names	in	this	context.

HYDROGEN	ION	EQUILIBRIA	(pH	AND	pOH)
Hydrogen	ion	or	proton	concentration,	[H+],	like	concentrations	of	other	particles,	can	of	course	be
measured	in	the	familiar	units	like	molarity.	However,	it	is	more	generally	measured	as	pH,	where:

where	[H+]	is	its	molarity	and	the	logarithm	is	of	base	10.	(Log	x)	is	the	power	to	which	10	would	be
raised	to	obtain	the	number	x,	i.e.:

log	x	=	p	 	10p	=	x

Likewise,	hydroxide	ion	concentration,	[OH−],	can	be	measured	as	pOH	where:

It	turns	out,	however,	that	pH	and	pOH	are	not	totally	independent	of	each	other:	Knowing	one
would	allow	us	to	calculate	the	other.	This	is	because	in	any	aqueous	solution,	the	H2O	solvent
dissociates	slightly:



H2O(l)	 	H+	(aq)	+	OH−	(aq)

This	dissociation	is	an	equilibrium	reaction	and	is	therefore	described	by	an	equilibrium	constant,
Kw,	known	as	the	water	dissociation	constant:

Kw	=	[H+][OH-]	=	10−14	(at	25°C)

One	can	take	the	logarithm	of	both	sides	and	manipulate	the	equation	by	using	the	properties	of
logarithms:

log	([H+][OH−])	=	log	(10−14)

log	[H+]	+	log	[OH−] =	log	(10−14), since	log	(xy)	=	log	x	+	log	y

=	−14, since	log	(10p)	=	p

−log	[H+]	−	log	[OH−] =	14, where	we	have	taken	the	negative	of	both	sides

	pH	+	pOH	=	14

In	pure	H2O,	[H+]	is	equal	to	[OH−],	since	equimolar	amounts	of	H+	and	of	OH−	are	formed	from	the
dissociation	process.	The	pH	and	pOH	would	therefore	also	be	equal,	both	having	a	value	of	7.	A
solution	with	equal	concentrations	of	H+	and	OH−	is	neutral.	A	pH	below	7	indicates	a	relative	excess
of	H+	ions,	and	therefore	an	acidic	solution;	a	pH	above	7	indicates	a	relative	excess	of	OH−	ions,	and
therefore	a	basic	solution.

It	is	important	to	realize	that	even	when	the	pH	deviates	from	the	value	of	7,	the	water	dissociation
equilibrium	still	holds.	If	an	acid,	for	example,	HCl,	dissociates	in	water	at	25 °C	and	causes	an
increase	in	proton	concentration	such	that	the	pH	falls	below	7,	the	hydroxide	ion	concentration	will
have	to	decrease	so	as	to	maintain	the	relation	Kw	=	[H+][OH−]	=	10−14.	Despite	the	higher
concentration	of	H+	relative	to	OH−,	the	solution	does	not	acquire	a	net	positive	charge	because	the
conjugate	base	of	the	dissociated	acid	will	be	negatively	charged	(for	example,	Cl−)	and	thus	will
maintain	charge	neutrality.



It	should	also	be	pointed	out	that	even	though	we	have	written	acid-base	reactions	so	far	as
involving	protons,	in	aqueous	solution	the	protons	will	interact	with	other	water	molecules,	forming
H3O+,	known	as	the	hydronium	ion.	The	water	dissociation	reaction	can	therefore	be	written	as

H2O(l)	+	H2O(l)	 	H3O+	(aq)	+	OH−	(aq)

We	shall	be	using	H+	and	H3O+	interchangeably,	unless	otherwise	stated.

STRONG	ACIDS	AND	BASES
Strong	acids	and	bases	are	those	that	completely	dissociate	into	their	component	ions	in	aqueous
solution.	For	example,	when	NaOH	is	added	to	water,	it	dissociates	completely:

NaOH	(s)	+	(excess)	H2O	(l)→	Na+	(aq)	+	OH−	(aq)

BASIC	CONCEPT

Strong	acids	and	bases	completely	dissociate	into	their	component	ions	in	aqueous	solution.

Hence,	in	a	1	M	solution	of	NaOH,	complete	dissociation	gives	1	mole	of	OH−	ions	per	liter	of
solution.

pH	=	14	−	pOH	=	14	−	(−log	[OH−])	=	14	+	log	[1]	=	14

Virtually	no	undissociated	NaOH	remains.	Note	that	the	[OH−]	contributed	by	the	dissociation	of	H2O
is	considered	to	be	negligible	in	this	case.	The	contribution	of	OH−	and	H+	ions	from	the	dissociation
of	H2O	can	be	neglected	only	if	the	concentration	of	the	acid	or	base	is	much	greater	than	10−7	M.

Strong	acids	commonly	encountered	in	the	laboratory	include	HClO4	(perchloric	acid),	HNO3	(nitric
acid),	H2SO4	(sulfuric	acid),	and	HCl	(hydrochloric	acid).	Commonly	encountered	strong	bases



include	NaOH	(sodium	hydroxide),	KOH	(potassium	hydroxide),	and	other	soluble	hydroxides	of
Group	IA	and	IIA	metals.	Calculation	of	the	pH	and	pOH	of	strong	acids	and	bases	assumes	complete
dissociation	of	the	acid	or	base	in	solution:	[H+]	=	normality	of	strong	acid	and	[OH−]	=	normality	of
strong	base.

WEAK	ACIDS	AND	BASES
Weak	acids	and	bases	are	those	that	only	partially	dissociate	in	aqueous	solution.	A	weak
monoprotic	acid,	HA,	in	aqueous	solution	will	achieve	the	following	equilibrium	after	dissociation:

HA	(aq)	+	H2O	(l)	 	H3O+	(aq)	+	A−	(aq)

BASIC	CONCEPT

Weak	acids	and	gases	only	partially	dissociate	in	aqueous	solution.

The	acid	dissociation	constant,	Ka,	is	a	measure	of	the	degree	to	which	an	acid	dissociates.

The	weaker	the	acid,	the	smaller	the	Ka.	Weak	acids	have	values	of	Ka	that	are	much	smaller	than	1.
Note	that	Ka,	like	other	equilibrium	constants,	does	not	contain	an	expression	for	the	pure	liquid,
water.	Many	weak	acids	are	organic	compounds.

A	weak	base,	BOH,	undergoes	dissociation	to	give	B+	and	OH−.	The	base	dissociation	constant,	Kb,	is
a	measure	of	the	degree	to	which	a	base	dissociates.	The	weaker	the	base,	the	smaller	its	Kb.	For	a
monovalent	base,	Kb	is	defined	as	follows:



CONJUGATE	ACIDS	AND	BASES	REVISITED
As	mentioned	above,	a	conjugate	acid	is	defined	as	the	acid	formed	when	a	base	gains	a	proton.
Similarly,	a	conjugate	base	is	formed	when	an	acid	loses	a	proton.	For	example,	in	the	acetic
acid/acetate	conjugate	acid/base	pair	CH3COOH/CH3COO−	(also	written	as	HC2H3O2/C2H3O2

−

although	the	former	gives	more	structural	information	about	the	molecule),	CH3COO−	is	the
conjugate	base	and	CH3COOH	is	the	conjugate	acid:

CH3COOH	(aq)	 	H+	(aq)	+	CH3COO−	(aq)

or:

CH3COOH	(aq)	+	H2O	(l)	 	H3O+	(aq)	+	CH3COO−	(aq)

Likewise,	for	the	Kb	of	CH3COO−:

CH3COO−	(aq)	+	H2O	(l)	 	CH3COOH	(aq)	+	OH−	(aq)

The	equilibrium	constants	for	these	reactions	are	as	follows:

and

Adding	the	two	reactions	shows	that	the	net	reaction	is	simply	the	dissociation	of	water:

H2O	(l)	 	H+	(aq)	+	OH−	(aq)



The	equilibrium	constant	for	this	net	reaction	is	Kw	=	[H+][OH−],	which	is	the	product	of	Ka	and	Kb.
Thus,	if	the	dissociation	constant	either	for	an	acid	or	for	its	conjugate	base	is	known,	then	the
dissociation	constant	for	the	other	can	be	determined,	using	the	equation:

Ka	×	Kb	=	Kw	=	1	×	10−14

Thus	Ka	and	Kb	are	inversely	related.	In	other	words,	if	Ka	is	large	(the	acid	is	strong),	then	Kb	will	be
small	(the	conjugate	base	will	be	weak),	and	vice	versa.	This	is	a	more	mathematical	way	of
describing	a	general	rule:	The	stronger	an	acid	is,	the	weaker	its	conjugate	base	is	(as	a	base);	the
weaker	the	acid,	the	stronger	its	conjugate	base.	For	example,	HCl	(Ka  ~ 107)	is	a	much	stronger	acid
than	acetic	acid	(Ka	=	1.8	×	10−5);	CH3COO−	is	therefore	expected	to	be	a	much	stronger	base	than	Cl−.
The	mathematics	should	not	be	allowed	to	obscure	how	much	sense	this	makes:	after	all,	a	weak
acid	means	that	it	undergoes	dissociation	reluctantly;	the	equilibrium	lies	to	the	left,	favoring
undissociated	HA.	A−	in	solution	is	therefore	likely	to	grab	a	proton	to	reconstitute	HA;	that	is,	A−	is
reactive	as	a	base.

APPLICATIONS	OF	Ka	AND	Kb
To	calculate	[H+]	in	a	2.0	M	aqueous	solution	of	acetic	acid,	first	write	the	equilibrium	reaction:

CH3COOH	(aq)	 	H+	(aq)	+	CH3COO−	(aq)

Next,	write	the	expression	for	the	acid	dissociation	constant:

The	concentration	of	CH3COOH	at	equilibrium	is	equal	to	its	initial	concentration,	2.0	M,	less	the
amount	dissociated,	x.	Likewise,	[H+]	=	[CH3COO−]	=	x,	since	each	molecule	of	CH3COOH	dissociates
into	one	H+	ion	and	one	CH3COO−	ion.	Thus,	the	equation	can	be	rewritten	as	follows:



We	can	approximate	that	2.0	–	x	≈	2.0	since	acetic	acid	is	a	weak	acid,	and	only	slightly	dissociates	in
water.	This	simplifies	the	calculation	of	x:

The	fact	that	x	is	so	much	less	than	the	initial	concentration	of	acetic	acid	(2.0	M)	validates	the
approximation;	otherwise,	it	would	have	been	necessary	to	solve	for	x	using	the	quadratic	formula.



Polyvalence	and	Normality

The	relative	acidity	or	basicity	of	an	aqueous	solution	is	determined	by	the	relative	concentrations
of	acid	and	base	equivalents.	An	acid	equivalent	is	equal	to	one	mole	of	H+	(or	H3O+)	ions;	a	base
equivalent	is	equal	to	one	mole	of	OH−	ions.	Some	acids	and	bases	are	polyvalent,	that	is,	each	mole
of	the	acid	or	base	liberates	more	than	one	acid	or	base	equivalent.	For	example,	the	diprotic	acid
H2SO4	undergoes	the	following	dissociation	in	water:

One	mole	of	H2SO4	can	thus	produce	2	acid	equivalents	(2	moles	of	H+)	if	dissociation	is	complete.
The	acidity	or	basicity	of	a	solution	depends	upon	the	concentration	of	acidic	or	basic	equivalents
that	can	be	liberated.	The	quantity	of	acidic	or	basic	capacity	is	directly	indicated	by	the	solution’s
normality.	Since	each	mole	of	H3PO4	can	liberate	3	moles	(equivalents)	of	H+,	a	2	M	H3PO4	solution
would	be	6	N	(6	normal).

Another	useful	measurement	is	equivalent	weight.	For	example,	the	gram	molecular	weight	of
H2SO4	is	98	g/mol.	Since	each	mole	liberates	2	acid	equivalents,	the	gram	equivalent	weight	of

H2SO4	would	be	 ;	that	is,	the	dissociation	of	49	g	of	H2SO4	would	release	one	acid
equivalent.	Common	polyvalent	acids	include	H2SO4,	H3PO4,	and	H2CO3.



Salt	Formation

Acids	and	bases	may	react	with	each	other,	forming	a	salt	and	(often,	but	not	always)	water,	in	what
is	termed	a	neutralization	reaction.	For	example,	a	generic	acid	and	a	generic	base	react	as	follows:

HA	+	BOH	→	BA	+	H2O

The	salt,	BA,	may	precipitate	out	or	remain	ionized	in	solution,	depending	on	its	solubility	and	the
amount	produced.	Neutralization	reactions	generally	go	to	completion.	The	reverse	reaction,	in
which	the	salt	ions	react	with	water	to	give	back	the	acid	or	base,	is	known	as	hydrolysis.

Four	combinations	of	strong	and	weak	acids	and	bases	are	possible:

The	products	of	a	reaction	between	equal	concentrations	of	a	strong	acid	and	a	strong	base	are	a
salt	and	water.	The	acid	and	base	neutralize	each	other,	so	the	resulting	solution	is	neutral	(pH	=	7),
and	the	ions	formed	in	the	reaction	do	not	react	with	water.	The	product	of	a	reaction	between	a
strong	acid	and	a	weak	base	is	also	a	salt	but	usually	no	water	is	formed	since	weak	bases	are	usually
not	hydroxides;	however,	in	this	case,	the	cation	of	the	salt	will	react	with	the	water	solvent,
reforming	the	weak	base.	This	reaction	constitutes	hydrolysis.	For	example:

NH4
+	is	the	conjugate	acid	of	a	weak	base	(NH3),	and	is	therefore	stronger	than	the	conjugate	base

(Cl−)	of	the	strong	acid	HCl.	NH4
+	will	thus	react	with	OH−,	reducing	the	concentration	of	OH−.	There

will	thus	be	an	excess	of	H+,	which	will	lower	the	pH	of	the	solution.

strong	acid	+	strong	base:	e.g.,	HCl	+	NaOH	→	NaCl	+	H2O1.
strong	acid	+	weak	base:	e.g.,	HCl	+	NH3	→	NH4Cl2.
weak	acid	+	strong	base:	e.g.,	HClO	+	NaOH	→	NaClO	+	H2O3.
weak	acid	+	weak	base:	e.g.,	HClO	+	NH3	→	NH4ClO4.



On	the	other	hand,	when	a	weak	acid	reacts	with	a	strong	base	the	solution	is	basic,	due	to	the
hydrolysis	of	the	salt	to	reform	the	acid,	with	the	concurrent	formation	of	hydroxide	ion	from	the
hydrolyzed	water	molecules.	The	pH	of	a	solution	containing	a	weak	acid	and	a	weak	base	depends
on	the	relative	strengths	of	the	reactants.



Titration	and	Buffers

Neutralization	is	an	important	concept	in	the	performance	of	titrations.	Titration	(or	more
specifically	acid-base	titration)	is	a	procedure	used	to	determine	the	molarity	of	an	acid	or	base.
This	is	accomplished	by	reacting	a	known	volume	of	a	solution	of	unknown	concentration	with	a
known	volume	of	a	solution	of	known	concentration.	When	the	number	of	acid	equivalents	equals
the	number	of	base	equivalents	added,	or	vice	versa,	the	equivalence	point	is	reached.	It	is
important	to	emphasize	that,	while	a	strong	acid/strong	base	titration	will	have	an	equivalence
point	at	pH	7,	the	equivalence	point	need	not	always	occur	at	pH	7.

STRONG	ACID	AND	STRONG	BASE
Consider	the	titration	of	10	mL	of	a	0.1	N	solution	of	HCl	with	a	0.1	N	solution	of	NaOH.	Plotting	the
pH	of	the	reaction	solution	versus	the	quantity	of	NaOH	added	gives	the	following	curve:

Because	HCl	is	a	strong	acid	and	NaOH	is	a	strong	base,	the	equivalence	point	of	the	titration	will	be
at	pH	7	and	the	solution	will	be	neutral.	Note	that	the	endpoint	shown	is	close	to,	but	not	exactly
equal	to,	the	equivalence	point;	selection	of	a	better	indicator,	such	as	one	that	changes	colors	at
pH	8,	would	have	given	a	better	approximation.

In	the	early	part	of	the	curve	(when	little	base	has	been	added),	the	acidic	species	predominates,
and	so	the	addition	of	small	amounts	of	base	will	not	appreciably	change	either	the	[OH−]	or	the	pH.



Similarly,	in	the	last	part	of	the	titration	curve	(when	an	excess	of	base	has	been	added),	the
addition	of	small	amounts	of	base	will	not	change	the	[OH−]	significantly,	and	the	pH	remains
relatively	constant.	The	addition	of	base	most	alters	the	concentrations	of	H+	and	OH−	near	the
equivalence	point,	and	thus	the	pH	changes	most	drastically	in	that	region.

As	described	above,	titration	is	used	to	determine	the	concentration	of	an	acid	or	a	base.	Imagine
that	we	have	an	acidic	solution	of	volume	VA	and	unknown	normality	NA.	We	add	to	this	acidic
solution	a	basic	solution	of	known	normality	NB	a	little	bit	at	a	time	(a	drop	at	a	time),	keeping	track
of	the	amount	of	base	we	have	added.	The	equivalence	point,	as	defined	above,	is	the	point	at	which
the	amount	of	acid	equals	the	amount	of	base,	or:

VANA	=	VBNB

where	VB	is	the	volume	of	the	base	we	have	added	so	far	when	the	equivalence	point	is	reached.
Using	this	equation	we	can	determine	the	normality	or	concentration	of	the	original	acid:

The	question	is,	of	course,	how	do	we	know	we	have	reached	the	equivalence	point?	We	can	use	a
pH	meter	and	monitor	the	pH	as	a	function	of	base	added.	More	commonly,	however,	we	use	a
couple	of	drops	of	an	indicator	and	watch	for	a	color	change.	Indicators	are	weak	organic	acids	or
bases	that	have	different	colors	in	their	undissociated	and	dissociated	states.	If	the	solution	in	which
it	finds	itself	is	below	a	certain	pH,	it	will	be	of	one	color;	if	the	solution	pH	is	above	that,	it	will	be	of
a	different	color.	The	indicator	most	commonly	encountered	in	Introductory	Chemistry	labs	is
probably	phenolphthalein,	which	is	colorless	at	low	pH	but	becomes	red	around	pH	=	8,	and	is	most
often	used	in	strong	acid/strong	base	titrations.	If	we	add	a	few	drops	of	this	to	the	acid	at	the
beginning,	then	at	a	certain	point	in	the	titration	the	solution	will	take	on	a	pale	reddish	hue	(pale
because	it	is	so	dilute).	This	point	is	the	endpoint,	signifying	the	end	of	the	titration.	The	volume	of
base	added	at	that	point	is	used	in	the	equation	above	as	VB.	You	may	be	thinking,	this	is	not	the
same	as	the	equivalence	point!	Indeed:	The	equivalence	point	is	expected	to	occur	at	a	pH	of	7	for
this	kind	of	titration,	yet	phenolphthalein	does	not	change	color	until	pH	~	8.	The	reason	we	can	get
away	with	this	is	because	the	only	piece	of	information	we	need	from	the	equivalence	point	is	the
volume	of	base	added	by	the	time	it	is	reached.	Since	the	pH	is	rising	so	sharply	near	the



equivalence	point,	a	slight	difference	in	pH	between	it	and	the	endpoint	translates	to	a	minuscule
difference	in	VB.

BASIC	CONCEPT

An	indicator	is	a	weak	organic	acid	or	base	that	has	different	colors	in	its	undissociated	and
dissociated	states.	The	indicator	used	most	frequently	in	Intro	Chemistry	labs	is
phenolphthalein,	which	is	colorless	at	low	pH	but	turns	red	around	a	pH	of	8.

WEAK	ACID	AND	STRONG	BASE
Titration	of	a	weak	acid,	HA,	with	a	strong	base	produces	the	following	titration	curve:

Comparing	this	figure	with	the	previous	one	shows	that	the	initial	pH	of	the	weak	acid	solution	is
greater	than	the	initial	pH	of	the	strong	acid	solution.	The	equivalence	point	is	in	the	basic	range.
This	is	consistent	with	what	we	discussed	earlier	about	the	salt	of	such	a	titration	being	a	base.

BUFFERS
A	buffer	solution	consists	of	a	mixture,	in	roughly	equal	molar	quantities,	of	a	weak	acid	and	its	salt
(which	consists	of	its	conjugate	base	and	a	cation),	or	a	mixture	of	a	weak	base	and	its	salt	(which
consists	of	its	conjugate	acid	and	an	anion).	Two	examples	of	buffers	are:	a	solution	of	acetic	acid
(CH3COOH)	and	its	salt,	sodium	acetate	(CH3COO−Na+);	and	a	solution	of	ammonia	(NH3)	and	its	salt,
ammonium	chloride	(NH4

+Cl−).	Buffer	solutions	have	the	useful	property	of	resisting	changes	in	pH
when	small	amounts	of	acid	or	base	are	added.



A	CLOSER	LOOK

The	pH	of	blood	is	maintained	within	a	small	range	(slightly	above	7)	by	a	bicarbonate	buffer
system.

Consider	a	buffer	solution	of	acetic	acid	and	sodium	acetate:

CH3COOH	 	H+	+	CH3COO−

When	a	small	amount	of	NaOH	is	added	to	the	buffer,	the	OH−	ions	from	the	NaOH	react	with	the	H+

ions	present	in	the	solution;	subsequently,	more	acetic	acid	dissociates	(equilibrium	shifts	to	the
right),	restoring	the	[H+].	Thus,	an	increase	in	[OH−]	does	not	appreciably	change	pH.	Likewise,	when
a	small	amount	of	HCl	is	added	to	the	buffer,	H+	ions	from	the	HCl	react	with	the	acetate	ions	to
form	acetic	acid.	Thus	[H+]	is	kept	relatively	constant	and	the	pH	of	the	solution	is	relatively
unchanged.



Amphoteric	Species

An	amphoteric,	or	amphiprotic,	species	is	one	that	can	act	either	as	an	acid	or	a	base,	depending	on
its	chemical	environment.	In	the	Brønsted-Lowry	sense,	an	amphoteric	species	can	either	gain	or
lose	a	proton.	Water	is	the	most	common	example.	When	water	reacts	with	a	base,	it	behaves	as	an
acid:

H2O	+	B−	 	HB	+	OH−

When	water	reacts	with	an	acid,	it	behaves	as	a	base:

HA	+	H2O	 	H3O+	+	A−

The	partially	dissociated	conjugate	base	of	a	polyprotic	acid	is	usually	amphoteric	(e.g.,	HSO4
−	can

either	gain	an	H+	to	form	H2SO4,	or	lose	an	H+	to	form	SO4
2–).	The	hydroxides	of	certain	metals,	such

as	Al,	Zn,	Pb,	and	Cr,	are	also	amphoteric.
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Review	Questions

1.	 A	certain	aqueous	solution	at	25°C	has	[OH−]	=	6.2	×	10−5	M.

Calculate	[H+].(A)
Calculate	the	pH	of	the	solution.(B)
Is	the	solution	acidic	or	basic?(C)

2.	 What	is	the	ratio	of	[H+]	of	a	solution	of	pH	=	4	to	the	[H+]	of	a	solution	of	pH	=	7?

3.	 Write	equations	expressing	what	happens	to	each	of	the	following	bases	in	aqueous
solutions.

LiOH(A)
Ba(OH)2(B)
NH3(C)
NO2

−(D)

4.	 What	volume	of	a	3	M	solution	of	NaOH	is	required	to	titrate	0.05	L	of	a	4	M	solution	of	HCl
to	the	equivalence	point?

	L

5.	 If	10	mL	of	1	M	NaOH	is	titrated	with	1	M	HCl	to	a	pH	of	2,	what	volume	of	HCl	was	added?

	mL



6.	 Identify	the	conjugate	acids	and	bases	in	the	following	equation:

NH3	+	H2O	 	NH4
+	+	OH−

7.	 Identify	each	of	the	following	as	an	Arrhenius	acid	or	base,	Brønsted-Lowry	acid	or	base,
or	Lewis	acid	or	base:

NaOH,	in	NaOH	→	Na+	+	OH−(A)
HCl,	in	HCl	→	H+	+	Cl−(B)
NH3,	in	NH3	+	H+	→	NH4

+(C)
NH4

+,	in	NH4
+	→	NH3	+	H+(D)

(CH3)3N:,	in	(CH3)3N:	+	BF3	→	(CH3)3N:BF3(E)

8.	 At	equilibrium,	a	certain	acid,	HA,	in	solution	yields	[HA]	=	0.94	M	and	[A−]	=	0.060	M.

Calculate	Ka.(A)
Is	this	acid	stronger	or	weaker	than	sulfurous	acid	(Ka	=	1.7	×	10−2)?(B)
Calculate	Kb.(C)
Calculate	pH.(D)

9.	 For	each	of	the	following	choices,	choose	that	which	describes	the	weaker	acid:

Ka	=	X,	Ka	=	3X(A)
[H+]	=	X,	[H+]	=	3X(B)
pH	=	X,	pH	=	3X(C)

10.	 For	a	certain	acid,	HA,	Kb(A−)	=	2.22	×	10−11.	Calculate	the	pH	of	a	0.5	M	solution	of	HA.

11.	 Which	of	the	following	sets	of	materials	would	make	the	best	buffer	solution?



H2O,	1	M	NaOH,	1	M	H2SO4(A)
H2O,	1	M	CH3COOH,	1	M	Na+CH3COO−(B)
H2O,	1	M	CH3COOH,	6	M	Na+CH3COO−(C)
H2O,	1	M	CH3COOH,	1	M	NaOH(D)
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Answers	and	Explanations

REVIEW	QUESTIONS
1.	 A	certain	aqueous	solution	at	25°C	has	[OH−]	=	6.2	×	10−5	M.

Calculate	[H+].(A)
Calculate	the	pH	of	the	solution.(B)
Is	the	solution	acidic	or	basic?(C)

The	concentration	of	H+	is	1.6	×	10−10	M.	Kw	=	[H+][OH−]	=	1.0	×	10−14	M.	If	[OH−]	=	6.2	×	10−5,
then	[H+]	=	Kw/[OH−]	=	1.6	×	10−10	M.

A.

pH	=	−log	(1.6	×	10−10)	=	9.79.
B.

A	pH	of	9.79	indicates	a	basic	solution.C.

2.	 1000:1
This	problem	can	be	solved	by	calculating	the	[H+]	of	the	pH	=	4	solution	and	the	[H+]	of	the	pH
=	7	solution.	Then	divide	the	former	by	the	latter:	Since	pH	=	−log[H+],	[H+]	=	antilog	(−pH).	For
pH	=	4,	antilog	(−4)	=	10−4.	For	pH	=	7,	antilog	(−7)	=	10−7.	10−4:	1	×	10−7	=	1000:1.	Alternatively,
we	could	subtract	the	pH’s	first,	and	then	take	the	antilog:

7	−	4	=	3	implies	103,	or	1000:1.

3.	 LiOH	→	Li+	+	OH−
A.

Ba(OH)2	→	Ba2+	+	2OH−
B.



NH3	+	H2O	→	NH4
+	+	OH−

C.

NO2
−	+	H2O	→	HNO2	+	OH−

D.

4.	 0.067
At	the	equivalence	point,

Plugging	into	the	formula,

5.	 10.2
First,	add	enough	HCl	to	neutralize	the	solution.	Since	both	the	acid	and	the	base	are	1	M,	10
mL	of	HCl	will	neutralize	10	mL	of	NaOH.	This	produces	20	mL	of	0.5	M	NaCl	solution.

Next,	calculate	how	much	more	HCl	must	be	added	to	produce	a	[H+]	of	1	×	10−2.	Let	x	be	the
amount	of	HCl	to	be	added.	The	total	volume	of	the	solution	will	be	(20	+	x)	mL.	Since	this	is
now	a	dilution	problem,	the	amount	of	HCl	to	be	added	can	be	found	by	using	the	formula:

When	this	equation	is	solved,	x	is	found	to	have	the	value	of	0.2.	The	final	volume	is	20.2	mL,	so
10.2	mL	of	HCl	was	added	to	the	original	NaOH	solution.

6.	 (H2O,	OH−)	and	(NH4
+,	NH3)

NH4
+	is	the	conjugate	acid	of	the	weak	base,	NH3;	OH−	is	the	conjugate	base	of	the	weak	acid,

H2O.	The	reaction	in	question	is:



NH3	+	H2O	→	NH4
+	+	OH−

According	to	the	Brønsted-Lowry	theory	of	acids	and	bases,	an	acid	releases	a	proton	while	a
base	accepts	a	proton.	In	the	case	of	weak	acids	and	bases,	an	equilibrium	is	established
whereby	a	weak	acid,	in	this	case	H2O,	dissociates	partially,	donating	a	proton	to	a	weak	base,
which	is	NH3.	The	weak	acid,	H2O,	loses	a	proton	and	becomes	a	relatively	stronger	conjugate
base,	OH−.	This	is	one	conjugate	acid-base	pair	(H2O,	OH−).	Meanwhile,	the	weak	base,	NH3,
picks	up	a	proton	to	become	a	relatively	stronger	conjugate	acid,	NH4

+.	This	is	the	second
conjugate	acid-base	pair	(NH4

+,	NH3).

7.	 NaOH	is	an	Arrhenius	base.A.
HCl	is	an	Arrhenius	acid	and	a	Brønsted-Lowry	acid.B.
NH3	is	a	Brønsted-Lowry	base	and	a	Lewis	base.C.
NH4

+	is	an	Arrhenius	acid	and	a	Brønsted-Lowry	acid.D.
(CH3)3N:	acts	only	as	a	Lewis	base.E.

8.	 The	dissociation	of	HA	can	be	written	as	follows:

HA	→	H+	+	A−

The	molar	ratio	of	A−	to	H+	is	1:1.	We	are	told	that	at	equilibrium	[HA]	is	0.94	M	while	[A−]
is	0.060	M.	So	[H+]	must	also	be	0.060	M	at	equilibrium.	It	follows,	then,	that:

A.

An	acid	with	a	high	Ka	is	a	strong	acid	because	its	equilibrium	position	lies	farther	to	the
right,	meaning	that	dissociation	is	more	complete.	The	Ka	of	sulfurous	acid	is	1.7	×	10−2

and	the	Ka	of	HA	is	3.8	×	10−3.	The	Ka	of	HA	is	less	than	that	of	sulfurous	acid;	therefore,
HA	is	a	weaker	acid.

B.

C.

pH	=	−log	[H+]	=	−log	(0.060)	=	1.22
D.



9.	 A	higher	Ka	indicates	a	stronger	acid;	a	lower	Ka	indicates	a	weaker	acid.	X	is	one-third	the
value	of	3X	and	therefore	a	weaker	acid.

A.

[H+]	is	a	direct	measure	of	the	strength	of	an	acid.	The	greater	the	concentration	of	H+	in
solution,	the	stronger	the	acid.	An	acid	that	liberates	X	moles	of	H+	per	liter	is	weaker,
therefore,	than	an	acid	that	liberates	3X	moles	of	H+	per	liter.

B.

The	lower	the	pH,	the	higher	the	concentration	of	H+.	The	acid	with	a	pH	of	3X	is	thus	the
weaker	acid.

C.

10.	 1.82
If	Kb	=	2.22	×	10−11,	then

The	equilibrium	expression	for	this	dissociation	is:

We	can	let	[H+]	=	x	at	equilibrium	and,	since	[H+]:[A−]	=	1:1,	[A−]	=	x.

If	the	original	[HA]	was	0.5	M,	and	x	mol/L	are	dissociated,	then	at	equilibrium,	[HA]	=	0.5	−	x.

Thus	the	equilibrium	expression	becomes:

We	can	approximate	that	0.5	−	x	≈	0.5	since	HA	has	a	small	Ka,	which	indicates	it	is	a	weak	acid.

11.	 B
A	buffer	solution	is	prepared	from	a	weak	acid	and	its	conjugate	base,	preferably	in	near-equal
quantities.	Choices	A	and	D	are	wrong	because	they	do	not	show	conjugate	acid/base	pairs.



Choice	C	is	wrong	because	it	shows	a	weak	acid	and	its	conjugate	base,	where	the
concentrations	of	the	acid	and	the	base	are	quite	different.	Thus,	the	best	buffer	solution
would	be	that	prepared	from	choice	B,	which	shows	a	conjugate	acid/base	pair	both	present	in
1	M	concentrations.



Chapter	14

Redox	Chemistry	and	Electrochemistry

Redox	chemistry	involves	the	study	of	reduction	and	oxidation	reactions:	Reduction	refers	to
reactions	in	which	a	species	gains	electrons,	while	oxidation	refers	to	those	in	which	a	species	gives
up	or	loses	electrons.	Since	electrons	can	be	neither	created	nor	destroyed	in	normal	chemical
reactions	(as	opposed	to	nuclear	reactions,	which	will	be	discussed	in	the	next	chapter),	an	isolated
loss	or	gain	of	electrons	cannot	occur;	in	other	words,	neither	oxidation	nor	reduction	can	occur	all
by	itself.	Each	occurs	simultaneously	in	a	redox	reaction,	resulting	in	net	electron	transfer	between
the	species.	The	electrons	released	during	oxidation	are	taken	up	in	the	reduction	process.	The
species	undergoing	reduction	is	said	to	be	reduced	when	it	gains	electrons;	a	reduced	species	is	also
called	an	oxidizing	agent	because	it	causes	something	else	(the	species	giving	up	the	electrons)	to
be	oxidized.	Similarly,	a	reducing	agent	causes	another	species	to	be	reduced,	and	is	itself	oxidized.
This	is	summarized	in	Table	14.1	below:

Table	14.1 Properties	of	Oxidizing	and	Reducing	Agents

Oxidizing	Agent Reducing	Agent

Gains	electrons Loses	electrons

Also	known	as	a	reduced	species Also	known	as	an	oxidized	species

Oxidation	number	decreases Oxidation	number	increases

Oxidation	States	and	Assigning	Oxidation	Numbers
Balancing	Redox	Reactions
Oxygen	as	an	Oxidizing	Agent	and	the	Chemistry	of	Oxides
Electrochemical	Cells
Reduction	Potentials	and	the	Electromotive	Force
Thermodynamics	of	Redox	Reactions



Oxidation	States	and	Assigning	Oxidation	Numbers

It	is	important	to	know	which	atom	is	oxidized	and	which	is	reduced.	Oxidation	states	or	oxidation
numbers	are	assigned	to	atoms	in	order	to	keep	track	of	the	redistribution	of	electrons	during	a
redox	reaction.	In	a	redox	reaction,	the	oxidation	numbers	of	some	atoms	have	to	change	to	reflect
the	gain	or	loss	of	electrons.	By	keeping	track	of	and	comparing	the	oxidation	numbers	of	the	atoms
on	the	reactant	and	the	product	side,	it	is	possible	to	determine	how	many	electrons	are	gained	or
lost	by	each	atom.	The	oxidation	number	of	an	atom	in	a	compound	is	assigned	according	to	the
following	rules:

The	oxidation	number	of	free	elements	is	zero.	For	example,	the	atoms	in	N2,	P4,	S8,	and	He	all
have	oxidation	numbers	of	zero.

1.

The	oxidation	number	for	a	monatomic	ion	is	equal	to	the	charge	of	the	ion.	For	example,	the
oxidation	numbers	for	Na+,	Cu2+,	Fe3+,	Cl−,	and	N3−	are	+1,	+2,	+3,	−1,	and	−3,	respectively.

2.

The	oxidation	number	of	each	Group	IA	element	in	a	compound	is	+1.	The	oxidation	number
of	each	Group	IIA	element	in	a	compound	is	+2.

3.

The	oxidation	number	of	each	Group	VIIA	element	(halogens)	in	a	compound	is	−1,	except
when	combined	with	an	element	of	higher	electronegativity.	For	example,	in	HCl,	the
oxidation	number	of	Cl	is	−1;	in	HOCl,	however,	the	oxidation	number	of	Cl	is	+1	because	of	the
oxygen	(see	rule	6	below).

4.

The	oxidation	number	of	hydrogen	is	−1	in	compounds	with	less	electronegative	elements
than	hydrogen	(Groups	IA	and	IIA).	Examples	include	NaH	and	CaH2.	The	more	common
oxidation	number	of	hydrogen	is	+1.

5.

In	most	compounds,	the	oxidation	number	of	oxygen	is	−2.	This	is	not	the	case,	however,	in
molecules	such	as	OF2.	Here,	because	F	is	more	electronegative	than	O,	the	oxidation	number
of	oxygen	is	+2.	Also,	in	peroxides	such	as	BaO2,	the	oxidation	number	of	O	is	−1	instead	of	−2
because	of	the	structure	of	the	peroxide	ion,	[O−O]2−.	(Note	that	Ba,	a	group	IIA	element,
cannot	be	a	+4	cation.)

6.

The	sum	of	the	oxidation	numbers	of	all	the	atoms	present	in	a	neutral	compound	is	zero.	The
sum	of	the	oxidation	numbers	of	the	atoms	present	in	a	polyatomic	ion	is	equal	to	the	charge
of	the	ion.	Thus,	for	SO4

2−,	the	sum	of	the	oxidation	numbers	must	be	−2.

7.



QUICK	QUIZ

Match	the	substance	with	its	correct	oxidation	number	below.

Answers:

Example: Assign	oxidation	numbers	to	the	atoms	in	the	following	reaction	in	order	to
determine	the	oxidized	and	reduced	species	and	the	oxidizing	and	reducing	agents.

SnCl2	+	PbCl4	→	SnCl4	+	PbCl2

Solution: All	these	species	are	neutral,	so	the	oxidation	numbers	of	all	the	atoms	in	each
compound	must	add	up	to	zero.	In	SnCl2,	since	there	are	two	chlorines	present,	and
chlorine	has	an	oxidation	number	of	−1,	Sn	must	have	an	oxidation	number	of	+2.
Similarly,	the	oxidation	number	of	Sn	in	SnCl4	is	+4;	the	oxidation	number	of	Pb	is
+4	in	PbCl4	and	+2	in	PbCl2.	Notice	that	the	oxidation	number	of	Sn	goes	from	+2	to
+4;	i.e.,	it	loses	electrons	and	thus	is	oxidized,	making	it	the	reducing	agent.	Since
the	oxidation	number	of	Pb	has	decreased	from	+4	to	+2,	it	has	gained	electrons	and
been	reduced.	Pb	is	the	oxidizing	agent.	The	sum	of	the	charges	on	both	sides	of	the

Na+1.
Cu2+2.
Cl−3.
Fe3+ 4.

−1(A)
+3(B)
+2(C)
+1(D)

=	(D)1.
=	(C)2.
=	(A)3.
=	(B)4.



reaction	is	equal	to	zero,	so	charge	has	been	conserved.

Note	that	even	though	we	have	been	making	the	connection	between	oxidation	states	and	charge
distribution,	the	oxidation	number	is	not	in	general	the	charge	(nor	even	the	formal	charge)	of	the
atom	in	a	compound.	It	merely	reflects	a	way	of	accounting	for	how	electrons	are	transferred
between	species.



Balancing	Redox	Reactions

By	assigning	oxidation	numbers	to	the	reactants	and	products,	one	can	determine	how	many	moles
of	each	species	are	required	for	conservation	of	charge	and	mass,	which	is	necessary	to	balance	the
equation.	In	general,	to	balance	a	redox	reaction,	both	the	net	charge	and	the	number	of	atoms
must	be	equal	on	both	sides	of	the	equation.	The	most	common	method	for	balancing	redox
equations	is	the	half-reaction	method,	also	known	as	the	ion-electron	method,	in	which	the
equation	is	separated	into	two	half-reactions—the	oxidation	part	and	the	reduction	part.	Each	half-
reaction	is	balanced	separately,	and	they	are	then	added	to	give	a	balanced	overall	reaction,	in
which	electrons	do	not	appear	explicitly	by	convention.	Consider	a	redox	reaction	between	KMnO4

and	HI	in	an	acidic	solution:

MnO4
−	+	I−	→	I2	+	Mn2+

Step
1:

Separate	the	two	half-reactions.

oxidation	half-reaction:	MnO4
−	→	Mn2+

reduction	half-reaction:	I−	→	I2
Step
2:

Balance	the	atoms	of	each	half-reaction.	First,	balance	all	atoms	except	H	and	O.	Next,	in	an
acidic	solution,	add	H2O	to	balance	the	O	atoms	and	then	add	H+	to	balance	the	H	atoms.	(In
a	basic	solution,	use	OH−	and	H2O	to	balance	the	O’s	and	H’s.)

To	balance	the	iodine	atoms,	place	a	coefficient	of	two	before	the	I−	ion.

2I−	→	I2

For	the	permanganate	half-reaction,	Mn	is	already	balanced.	Next,	balance	the	oxygens
by	adding	4H2O	to	the	right	side.

MnO4
−	→	Mn2+	+	4H2O



Finally,	add	H+	to	the	left	side	to	balance	the	4H2Os.	These	two	half-reactions	are
now	balanced	in	mass	(but	not	in	charge).

MnO4
−	+	8H+	→	Mn2+	+	4H2O

Step
3:

Balance	the	charges	of	each	half-reaction.	The	reduction	half-reaction	must	consume	the
same	number	of	electrons	as	are	supplied	by	the	oxidation	half.	For	the	oxidation
reaction,	add	2	electrons	to	the	right	side	of	the	reaction:

2I−	→	I2	+	2e−

For	the	reduction	reaction,	a	charge	of	+2	must	exist	on	both	sides.	Add	5	electrons
to	the	left	side	of	the	reaction	to	accomplish	this:

5e−	+	8H+	+	MnO4
−	→	Mn2+	+	4H2O

Step
4:

Both	half-reactions	must	have	the	same	number	of	electrons	so	that	they	will	cancel.
Multiply	the	oxidation	half	by	5	and	the	reduction	half	by	2	and	add	the	two:

5(2I−	→	I2	+	2e−)

2(5e−	+	8H+	+	MnO4
−	→	Mn2+	+	4H2O)

The	final	equation	is:

10I−	+	10e−	+	16H+	+	2MnO4
−	→	5I2	+	2Mn2+	+	10e−	+	8H2O

To	get	the	overall	equation,	cancel	out	the	electrons	and	any	H2Os,	H+s,	OH−s,	or	e−s
that	appear	on	both	sides	of	the	equation.

10I−	+	16H+	+	2MnO4
−	→	5I2	+	2Mn2+	+	8H2O



Step
5:

Finally,	confirm	that	mass	and	charge	are	balanced.	There	is	a	+4	net	charge	on	each	side	of
the	reaction	equation,	and	the	atoms	are	stoichiometrically	balanced.

As	you	may	have	noticed,	balancing	redox	equations	can	be	trickier	and	more	involved	than	other
types	of	reactions	because	often	one	needs	to	supply	additional	chemical	species	like	water	and
protons	to	the	equation,	rather	than	simply	playing	with	stoichiometric	coefficients.	The	above
scheme	is	the	most	general	one	that	can	be	applied;	it	may	be	that	many	intermediate	steps	can	be
omitted	if	the	equation	is	simpler.	For	example,	for	the	equation:

Zn	(s)	+	HCl	(aq)	→	ZnCl2	(aq)	+	H2	(g)

one	may	balance	it	by	just	supplying	coefficients.



Oxygen	as	an	Oxidizing	Agent	and	the	Chemistry	of
Oxides

Oxygen	is	a	powerful	oxidizing	agent;	after	all,	one	can	say	that	the	process	of	oxidation	is	named
after	it!	The	reason	why	this	is	so	is	because	of	its	high	electronegativity.	Upon	reacting	with	other
species,	it	will	undergo	reduction	and	take	on	a	negative	oxidation	state,	oxidizing	its	partner	in	the
process.	The	only	exception	is	in	its	reaction	with	fluorine,	which	is	more	electronegative	than
oxygen	is	(see	rules	for	assigning	oxidation	numbers	above).	Because	of	the	relative	abundance	of
oxygen	relative	to	fluorine,	however,	the	“electron-grabbing”	effect	of	oxygen	is	much	more	evident
in	everyday	life.	Rusting,	for	example,	occurs	when	iron	is	oxidized	to	ferric	oxide	(Fe2O3)	and
complexes	with	water	molecules	to	form	a	hydrate	(Fe2O3•xH2O	where	x	is	the	number	of	water
molecules	to	which	it	is	complexed	and	may	vary).

Oxide	is	the	general	name	usually	given	to	binary	compounds	in	which	the	oxygen	is	in	the	−2
oxidation	state	(as	distinguished	from	peroxides	and	superoxides,	for	example).	Certain	oxides
dissolve	in	water	to	give	acidic	solutions;	such	oxides	are	called	acidic	anhydrides.	Other	oxides	may
dissolve	in	water	to	give	basic	solutions;	such	oxides	are	called	basic	anhydrides.	Acidic	anhydrides
are	mostly	oxides	of	nonmetals,	such	as	SO3,	which	dissolves	in	water	to	give	sulfuric	acid,	H2SO4.
Oxides	of	Groups	IA	and	IIA	metals,	on	the	other	hand,	tend	to	be	basic	anhydrides,	such	as	BaO	and
CaO.

Instead	of	thinking	of	anhydrides	in	terms	of	what	they	would	do	in	water,	one	can	also	think	in	the
opposite	direction:	Anhydrides	are	obtained	by	the	removal	of	water	from	acidic	and	basic
compounds.	CaO,	for	example,	can	be	obtained	by	removing	water	from	calcium	hydroxide,
Ca(OH)2:

Ca(OH)2	(s)	→	CaO	(s)	+	H2O	(l)

Acidic	and	basic	anhydrides	are	Lewis	acids	and	bases.



Electrochemical	Cells

The	concept	of	separating	a	redox	reaction	into	separate	reduction	and	oxidation	parts	is	not	purely
a	theoretical	mechanism	to	help	in	this	paper-and-pencil	task.	In	real	life,	one	can	often	actually
carry	out	the	two	half-reactions	in	separate	compartments	or	beakers,	and	couple	the	two	so	that
the	electrons	are	forced	to	flow	through	an	external	circuit.	Such	a	configuration	occurs	in	the
galvanic	cell,	one	class	of	electrochemical	cells.

An	electrochemical	cell	is	a	contained	system	in	which	a	redox	reaction	occurs	in	conjunction	with
the	passage	of	electric	current.	There	are	two	types	of	electrochemical	cells,	galvanic	cells	(also
known	as	voltaic	cells)	and	electrolytic	cells.	(We	shall	investigate	the	differences	between	the	two
types	shortly.)	Both	kinds	of	electrochemical	cells	contain	two	electrodes,	which	are	essentially	two
pieces	of	metal,	that	serve	as	the	sites	for	the	oxidation	and	reduction	half-reactions	separately.	The
electrode	at	which	oxidation	occurs	is	called	the	anode,	and	the	electrode	at	which	reduction	occurs
is	called	the	cathode.	This	is	true	for	both	galvanic	(voltaic)	and	electrolytic	cells.

GALVANIC	CELLS
A	redox	reaction	occurring	in	a	galvanic	cell	has	a	negative	∆G	and	is	therefore	a	spontaneous
reaction.	Galvanic	cell	reactions	supply	energy	and	are	used	to	do	work.	This	energy	can	be
harnessed	by	placing	the	oxidation	and	reduction	half-reactions	in	separate	containers	called	half-
cells.	The	half-cells	are	then	connected	by	an	apparatus	that	allows	for	the	flow	of	electrons.	The
spontaneous	flow	of	electrons	is	forced	to	go	through	external	circuitry	in	which	their	potential
energy	is	extracted.

A	common	example	of	a	galvanic	cell	is	the	Daniell	cell,	shown	below:



In	the	Daniell	cell,	a	zinc	bar	is	placed	in	an	aqueous	ZnSO4	solution,	and	a	copper	bar	is	placed	in	an
aqueous	CuSO4	solution.	The	anode	of	this	cell	is	the	zinc	bar	where	Zn	(s)	is	oxidized	to	Zn2+	(aq).
The	cathode	is	the	copper	bar,	and	it	is	the	site	of	the	reduction	of	Cu2+	(aq)	to	Cu	(s).	The	half-cell
reactions	are	written	as	follows:

Zn	(s)	→	Zn2+	(aq)	+	2e− (anode)

Cu2+	(aq)	+	2e−	→	Cu	(s) (cathode)

If	the	two	half-cells	were	not	separated,	the	Cu2+	ions	would	react	directly	with	the	zinc	bar	and	no
useful	electrical	work	would	be	obtained.	To	complete	the	circuit,	the	two	solutions	must	be
connected.	Without	connection,	the	electrons	from	the	zinc	oxidation	half-reaction	would	not	be
able	to	get	to	the	copper	ions,	so	a	wire	(or	other	conductor)	is	necessary.	If	only	a	wire	were
provided	for	this	electron	flow,	the	reaction	would	soon	cease	anyway	because	an	excess	negative
charge	would	build	up	in	the	solution	surrounding	the	cathode	and	an	excess	positive	charge	would
build	up	in	the	solution	surrounding	the	anode.	This	charge	gradient	is	dissipated	by	the	presence	of
a	salt	bridge,	which	permits	the	exchange	of	cations	and	anions.	The	salt	bridge	contains	an	inert
electrolyte,	usually	KCl	or	NH4NO3,	whose	ions	will	not	react	with	the	electrodes	or	with	the	ions	in
solution.	At	the	same	time	the	anions	from	the	salt	bridge	(such	as	Cl−)	diffuse	from	the	salt	bridge	of
the	Daniell	cell	into	the	ZnSO4	solution	to	balance	out	the	charge	of	the	newly	created	Zn2+	ions,	the
cations	of	the	salt	bridge	(such	as	K+)	flow	into	the	CuSO4	solution	to	balance	out	the	charge	of	the
SO4

2−	ions	left	in	solution	when	the	Cu2+	ions	deposit	as	copper	metal.

During	the	course	of	the	reaction,	electrons	flow	from	the	zinc	bar	(anode)	through	the	wire	and	the
ammeter,	toward	the	copper	bar	(cathode).	The	anions	(Cl−)	flow	externally	(via	the	salt	bridge)	into
the	ZnSO4,	and	the	cations	(K+)	flow	into	the	CuSO4.	This	flow	depletes	the	salt	bridge	and,	along
with	the	finite	quantity	of	Cu2+	in	the	solution,	accounts	for	the	relatively	short	lifetime	of	the	cell.



Instead	of	an	ammeter	that	simply	measures	the	current,	one	can	place	a	device	that	is	powered	by
electric	current	so	as	to	extract	the	potential	energy	of	the	electrons.	That	is,	after	all,	why	galvanic
cells	are	useful.	The	common	dry	cell	battery	and	the	lead-acid	storage	battery	found	in	cars	are
examples	of	galvanic	cells.

ELECTROLYTIC	CELLS
A	redox	reaction	occurring	in	an	electrolytic	cell	has	a	positive	∆G	and	is	therefore	nonspontaneous.
In	electrolysis,	electrical	energy	is	required	to	induce	reaction;	i.e.,	instead	of	extracting	work	from	a
spontaneous	redox	reaction,	we	supply	energy	to	force	a	nonspontaneous	redox	reaction	to	occur.
The	oxidation	and	reduction	half-reactions	are	usually	placed	in	one	container.	Where	the	ammeter
or	electrical	device	used	to	be	for	the	galvanic	cell,	we	need	to	place	a	source	of	electrical	power,	like
a	battery,	instead	(see	figure	on	the	next	page).

Michael	Faraday	was	the	first	to	define	certain	quantitative	principles	governing	the	behavior	of
electrolytic	cells.	He	theorized	that	the	amount	of	chemical	change	induced	in	an	electrolytic	cell	is
directly	proportional	to	the	number	of	moles	of	electrons	that	are	exchanged	during	a	redox
reaction.	The	number	of	moles	exchanged	can	be	determined	from	the	balanced	half-reaction.	In
general,	for	a	reaction	that	involves	the	transfer	of	n	electrons	per	atom:

Mn+	+	ne−	→	M(s)

one	mole	of	M(s)	will	be	produced	if	n	moles	of	electrons	are	supplied.

BASIC	CONCEPT

One	Faraday	is	equivalent	to	the	amount	of	charge	contained	in	one	mole	of	electrons.

The	number	of	moles	of	electrons	needed	to	produce	a	certain	amount	of	M(s)	can	now	be	related
to	a	measurable	electrical	property.	One	electron	carries	a	charge	of	1.6	×	10−19	coulombs	(C).	The
charge	carried	by	one	mole	of	electrons	can	be	calculated	by	multiplying	this	number	by	Avogadro’s
number,	as	follows:



(1.6	×	10−19)(6.022	×	1023)	=	96,487	C/mol	e−

This	number	is	called	Faraday’s	constant,	and	one	Faraday	(F)	is	equivalent	to	the	amount	of	charge
contained	in	one	mole	of	electrons	(1	F	=	96,487	coulombs,	or	J/V).

An	example	of	an	electrolytic	cell,	in	which	molten	NaCl	is	electrolyzed	to	form	Cl2(g)	and	Na(l),	is
given	below:

In	this	cell,	Na+	ions	migrate	toward	the	cathode,	where	they	are	reduced	to	Na	(l).	Similarly,	Cl−	ions
migrate	toward	the	anode,	where	they	are	oxidized	to	Cl2	(g).

ELECTRODE	CHARGE	DESIGNATIONS
The	anode	of	an	electrolytic	cell	is	considered	positive,	since	it	is	attached	to	the	positive	pole	of	the
battery	and	so	attracts	anions	from	the	solution.	The	anode	of	a	galvanic	cell,	on	the	other	hand,	is
considered	negative	because	the	spontaneous	oxidation	reaction	that	takes	place	at	the	galvanic
cell’s	anode	is	the	original	source	of	that	cell’s	negative	charge,	i.e.,	is	the	source	of	electrons.	In
spite	of	this	difference	in	designating	charge,	oxidation	takes	place	at	the	anode	in	both	types	of
cells,	and	electrons	always	flow	through	the	wire	from	the	anode	to	the	cathode.



Reduction	Potentials	and	the	Electromotive	Force

Sometimes	when	electrolysis	is	carried	out	in	an	aqueous	solution,	water	rather	than	the	solute	is
oxidized	or	reduced.	For	example,	if	an	aqueous	solution	of	NaCl	is	electrolyzed,	water	may	be
reduced	at	the	cathode	to	produce	H2	(g)	and	OH−	ions,	instead	of	Na+	being	reduced	to	Na	(l),	as
occurs	in	the	absence	of	water.	The	species	in	a	reaction	that	will	be	oxidized	or	reduced	can	be
determined	from	the	reduction	potential	of	each	species,	defined	as	the	tendency	of	a	species	to
acquire	electrons	and	be	reduced.	Each	species	has	its	own	intrinsic	reduction	potential;	the	more
positive	the	potential,	the	greater	the	species’	tendency	to	be	reduced.

BASIC	CONCEPT

Galvanic/voltaic	cell:	positive	EMF,	spontaneous	reaction,	∆G	negative

Electrolytic	cell:	negative	EMF,	nonspontaneous	reaction,	∆G	positive

A	reduction	potential	is	measured	in	volts	(V)	and	is	defined	relative	to	the	standard	hydrogen
electrode	(SHE),	which	is	arbitrarily	given	a	potential	of	0.00	volts.	Standard	reduction	potential,	(E
°red),	is	measured	under	standard	conditions:	a	1	M	concentration	for	each	ion	participating	in	the
reaction,	a	partial	pressure	of	1	atm	for	each	gas	that	is	part	of	the	reaction,	and	metals	in	their	pure
state.	The	relative	reactivities	of	different	half-cells	can	be	compared	to	predict	the	direction	of
electron	flow.	A	higher	E°red	means	a	greater	tendency	for	reduction	to	occur,	while	a	lower	E°red
means	a	greater	tendency	for	oxidation	to	occur.

Example: Given	the	following	half-reactions	and	E°red	values,	determine	which	species	would	be
oxidized	and	which	would	be	reduced.



Solution: Ag+	would	be	reduced	to	Ag	(s)	and	Tl	(s)	would	be	oxidized	to	Tl+,	since	Ag+	has	the
higher	E°red.	Therefore,	the	reaction	equation	would	be:

Ag+	+	Tl	(s)	→	Tl+	+	Ag	(s)

which	is	the	sum	of	the	two	spontaneous	half-reactions.

Note	that	reduction	and	oxidation	are	opposite	processes.	Therefore,	in	order	to	obtain	the
oxidation	potential	of	a	given	half-reaction,	the	reduction	half-reaction	and	the	sign	of	the
reduction	potential	are	both	reversed.	For	instance,	from	the	example	above,	the	oxidation	half-
reaction	and	oxidation	potential	of	Tl	(s)	are:

Tl	(s)	→	Tl+	+	e− E°ox	=	+0.34	V

Standard	reduction	potentials	are	also	used	to	calculate	the	standard	electromotive	force	(EMF	or	E
°cell)	of	a	reaction,	the	difference	in	potential	between	two	half-cells.	The	EMF	of	a	reaction	is
determined	by	adding	the	standard	reduction	potential	of	the	reduced	species	and	the	standard
oxidation	potential	of	the	oxidized	species.	When	adding	standard	potentials,	it	is	very	important	to
note	that	we	do	not	multiply	by	the	number	of	moles	oxidized	or	reduced.

EMF	=	Ered	+	Eox

The	standard	EMF	of	a	galvanic	cell	is	positive,	while	the	standard	EMF	of	an	electrolytic	cell	is
negative.	A	spontaneous	redox	equation,	therefore,	will	have	a	positive	EMF,	but	a	negative	free
energy	change,	and	vice	versa	for	a	nonspontaneous	reaction.	We	shall	specify	further	the	relation
between	EMF	and	∆G	below,	but	for	now	you	should	keep	this	reversal	of	sign	in	mind.

Example: Given	that	the	standard	reduction	potentials	for	Sm3+	and	[RhCl6]3−	are	−2.41	V	and
+0.44	V,	respectively,	calculate	the	EMF	of	the	following	reaction:

Sm3+	+	Rh	+	6Cl−	→	[RhCl6]3−	+	Sm

Solution: First,	determine	the	oxidation	and	reduction	half-reactions.	As	written,	the	Rh	is



oxidized	and	the	Sm3+	is	reduced.	Thus	the	Sm3+	reduction	potential	is	used	as	is,	while
the	reverse	reaction	for	Rh,	[RhCl6]3−	→	Rh	+	6Cl−,	applies	and	the	oxidation	potential	of
[RhCl6]3−	must	be	used.	Then	the	EMF	can	be	calculated	to	be	(−2.41	V)	+	(−0.44	V)	=
−2.85	V.	Note	that	we	have	switched	the	sign	in	front	of	the	potential	for	[RhCl6]3−.	The
cell	is	thus	electrolytic	as	written.



Thermodynamics	of	Redox	Reactions

The	thermodynamic	criterion	for	determining	the	spontaneity	of	a	reaction	is	∆G,	Gibbs	free	energy,
the	maximum	amount	of	useful	work	produced	by	a	chemical	reaction.	In	an	electrochemical	cell,
the	work	done	is	dependent	on	the	number	of	coulombs	and	the	energy	available.	Thus,	∆G	and
EMF	are	related	as	follows:

∆G	=	−nFEcell

where	n	is	the	number	of	moles	of	electrons	exchanged,	F	is	Faraday’s	constant,	and	Ecell	is	the	EMF
of	the	cell.	Keep	in	mind	that	if	Faraday’s	constant	is	expressed	in	coulombs	(J/V),	then	∆G	must	be
expressed	in	J,	not	kJ.

If	the	reaction	takes	place	under	standard	conditions,	then	the	∆G	is	the	standard	Gibbs	free	energy
and	Ecell	is	the	standard	cell	potential.	The	above	equation	then	becomes:

∆G°	=	−nFE°cell

Recall	that	in	the	chapter	on	thermochemistry	we	derived	the	following	equation:

∆G°	=	−RT	ln	Keq

where	R	is	the	gas	constant	8.314	J/(K•mol),	T	is	the	temperature	in	K,	and	Keq	is	the	equilibrium
constant	for	the	reaction.	Combining	this	with	the	equation	above,	we	get:

∆G°	=	−nFE°cell	=	−RT	ln	Keq

or	simply:



nFE°cell	=	RT	ln	Keq

If	the	values	for	n,	T,	and	Keq	are	known,	then	the	E°cell	for	the	redox	reaction	can	be	readily
calculated.

THINGS	TO	REMEMBER

Oxidation	States
Oxidation	Numbers
Balancing	Redox	Reactions
The	Chemistry	of	Oxides
Galvanic	Cells
Electrolytic	Cells
Electrode	Charge	Designations
Reduction	Potentials
Thermodynamics	of	Redox	Reactions



Review	Questions

1.	 If	one	F	is	equivalent	to	96,487	C/mol	e−,	what	is	the	charge	on	an	individual	electron?

5.76	×	1028	C/e−(A)
6.022	×	1023	C/e−(B)
1.6	×	1019	C/e−(C)
1.6	×	10−19	C/e−(D)

2.	 How	many	F	are	required	for	the	reduction	of	1	mole	of	Ni2+	to	Ni	(s)?

1	F(A)
2	F(B)
96,487	F(C)
6.022	×	1023	F(D)

3.	 The	gold-plating	process	involves	the	following	reaction:

Au3+	(aq)	+	3e−	→	Au	(s)

If	0.600	g	of	Au	is	plated	onto	a	metal,	how	many	coulombs	are	used?

299	C(A)
868	C(B)
2,990	C(C)
8,680	C(D)



4.	 The	standard	reduction	potential	of	Cr3+	(aq)	+	3e−	→	Cr	(s)	is	−0.74	V.	The	standard
reduction	potential	of	Cl2	(g)	+	2e−	→	2  Cl−	(aq)	is	1.36	V.

Based	on	the	information	given,	it	must	be	true	that:

Cl2	is	more	easily	oxidized	than	Cr3+,	and	Cl2	is	thus	a	better	oxidizing	agent	than
Cr3+.

(A)

Cl2	is	more	easily	oxidized	than	Cr3+,	and	Cl2	is	thus	a	better	reducing	agent	than
Cr3+.

(B)

Cl2	is	more	easily	reduced	than	Cr3+,	and	Cl2	is	thus	a	better	reducing	agent	than
Cr3+.

(C)

Cl2	is	more	easily	reduced	than	Cr3+,	and	Cl2	is	thus	a	better	oxidizing	agent	than
Cr3+.

(D)

5.	 The	standard	reduction	potential	of	Cu2+	(aq)	is	+0.34	V.	What	is	the	oxidation	potential	of
Cu	(s)?

+0.68	V(A)
+0.34	V(B)
−0.34	V(C)
−0.68	V(D)

6.	

When	the	above	half-reactions	are	combined	in	a	galvanic	cell,	which	species	will	be
reduced	and	which	will	be	oxidized?



F−	will	be	oxidized	and	Ca2+	will	be	reduced.(A)
Ca2+	will	be	oxidized	and	F2	will	be	reduced.(B)
Ca	(s)	will	be	oxidized	and	F2	will	be	reduced.(C)
F2	will	be	oxidized	and	Ca	(s)	will	be	reduced.(D)

7.	 What	is	the	standard	EMF	if	the	following	half-reactions	are	combined	in	a	galvanic	cell?

4.53	V(A)
0.89	V(B)
−0.89	V(C)
−4.53	V(D)

8.	 What	is	E°cell	for	a	reaction	where	the	∆G°	=	−553.91	kJ	and	2	electrons	are	transferred?

−2.87	V(A)
−0.00287	V(B)
0.00287	V(C)
2.87	V(D)

9.	 What	is	the	∆G°	for	the	following	reaction	equation?



144.73	kJ(A)
144.73	J(B)
−144.73	J(C)
−144.73	kJ(D)

10.	 Assign	oxidation	numbers	to	each	atom	of	the	following	reaction	equation:

2Fe	(s)	+	O2	(g)	+	2H2O	(l)	→	2Fe(OH)2	(s)

11.	 Using	the	ion-electron	method,	balance	the	following	equation	of	a	reaction	taking	place
in	an	acidic	solution:

ClO3
−	+	AsO2

−	→	AsO4
3−	+	Cl−

12.	 Given	the	standard	reduction	potentials	for	the	following	half-reactions,

ClO4
−	(aq)	+	2H+	(aq)	+	2e−	→	ClO3

−	(aq)	+	H2O	(l)

predict	which	half-reaction	would	occur	at	the	anode	and	which	would	occur	at	the
cathode	in	a	galvanic	cell.



Answer	Key

REVIEW	QUESTIONS
1.	 D
2.	 B
3.	 B
4.	 D
5.	 C
6.	 C
7.	 A
8.	 D
9.	 D

10.	 2Fe	(s)	+	O2	(g)	+	H2O	(l)	→	Fe(OH)2	(s)
11.	 See	Answers	and	Explanations
12.	 See	Answers	and	Explanations



Answers	and	Explanations

REVIEW	QUESTIONS
1.	 D

Avogadro’s	number	(6.022	×	1023)	defines	the	number	of	particles	present	in	1	mole	of
anything.	So	there	are	6.022	×	1023	electrons	in	1	mole	of	electrons.

2.	 B
The	reduction	of	one	mole	of	Ni2+	to	1	mole	of	Ni	(s)	requires	2	moles	of	electrons.	The	transfer
of	1	mole	of	electrons	is	equivalent	to	the	transfer	of	1	F	of	charge.	Therefore,	since	2	moles	of
electrons	are	required	to	reduce	1	mole	of	Ni2+,	2	F	are	required.

3.	 B
In	order	to	solve	this	problem,	first	determine	the	number	of	moles	of	Au	present	in	0.600	g.

Next,	determine	the	number	of	moles	of	electrons	used	to	reduce	Au3+	(aq)	to	0.00300	mol	of
Au	(s).	From	the	given	reduction	half-reaction	of	Au,	it	is	evident	that	for	every	mole	of	Au3+,	3
moles	of	electrons	are	transferred	in	order	to	produce	1	mole	of	Au	(s);	therefore,

Finally,	convert	0.00900	mol	e−	to	its	equivalent	in	C:



4.	 D
Remember	that	in	opposition	to	free	energy,	the	more	positive	the	E	is	for	a	reaction,	the	more
favorable	it	is.	Since	the	reduction	of	Cl2	has	a	more	positive	E	than	Cr3+,	it	will	be	more	easily
reduced,	meaning	that	it	is	a	stronger	oxidizing	agent.

5.	 C
The	two	processes	are	reverses	of	each	other,	and	thus	their	potentials	are	the	negative	of
each	other.

6.	 C
The	half-reaction	with	the	greater	reduction	potential	will	proceed	forward	as	written,	while
the	half-reaction	with	the	smaller	reduction	potential	will	proceed	in	the	opposite	direction
(i.e.,	as	oxidation).	F2	has	a	greater	tendency	to	be	reduced	than	Ca2+,	because	it	has	the
greater	reduction	potential.	Therefore,	Equation	1	will	proceed	as	written,	while	Equation	2
will	proceed	in	the	opposite	direction.	As	a	result,	F2	is	reduced	to	2	F−	and	Ca	(s)	is	oxidized	to
Ca2+.

7.	 A
From	the	values	of	the	reduction	potentials,	it	is	evident	that	Equation	1	will	be	the	reduction
half-reaction,	since	it	has	the	larger	reduction	potential,	and	Equation	2	will	be	reversed	for
the	oxidation	half-reaction.	The	EMF	of	a	reaction	is	determined	by	adding	the	standard
potentials	of	the	reduced	and	oxidized	species.	The	standard	reduction	potential	of	Co3+	is
+1.82	V.	The	standard	oxidation	potential	of	Na	(s)	is	+2.71	V,	which	is	equivalent,	but	opposite
in	sign,	to	the	standard	reduction	potential	of	Na+	(aq).

EMF	=	1.82	V	+	2.71	V	=	4.53	V

8.	 D
Use	the	relationship	∆G°	=	−nFE°,	which	can	be	rearranged	to	E°	=	−∆G°/(nF).	∆G°	=	−553.91	kJ,
n	=	2,	and	F	=	96,487	C/mol	e−.	The	next	step	is	to	convert	the	value	of	∆G°	from	kJ	to	J.	When
this	is	done,	∆G°	is	equal	to	−553,910	J.	Now,	the	final	step	is	to	substitute	the	values	into	the
formula,	to	get	the	final	answer	of	E°	=	2.87	V.

9.	 D
First,	determine	the	EMF	(E°)	by	adding	the	potentials	of	the	reduced	and	oxidized	species.



−1.63	V	+	(+2.38	V)	=	0.75	V	=	0.75

By	inspection,	2	moles	of	electrons	are	transferred	to	produce	1	mole	of	product;	therefore	n	=
2.	Now	determine	∆G°:

10.	 2Fe	(s)	+	O2	(g)	+	H2O	(l)	→	Fe(OH)2	(s)

To	assign	oxidation	numbers,	use	the	rules	given	in	this	chapter.	Fe	(s)	and	O2	(g)	have
oxidation	numbers	of	zero,	because	they	are	free	elements.	Hydrogen	in	H2O	(l)	has	an
oxidation	number	of	+1,	because	oxygen	is	more	electronegative	than	hydrogen;	likewise,
oxygen	in	H2O	(l)	has	an	oxidation	number	of	−2.	Oxygen	and	hydrogen	in	Fe(OH)2	(s)	have	the
same	oxidation	numbers	as	in	H2O	(l).	Each	OH	group	contributes	a	charge	of	−1	to	Fe(OH)2
and	since	there	are	2	OH	groups,	their	overall	contribution	to	the	compound	is	−2.	Since
Fe(OH)2	is	a	neutral	compound	and	thus	has	no	overall	charge,	the	sum	of	all	the	oxidation
numbers	of	the	atoms	in	this	compound	is	zero.	Consequently,	the	Fe	in	Fe(OH)2	must	possess
a	charge	of	+2	in	order	to	make	the	overall	charge	on	the	compound	zero.

11.	 The	balanced	equation	is:

ClO3
−	+	3H2O	+	3AsO2

−	→	3AsO4
3−	+	Cl−	+	6H+

12.	 The	rule	is	that	the	half-reaction	with	the	greater	reduction	potential	will	be	the	reduction
reaction	and	the	reverse	of	the	other	will	be	the	oxidation	reaction.	Since	the	first	reaction
(reduction	of	ClO4

−)	has	the	greater	reduction	potential,	this	will	proceed	as	a	forward	reaction
and	ClO4

−	will	be	reduced.	The	second	reaction	(reduction	of	Ag+),	which	has	the	lower
reduction	potential,	will	proceed	as	a	reverse	reaction,	and	Ag	(s)	will	be	oxidized	to	Ag+.
Oxidation	occurs	at	the	anode	and	reduction	at	the	cathode.	Thus,	the	reduction	of	ClO4

−	to
ClO3

−	will	occur	at	the	cathode	and	the	oxidation	of	Ag	(s)	to	Ag+	will	occur	at	the	anode.



Chapter	15

Nuclear	Chemistry
The	Nucleus
Nuclear	Binding	Energy	and	Mass	Defect
Nuclear	Reactions	and	Decay



The	Nucleus

At	the	center	of	an	atom	lies	its	nucleus,	consisting	of	one	or	more	nucleons	(protons	or	neutrons)
held	together	with	considerably	more	energy	than	the	energy	needed	to	hold	electrons	in	orbit
around	the	nucleus.	The	radius	of	the	nucleus	is	about	100,000	times	smaller	than	the	radius	of	the
atom.	Before	we	go	on,	let’s	revisit	some	concepts	introduced	in	chapter	3 .

ATOMIC	NUMBER	(Z)
Z	is	always	an	integer,	and	is	equal	to	the	number	of	protons	in	the	nucleus.	As	stated	in	chapter	3 ,
the	number	of	protons	is	what	defines	an	element:	An	atom	or	an	ion	or	a	nucleus	is	identified	as
carbon,	for	example,	if	and	only	if	it	has	6	protons.	Each	element	has	a	unique	number	of	protons.	Z
is	used	as	a	presubscript	to	the	chemical	symbol	in	isotopic	notation,	that	is,	it	appears	as	a
subscript	before	the	chemical	symbol.	The	chemical	symbols	and	the	atomic	numbers	of	all	the
elements	are	given	in	the	periodic	table.

MASS	NUMBER	(A)
A	is	an	integer	equal	to	the	total	number	of	nucleons	(neutrons	and	protons)	in	a	nucleus.	Let	N
represent	the	number	of	neutrons	in	a	nucleus.	The	equation	relating	A,	N,	and	Z	is	simply:

A	=	N	+	Z

In	isotopic	notation,	A	appears	as	a	presuperscript	to	the	chemical	symbol:	It	appears	as	a
superscript	that	comes	before	the	chemical	symbol.	In	general,	then,	a	nucleus	can	be	represented
as



where	X	is	the	chemical	symbol	for	the	element.	This	representation	is	sometimes	referred	to	as	a
nuclide	symbol.	Note	that	since	an	element	is	defined	by	the	atomic	number,	Z	is	technically
redundant	information	if	one	has	access	to	the	periodic	table.	Often,	then,	this	quantity	is	omitted.

Examples: :	a	single	proton;	the	nucleus	of	ordinary	hydrogen.

Number	of	neutrons	=	presuperscript	–	presubscript	=	1	–	1	=	0.

:	the	nucleus	of	ordinary	helium,	consisting	of	2	protons	and	2	neutrons.	It	is	also
known	as	an	alpha	particle	(α-particle,	see	below).

:	a	fissionable	form	of	uranium,	consisting	of	92	protons	and	235	–	92	=	143
neutrons.

ISOTOPES
Different	nuclei	of	the	same	element	will	by	definition	all	have	the	same	number	of	protons.	The
number	of	neutrons,	however,	can	be	different.	Nuclei	of	the	same	element	can	therefore	have
different	mass	numbers.	For	a	nucleus	of	a	given	element	with	a	given	number	of	protons	(atomic
number	Z),	the	various	nuclei	with	different	numbers	of	neutrons	are	called	isotopes	of	that
element.

BASIC	CONCEPT

All	isotopes	of	a	given	element	have	the	same	value	of	Z,	but	different	values	of	N	and	A.

Example: The	three	isotopes	of	hydrogen	are:

:	a	single	proton;	the	nucleus	of	ordinary	hydrogen.

:	a	proton	and	a	neutron	together;	the	nucleus	of	one	type	of	heavy	hydrogen
called	deuterium.

:	a	proton	and	two	neutrons	together;	the	nucleus	of	a	heavier	type	of	heavy



hydrogen	called	tritium.

Note	that	despite	the	existence	of	names	like	deuterium	and	tritium,	they	are	all	considered
hydrogen	because	they	have	the	same	number	of	protons	(one).	The	example	shown	here	is	a	little
bit	of	an	anomaly	because	in	general	isotopes	do	not	have	specific	names	of	their	own.

ATOMIC	MASS	AND	ATOMIC	MASS	UNIT
Atomic	mass	is	most	commonly	measured	in	atomic	mass	units	(abbreviated	amu).	By	definition,	1
amu	is	exactly	one-twelfth	the	mass	of	the	neutral	carbon-12	atom.	In	terms	of	more	familiar	mass
units:

1	amu	=	1.66	×	10–27	kg	=	1.66	×	10–24	g

ATOMIC	WEIGHT
Because	isotopes	exist,	atoms	of	a	given	element	can	have	different	masses.	The	atomic	weight
refers	to	a	weighted	average	of	the	masses	of	an	element.	The	average	is	weighted	according	to	the
natural	abundances	of	the	various	isotopic	species	of	an	element.	The	atomic	weight	can	be
measured	in	amu.

Example: 99.985499%	of	hydrogen	occurs	in	the	common	1H	isotope	with	a	mass	of
1.00782504	amu.	About	0.0142972%	occurs	as	deuterium	with	a	mass	(including	the
electron)	of	2.01410	amu,	and	about	0.0003027%	occurs	as	tritium	with	a	mass	of
3.01605	amu.	The	atomic	weight	of	hydrogen	is	the	sum	of	the	mass	of	each	isotope
multiplied	by	its	natural	abundance	(x):

Solution: atomic	weight	of	H	=	m1Hx1H	+	m2Hx2H	+	m3Hx3H



Nuclear	Binding	Energy	and	Mass	Defect

Every	nucleus	(other	than	 )	has	a	smaller	mass	than	the	combined	mass	of	its	constituent	protons
and	neutrons.

BASIC	CONCEPT

The	mass	of	a	nucleus	is	always	less	than	the	combined	masses	of	its	constituent	protons
and	neutrons.

The	difference	is	called	the	mass	defect.	Scientists	had	difficulty	explaining	why	this	mass	defect
occurred	until	Einstein	discovered	the	equivalence	of	matter	and	energy,	embodied	by	the	equation
E	=	mc2,	where	c	is	the	speed	of	light	in	vacuum:	3	×	108	m/s.	Because	its	value	is	so	big,	even	a	small
amount	of	mass	will,	upon	conversion,	release	a	large	amount	of	energy.	The	mass	defect	is	a	result
of	matter	that	has	been	converted	to	energy.	This	energy	is	called	the	binding	energy.	This	same
amount	of	energy	is	needed	to	break	apart	the	nucleus	and	separate	the	protons	and	neutrons:	the
larger	the	binding	energy,	the	more	stable	the	nucleus.	The	binding	energy	per	nucleon	peaks	at
iron,	which	implies	that	iron	is	the	most	stable	atomic	nucleus.	In	general,	intermediate-sized	nuclei
are	more	stable	than	large	and	small	nuclei.



Nuclear	Reactions	and	Decay

Nuclear	reactions	such	as	fusion,	fission,	and	radioactive	decay	involve	either	combining	or	splitting
the	nuclei	of	atoms.	Since	the	binding	energy	per	nucleon	is	greatest	for	intermediate-sized	atoms,
when	small	atoms	combine	or	large	atoms	split	a	great	amount	of	energy	is	released.

FUSION
Fusion	occurs	when	small	nuclei	combine	into	a	larger	nucleus.	As	an	example,	many	stars	including
the	sun	power	themselves	by	fusing	four	hydrogen	nuclei	to	make	one	helium	nucleus.	By	this
method,	the	sun	produces	4	×	1026	J	every	second.	Here	on	Earth,	researchers	are	trying	to	find	ways
to	use	fusion	as	an	alternative	energy	source.

FISSION
Fission	is	a	process	in	which	a	large	nucleus	splits	into	smaller	nuclei.	Spontaneous	fission	rarely
occurs.	However,	by	the	absorption	of	a	low-energy	neutron,	fission	can	be	induced	in	certain	nuclei.
Of	special	interest	are	those	fission	reactions	that	release	more	neutrons,	since	these	other	neutrons
will	cause	other	atoms	to	undergo	fission.	This	in	turn	releases	more	neutrons,	creating	a	chain
reaction.	Such	induced	fission	reactions	power	commercial	nuclear	electric-generating	plants.

Example: A	fission	reaction	occurs	when	uranium-235	(U-235)	absorbs	a	low-energy	neutron,
briefly	forming	an	excited	state	of	U-236	which	then	splits	into	xenon-140,	strontium-
94,	and	x	more	neutrons.	In	isotopic	notation	form	the	reactions	are:

How	many	neutrons	are	produced	in	the	last	reaction?
Solution: The	question	is	asking	“What	is	x	in	the	equation	above?”	By	treating	each	arrow	as	an

equal	sign,	the	problem	is	simply	asking	to	balance	the	last	“equation.”	The	mass
numbers	(A)	on	either	side	of	each	arrow	must	be	equal.	Since	235	+	1	=	236,	the	first



arrow	is	indeed	balanced.	To	find	the	number	of	neutrons,	solve	for	x	in	the	last
equation	(arrow):

So	there	are	two	neutrons	produced	in	this	reaction.	These	neutrons	are	free	to	go	on	and	be
absorbed	by	more	235U	and	cause	more	fissioning,	and	the	process	continues	in	a	chain	reaction.
Note	that	it	really	was	not	necessary	to	know	that	the	intermediate	state	was	formed.

Some	radioactive	nuclei	may	be	induced	to	fission	via	more	than	one	decay	channel	or	decay	mode.
For	example,	a	different	fission	reaction	may	occur	when	uranium-235	absorbs	a	slow	neutron	and
then	immediately	splits	into	barium-139,	krypton-94,	and	three	more	neutrons	with	no
intermediate	state:

RADIOACTIVE	DECAY
Radioactive	decay	is	a	naturally	occurring	spontaneous	decay	of	certain	nuclei	accompanied	by	the
emission	of	specific	particles.	It	could	be	classified	as	a	certain	type	of	fission.	Radioactive	decay
problems	are	of	the	following	general	types:

BASIC	CONCEPT

The	parent	nucleus	undergoes	radioactive	decay	to	produce	the	daughter	nucleus.

Isotope	Decay	Arithmetic	and	Nucleon	Conservation

The	integer	arithmetic	of	particle	and	isotope	species
Radioactive	half-life	problems
The	use	of	exponential	decay	curves	and	decay	constants



The	“reactant”	in	a	radioactive	decay	is	known	as	the	parent	isotope	while	the	“product”	is	the
daughter	isotope.	Let	X	and	Y	be	the	parent	and	daughter	isotopes,	respectively;	a	generic
radioactive	decay	can	be	written	as:

A’	and	Z’	are	the	mass	and	atomic	numbers	of	Y,	respectively.	In	the	laboratory,	radioactivity	is
monitored	by	a	Geiger	counter	or	a	scintillation	counter,	which	records	the	number	of	decay
particles	emitted.

Alpha	Decay.	Alpha	decay	is	the	emission	of	an	α-particle,	which	is	a	4He	nucleus	that	consists	of	two
protons	and	two	neutrons.	The	alpha	particle	is	very	massive	(compared	to	a	beta	particle,	see
below)	and	doubly	charged.	Alpha	particles	interact	with	matter	very	easily;	hence,	they	do	not
penetrate	shielding	(such	as	lead	sheets)	very	far.

The	emission	of	an	α-particle	means	that	the	daughter’s	atomic	number	Z	will	be	2	less	than	the
parent’s	atomic	number	and	the	daughter’s	mass	number	will	be	4	less	than	the	parent’s	mass
number.	This	can	be	expressed	in	two	simple	equations:

The	generic	alpha	decay	reaction	is	then:

where	 .

Example: Suppose	a	parent	X	alpha	decays	into	a	daughter	Y	such	that:

What	are	the	mass	number	(A’)	and	atomic	number	(Z’)	of	the	daughter	isotope	Y?
Solution:



So	A’	=	234	and	Z’	=	90.	Note	that	it	was	not	necessary	to	know	the	chemical	species	of	the	isotopes
to	do	this	problem.	However,	it	would	have	been	possible	to	look	at	the	periodic	table	and	see	that	Z

=	92	means	X	is	uranium-238	 	and	that	Z	=	90	means	Y	is	thorium-234	 .

Beta	Decay.	Beta	decay	is	the	emission	of	a	β-particle,	which	is	an	electron	given	the	symbol	e–	or	β–.
Despite	the	equivalence	between	electrons	and	β–	particles,	it	is	important	to	realize	that	these
particles	are	not	electrons	that	would	normally	be	found	around	the	nucleus	in	a	neutral	atom,	but
are	products	of	decay	emitted	by	the	nucleus:	in	particular,	when	a	neutron	in	the	nucleus	decays
into	a	proton	and	an	electron.	Since	an	electron	is	singly	charged,	and	about	1,836	times	lighter
than	a	proton,	the	beta	radiation	from	radioactive	decay	is	more	penetrating	than	alpha	radiation.

β	decay	means	that	a	neutron	disappears	and	a	proton	takes	its	place,	ejecting	a	newly	formed
electron	as	a	β-particle	in	the	process.	Hence,	the	parent’s	mass	number	is	unchanged	and	the
parent’s	atomic	number	is	increased	by	1.	In	other	words,	the	daughter’s	A	is	the	same	as	the
parent’s,	and	the	daughter’s	Z	is	one	more	than	the	parent’s.

The	generic	beta	decay	reaction	is:

Example: Suppose	a	cobalt-60	nucleus	beta-decays:

What	is	the	element	Y	and	what	are	A’	and	Z’?
Solution: 60	=	A´	+	0



A´	=	60

Now	balance	the	atomic	numbers,	taking	into	account	that	cobalt	has	27	protons	(you	learn	this	by
consulting	the	periodic	table)	and	that	there	is	one	more	proton	on	the	right-hand	side:

By	looking	at	the	periodic	table,	one	finds	that	Z’	=	28	is	nickel:

Gamma	Decay.	Gamma	decay	is	the	emission	of	γ-rays,	which	are	high-energy	photons.	They	carry
no	charge	and	simply	lower	the	energy	of	the	emitting	(parent)	nucleus	without	changing	the	mass
number	or	the	atomic	number.	In	other	words,	the	daughter’s	A	is	the	same	as	the	parent’s	and	the
daughter’s	Z	is	the	same	as	the	parent’s.

BASIC	CONCEPT

γ	particles	are	high-energy	photons.	γ	decay	releases	energy	but	does	not	change	A	or	Z.

The	generic	gamma	decay	reaction	is	thus:

where	the	asterisk	on	the	parent	nucleus	designates	that	it	is	in	an	unstable,	high-energy	state.

Positron	Emission.	Positron	emission	occurs	when	a	positively	charged	particle	known	as	a	positron
is	emitted.	A	positron	is	most	conveniently	thought	of	(and	often	referred	to)	as	an	antielectron:	It
has	the	same	(negligible)	mass	but	has	a	positive	rather	than	a	negative	charge.	The	positron	is



given	the	symbol	e+	or	β+.	Positron	emission	is	sometimes	referred	to	as	β+	decay,	as	distinguished
from	the	kind	of	beta	decay	(or	β–	decay)	discussed	on	the	previous	page.

In	positron	decay,	a	proton	splits	into	a	positron	and	a	neutron.	Therefore,	a	β+	decay	means	that
the	parent’s	mass	number	is	unchanged	and	the	parent’s	atomic	number	is	decreased	by	1.	In	other
words,	the	daughter’s	A	is	the	same	as	the	parent’s,	and	the	daughter’s	Z	is	one	less	than	the
parent’s.	In	equation	form:

The	generic	positive	beta	decay	or	positron	emission	is:

Example: Suppose	a	parent	isotope	 	emits	a	β+	and	turns	into	an	excited	state	of	the	isotope

,	which	then	γ-decays	to	 ,	which	in	turn	α-decays	to	 .	If	W	is	60Fe,	what	is

?
Solution: Since	the	final	daughter	in	this	chain	of	decay	is	given,	it	will	be	necessary	to	work

backward	through	the	reactions.	By	looking	at	the	periodic	table	one	finds	that	W	=	Fe
means	Z’’’	=	26;	hence	the	last	reaction	is	the	following	α	decay:

By	balancing	the	atomic	and	mass	numbers	you	find:

The	second-to-last	reaction	is	a	γ	decay	that	simply	releases	energy	from	the	nucleus	but	does	not
alter	the	atomic	number	or	the	mass	number	of	the	parent.	That	is:	Z’	=	Z”	=	28	and	A’	=	A”	=	64.	So
the	second	reaction	is:



The	first	reaction	was	a	β+	decay	(positron	emission)	that	must	have	looked	like:

Again,	balance	the	atomic	numbers:

Z	=	28	+	1	=	29

You	carry	out	a	balancing	of	mass	numbers	by	taking	into	account	that	a	proton	has	disappeared	on
the	left	and	reappeared	as	a	neutron	on	the	right,	leaving	mass	number	unchanged:

A	=	64	+	0	=	64

By	looking	at	the	periodic	table	you	find	that	Z	=	29	means	that	X	is	Cu.	Since	A	=	64,	that	means	that
the	solution	is:

While	the	problem	did	not	ask	for	it,	it	is	possible	again	to	look	at	the	periodic	table	to	find	that	Z’	=
Z”	=	28	means	Y *	=	Y	=	Ni.

Electron	Capture.	Certain	unstable	radionuclides	are	capable	of	capturing	a	core	electron	that
combines	with	a	proton	to	form	a	neutron.	The	atomic	number	is	now	one	less	than	the	original,	but
the	mass	number	remains	the	same.	Electron	capture	is	a	rare	process	that	is	perhaps	best	thought
of	as	an	inverse	β–	decay.

Radioactive	Decay	Half-Life	(τ1/2)

In	the	chapter	on	kinetics,	we	discussed	radioactive	decay	as	an	example	of	first-order	kinetics,	and
introduced	the	concept	of	the	half-life	(τ1/2):	In	a	collection	of	a	great	many	identical	radioactive
isotopes,	the	half-life	of	the	sample	is	the	time	it	takes	for	half	of	the	sample	to	decay.

Example: If	the	half-life	of	a	certain	isotope	is	4	years,	what	fraction	of	a	sample	of	that	isotope
will	remain	after	12	years?



Solution: If	4	years	is	one	half-life,	then	12	years	is	three	half-lives.	During	the	first	half-life—the
first	4	years—half	of	the	sample	will	have	decayed.	During	the	second	half-life	(years	5
to	8),	half	of	the	remaining	half	will	decay,	leaving	one-fourth	of	the	original.	During
the	third	and	final	period	(years	9	to	12),	half	of	the	remaining	fourth	will	decay,
leaving	one-eighth	of	the	original	sample.	Thus	the	fraction	remaining	after	3	half-lives
is	(1/2)3	or	(1/8).

BASIC	CONCEPT

Fraction	of	original	nuclei	remaining	after	n	half-lives	=	

Fraction	of	nuclei	that	has	decayed	away	after	n	half-lives	=	

The	fact	that	different	radioactive	species	have	different	characteristic	half-lives	is	what	enables
scientists	to	determine	the	age	of	organic	materials.	14C,	for	example,	is	generated	from	nuclear
reactions	induced	by	high-energy	cosmic	rays	from	outer	space.	There	is	therefore	always	a	certain
fraction	of	this	isotope	in	the	carbon	found	on	Earth.	Living	things,	like	trees	and	animals,	are
constantly	exchanging	carbon	with	the	environment,	and	thus	will	have	the	same	ratio	of	carbon-14
to	carbon-12	within	them	as	the	atmosphere.	Once	they	die,	however,	they	stop	incorporating
carbon	from	the	environment,	and	start	to	lose	carbon-14	because	of	its	radioactivity.	It	undergoes
a	β-decay	mechanism:

The	longer	the	species	has	been	dead,	the	less	carbon-14	it	will	still	have:	for	example,	if	the	ratio	of
14C	to	12C	is	half	of	that	of	the	atmosphere,	then	we	would	conclude	that	the	species	existed	about
one	half-life	of	14C	ago.

Exponential	Decay

Let	n	be	the	number	of	radioactive	nuclei	that	have	not	yet	decayed	in	a	sample.	It	turns	out	that	the
rate	at	which	the	nuclei	decay	(∆n/∆t)	is	proportional	to	the	number	that	remain	(n).	This	suggests
the	equation:



where	λ	is	known	as	the	decay	constant,	which	is	just	the	rate	constant	for	the	decay	reaction.	The
solution	of	this	equation	tells	us	how	the	number	of	radioactive	nuclei	changes	with	time.	The
solution	is	known	as	an	exponential	decay:

n	=	n0e–λt

where	n0	is	the	number	of	undecayed	nuclei	at	time	t	=	0.	The	decay	constant	is	related	to	the	half-

life	by	 .

Example: If	at	time	t	=	0	there	is	a	2-mole	sample	of	radioactive	isotopes	of	decay	constant	2
(hour)–1,	how	many	nuclei	remain	after	45	minutes?

Solution: Since	45	minutes	is	3/4	of	an	hour,	the	exponent	is:

The	exponential	factor	will	be	a	number	smaller	than	1:

e–λt	=	e–3/2	=	0.22

So	only	0.22	or	22%	of	the	original	2-mole	sample	will	remain.	To	find	n0	we	can	multiply	the
number	of	moles	we	have	by	the	number	of	particles	per	mole	(Avogadro’s	number):

n0	=	2(6.02	×	1023)	=	1.2	×	1024

From	the	equation	that	describes	exponential	decay,	you	can	calculate	the	number	that	remain
after	45	minutes:



THINGS	TO	REMEMBER

Atomic	Number	(Z)
Mass	Number	(A)
Isotopes
Atomic	Mass	and	Atomic	Mass	Unit
Atomic	Weight
Fusion
Fission
Radioactive	Decay



Review	Questions

1.	 Element	 	is	formed	as	a	result	of	3	α	and	2	β–	decays.	Which	of	the	following	is	the
parent	element?

(A)

(B)

(C)

(D)

2.	 Element	X	is	radioactive	and	decays	via	α	decay	with	a	half-life	of	4	days.	If	12.5%	of	an
original	sample	of	element	X	remains	after	N	days,	determine	N.

	days

3.	 A	patient	undergoing	treatment	for	thyroid	cancer	receives	a	dose	of	radioactive	iodine
(131I),	which	has	a	half-life	of	8.05	days.	If	the	original	dose	contained	12	mg	of	131I,	what
mass	of	131I	remains	after	16.1	days?

	mg

4.	 In	an	exponential	decay,	if	the	natural	logarithm	of	the	ratio	of	intact	nuclei	(n)	at	time	t	to
the	intact	nuclei	at	time	t	=	0	(n0)	is	plotted	against	time,	what	does	the	slope	of	the	graph
correspond	to?



Answer	Key

REVIEW	QUESTIONS
1.	 B
2.	 12
3.	 3
4.	 –λ



Answers	and	Explanations

REVIEW	QUESTIONS
1.	 B

Emission	of	three	alpha	particles	by	the	(as	yet	unknown)	parent	results	in	the	following
changes:

Mass	number:	decreases	by	3	×	4	or	12	units

Atomic	number:	decreases	by	3	×	2	or	6	units

Emission	of	two	negative	betas	results	in	the	following	changes:

Mass	number:	no	change

Atomic	number:	increases	by	2	×	1	or	2	units

So	the	net	change	is:	Mass	number	decreases	by	12	units;	atomic	number	decreases	by	4	units.
Therefore,	the	mass	number	of	the	parent	is	12	greater	than	102,	or	114;	the	atomic	number	of
the	parent	is	4	greater	than	20,	or	24.	The	only	choice	given	with	these	numbers	is	B.

2.	 12
Since	the	half-life	of	element	X	is	4	days,	then	50%	of	an	original	sample	remains	after	4	days,
25%	of	an	original	sample	remains	after	8	days,	and	12.5%	of	an	original	sample	remains	after
12	days.	Thus	N	=	12	days.	A	different	approach	is	to	set	(1/2)n	=	0.125	where	n	is	the	number	of
half-lives	that	have	elapsed.	Solving	for	n,	gives	n	=	3.	Thus	3	half-lives	have	elapsed,	so	given
the	half-life	is	4	days,	N	=	(3)(4	days),	or	12	days.

3.	 3
Given	that	the	half-life	of	131I	is	8.05	days,	2	half-lives	have	elapsed	after	16.1	days,	which
means	that	25%	of	the	original	amount	of	131I	is	still	present.	Thus,	only	25%	of	the	original



number	of	131I	nuclei	remains,	which	also	means	that	only	25%	of	the	original	mass	of	131I
remains.	Since	the	original	dose	contained	12	mg	of	131I,	only	3	mg	remains	after	16.1	days.

4.	 –λ

The	expression	n	=	n0e–λt	is	equivalent	to	n/n0	=	e–λt.	Taking	the	natural	logarithm	of	both	sides
of	the	latter	expression	you	find:

ln(n/n0)	=	–λt

From	this	expression	it	is	clear	that	plotting	ln(n/n0)	versus	t	will	give	a	straight	line	of	slope	–λ.



Chapter	16

Organic	Chemistry

Organic	chemistry	is	the	study	of	compounds	containing	the	element	carbon.	This	covers	a	wide
range	of	compounds	including	proteins,	alcohols,	steroids,	sugars,	and	compounds	found	in
petroleum,	just	to	name	a	few.	The	reason	we	can	study	them	as	facets	of	one	subject	is	because	of
the	unifying	way	we	can	look	at	them	through	the	bonding	properties	of	carbon.

Carbon	has	four	valence	electrons	and	thus	would	like	to	have	four	more	to	complete	its	octet.
Because	of	its	moderate	electronegativity,	it	tends	to	form	covalent	rather	than	ionic	bonds.	See
chapter	5 ,	which	discusses	Bonding	and	Molecular	Structure,	for	discussions	of	hybridization,	σ
(sigma)	and	π	(pi)	orbitals,	et	cetera.

BASIC	CONCEPT

Organic	chemistry	is	the	study	of	compounds	containing	carbon.

sp3	Hybridized

The	carbon	atom	forms	four	single	(σ)	bonds.	According	to	VSEPR	theory,	the	four	bonds	would	be
directed	toward	the	corners	of	a	tetrahedron,	with	a	bond	angle	of	109.5°	between	any	two.	Despite
this	geometry,	it	is	often	drawn	simply	as	a	Lewis	structure	with	the	four	bonds	directed	toward	the
corners	of	a	two-dimensional	diamond.	It	is	important	to	realize	that	this	Lewis	structure	does	not
give	the	right	three-dimensional	structure	but	only	a	conventional	shorthand.

Hydrocarbons
Oxygen-Containing	Compounds
Amino	Acids



sp2	Hybridized

The	carbon	atom	forms	a	double	bond	and	two	single	bonds,	arranged	in	the	same	plane	about	120°
apart.	The	two	single	bonds	are	σ	bonds	while	the	double	bond	consists	of	one	σ	and	one	π	bond.
The	π	bond	is	formed	from	the	interactions	of	unhybridized	p	orbitals,	which	in	the	case	below
would	be	pointing	in	a	direction	perpendicular	to	the	page.

sp	Hybridized

The	carbon	atom	forms	a	triple	bond	and	a	single	bond,	arranged	linearly	(180°	apart).	The	triple
bond	consists	of	one	σ	and	two	π	bonds.

Different	classes	of	organic	compounds	are	named	based	on	the	nature	of	the	bonds	and	the
elements	(besides	carbon)	that	are	present.	Just	to	give	a	couple	of	examples,	a	carbon	atom	triple-
bonded	to	a	nitrogen	results	in	a	nitrile,	and	a	carbon	atom	double-bonded	to	an	oxygen	atom	gives
a	carbonyl.	Sometimes	more	than	one	such	functional	group	is	present	in	a	molecule.	There	are
rules	for	systematically	assigning	names	to	organic	compounds,	known	as	the	IUPAC	system.	Below
are	some	of	the	more	common	functional	groups	or	compounds:



Hydrocarbons

Hydrocarbons	are	compounds	that	contain	only	carbon	and	hydrogen	atoms.	Depending	on	the
kinds	of	bonds	found	between	the	carbon	atoms	(only	single	bonds	can	exist	between	carbon	and
hydrogen),	hydrocarbons	can	be	classified	into	one	of	four	classes:	alkanes,	alkenes,	alkynes,	and
aromatics.

ALKANES
Alkanes	are	hydrocarbons	that	contain	only	single	bonds.	They	all	have	a	molecular	formula	of	the
general	form	CnH2n	+	2,	where	n	is	some	positive	integer.	They	are	all	named	by	attaching	the	suffix	-
ane	to	a	prefix	that	indicates	the	number	of	carbon	atoms.	These	prefixes	will	be	used	again	in	the
naming	of	other	hydrocarbons	and	it	is	therefore	worth	knowing	at	least	a	few.	Properties	of	the
simplest	six	alkanes	are	shown	in	Table	16.1.

Table	16.1 Properties	of	Simple	Alkanes

#	of	C	Atoms Prefix Name	of	Alkane Molecular	Formula

1 meth- methane CH4

2 eth- ethane C2H6

3 prop- propane C3H8

4 but- butane C4H10

5 pent- pentane C5H12

6 hex- hexane C6H14

A	CLOSER	LOOK

Alkanes	are	nonpolar	and	therefore	tend	to	have	low	melting	and	boiling	points	in	general.



The	simplest	alkane	is	methane,	CH4.	Ethane,	the	next	in	the	series,	has	the	molecular	formula	C2H6,
but	this	does	not	convey	its	structure:

(Keep	in	mind	the	convention	about	drawing	the	Lewis	structures	of	sp3	hybridized	carbon	atoms
discussed	above.)	The	formula	for	ethane	is	more	informatively	(and	commonly)	written	as	CH3CH3.
This	tells	us	unambiguously	that	each	carbon	atom	is	attached	to	three	hydrogen	atoms.	This	kind
of	notation	is	known	as	a	condensed	structural	formula.	Similarly,	the	condensed	structural	formula
for	the	next	alkane,	propane,	is	CH3CH2CH3.

For	alkanes	with	four	or	more	carbons,	there	are	different	ways	that	the	carbon	atoms	can	be
connected	to	each	other,	which	makes	the	condensed	structural	formula	all	the	more	useful.
Butane,	for	example,	can	have	either	one	of	the	structures	shown	below.

These	two	structures	have	the	same	molecular	formula:	C4H10	(and	hence	the	same	molecular
weight),	but	have	different	physical	properties,	such	as	boiling	point	and	melting	point.	They	are
known	as	isomers	(more	specifically	structural	isomers)	of	each	other.	One	can	also	say	that	the
compound	butane	has	two	isomers:	The	top	one	is	known	as	a	straight-chain	alkane	for	obvious
reasons	and	is	given	the	name	n-butane,	and	the	bottom	one	is	a	branched	alkane	and	is	known	as
isobutane.

The	number	of	isomers	increases,	for	each	alkane	as	the	number	of	carbon	atoms	increases.
Pentane,	for	example,	has	three	isomers,	while	hexane	has	five	and	decane,	with	10	carbon	atoms,
has	75.



Alkanes,	especially	straight-chain	or	n-alkanes,	are	the	major	constituents	of	petroleum.	Since
different	alkanes,	not	to	mention	their	respective	isomers,	have	different	boiling	and	melting	points,
the	different	alkane	components	in	petroleum	can	be	separated	by	distillation.	Those	compounds
with	the	lowest	boiling	points	would	vaporize	first;	one	can	trap	these	vapors	and	condense	them
and	thus	achieve	a	separation	of	the	more	volatile	from	the	less	volatile	components.

ALKENES
Alkenes	are	hydrocarbons	involving	carbon-carbon	double	bonds.	They	possess	a	molecular	formula
of	the	form	CnH2n.	They	are	named	using	the	same	scheme	as	alkanes,	except	that	the	suffix	used	is	-
ene.	Also,	since	it	takes	at	least	two	carbon	atoms	to	form	a	double	bond,	the	smallest	alkene	is
ethene,	C2H4,	which	contains	two	carbon	atoms.

ALKYNES
Alkynes	are	hydrocarbons	involving	carbon-carbon	triple	bonds.	They	follow	the	same	naming
scheme	as	alkanes	and	alkenes,	but	use	the	suffix	-yne.	Alkenes	and	alkynes	are	said	to	be
unsaturated,	while	alkanes	are	said	to	be	saturated.

CYCLIC	COMPOUNDS
We	have	only	considered	noncyclic	compounds	so	far.	Alkanes,	alkenes,	or	alkynes	can	also	be
cyclic:	The	carbon	atoms	form	a	ring.	Such	compounds	are	named	exactly	as	they	would	normally
be,	but	with	the	additional	prefix	cyclo-	attached	at	the	beginning.	The	smallest	number	of	carbon
atoms	that	is	needed	to	form	a	ring	is	three;	the	smallest	cyclic	alkane	is	therefore	cyclopropane.
The	structures	of	cyclohexane,	cyclohexene,	and	cyclohexyne	are	shown	on	the	next	page.



The	carbon	atoms	are	not	explicitly	drawn	but	occupy	the	positions	where	the	bonds	join	together.
This	is	a	common	convention	in	organic	chemistry.	Notice	how	the	molecular	formulas	for	cyclic
compounds	do	not	follow	the	generic	formulas	given	above	for	alkanes,	alkenes,	and	alkynes:	The
extra	carbon-carbon	bond	formed	in	making	a	ring	upsets	the	ratio	of	carbon	to	hydrogen	atoms.
One	final	warning	is	that	as	Lewis	structures,	the	drawings	do	not	accurately	reflect	the	three-
dimensional	appearance	of	the	compounds;	cyclohexane,	for	example,	is	not	a	planar	hexagon	but
instead	adopts	a	“chairlike”	conformation	in	its	most	stable	state.

AROMATICS
Certain	unsaturated	cyclic	hydrocarbons	are	known	as	aromatics.	We	need	not	concern	ourselves
with	exactly	what	makes	a	compound	aromatic,	but	all	such	compounds	have	in	common	a	cyclic,
planar	structure	and	possess	a	higher	degree	of	stability	(a	lower	enthalpy	of	formation)	than
expected.	This	extra	stability	comes	from	the	effects	of	resonance.	The	prime	example	of	an
aromatic	compound	is	benzene,	C6H6,	which	in	a	Lewis	structure	is	represented	as	having
alternating	double	and	single	bonds	that	can	switch	their	positions	to	give	an	equivalent	resonance
structure:

It	is	important,	however,	to	keep	in	mind	what	resonance	structures	such	as	these	really	mean:
Benzene	does	not	exist	as	an	equilibrium	mixture	of	the	two	Lewis	structures,	nor	does	it	flip	back
and	forth	between	the	two	structures	as	time	passes.	Instead,	a	benzene	molecule	is	always	in	a
state	that	is	intermediate	between	the	two	structures	that	cannot	be	accurately	captured	by	a
normal	Lewis	structure:	Every	carbon-carbon	bond	in	the	molecule	has	characteristics	intermediate
between	those	of	a	single	and	those	of	a	double	bond.	If	we	had	to	try	to	depict	this	using	a	Lewis
structure,	we	would	draw	the	following:



where	the	dashed	lines	indicate	a	partial	π	bond.	Each	of	the	six	carbon	atoms	is	sp2	hybridized,	and
therefore	each	has	an	unhybridized	p	orbital	that	is	coming	out	of	(and	going	into)	the	plane	of	the
paper.	These	orbitals	interact	through	π	bonding	and	form	the	partial	π	bonds:	partial	because	there
are	six	electrons	total	that	are	part	of	this	“π	cloud”	(one	from	each	carbon	atom)	and	therefore
there	are	enough	electrons	to	form	only	three	such	bonds	that	need	to	be	shared	among	six	atoms.



Oxygen-Containing	Compounds

Organic	compounds	that	include	oxygen	in	addition	to	carbon	and	hydrogen	include	alcohols,
ethers,	carbohydrates,	and	carbonyl	compounds	such	as	aldehydes,	ketones,	esters,	and	carboxylic
acids.

ALCOHOLS
Alcohols	contain	the	functional	group	–OH,	sometimes	called	the	hydroxyl	group.	Ethanol,	for
example,	can	be	considered	a	derivative	of	ethane,	with	the	hydroxyl	group	in	the	place	of	a
hydrogen	atom:

Because	oxygen	has	such	high	electronegativity,	the	hydrogen	attached	to	it	(the	hydrogen	of	the
hydroxyl	group)	can	participate	in	hydrogen	bonding.

The	diagram	below	illustrates	how	this	can	occur;	the	R	represents	the	organic	group	to	which	the
alcohol	functionality	is	attached	(e.g.,	for	ethanol,	R	=	CH3CH2–):

Hydrogen	bonding	is	a	strong	intermolecular	attractive	force,	and	this	causes	alcohols	to	have
boiling	points	that	are	significantly	higher	than	those	of	the	analogous	hydrocarbons.	The	boiling
point	of	propane	(CH3CH2CH3),	for	example,	is	−42.1°C,	while	that	of	propanol	(CH3CH2CH2OH)	is
97.4°C.	Ethylene	glycol,	which	is	ethane	with	two	hydroxyl	groups	attached	(one	to	each	carbon



atom),	is	used	as	antifreeze	because	its	high	boiling	point	makes	it	a	good	nonvolatile	solute	when
exploiting	the	colligative	property	of	freezing-point	depression.

ETHERS
Ethers	are	compounds	containing	a	C−O−C	bond.	Following	the	same	convention	above	where	R	is
used	to	designate	some	organic	group,	the	generic	formula	for	an	ether	is	ROR’.	Examples	of	ethers
include:

In	the	diagrams	above,	we	have	extended	the	common	practice	in	organic	chemistry	where	the
carbon	atoms	are	not	explicitly	depicted	but	are	assumed	to	occupy	the	positions	where	there	is	a
“kink”	in	the	structure	drawn.	(Previously	we	have	only	done	this	in	cyclic	compounds.)

Ethers	are	not	capable	of	hydrogen	bonding	and	therefore	have	low	boiling	points.	They	are	also
relatively	inert	and	are	frequently	used	as	solvents	in	organic	chemistry	reactions.

CARBONYL	COMPOUNDS
Carbonyl	compounds	are	those	containing	a	carbon-oxygen	double	bond,	the	carbonyl	bond.	The
generic	structure	for	such	a	compound	is:

Depending	on	what	exactly	the	two	other	groups	attached	to	the	carbon	atom	are,	one	can	be	more
specific	in	naming	the	class	of	compounds	to	which	the	molecule	belongs.	Below	are	some
examples:

Aldehydes



The	carbon	atom	is	attached	to	a	hydrogen	atom	on	one	side	and	an	R	group	(which	may	be	another
H	atom	in	the	case	of	formaldehyde)	on	the	other.

Ketones

The	carbon	atom	is	attached	to	two	R	groups	that	are	not	hydrogen	atoms.

Esters

The	carbonyl	carbon	atom	in	an	ester	is	bonded	to	an	R	group	on	one	side	and	an	OR’	group	(that	is
not	OH)	on	the	other.

Carboxylic	acids

The	carbon	atom	is	attached	to	an	R	group	and	a	hydroxyl	(–OH)	group.	Like	alcohols	that	also
contain	the	hydroxyl	group,	carboxylic	acids	can	participate	in	hydrogen	bonding.	These
compounds	are	weak	acids	(weak	compared	with	inorganic	acids	like	HCl)	because	the	hydroxyl
hydrogen	can	be	donated	as	a	proton.	Fatty	acids,	for	example,	are	carboxylic	acids	with	a	long
hydrocarbon	chain	(the	R	group	attached	to	the	carbonyl	carbon	is	a	long	hydrocarbon).	After	the
donation	of	a	proton,	the	carboxylic	group	left	behind	has	a	negative	charge	and	is	thus	attracted	to
a	polar	medium.	The	hydrocarbon	chain,	on	the	other	hand,	is	nonpolar.	In	aqueous	solution,



therefore,	these	long	carboxylate	molecules	(conjugate	bases	of	carboxylic	acids)	arrange
themselves	into	spherical	structures	known	as	micelles,	in	which	the	charged	“heads”	(the	–COO–

groups)	are	exposed	to	the	water	while	the	organic	chains	are	inside	the	sphere.	Nonpolar
molecules	such	as	grease	can	dissolve	in	the	hydrocarbon	interior	of	the	spherical	micelle.	This	is
why	these	molecules,	which	are	salts	of	long-chain	carboxylic	acids,	are	called	soaps.

CARBOHYDRATES
Carbohydrates	are	so	named	because	they	are	“hydrates	of	carbon”:	They	have	the	general	formula
Cn(H2O)m,	where	n	is	not	necessarily	the	same	as	m.	They	serve	as	chemical	sources	of	energy	for
most	organisms.

Simple	sugars	or	monosaccharides	are	carbohydrates	and	can	be	classified	according	to	the	number
of	carbons	they	possess,	and	have	the	general	formula	Cn(H2O)n	or	CnH2nOn.	Trioses,	tetroses,
pentoses,	and	hexoses	have	three,	four,	five,	and	six	carbon	atoms,	respectively.	Glucose	and
fructose	are	the	two	most	common	examples	of	hexoses:

As	you	can	see,	then,	these	compounds	also	contain	the	carbonyl	group.	In	particular,	glucose	has
an	aldehyde	functionality	while	fructose	contains	a	ketone	functionality.	In	solution,	however,	the
straight-chain	forms	of	these	sugars	(structures	shown	above)	exist	in	equilibrium	with	a	cyclic	form.



In	fact,	it	is	in	this	cyclic	form	that	most	of	the	interesting	chemistry	occurs.	Linking	of
monosaccharides	to	form	disaccharides	and	polysaccharides,	for	example,	takes	place	between
cyclic	sugars.	An	example	of	such	a	reaction	is	shown	below:

The	cyclic	form	of	the	five-carbon	sugar	ribose	is	a	component	of	nucleotides,	which	are	the	building
blocks	of	nucleic	acids	in	DNA	and	RNA.



Amino	Acids

Nitrogen-containing	compounds	are	another	large	class	of	organic	compounds.	The	most	important
nitrogen-containing	functional	group	is	the	amine	group,	–NH2,	which	is	found	in	amino	acids,	the
basic	building	blocks	of	proteins.

BASIC	CONCEPT

Proteins	are	made	up	of	amino	acids.

An	amino	acid	contains	an	amine	group,	a	carboxyl	group,	and	a	side	group	R	that	is	different	for
different	amino	acids.	In	fact,	what	R	is	essentially	defines	what	amino	acid	it	is.	It	can	be	as	simple
as	just	another	hydrogen	atom	(in	which	case	the	amino	acid	is	glycine),	or	it	can	be	more	complex,
with	distinctive	functional	groups	of	its	own.	It	may	even	contain	atoms	other	than	carbon,	oxygen,
and	nitrogen:	Cysteine	and	methionine	are	two	amino	acids	that	contain	sulfur	atoms	in	their	side
chains.

There	are	20	naturally	occurring	amino	acids,	and	these	amino	acids	can	be	joined	together	by
bonds	called	peptide	bonds	to	form	small	chains	of	amino	acids	known	as	peptides.	Two	amino
acids	joined	together	form	a	dipeptide,	three	form	a	tripeptide,	and	many	amino	acids	linked
together	form	a	polypeptide.	At	some	point	(the	exact	boundary	is	not	well	defined),	the
polypeptide	becomes	long	enough	and	we	call	it	a	protein.	Proteins	serve	many	diverse	functions	in
biological	systems,	acting	as	enzymes,	hormones,	elements	of	cell	structure,	et	cetera.	The	protein’s
amino	acid	sequence—the	precise	ordering	and	identity	of	each	amino	acid	in	the	protein—is	called
its	primary	structure	and	determines	the	shape	and	function	of	the	protein.	The	actual	prediction	of
a	protein’s	shape	from	its	primary	sequence	is	an	active	area	of	research.



THINGS	TO	REMEMBER

sp3	Hybridized
sp2	Hybridized
sp	Hybridized
Alkanes
Alkenes
Alkynes
Aromatics
Alcohols
Ethers
Carbonyl	Compounds
Carbohydrates



Review	Questions

For	questions	1–5,	use	the	following	diagram:

1.	 What	is	the	hybridization	of	the	carbon	atom	labeled	1?

2.	 What	is	the	hybridization	of	the	carbon	atom	labeled	2?

3.	 What	is	the	hybridization	of	the	carbon	atom	labeled	3?

4.	 What	is	the	hybridization	of	the	carbon	atom	labeled	4?

5.	 How	many	σ	and	π	bonds	are	there	in	total	in	the	molecule?

6.	 Which	of	the	following	statements	is	true	of	ethene?



Both	carbon	atoms	are	sp2	hybridized	and	the	molecule	is	planar.(A)
Both	carbon	atoms	are	sp2	hybridized	and	all	bond	angles	are	approximately	109.5°.(B)
One	carbon	atom	is	sp	hybridized	while	the	other	is	sp2.(C)
Both	carbon	atoms	are	sp3	hybridized	and	all	bond	angles	are	approximately	109.5°.(D)
Both	carbon	atoms	are	sp	hybridized	and	the	molecule	is	planar.(E)

7.	 Which	of	the	following	is	the	formula	for	a	noncyclic,	saturated	hydrocarbon?

C7H12(A)
C7H14(B)
C7H16(C)
C7H18(D)
C7H12(E)

8.	 What	functional	groups	are	present	in	the	compound	below?

Ester	and	ether(A)
Ester	and	amine(B)
Ester	and	carboxylic	acid(C)
Ether	and	carboxylic	acid(D)
Ether	and	ketone(E)



Answer	Key

REVIEW	QUESTIONS
1.	 See	Answers	and	Explanations
2.	 See	Answers	and	Explanations
3.	 See	Answers	and	Explanations
4.	 See	Answers	and	Explanations
5.	 See	Answers	and	Explanations
6.	 A
7.	 C
8.	 D



Answers	and	Explanations

REVIEW	QUESTIONS
1.	 sp:	the	carbon	forms	a	single	bond	and	a	triple	bond.

2.	 sp:	the	carbon	forms	a	single	bond	and	a	triple	bond.

3.	 sp3:	the	carbon	forms	four	single	bonds.

4.	 sp2:	the	carbon	forms	a	double	and	two	single	bonds.

5.	 There	are	eight	single	bonds,	one	double	bond,	and	one	triple	bond.	Each	single	bond	gives	a	σ
bond;	a	double	bond	gives	one	σ	and	one	π	bond;	a	triple	bond	gives	one	σ	and	two	π	bonds.
So	there	is	a	total	of	8	+	1	+	1	=	10	σ	bonds,	and	1	(from	double	bond)	+	2	(from	triple	bond)	=	3
π	bonds	in	the	molecule.

6.	 A
The	two	carbon	atoms	in	ethene	are	bonded	to	each	other	via	a	double	bond.	They	are	thus
both	sp2	hybridized	and	the	three	attached	groups	each	has	will	be	arranged	in	a	planar
configuration	roughly	120°	apart,	since	that	will	minimize	the	electron-pair	repulsion.	Choice	B
is	wrong	because	of	the	bond	angle.	The	other	choices	are	wrong	because	both	carbons	are	sp2

hybridized;	sp	hybridization	is	found	on	carbon	atoms	with	two	adjacent	double	bonds
(allenes)	or,	more	commonly,	a	triple	bond	and	a	single	bond	(alkynes),	while	sp3	hybridization
is	found	on	saturated	carbon	atoms.

7.	 C
A	saturated	hydrocarbon	is	one	that	contains	only	single	bonds.	If	it	is	noncyclic,	its	formula
will	conform	to	that	of	alkanes:	CnH2n	+	2.	Only	choice	C	satisfies	this.

8.	 D



The	–COOH	group	is	the	carboxylic	acid	group.	The	ether	functionality	is	represented	by	the
formula	R–O–R’,	and	in	this	case	R	is	the	ring	and	R’	is	the	methyl	(–CH3)	group.



Part	Four

PRACTICE	TESTS



How	to	Take	the	Practice	Tests
Before	taking	a	practice	test,	find	a	quiet	room	where	you	can	work	uninterrupted	for	one	hour.
Make	sure	you	have	several	No.	2	pencils	with	erasers.

Use	the	answer	grid	provided	to	record	your	answers.	Guidelines	for	scoring	your	test	appear	on	the
reverse	side	of	the	answer	grid.	Time	yourself.	Spend	no	more	than	one	hour	on	the	85	questions.
Once	you	start	the	practice	test,	don’t	stop	until	you’ve	reached	the	one-hour	time	limit.	You’ll	find
an	answer	key	and	complete	answer	explanations	following	the	test.	Be	sure	to	read	the
explanations	for	all	questions,	even	those	you	answered	correctly.

Good	luck!



PRACTICE	TEST	1

Periodic	Table	of	the	Elements



How	to	Calculate	Your	Score

Step	1:	Figure	out	your	raw	score.	Use	the	answer	key	provided	to	determine	the	number	of	right
and	wrong	answers	on	your	answer	sheet.	The	relationship	analysis	questions	in	Part	B	are	three-
part	questions.	If	you	answer	all	three	parts	correctly,	it	counts	as	one	correct	answer.	If	you	answer
one	or	more	of	the	parts	of	the	question	incorrectly,	then	the	whole	answer	is	incorrect,	even	if	you
answered	two	out	of	the	three	parts	correctly.	The	test	has	a	total	of	85	multiple-choice	questions.

Multiply	the	number	of	wrong	answers	by	0.25	and	subtract	the	result	from	the	number	right.	Round
the	result	to	the	nearest	whole	number.	This	is	your	raw	score.

SAT	SUBJECT	TEST:	CHEMISTRY	PRACTICE	TEST	1

Step	2:	Find	your	practice	test	score.	Find	your	raw	score	in	the	left	column	of	the	table	below.	The
score	in	the	right	column	is	an	approximation	of	what	your	score	would	be	on	the	SAT	Subject	Test:
Chemistry.

A	note	on	your	practice	test	scores:	Don’t	take	these	scores	too	literally.	Practice	test	conditions
cannot	precisely	mirror	real	test	conditions.	Your	actual	SAT	Subject	Test:	Chemistry	score	will
almost	certainly	vary	from	your	practice	test	scores.	However,	your	scores	on	the	practice	tests	will
give	you	a	rough	idea	of	your	range	on	the	actual	exam.

Raw Scaled

85 800

84 800

83 800



82 800

81 800

80 800

79 790

78 790

77 790

76 790

75 780

74 780

73 780

72 770

71 770

70 760

69 760

68 750

67 750

66 740

65 740

64 730

63 730

62 720

61 720

60 710

59 710

58 700

57 700

56 690



55 690

54 680

53 680

52 670

51 670

50 660

49 660

48 650

47 650

46 640

45 640

44 630

43 630

42 620

41 610

40 610

39 600

38 600

37 590

36 580

35 580

34 570

33 570

32 560

31 550

30 550

29 540



28 540

27 530

26 520

25 520

24 510

23 510

22 500

21 490

20 490

19 480

18 480

17 470

16 460

15 460

14 450

13 450

12 440

11 430

10 430

9 420

8 410

7 410

6 400

5 390

4 390

3 380

2 370



Conversion	Table

1 370

0 360

–1 350

–2 350

–3 340

–4 340

–5 330

–6 330

–7 320

–8 320

–9 310

–10 310

–11 300

–12 300

–13 290

–14 280

–15 280

–16 270

–17 270



Answer	Grid	Practice	Test	1

Use	the	answer	key	following	the	test	to	count	up	the	number	of	questions	you	got	right	and	the
number	you	got	wrong.	(Remember	not	to	count	omitted	questions	as	wrong.)	“How	to	Calculate
Your	Score”	located	on	page	283 	will	show	you	how	to	find	your	score.



Practice	Test	1



PART	A

Directions
Each	set	of	lettered	choices	below	refers	to	the	numbered	formulas	or	statements
immediately	following	it.	Select	the	one	lettered	choice	that	best	fits	each	formula	or
statement.	In	each	set,	a	choice	may	be	used	once,	more	than	once,	or	not	at	all.

Note
For	all	questions	involving	solutions	and/or	chemical	equations,	you	can	assume	that	the
system	is	in	water	unless	otherwise	stated.

Questions	1–5

Brønsted-Lowry	acid(A)
Arrhenius	acid(B)
Lewis	acid(C)
Brønsted-Lowry	base(D)
Lewis	base(E)

1.	 Produces	H+	in	solution

2.	 Accepts	protons

3.	 An	electron	pair	donor

4.	 An	electron	pair	acceptor

5.	 Donates	protons



Questions	6–9

Questions	10–13

Boyle’s	law(A)
Charles’s	law(B)
Avogadro’s	principle(C)
Ideal	gas	law(D)
Dalton’s	law(E)

6.	 Total	pressure	of	a	gaseous	mix	is	equal	to	the	sum	of	the	partial	pressures.

7.	 Volume	is	inversely	proportional	to	pressure.

8.	 Volume	is	directly	proportional	to	temperature.

9.	 All	gases	have	the	same	number	of	moles	in	the	same	volume	at	constant	temperature
and	pressure.

Ionic	compound(A)
Noble	gas(B)
Polar	covalent	compound(C)
Nonpolar	covalent	compound(D)
Metallic	substance(E)

10.	 Ethanol

11.	 CsCl



Questions	14–17

Questions	18–20

12.	 Butane

13.	 Argon

pH(A)
pOH(B)
Ka(C)
conjugate	acid(D)
conjugate	base(E)

14.	 Acid	dissociation	constant

15.	 Measure	of	hydrogen	ion	concentration

16.	 Formed	when	an	acid	loses	a	proton

17.	 Measure	of	hydroxide	ion	concentration

An	increase	in	the	reactant	concentration(A)
An	increase	in	the	temperature(B)
A	decrease	in	pressure(C)
Catalysts(D)
pH(E)



Questions	21–24

18.	 Increases	effective	collisions	without	increasing	average	energy

19.	 Decreases	activation	energy

20.	 Increases	average	kinetic	energy

positive	ΔH(A)
negative	ΔH(B)
positive	ΔG(C)
negative	ΔG(D)
positive	ΔS(E)

21.	 Describes	a	spontaneous	reaction

22.	 Describes	an	endothermic	reaction

23.	 Describes	a	nonspontaneous	reaction

24.	 Is	multiplied	by	temperature	in	the	equation	that	calculates	free	energy



PART	B
101.	

I II

The	ideal	gas	law	does	not	hold	under	low

temperatures	and	high	pressure

BECAUSE interactions	between	particles	cannot	be

neglected	under	these	conditions.

102.	

I II

An	increase	in	entropy	leads	to	a	decrease	of

randomness

BECAUSE the	lower	energy	state	of	ordered	crystals	has	a

high	entropy.

103.	

I II

Two	electrons	in	the	2s	subshell

must	have	opposite	spins

BECAUSE the	Pauli	exclusion	principle	states	that	no	two	electrons	in	the

same	atom	can	have	identical	quantum	numbers.

104.	

I II

Atom	A	with	seven	valence	electrons	forms	AB2	with	atom	B	with

two	valence	electrons

BECAUSE B	donates	its	electrons	to	fill	the

outer	shell	of	A.

105.	

I II

CO2	is	able	to	sublimate	at	atmospheric	pressure BECAUSE its	liquid	form	is	impossible	to	produce.



106.	

I II

A	gas	is	more	random	than	a	liquid BECAUSE entropy	increases	from	gas	to	liquid.

107.	

I II

A	mixture	of	pure	metals	is	called	an	alloy.	The	melting	point	of	an	alloy	will	be	lower

than	either	of	the	component	metals

BECAUSE the	new	bonds

are	weaker.

108.	

I II

A	salt	dissolved	in	an	organic	solvent	will	be	a	good

electrical	conductor

BECAUSE salts	will	not	dissolve	appreciably	in	an

organic	solvent.

109.	

I II

A	supersaturated	solution	of	glucose	in	boiling	water

crystallizes	as	it	cools

BECAUSE the	solubility	increases	as	the

temperature	decreases.

110.	

I II

In	a	second-order	reaction	with	respect	to	A,	when	you	double	[A],

the	rate	is	quadrupled

BECAUSE the	rate	equation	is	r	=	k[A]2	for

such	a	reaction.

111.	



I II

Ca	is	a	neutral	atom BECAUSE it	has	the	same	number	of	protons	and	electrons.

112.	

I II

Salt	dissolved	in	water	depresses	the	freezing

point

BECAUSE the	solute	particles	interfere	with	ice	crystal

formation.

113.	

I II

Ionic	bonds	are	always	stronger	than	covalent

bonds

BECAUSE they	break	only	when	bombarded	with

electrons.

114.	

I II

Substances	with	hydrogen	bonding	tend	to	have	unusually

low	boiling	points

BECAUSE extra	energy	is	necessary	to	break	the

hydrogen	bonds.

115.	

I II

A	solution	with	a	pH	of	12	has	a	higher	concentration	of	hydroxide	ions	than	one

with	a	pH	of	10

BECAUSE [H+][OH–]	must

equal	10–14.

116.	

I II



RETURN	TO	THE	SECTION	OF	YOUR	ANSWER	SHEET	YOU	STARTED	FOR	CHEMISTRY	AND	ANSWER
QUESTIONS	25–69.

Catalysts	decrease	the	rate	of	a	chemical	reaction BECAUSE catalysts	decrease	the	activation	energy.



PART	C

Directions
Each	of	the	incomplete	statements	or	questions	below	is	followed	by	five	suggested
completions	or	answers.	Select	the	one	that	is	best	for	each	case.

25.	 What	is	the	percentage	by	mass	of	sulfur	in	H2SO4?

16%(A)
33%(B)
36%(C)
42%(D)
Cannot	be	determined(E)

26.	 BaCl2	dissociates	in	water	to	give	one	Ba2+	ion	and	two	Cl–	ions.	If	concentrated	HCl	is
added	to	this	solution:

[Ba2+]	increases(A)
[Ba2+]	remains	constant(B)
[OH–]	increases(C)
the	number	of	moles	of	undissociated	BaCl2	increases(D)
[H+]	decreases(E)

27.	 What	is	the	percent	composition	by	weight	of	Al	in	Al2(SO4)3?

7.9%(A)
31.6%(B)
15.8%(C)
12.7%(D)
22.3%(E)



28.	 The	properties	of	light	can	best	be	explained	by	assuming	that	light	is	composed	of:

ParticlesI.
WavesII.
AtomsIII.

I	only(A)
II	only(B)
I	and	II(C)
II	and	III(D)
I,	II,	and	III(E)

29.	 Which	of	the	following	aqueous	solutions	would	have	a	pH	greater	than	7.0?

1.0	M	HCl(A)
0.5	M	NH4Cl(B)
0.25	M	HCN(C)
0.1	M	KCN(D)
1.0	M	H2SO4(E)

30.	 Avogadro’s	number	is	NOT	equal	to:

the	number	of	atoms	in	11.2	L	of	O2	at	STP(A)

the	number	of	atoms	in	1	mole	of	He	at	STP(B)

the	number	of	electrons	in	96,500	coulombs(C)

the	number	of	 	ions	in	1	L	of	0.5	M	sulfuric	acid(D)

None	of	the	above(E)

31.	 Which	of	the	following	is	NOT	a	state	function?



Temperature(A)
Density(B)
Work(C)
Volume(D)
Pressure(E)

32.	 10	g	of	liquid	at	300	K	is	heated	to	350	K.	The	liquid	absorbs	6	kcals.	What	is	the	specific
heat	of	the	liquid	(in	cal/g°C)?

6(A)
12(B)
60(C)
120(D)
600(E)

33.	 What	is	the	range	of	possible	values	for	the	[OH–]/[H+]	ratio	in	an	aqueous	acid	solution?

0–1(A)
0–14(B)
1–14(C)
1–infinity(D)
7–14(E)

34.	 Boron	found	in	nature	has	an	atomic	weight	of	10.811	and	is	made	up	of	the	isotopes	B10

(mass	10.013	amu)	and	B11	(mass	11.0093).	What	percentage	of	naturally	occurring	boron
is	made	up	of	B10	and	B11,	respectively?

30:70(A)
25:75(B)
20:80(C)
15:85(D)
10:90(E)



35.	 For	the	reaction:	A	+	B	→	C,	determine	the	order	of	the	reaction	with	respect	to	B	from	the
information	given	below:

Initial	[A] Initial	[B] Initial	rate	of

formation	of	C

1.00 1.00 2.0

1.00 2.00 8.1

2.00 2.00 15.9

zero-order(A)
first-order(B)
second-order(C)
third-order(D)
fourth-order(E)

36.	 Which	of	the	following	is	NOT	a	correct	Lewis	dot	diagram?

H— C≡C—H(A)

(B)

(C)

(D)

(E)



37.	 A	flask	contains	three	times	as	many	moles	of	H2	gas	as	it	does	O2	gas.	If	hydrogen	and
oxygen	are	the	only	gases	present,	what	is	the	total	pressure	in	the	flask	if	the	partial
pressure	due	to	oxygen	is	P?

4P(A)
3P(B)
4/3P(C)
3/4P(D)
7P(E)

38.	 How	many	mL	of	a	0.25	N	solution	of	HCl	are	needed	to	completely	neutralize	5	grams	of
crystalline	NaOH	dissolved	in	water?

150(A)
250(B)
500(C)
750(D)
3,750(E)

39.	 Using	the	table	below,	what	is	the	heat	of	combustion	of	one	mole	of	C2H4	at	298	K	and	1
atm?

Compound ∆H	of	formation

(kcal/mol)

H2O	(g) –57.8

C2H6	(g) –20/2

C2H4	(g) 12.5

C2H2	(g) 54.2

CO	(g) –26.4

CO2	(g) –94.1



316.3	kcal(A)
12.5	kcal(B)
–291.3	kcal(C)
–316.3	kcal(D)
57.8	kcal(E)

40.	 Which	of	the	following	molecules	is	polar?

BH3(A)
NF3(B)
C2H6(C)
SF6(D)
CCl4(E)

41.	 Consider	the	following	gas	phase	reaction:

H2	(g)	+	Br2	(g)	 	2HBr	(g)

The	concentrations	of	H2,	Br2,	and	HBr	are	0.05	M,	0.03	M,	and	500.0	M,	respectively.	The
concentration	equilibrium	constant	for	this	reaction	at	400°C	is	2.5	×	103.	Is	this	system	at
equilibrium?

Yes,	the	system	is	at	equilibrium.(A)
No,	the	reaction	must	shift	to	the	right	in	order	to	reach	equilibrium.(B)
No,	the	reaction	must	shift	to	the	left	in	order	to	reach	equilibrium.(C)
It	cannot	be	determined.(D)
This	system	will	never	be	at	equilibrium.(E)

42.	 The	Ka	of	acetic	acid	is	2	×	10–5.	What	is	the	pH	of	a	0.5	M	solution	of	acetic	acid?



1.0(A)
2.0(B)
2.5(C)
3.0(D)
7.0(E)

43.	 A	Faraday	is

the	magnitude	of	the	charge	of	1	mole	of	electrons(A)
the	magnitude	of	the	electric	dipole(B)
a	fundamental	constant	of	nature	equal	to	6.63	×	10–34	J.s/photon(C)
a	constant	that	accounts	for	the	existence	of	ions	in	solution(D)
the	assignment	of	charges	to	individual	atoms(E)

44.	 Which	of	the	following	is	NOT	a	true	statement	about	the	entropy	of	a	system?

Entropy	is	a	measure	of	the	randomness	in	a	system.(A)
The	entropy	of	an	amorphous	solid	is	greater	than	that	of	a	crystalline	solid.(B)
The	entropy	of	a	spontaneous	reaction	cannot	decrease.(C)
The	entropy	of	an	isolated	system	will	spontaneously	increase	or	remain	constant.(D)
The	entropy	of	a	liquid	is	generally	greater	than	that	of	a	solid.(E)

45.	 How	many	grams	of	O2	will	it	take	to	oxidize	88	grams	of	C3H8	to	CO	and	H2O?

32(A)
64(B)
112(C)
166(D)
224(E)

46.	 Which	of	the	following	combinations	represents	an	element	with	a	net	charge	of	+1	with	a
mass	number	of	75?



35	neutrons,	35	protons,	34	electrons(A)
40	neutrons,	40	protons,	39	electrons(B)
40	neutrons,	35	protons,	34	electrons(C)
37	neutrons,	38	protons,	39	electrons(D)
40	neutrons,	35	protons,	35	electrons(E)

47.	 A	physicist	starts	out	with	320	grams	of	a	radioactive	element	Z	and	after	20	minutes	he
has	only	20	grams	left.	What	is	the	half-life	of	element	Z?

2	minutes(A)
3	minutes(B)
4	minutes(C)
5	minutes(D)
10	minutes(E)

48.	 The	modern	periodic	table	is	ordered	on	the	basis	of

atomic	mass(A)
atomic	radius(B)
atomic	charge(C)
atomic	number(D)
number	of	neutrons(E)

49.	 A	catalyst

changes	∆G	for	an	equation(A)
acts	by	increasing	the	rate	of	the	forward	reaction	more	than	the	reverse	reaction(B)
raises	the	equilibrium	constant	of	a	system(C)
may	have	a	molecular	weight	as	low	as	1	or	higher	than	200,000(D)
does	not	react	chemically	during	the	course	of	a	reaction(E)



Questions	52–54	refer	to	the	following	equation.

A	chemist	interested	in	the	reactivity	of	iodine	concentrates	his	study	on	the	decomposition	of
gaseous	hydrogen	iodide	(Reaction	1).

2HI	(g)		 H2(g)	+	I2	(g)

Reaction	1

50.	 Element	 	is	formed	as	a	result	of	3	β	and	2	β–	decays.	Which	of	the	following	is	the
parent	element?

(A)

(B)

(C)

(D)

(E)

51.	 What	is	the	molecular	formula	of	a	compound	with	the	empirical	formula	C3H6O2	and	a
mass	of	148	amu?

C6H12O4(A)
C2H6O2(B)
C9H18O6(C)
C2H3O(D)
None	of	the	above(E)

52.	 What	is	the	equilibrium	expression	for	Reaction	1?



[H2]2[I2](A)
[H2](B)
[H2][I2]/[HI]2(C)
[H2][I2]2(D)
[H2]2[I2]2(E)

53.	 The	reaction	profile	shown	below	is	for	an	uncatalyzed	reaction:

Which	of	the	following	is	the	reaction	profile	for	the	same	reaction	after	the	addition	of	a
catalyst?



(A)

(B)

(C)

(D)

(E)

54.	 An	increase	in	pressure	in	Reaction	1	would



produce	more	I–	(aq)(A)
produce	more	H2(B)
not	affect	the	system(C)
drive	it	to	the	right(D)
drive	it	to	the	left(E)

55.	 For	the	following	reaction,	calculate	how	much	heat	will	be	released	when	8	g	of	hydrogen
reacts.	(1	mole	H2	weighs	approximately	2	grams.)

2H2	(g)	+	O2	(g)	→	2H2O	(g);

∆H	=	–115.60	kcal

57.8	kcal(A)
115.6	kcal(B)
173.4	kcal(C)
231.2	kcal(D)
462.4	kcal(E)

56.	 The	gas	in	a	large	cylinder	is	at	a	pressure	of	3,040	torr.	Assuming	constant	temperature
and	ideal	gas	behavior,	how	much	of	this	gas	could	you	compress	into	a	100	L	box	at	8
atm?

20	L(A)
200	L(B)
5,000	L(C)
50,000	L(D)
500,000	L(E)

57.	 Which	of	the	following	atoms	does	the	electron	configuration	1s22s22p63s23p63d2

represent?



Questions	58–59	refer	to	the	following	experimental	data.

Half	Reaction Eo

I.	Mg	→	Mg2+	+	2e– 2.37	V

II.	Mn	→	Mn2+	+	2e– 1.03	V

III.	H2	→	2H
+	+	2e– 0.00	V

IV.	Cu	→	Cu2+	+	2e– –0.16	V

An	excited	state	Ca	atom(A)
A	ground	state	Ca	atom(B)
An	excited	state	Sc	atom(C)
An	excited	state	K	atom(D)
None	of	the	above(E)

58.	 Which	of	the	following	reactions	is	spontaneous?

Mn2+	+	H2	→(A)
Mg	+	Mn2+	→(B)
Mg2+	+	Mn	→(C)
Cu	+	2H+	–	→(D)
Mg2+	+	Cu	→(E)

59.	 What	will	be	the	standard	reduction	potential	for	the	reaction	in	the	answer	to	question
58?

–0.16	V(A)
–1.34	V(B)
1.03	V(C)
1.34	V(D)
2.21	V(E)



60.	 Which	of	the	following	is	NOT	a	resonance	structure	of	the	others?

(A)

(B)

(C)

(D)

They	are	all	resonance	structures.(E)

61.	 If	you	have	0.15	equivalents	of	H3PO4	(full	reaction	or	full	neutralization	occurs),	how
many	moles	of	H3PO4	do	you	have?

0.05(A)
0.15(B)
4.9(C)
9.8(D)
98.0(E)



62.	 Which	of	the	following	generalizations	CANNOT	be	made	about	the	phase	change	of	a
pure	substance	from	solid	to	liquid?

It	involves	a	change	in	potential	energy.(A)
It	involves	no	change	in	temperature.(B)
It	involves	a	change	in	kinetic	energy.(C)
It	involves	a	change	in	entropy.(D)
It	may	occur	at	different	temperatures	for	different	compounds.(E)

63.	 What	occurs	in	the	following	reaction?

NH4
+	+	H2O	 	NH3	+	H3O+

Electron	transfer(A)
Neutralization(B)
Double	replacement(C)
Reduction(D)
Proton	transfer(E)

64.	 What	is	the	value	of	the	equilibrium	constant	for	the	following	reaction	if	the	equilibrium
concentrations	of	nitrogen,	hydrogen,	and	ammonia	are	1	M,	2	M,	and	15	M,	respectively?

N2	(g)	+	3H2	(g)	 	2NH3	(g)

0.035(A)
7.5(B)
28(C)
380(D)
None	of	the	above(E)



65.	 What	would	be	the	stoichiometric	coefficient	of	hydrochloric	acid	in	the	following
equation?

.…Cl2	+	…H2O	→	…HCl	+	…HClO3

1(A)
3(B)
5(C)
10(D)
12(E)

66.	 A	solid	cube	of	iron	whose	edge	is	4	inches	weighs	20.8	lbs.	What	is	the	specific	gravity	of
this	sample	of	iron?	Water	weighs	62.4	pounds	per	cubic	foot.

4.5(A)
5.2(B)
9.0(C)
27(D)
324(E)

67.	 Inelastic	collisions	occur	in

Real	gasesI.
Ideal	gasesII.
Fusion	reactionsIII.

I	and	II(A)
II	and	III(B)
I	and	III(C)
I	only(D)
II	only(E)



68.	 Which	of	the	following	compounds	can	act	as	a	Lewis	base?

HClO2(A)
NH2NH2(B)
NH4

+(C)
BF3(D)
None	of	the	above(E)

69.	 Two	electrons	with	the	same	n,	l,	and	ml	values

must	be	in	different	atoms(A)
are	in	different	orbitals	of	the	same	subshell(B)
are	in	the	same	orbital	of	the	same	subshell	with	opposite	spins(C)
are	indistinguishable	from	each	other(D)
None	of	the	above(E)

IF	YOU	FINISH	BEFORE	TIME	IS	CALLED,	YOU	MAY	CHECK	YOUR	WORK	ON	THIS
SECTION	ONLY.	DO	NOT	TURN	TO	ANY	OTHER	SECTION	IN	THE	TEST.

STOP



Answer	Key

PRACTICE	TEST	1
1.	 B
2.	 D
3.	 E
4.	 C
5.	 A
6.	 E
7.	 A
8.	 B
9.	 C

10.	 C
11.	 A
12.	 D
13.	 B
14.	 C
15.	 A
16.	 E
17.	 B
18.	 A
19.	 D
20.	 B
21.	 D
22.	 A
23.	 C
24.	 E

101.	 T,	T,	CE
102.	 F,	F
103.	 T,	T,	CE
104.	 F,	T



105.	 T,	F
106.	 T,	F
107.	 T,	T,	CE
108.	 F,	T
109.	 T,	F
110.	 T,	T,	CE
111.	 T,	T,	CE
112.	 T,	T,	CE
113.	 F,	F
114.	 F,	T
115.	 T,	T,	CE
116.	 F,	T
25.	 B
26.	 D
27.	 C
28.	 C
29.	 D
30.	 D
31.	 C
32.	 B
33.	 A
34.	 C
35.	 C
36.	 B
37.	 A
38.	 C
39.	 D
40.	 B
41.	 C
42.	 C
43.	 A
44.	 C
45.	 E
46.	 C
47.	 D
48.	 D



49.	 D
50.	 B
51.	 A
52.	 C
53.	 A
54.	 C
55.	 D
56.	 B
57.	 A
58.	 B
59.	 D
60.	 C
61.	 A
62.	 C
63.	 E
64.	 C
65.	 C
66.	 C
67.	 C
68.	 B
69.	 C



Answers	and	Explanations

PRACTICE	TEST	1

Part	A1.

1.	 B
An	Arrhenius	acid	produces	H+	in	solution.

2.	 D
A	Brønsted-Lowry	base	accepts	protons.	For	example,	NH3	and	Cl–	are	both	Brønsted-Lowry
bases	because	they	will	accept	protons	in	solution.	They	are	not	Arrhenius	bases	because	they
don’t	make	OH–	in	solution.

3.	 E
A	Lewis	base	is	an	electron	pair	donor.

4.	 C
A	Lewis	acid	is	an	electron	pair	acceptor:	for	example,	BCl3	and	AlCl3.

5.	 A
A	Brønsted-Lowry	acid	is	a	species	that	can	donate	protons	(H+)	(for	example,	HCl).	Brønsted-
Lowry	acids	and	bases	always	occur	in	pairs,	called	conjugates;	for	example,	H3O+	is	an
conjugate	acid	of	the	base	H2O.

6.	 E
Dalton’s	law	states	that	the	sum	of	the	partial	pressures	of	the	components	of	a	gaseous
mixture	must	equal	the	total	pressure	of	the	sample.

7.	 A
Boyle’s	law	states	that	at	constant	temperature,	the	volume	of	a	gaseous	sample	is	inversely



proportional	to	its	pressure.

8.	 B
Charles’s	law	states	that	the	volume	of	a	gaseous	sample	at	constant	pressure	is	directly
proportional	to	absolute	temperature.

9.	 C
Avogadro’s	principle	states	that	under	the	same	conditions	of	temperature	and	pressure,
equal	volumes	of	different	gases	will	have	the	same	number	of	molecules.

10.	 C
Ethanol,	with	its	–OH	group,	has	a	covalent	bond	between	atoms	with	different
electronegativities	in	which	electron	density	is	unevenly	distributed,	giving	the	bond	both	+
and	–	ends.

11.	 A
CsCl	is	an	ionic	compound,	with	Cs	donating	an	electron	to	Cl	and	the	subsequent	chemical
bond	formed	through	the	electrostatic	interaction	between	the	positive	and	negative	ions.

12.	 D
Butane,	C4H10,	is	a	molecule	that	exhibits	no	net	separation	of	charges	and	therefore	has	no
net	dipole	moment.

13.	 B
Argon	is	an	element	located	in	Group	0	(Group	VIII)	of	the	periodic	table.	These	elements	are
known	as	the	noble	or	inert	gases.	They	contain	a	full	octet	of	valence	electrons	in	their
outermost	shell,	and	this	electron	configuration	makes	them	the	least	reactive	of	the
elements.

14.	 C
The	acid	dissociation	constant	(Ka)	is	the	equilibrium	constant	that	measures	the	degree	of
dissociation	for	an	acid	under	specific	conditions.

15.	 A
pH	is	a	measure	of	the	hydrogen	ion	content	of	an	aqueous	solution,	and	is	defined	as	the
negative	log	of	the	hydrogen	ion	concentration.



16.	 E
When	an	acid	loses	a	proton	it	becomes	its	conjugate	base.	A	conjugate	acid	is	defined	as	the
acid	formed	when	the	base	gains	a	proton.

17.	 B
pOH	is	a	measure	of	hydrogen	(OH–)	ion	content	of	an	aqueous	solution.	It	is	defined	as	the
negative	log	of	the	hydroxide	ion	concentration.

18.	 A
Within	the	same	volume,	an	increase	in	the	reactant	concentration	will	increase	the	number	of
times	molecules	bump	into	each	other	(elastic	collisions)	and	will	increase	the	rate	of	effective
collisions.

19.	 D
Catalysts	increase	the	rate	of	a	reaction	by	decreasing	the	activation	energy.

20.	 B
An	increase	in	temperature	will	add	energy	to	the	system	and	will	therefore	increase	the
average	kinetic	energy.

21.	 D
∆G	is	the	energy	of	a	system	available	to	do	work.	A	negative	∆G	denotes	a	spontaneous
reaction,	while	a	positive	∆G	denotes	a	nonspontaneous	reaction.

22.	 A
An	endothermic	reaction	absorbs	heat	from	its	surroundings	as	the	reaction	proceeds	and	has
a	+∆H.

23.	 C
See	the	explanation	to	question	21.

24.	 E
The	change	in	Gibbs	free	energy	(∆G)	can	be	determined	for	a	given	reaction	from	the
equation	∆G	=	∆H	–	T∆S.



Part	B26.

101.	 T,	T,	CE
Gases	deviate	from	the	ideal	gas	law	when	atoms	and	molecules	are	forced	into	close
proximity	under	high	pressure	and	at	low	temperature	because	molecular	volume	and
intermolecular	attractions	become	significant.

102.	 F,	F
An	increase	in	entropy	means	an	increase	in	randomness;	ordered	crystals	have	low	entropy.

103.	 T,	T,	CE
Two	electrons	in	the	same	orbital	must	have	opposite	spins	because	of	the	Pauli	exclusion
principle,	which	states	that	two	electrons	within	a	given	atom	can	never	have	the	same	four
quantum	numbers.

104.	 F,	T
Atom	A	wants	to	fill	its	outer	shell	with	8	electrons,	while	B	wants	to	lose	its	2	valence
electrons.	Therefore,	B	donates	one	electron	to	two	molecules	of	A	to	form	A2B.

105.	 T,	F
CO2	is	able	to	sublimate	because	its	phase	diagram	has	the	region	that	allows	solids	to
sublimate	and	gases	to	deposit	at	atmospheric	temperature	and	pressure.	In	the	lab	at	high
pressures,	liquid	CO2	can	be	formed.

106.	 T,	F
In	order	of	decreasing	entropy:	gas	>	liquid	>	solid.

107.	 T,	T,	CE
Bonds	between	different	metal	atoms	in	an	alloy	are	much	weaker	than	those	between	atoms
in	pure	metals.	Therefore,	breaking	these	bonds	requires	less	energy	than	breaking	the	bonds
in	pure	metals.	Since	melting	and	freezing	points	are	lowered	as	the	stability	of	the	bonds
decreases,	they	tend	to	be	lower	in	alloys	than	in	pure	metals.	Alternatively,	you	can	think	of
an	alloy	as	a	solid	solution	with	impurities	that	decrease	the	melting	point.

108.	 F,	T



Salts	will	not	dissolve	appreciably	in	organic	solvents	because	they	are	nonpolar,	and	salts
needs	a	polar	solvent	to	dissociate	into	ions.	If	a	salt	cannot	dissociate,	then	there	will	be	no
electrical	conduction.

109.	 T,	F
Glucose	will	crystallize	as	the	supersaturated	solution	cools	because	as	heat	(energy)	is	lost,	a
solution	cannot	have	as	much	of	a	solute	dissolved	in	it,	so	glucose	will	precipitate	out.

110.	 T,	T,	CE
In	a	second-order	reaction	with	respect	to	A,	the	rate	=	k[A]2.	If	you	double	A,	the	rate	=	k[2A]2,
which	equals	4k[A]2.	Therefore	the	rate	is	quadrupled.	If	you	triple	A,	rate	=	k[3A]2	=	9k[A]2,	i.e.,
rate	is	increased	by	a	factor	of	nine.

111.	 T,	T,	CE
Ca	is	a	neutral	atom.	All	neutral	atoms	have	the	same	number	of	positive	protons	and	negative
electrons.

112.	 T,	T,	CE
Salt	dissolved	in	H2O	will	result	in	a	freezing-point	depression	because	solute	particles
interfere	with	the	process	of	crystal	formation	that	occurs	during	freezing.

113.	 F,	F
Covalent	bonds	are	usually	stronger	than	ionic	bonds.	Ionic	bonds	are	an	association	of	ions
after	an	element	has	completely	transferred	its	electron	to	another	element.	These	can
dissociate	easily;	for	example,	NaCl	in	water	becomes	Na+	and	Cl–.

114.	 F,	T
Hydrogen	bonding	occurs	when	hydrogen	atoms	with	a	partial	positive	charge	interact	with
the	partial	negative	charge	located	on	electronegative	atoms	of	nearby	molecules.	These
substances	have	unusually	high	boiling	points	compared	with	similar	compounds	that	do	not
hydrogen	bond.

115.	 T,	T,	CE
A	solution	with	pH	of	12	has	10–12	M	H+	ions.	Since	[H+][OH–]	must	equal	10–14,	then	the	[OH–]
must	be	10–2	M.	Therefore,	the	OH–	concentration	is	higher	than	a	solution	with	a	pH	of	10	in
which	the	[H+]	will	be	10–10	M	and	the	[OH–]	concentration	will	be	10–4	M.



116.	 F,	T
Catalysts	increase	the	rate	of	a	reaction	by	decreasing	the	activation	energy.

Part	C117.

25.	 B

Percent	of	sulfur:	(32/98)	×	100%	=	33%

26.	 D
To	answer	this	question,	you	should	know	that	when	hydrochloric	acid,	a	very	strong	acid,	is
added	to	a	solution,	it	will	dissociate	completely	into	hydrogen	ions	and	chloride	ions.	This
increases	the	concentration	of	chloride	ions	already	in	the	solution	from	the	barium	chloride.
According	to	Le	Châtelier’s	principle,	if	the	concentration	of	one	reaction	species	is	increased,
the	reaction	will	be	driven	in	the	opposite	direction.	For	this	example	and	the	dissociation
reaction	of	barium	chloride,	if	you	increase	the	concentration	of	chloride	ion,	you	will	drive	the
reaction	in	the	direction	of	reassociation	of	barium	chloride.	Therefore,	barium	chloride	will
precipitate	out	of	the	solution.

27.	 C

Percent	of	aluminum:	(54/342)	×	100%	=	15.8%

28.	 C
Light	is	considered	in	a	class	by	itself,	but	the	different	behaviors	of	light	can	be	explained	by
thinking	of	it	as	either	a	particle	or	a	wave.	The	ability	of	light	to	show	interference	is	a	wave
property,	while	the	photoelectric	effect	is	a	property	best	described	through	a	particle	model.

29.	 D



The	trick	is	understanding	what	should	happen	to	each	when	it	is	dissolved	in	water.	Choice	D,
potassium	cyanide,	in	addition	to	being	highly	poisonous,	is	the	salt	of	a	strong	base,	KOH,	and
a	weak	acid,	HCN.	When	the	salt	dissolves	in	water,	the	potassium	ion	does	not	react	with
water,	but	the	cyanide	ion	picks	up	hydrogen	ions	from	the	water	to	establish	an	equilibrium
with	hydrocyanic	acid.	The	result	is	that	excess	hydroxide	ions	are	created,	and	the	solution	is
basic.

30.	 D
Avogadro’s	number,	6.02	×	1023,	is	the	number	of	molecules	in	one	gram	molecular	weight	of	a
substance,	or	one	mole	of	the	substance.	So	the	correct	answer	choice	is	the	one	that	does	not
describe	one	mole	of	a	species.	You	probably	remember	that	a	mole	of	gas	at	STP	occupies	a
volume	of	22.4	liters.	Choice	A	gives	the	volume	of	a	half	mole	of	oxygen	molecules,	but	since
each	molecule	of	oxygen	gas	has	two	oxygen	atoms,	choice	A	represents	Avogadro’s	number
of	atoms.	Choice	B,	one	mole	of	helium,	is	a	mole.	Choice	C	is	the	definition	of	a	Faraday,
which	is	one	mole	of	electrons.	Choice	D,	the	number	of	sulfate	ions	in	a	0.5	M	sulfuric	acid
solution,	is	not	a	mole.	The	reason	is	that	there	are	two	equivalents	of	hydrogen	in	each	mole
of	sulfuric	acid.	A	0.5	M	solution	contains	one	mole	of	hydrogen	ions,	but	only	a	half	mole	of
sulfate	ions.	One	mole	of	sulfate	ions	from	sulfuric	acid	would	have	to	be	2	N.

31.	 C
A	state	function	is	one	whose	value	depends	only	on	the	initial	and	final	states	of	the	system;	it
is	independent	of	the	path	taken	in	going	from	the	initial	to	the	final	states.	Examples	of	state
functions	are	pressure,	volume,	temperature,	density,	viscosity,	enthalpy,	internal	energy,
entropy,	and	free	energy.	Two	import	functions	that	are	not	state	functions	are	work	and	q,
the	amount	of	heat	transferred.

32.	 B

33.	 A
The	question	asks	you	to	give	the	range	of	possible	values	for	the	ratio	of	hydroxide	ion
concentration	to	hydrogen	ion	concentration	in	an	aqueous	acid	solution.	For	a	solution	to	be
acidic,	it	must	have	a	pH	between	about	1	and	6.9999.	This	means	that	the	pOH	of	these
solutions	will	be	between	13	and	7.0001.	We	know	that	pH	is	equal	to	the	negative	log	of	the



hydrogen	ion	concentration	in	solution	and	the	pOH	is	equal	to	the	negative	log	of	the
hydroxide	ion	concentration	in	solution.	From	this	we	can	determine	that	the	range	of
possible	hydrogen	ion	concentrations	in	an	acid	solution	will	be	about	10–1	to	10–6.999.	The
corresponding	range	of	concentrations	of	hydroxide	ions	in	the	same	solutions	will	be	10–13	to
10–7.0001.	Now	calculate	the	range	of	the	ratio	of	hydroxide	ions	to	hydrogen	ions.	For	the	most
acidic	solution,	the	ratio	will	be	10–13/10–1,	which	is	equal	to	10–12,	or	approximately	0.	For	a
slightly	acidic	solution,	one	very	close	to	neutrality,	the	ratio	will	be	10–7.001/10–6.999,	which	is
nearly	equal	to	one.	Thus,	the	range	of	the	hydroxide	ions	to	the	hydrogen	ions	in	an	acidic
solution	is	0	to	1.

34.	 C
20%	(10.013	amu)	+	80%	(11.0093)	=	10.811	amu

35.	 C
With	respect	to	the	concentration	of	B,	every	time	the	concentration	doubles,	the	rate	is	four
times	faster.	[2]x	=	4,	x	=	2.

36.	 B
The	first	thing	you	should	do	to	verify	a	Lewis	structure	of	a	molecule	is	to	make	sure	that	all
the	valence	electrons	are	accounted	for.	For	choice	A,	acetylene,	there	are	two	carbons,	each
having	four	valence	electrons,	and	2	hydrogens,	each	having	one	valence	electron.	So,	choice	A
needs	to	have	10	valence	electrons	and	indeed	it	has.	For	choice	B,	nitrogen	dioxide,	there	is	1
nitrogen,	which	has	5	valence	electrons	and	2	oxygens,	each	having	6	valence	electrons—there
should	be	a	total	of	17	electrons	accounted	for.	Counting	the	electrons	in	choice	B	you	can	see
that	it	has	18	electrons.	Choice	C,	sulfur	trioxide,	should	have	a	total	of	24	valence	electrons,	6
from	each	element.	Counting	the	valence	electrons,	you’ll	see	that	it	has	the	required	24.
Choice	D,	boron	trichloride,	should	have,	and	does	have,	24	electrons.

37.	 A
You	are	asked	to	determine	the	total	pressure	in	the	flask	in	terms	of	the	partial	pressure	of
the	oxygen	gas.	To	do	this,	you	need	to	use	Dalton’s	law	of	partial	pressure.	This	law	says	that
the	sum	of	the	partial	pressures	of	all	the	gases	in	a	given	vessel	is	equal	to	the	total	pressure.
Since	the	partial	pressure	of	oxygen	is	P	and	you	know	that	there	are	three	times	as	many
moles	of	hydrogen	as	oxygen	in	the	flask,	then	the	partial	pressure	of	hydrogen	must	be	3P.
Thus,	the	total	pressure	in	the	flask	is	P	+	3P,	or	4P.



38.	 C
5	g	NaOH/40	g/mol	=	0.125	mol	NaOH	and	therefore	0.125	mole	of	OH–.	You	must	have	0.125
mole	of	H+	ions	to	neutralize	your	OH–	ions.

0.25	N	HCl;	in	this	case	N	=	M	so	you	have	0.25	M	HCl.

0.25	mol/L;	you	need	0.125	mol.	How	many	mL	will	have	0.125	mol	in	it?

0.125	mol/0.25	mol/L	=	0.5	L	or	500	mL.

Recall	that	N	(normality)	is	equal	to	the	molarity	of	the	substance	of	interest	for	the	reaction.
In	this	case,	the	molarity	of	H+	is	what	we’re	concerned	with.

39.	 D

40.	 B
To	answer	questions	about	a	molecule’s	polarity,	you	must	think	about	the	geometry	of	the
molecule	as	well	as	the	polarity	of	the	individual	bonds.	Of	the	molecules	given	in	the	choices,
all	but	choice	B	are	symmetrical	and	so,	even	if	their	bonds	are	polar,	the	molecules
themselves	will	not	have	a	dipole	moment.	According	to	the	valence	shell	electron-pair
repulsion	theory,	the	three	N-F	bonds	in	NF3	point	toward	the	vertices	of	a	tetrahedron	and
the	nitrogen’s	lone	pair	of	electrons	points	toward	the	fourth	vertex,	so	the	molecule	has	a
trigonal	pyramidal	conformation.	The	NF3	molecule	is	thus	asymmetrical	and	will	have	a	net
dipole	moment.	The	electronegativity	difference	between	nitrogen	and	fluorine	shows	that
fluorine	exerts	a	greater	pull	on	the	electrons	in	the	NF	bonds,	so	the	dipole	moment	will	put	a
partial	negative	charge	on	the	fluorine	end	of	the	molecule	and	a	partial	positive	charge	on	the
nitrogen,	despite	its	lone	pair	of	electrons.

41.	 C
The	first	thing	that	you	need	to	do	to	answer	this	question	correctly	is	to	construct	the
equilibrium	constant	expression.	The	equilibrium	constant	expression	for	this	reaction	is	the
concentration	of	hydrogen	bromide	squared	over	the	product	of	the	hydrogen	concentration



and	the	bromine	concentration.	Plugging	in	the	appropriate	concentration	values,	you	get
5002	over	the	product	of	0.05	times	0.03.	You	should	be	able	to	tell	that	this	figures	out	to	be	in
the	105	region,	much	larger	than	the	equilibrium	constant.	In	order	for	this	reaction	to	reach
equilibrium,	it	must	use	up	all	that	excess	hydrogen	bromide.	Consequently,	the	equilibrium
will	shift	to	the	left.

42.	 C
.5M	solution	of	acetic	acid	(CH3COOH)

Take	the	negative	log	of	both	sides	to	determine	pH.

2.5	= pH

43.	 A
A	Faraday	is	the	magnitude	of	the	charge	of	one	mole	of	electrons.	The	Faraday,	was	named
after	scientist	Michael	Faraday,	who	was	responsible	for	the	discovery	of	electromagnetic
induction,	the	laws	of	electrolysis,	the	discovery	of	benzene,	and	many	other	important
discoveries.

44.	 C
This	question	gives	you	statements	concerning	the	entropy	of	a	system	and	asks	you	to
determine	which	one	is	incorrect.	Choice	C	says	that	a	spontaneous	reaction	will	never	have	a
decrease	in	entropy.	This	is	a	false	statement.	Depending	on	the	temperature	and	the	enthalpy
change	of	a	reaction,	the	entropy	change	can	be	negative.	For	instance,	in	phase	changes	from
gas	to	liquid	or	liquid	to	solid,	a	decreasing	temperature	spontaneously	drives	the	system	into
the	more	ordered	state.	That	would	be	a	decrease	in	entropy.

45.	 E
2C3H8	+	7O2	→	6CO	+	8H2O



88	g	C3H8/44g/mol	=	2	mol;	therefore,	7	mol	of	oxygen	are	needed.

7	mol	O2	×	32	g/mol	=	224	g	of	O2

46.	 C
A	net	charge	of	+1	has	one	more	proton	than	electrons.	Therefore,	only	choices	B	or	C	may	be
correct.	Mass	number	of	75	means	that	the	protons	plus	neutrons	must	equal	75.	This
eliminates	answer	choice	B.

47.	 D
half-lives 0 1 2 3 4

grams	remaining 320 160 80 40 20

four	half-lives	in	20	minutes

20	minutes	divided	by	4	=	5	minutes

48.	 D
When	the	periodic	table	was	first	being	designed,	it	was	thought	that	the	periodicity	of	the
elements	could	be	explained	on	the	basis	of	atomic	mass.	Mendeleev	discovered	that	when
the	elements	were	arranged	in	order	of	increasing	atomic	mass,	certain	chemical	properties
were	repeated	at	regular	intervals.	However,	certain	elements	could	not	be	fit	into	any	group
of	a	table	based	on	increasing	atomic	mass.	It	was	the	discovery	of	the	nucleus	and	its
components	that	led	scientists	to	order	the	elements	by	increasing	atomic	number,	the
number	of	protons.

49.	 D
A	catalyst	is	a	substance	that	in	relatively	small	amounts	will	accelerate	both	the	forward	and
reverse	reactions	by	lowering	the	activation	energy,	without	being	changed	itself.	It	can	be	as
simple	as	a	proton	(acid	catalysis)	or	a	big	biomolecule	(in	living	organisms).

50.	 B
An	alpha	particle	is	defined	as	 	and	a	beta	particle	is	defined	as	 	(an	electron).



3	α	and	2	β	emissions	will	be	(	 	+	 	+	 	+	 	+	 	).	This	describes	what	is	lost	from
the	parent,	to	result	in	 	.	108	+	12	=	120	and	26	+	4	=	30.	This	describes	 	.

51.	 A
The	empirical	formula	of	a	compound	is	the	formula	that	shows	the	smallest	whole-number
relationship	between	the	elements	of	a	molecule.	The	empirical	formula	for	this	compound,
C3H6O2,	tells	us	that	for	every	3	carbon	atoms	in	the	molecule	there	are	6	hydrogen	atoms	and
2	oxygen	atoms.	This	does	not	mean	that	a	molecule	actually	contains	3	carbons,	6	hydrogens,
and	2	oxygens	(though	it	might);	instead,	it	tells	us	the	ratio	among	them.	Therefore,	the
molecular	formula	could	be	choice	C,	C9H18O6,	where	the	carbon,	hydrogen,	and	oxygen	ratio

is	3:6:2	as	in	the	empirical	formula,	but	might	also	be	choice	A,	where	the	ratio	is	correct.
Knowing	that	the	mass	of	the	molecule	is	148	amu	can	help	you	distinguish	between	choices	A
and	C.	Amu	stands	for	atomic	mass	units,	and	means	that	the	compound	has	a	molecular
weight	of	148	grams/mole.	Choice	A	has	an	MW	=	148	grams/mole	while	choice	C	has	an	MW	=
222	grams/mole.

52.	 C
The	equilibrium	constant	expression	shows	the	product	of	the	product	concentrations	raised
to	their	stoichiometric	coefficients	over	the	product	of	the	reactant	concentrations	raised	to
their	stoichiometric	coefficients.	For	heterogeneous	equilibria,	pure	solids	and	liquids	are	not
included	in	this	equation;	gases	and	aqueous	components	are	included.	You	need	to	construct
the	correct	equilibrium	constant	expression	and	calculate	the	equilibrium	constant:	[H2]
[I2]/[HI]2.

53.	 A
The	addition	of	a	catalyst	lowers	the	activation	energy	for	a	reaction.

54.	 C
Le	Châtelier’s	principle	says	that	a	system	will	try	to	relieve	stress	put	on	it.	An	increase	in
pressure	will	drive	the	reaction	to	the	side	of	an	equation	with	fewer	moles	of	gas.	Since	both
sides	have	2	moles	of	gas,	an	increase	in	pressure	would	not	shift	the	equilibrium.

55.	 D



56.	 B

57.	 A
Twenty	total	electrons	describes	Ca.	But	it	is	an	excited	state	calcium	molecule,	because	the
3d	subshell	is	filled	before	the	4s	subshell	(usually	the	4s	subshell	is	filled	first,	then	the	3d
subshell).	Those	two	electrons	must	have	jumped	from	the	4s	to	the	3d	subshell.

58.	 B
2.37	V	–	1.03	V	=	+1.34	V;	a	spontaneous	reaction.	All	of	the	other	equations	have	negative
values.

59.	 D
See	the	explanation	to	question	58.

60.	 C
Remember	that	in	resonance	forms,	only	electrons	(bonds	and	nonbonding	electron	pairs)	can
move.	If	you	examine	the	answer	choices,	you	can	see	that	the	atomic	linkages	are	all	the
same	except	for	answer	choice	C;	the	carbon	second	from	the	left	in	choice	C	now	has	a	methyl
group	bonded	to	it,	whereas	the	other	choices	have	hydrogens	in	this	position.

61.	 A
One	equivalent	of	an	acid	is	the	amount	of	the	acid	that	is	able	to	furnish	one	mole	of
hydrogen	ion,	so	1	mole	of	H3PO4	will	furnish	3	mol	of	H+	ions.

1	mol	H3PO4/3eq	=	x/0.15eq

0.05	mol	H3PO4

62.	 C
This	question	asks	you	which	generalization	CANNOT	be	made	about	the	phase	change	of	a
pure	substance	from	solid	to	liquid.	When	a	phase	change	occurs,	the	internal	energy	of	the



system—that	is,	the	total	energy	contained	in	the	system—will	change.	The	potential	energy	of
the	system	during	the	phase	change	is	the	same	as	the	internal	energy.	Therefore,	when	a	solid
melts	into	a	liquid,	the	potential	energy	of	the	substance	will	change.	Solids	have	a	defined
temperature,	known	as	the	melting	point,	at	which	they	change	to	liquid.	At	this	temperature,
any	energy	added	to	the	solid	will	go	toward	changing	the	phase,	not	changing	the
temperature,	until	all	the	solid	has	changed	to	liquid.	We	have	already	shown	that	the	phase
change	occurs	at	a	constant	temperature,	and	because	a	change	in	kinetic	energy	is	associated
with	a	temperature	change,	the	kinetic	energy	in	the	solid-to-liquid	transition	will	remain	the
same.

63.	 E
Reading	from	left	to	right,	the	NH4

+	loses	a	proton	to	become	NH3	while	the	H2O	picks	up	a
proton	to	become	H3O+.	Thus,	one	proton	is	transferred	from	NH4

+	to	H2O.	Choices	A	and	D	are
wrong	because	the	oxidation	states	of	the	atoms	are	not	changed.	Double	displacement	would
require	that	two	species	be	exchanged;	however,	only	one	species,	the	proton,	is	being
exchanged.	Neutralization	is	a	special	case	of	a	double	displacement	reaction.

64.	 C
The	equilibrium	constant	expression	shows	the	product	of	the	product	concentrations	raised
to	their	stoichiometric	coefficients	over	the	product	of	the	reactant	concentrations	raised	to
their	stoichiometric	coefficients.	For	heterogeneous	equilibria,	pure	solids	and	liquids	are	not
included	in	this	equation,	but	gases	and	aqueous	components	are	included.	So	for	this
question	you	need	to	construct	the	correct	equilibrium	constant	expression	and	calculate	the
equilibrium	constant:	The	concentration	of	ammonia	squared	over	the	product	of	the
nitrogen	concentration	and	the	cube	of	the	hydrogen	concentration.	Plugging	in	the
appropriate	values,	you	get	152	over	the	product	of	1	times	23.	This	gives	an	equilibrium
constant	of	28.

65.	 C
To	answer	this	question,	you	must	balance	the	equation	given	to	find	the	stoichiometric
coefficient	for	hydrochloric	acid.	Start	with	oxygen,	since	it’s	the	only	element	that	is	present
in	only	one	compound	on	each	side	of	the	equation.	Since	there	are	three	oxygens	on	the	right
side	of	the	equation,	you	have	to	place	a	“3”	before	the	water	molecule	on	the	left.	There	are
now	six	hydrogen	atoms	on	the	left	side	of	the	equation,	so	a	“5”	must	be	placed	before	the
HCl	on	the	right	side	for	a	total	of	six	hydrogens	on	that	side	also.	Before	jumping	right	to	the
answer,	we	should	balance	the	entire	equation,	since	the	answer	might	be	five	or	some



multiple	of	five,	depending	on	the	other	compounds.	There	are	six	chlorines	on	the	right,	so
you	must	place	a	“3”	before	the	Cl2	on	the	left.	The	equation	is	now	fully	balanced	and	it’s
clear	that	the	answer	is	indeed	five,	choice	C.

66.	 C
Specific	gravity	=	density	of	substance/density	of	water

67.	 C
Ideal	gases	can	be	described	by	the	kinetic	molecular	theory	of	gas.	One	part	of	this	model	is
that	collisions	are	elastic;	there	is	no	overall	net	gain	or	loss	of	energy.	Inelastic	collisions	do
occur	in	real	gases.	Also,	a	nuclear	fusion	reaction	is	a	reaction	in	which	two	nuclei	collide	to
form	a	new,	heavier	nucleus.

68.	 B
A	Lewis	base	is	a	compound	that	can	donate	an	electron	pair.	Choice	B,	hydrazine,	consists	of
two	nitrogens	bonded	to	each	other	and	to	two	hydrogen	atoms	each.	A	nitrogen	atom	has	a
valence	of	five,	and	when	it’s	bonded	to	another	nitrogen	and	two	hydrogens,	it’s	using	only
three	of	its	five	valence	electrons.	Therefore,	each	nitrogen	will	have	a	pair	of	unbonded
electrons.	This	makes	hydrazine	able	to	act	as	an	electron	pair	donor,	or	Lewis	base.

69.	 C
You	know	from	the	Pauli	exclusion	principle	that	no	two	electrons	in	the	same	atom	can	have
the	identical	quantum	number.	So,	with	n,	l,	and	ml	the	same,	you	may	be	tempted	to	say	the
two	electrons	must	be	in	different	atoms.	However,	there	is	a	fourth	quantum	number	that
could	be	different.	The	n	value	indicates	that	these	electrons	are	in	the	same	shell.	The	value
of	n	also	limits	the	value	of	l,	defining	the	possible	subshells	the	electrons	can	occupy.	If	they
have	the	same	l	value,	they	must	be	in	the	same	subshell	if	they	are	in	the	same	atom.	Well,
the	l	value	limits	the	ml	value,	which	defines	the	specific	spatial	orientation	of	the	orbital	the
electrons	are	in.	If	the	ml	value	is	the	same	for	two	electrons,	they	are	in	the	same	orbital.	So,
the	identical	ml	value	puts	these	two	electrons	in	the	same	orbital.	You	know	that	the	last



quantum	number,	ms,	must	be	different	for	these	two	electrons.	So	one	will	have	an	ms	value
equal	to	+1/2	and	the	other	will	be	–1/2.



PRACTICE	TEST	2

Periodic	Table	of	the	Elements



How	to	Calculate	Your	Score

Step	1:	Figure	out	your	raw	score.	Use	the	answer	key	provided	to	determine	the	number	of	right
and	wrong	answers	on	your	answer	sheet.	The	relationship	analysis	questions	in	Part	B	are	three-
part	questions.	If	you	answer	all	three	parts	correctly,	it	counts	as	one	correct	answer.	If	you	answer
one	or	more	of	the	parts	of	the	question	incorrectly,	then	the	whole	answer	is	incorrect,	even	if	you
answered	two	out	of	the	three	parts	correctly.	The	test	has	a	total	of	85	multiple-choice	questions.

Multiply	the	number	of	wrong	answers	by	0.25	and	subtract	the	result	from	the	number	right.	Round
the	result	to	the	nearest	whole	number.	This	is	your	raw	score.

SAT	SUBJECT	TEST:	CHEMISTRY	PRACTICE	TEST	2

Step	2:	Find	your	practice	test	score.	Find	your	raw	score	in	the	left	column	of	the	table	below.	The
score	in	the	right	column	is	an	approximation	of	what	your	score	would	be	on	the	SAT	Subject	Test:
Chemistry.

A	note	on	your	practice	test	scores:	Don’t	take	these	scores	too	literally.	Practice	test	conditions
cannot	precisely	mirror	real	test	conditions.	Your	actual	SAT	Subject	Test:	Chemistry	score	will
almost	certainly	vary	from	your	practice	test	scores.	However,	your	scores	on	the	practice	tests	will
give	you	a	rough	idea	of	your	range	on	the	actual	exam.

Raw Scaled

85 800

84 800

83 800



82 800

81 800

80 800

79 790

78 790

77 790

76 790

75 780

74 780

73 780

72 770

71 770

70 760

69 760

68 750

67 750

66 740

65 740

64 730

63 730

62 720

61 720

60 710

59 710

58 700

57 700

56 690



55 690

54 680

53 680

52 670

51 670

50 660

49 660

48 650

47 650

46 640

45 640

44 630

43 630

42 620

41 610

40 610

39 600

38 600

37 590

36 580

35 580

34 570

33 570

32 560

31 550

30 550

29 540



28 540

27 530

26 520

25 520

24 510

23 510

22 500

21 490

20 490

19 480

18 480

17 470

16 460

15 460

14 450

13 450

12 440

11 430

10 430

9 420

8 410

7 410

6 400

5 390

4 390

3 380

2 370



Conversion	Table

1 370

0 360

−1 350

−2 350

−3 340

−4 340

−5 330

−6 330

−7 320

−8 320

−9 310

−10 310

−11 300

−12 300

−13 290

−14 280

−15 280

−16 270

−17 270



Answer	Grid	Practice	Test	2

Use	the	answer	key	following	the	test	to	count	up	the	number	of	questions	you	got	right	and	the
number	you	got	wrong.	(Remember	not	to	count	omitted	questions	as	wrong.)	“How	to	Calculate
Your	Score”	located	on	page	311 	will	show	you	how	to	find	your	score.



Practice	Test	2



PART	A

Directions
Each	set	of	lettered	choices	below	refers	to	the	numbered	formulas	or	statements
immediately	following	it.	Select	the	one	lettered	choice	that	best	fits	each	formula	or
statement.	In	each	set,	a	choice	may	be	used	once,	more	than	once,	or	not	at	all.

Note
For	all	questions	involving	solutions	and/or	chemical	equations,	you	can	assume	that	the
system	is	in	water	unless	otherwise	stated.

Questions	1–5

Ca+	and	K(A)
H+	and	He(B)
Cl−	and	F(C)
O–	and	S+(D)
Na+	and	O−(E)

1.	 Difference	of	6	electrons

2.	 Same	number	of	electrons

3.	 Difference	of	9	electrons

4.	 Difference	of	2	electrons

5.	 Difference	of	1	electron



Questions	6–9

Questions	10–12

Solute(A)
Solvent(B)
Solubility(C)
Aqueous	solution(D)
Solvation(E)

6.	 Is	present	in	a	lesser	amount	in	a	solution

7.	 Solvent	is	water

8.	 Is	present	in	greater	quantity	in	a	solution

9.	 Interaction	between	the	solute	and	solvent	molecules

Sublimation(A)
Condensation(B)
Evaporation(C)
Deposition(D)
Melting(E)

10.	 Gas	→	Solid

11.	 Gas	→	Liquid



Questions	13–16

Questions	17–19

12.	 Solid	→	Gas

Proton(A)
Neutron(B)
Electron(C)
Isotope(D)
Ion(E)

13.	 Neutral	charge;	1	amu

14.	 Positive	charge

15.	 Negligible	weight

16.	 Negative	charge;	pairs	with	opposite	spin

K(A)
As(B)
Be(C)
Se(D)
Ir(E)

17.	 Metalloid



Questions	20–23

18.	 Nonmetal

19.	 Class	IA	metal

O2(A)
CO2(B)
N2(C)
H2SO4(D)
He(E)

20.	 Inert	gas,	not	very	soluble	in	water

21.	 Very	soluble	in	water,	forming	a	very	acidic	solution

22.	 When	ignited,	burns	with	a	blue	flame	and	is	not	very	soluble	in	water

23.	 Will	not	burn,	is	not	very	soluble	in	water,	and	makes	a	weakly	acidic	solution



PART	B
101.	

I II

The	most	important	factor	in	determining	the	chemical

properties	of	an	element	is	the	number	of	electrons	in	the

outermost	shell

BECAUSE the	number	of	electrons	in	the	outer

shell	determines	the	bonding

characteristics	of	the	element.

102.	

I II

NH3	is	a	Lewis	base BECAUSE it	can	accept	a	proton.

103.	

I II

An	element	(X)	with	an	atomic	number	of	16	has	14	electrons

in	X2−
BECAUSE two	protons	bind	the	two	outermost

electrons.

104.	

I II

Bromine	is	a	stronger	oxidizing	agent	than	chlorine BECAUSE it	has	a	large	atomic	radius.

105.	

I II

An	exothermic	reaction	has	a	positive	ΔH BECAUSE heat	must	be	added	to	the	system	for	the	reaction	to	occur.



106.	

I II

Iron	is	an

element

BECAUSE it	cannot	be	broken	into	smaller	units	and	retain	its	physical	and	chemical

properties.

107.	

I II

CCl4	is	a	nonpolar	compound BECAUSE the	dipole	moments	are	canceled	out.

108.	

I II

A	basic	solution	has	more	hydrogen	ions	than	an	acidic	solution BECAUSE pH	is	defined	as	the	−log	[H+].

109.	

I II

Atomic	radii	decrease	down	a

group

BECAUSE the	higher	the	atomic	number	within	a	group,	the	smaller	the

atom.

110.	

I II

When	an	ideal	gas	is	cooled,	its	volume	will	increase BECAUSE temperature	and	volume	are	proportional.

111.	

I II



A	0.2	M	solution	of	carbonic	acid	is	a	weaker

conductor	of	electricity	than	a	0.2	M	solution	of	HBr

BECAUSE in	solutions	with	the	same	concentration	of

solute	molecules,	H2CO3	is	less	dissociated	than

HBr.

112.	

I II

An	equation	where	two	gas	molecules	combine	to	form	one	gas	molecule	in

equilibrium	will	increase	the	yield	of	the	product	when	the	pressure	is	increased

BECAUSE increased

pressure	always

favors	products.

113.	

I II

Water	makes	a	good	buffer BECAUSE a	good	buffer	will	resist	changes	in	pH.

114.	

I II

In	the	kinetic	theory	of	gases,	collisions	between

gas	particles	and	the	walls	of	the	container	are

considered	elastic

BECAUSE gas	molecules	are	considered	pointlike,

volumeless	particles	with	no	intermolecular

forces	and	in	constant,	random	motion.

115.	

I II

The	oxidation	state	of	Cr	in

Al2(Cr2O7)3	is	+3

BECAUSE as	a	neutral	compound,	the	sum	of	oxidation	numbers	of	all	the

atoms	must	equal	zero.

116.	



RETURN	TO	THE	SECTION	OF	YOUR	ANSWER	SHEET	YOU	STARTED	FOR	CHEMISTRY	AND	ANSWER
QUESTIONS	24–69.

I II

The	entropy	of	a	solid	increases	when	it	is	dissolved	in	solvent BECAUSE it	becomes	less	ordered.



PART	C

Directions
Each	of	the	incomplete	statements	or	questions	below	is	followed	by	five	suggested
completions	or	answers.	Select	the	one	that	is	best	for	each	case.

24.	 Which	of	the	following	is	a	Lewis	base?

NH4
+(A)

CH4(B)
PH3(C)
CH3CH3(D)
HCl(E)

25.	 When	one	mole	of	sulfur	burns	to	form	SO2,	1,300	calories	are	released.	When	one	mole	of
sulfur	burns	to	form	SO3,	3,600	calories	are	released.	What	is	the	ΔH	when	one	mole	of	SO2

is	burned	to	form	SO3?

3,900	cal(A)
−1,950	cal(B)
1,000	cal(C)
−500	cal(D)
−2,300	cal(E)

26.	 How	many	atoms	are	in	a	36.5	g	sample	of	SF6	gas?

1.51	×	1022(A)
1.06	×	1022(B)
1.51	×	1023(C)
1.06	×	1024(D)
1.51	×	10−24(E)



27.	 Which	of	the	following	statements	about	molecular	and	empirical	formulas	is	(are)	false?

A	given	compound	can	have	the	same	molecular	and	empirical	formula.I.
The	molecular	formula	is	a	whole-number	multiple	of	the	empirical	formula.II.
H2O2	represents	the	empirical	formula	of	hydrogen	peroxide.III.

III	only(A)
I	and	II	only(B)
II	and	III	only(C)
I,	II,	and	III(D)
I	only(E)

28.	 The	product	formed	when	oxygen	and	hydrogen	are	mixed	in	a	test	tube	at	room
temperature	is

hydrogen	peroxide(A)
water(B)
a	base(C)
a	zwitterion(D)
no	reaction	takes	place(E)

29.	 All	of	the	following	statements	are	consistent	with	Bohr’s	model	of	the	atom	EXCEPT

an	electron	may	assume	an	infinite	number	of	velocities(A)
an	atom	is	most	stable	when	its	electronic	configuration	is	that	of	the	ground	state(B)
the	electron	shell	numbers	represent	the	principal	energy	levels(C)
electrons	in	orbitals	closest	to	the	nucleus	have	the	lowest	energy(D)
they	are	all	consistent(E)

30.	 What	is	the	amount	of	heat	given	off	by	100	g	of	O2	when	it	is	used	to	burn	an	excess	of
sulfur	according	to	the	following	reaction?



925,000	J(A)
29,000	J(B)
1,850	J(C)
296	J(D)
100	J(E)

31.	 If	electricity	costs	10	cents/coulomb,	which	of	the	following	would	have	the	highest
cost/mole?

Copper	from	CuSO4(A)
Sodium	from	NaCl(B)
Chlorine	from	KCl(C)
Hydrogen	from	H2O(D)
Iron	from	FeCl3(E)

32.	 What	volume	of	water	would	be	needed	to	dilute	50	mL	of	a	3	M	HCl	solution	to	1	M?

25	mL(A)
50	mL(B)
75	mL(C)
100	mL(D)
150	mL(E)

33.	 If	the	pressure	of	a	gas	sample	is	doubled	at	constant	temperature,	the	volume	will	be

4	times	the	original(A)
2	times	the	original(B)
1/2	of	the	original(C)
1/4	of	the	original(D)
1/8	of	the	original(E)

34.	 Which	of	the	following	molecules	has	a	trigonal	pyramidal	geometry?



BH3(A)
H2O(B)
CH4(C)
NH3(D)
AlCl3(E)

35.	 The	field	of	organic	chemistry	focuses	mainly	on

oxygen-containing	compounds(A)
carbon-containing	compounds(B)
proteins	and	enzymes(C)
carbohydrates(D)
nitrogen-containing	compounds(E)

36.	 Which	of	the	following	is	the	most	electronegative	element?

He(A)
I(B)
N(C)
O(D)
C(E)

37.	 Which	of	the	following	has	the	greatest	affinity	for	electrons?

Na(A)
Cl(B)
Br(C)
K(D)
C(E)

38.	 What	would	be	the	approximate	weight	of	1.204	×	1024	bromine	atoms?



80	grams(A)
120	grams(B)
160	grams(C)
180	grams(D)
200	grams(E)

39.	 What	is	the	oxidation	state	of	Mn	in	KMnO4?

−7(A)
−3(B)
0(C)
+3(D)
+7(E)

40.	 What	is	the	daughter	element	produced	by	technetium-99m	(an	isomer	of	99Tc	with
atomic	number	43	and	mass	number	99)	after	γ	decay?

(A)

(B)

(C)

(D)

(E)

41.	 What	volume	of	water	would	be	needed	to	dilute	50	mL	of	3	M	H2SO4	to	0.75	M?



50	mL(A)
100	mL(B)
150	mL(C)
200	mL(D)
250	mL(E)

42.	 All	members	of	Group	IA	have	similar	reactivity	because

they	have	the	same	number	of	protons(A)
they	have	the	same	number	of	electrons(B)
they	have	similar	outer-shell	electron	configurations(C)
they	have	valence	electrons	with	the	same	quantum	numbers(D)
they	have	the	same	number	of	neutrons(E)

43.	 If	one	mole	of	a	gas	originally	at	STP	is	placed	in	a	container	where	the	pressure	is	doubled
and	the	temperature	in	K	is	tripled,	what	is	the	new	volume	in	L?

2.2(A)
5.6(B)
7.5(C)
11.2(D)
33.6(E)

44.	 Chlorophyll,	a	green	pigment	involved	in	the	light	reactions	of	photosynthesis,	consists	of
2.4312	percent	Mg.	If	you	are	given	a	100	g	sample	of	chlorophyll,	how	many	atoms	of	Mg
will	it	contain?

6.02	×	1022	atoms(A)
6.02	×	1023	atoms(B)
6.02	×	1024	atoms(C)
6.02	×	1025	atoms(D)
None	of	the	above(E)



45.	

The	reverse	reaction	for	the	one	shown	above	is	exothermic.	If	the	temperature	is
lowered,	what	will	occur?

The	pH	will	decrease.(A)
The	equilibrium	will	shift	to	the	right.(B)
The	concentration	of	H3O+	ions	will	increase.(C)
The	equilibrium	will	shift	to	the	left.(D)
Temperature	does	not	affect	equilibrium.(E)

46.	 Which	of	the	following	reactions	shows	a	decrease	in	entropy?

C	(s)	+	2H2	(g)	→	CH4	(g)(A)
H2O	(g)	→	H2	(g)	+	1/2O2	(g)(B)
2NI3	(s)	→	N2	(g)	+3I2	(g)(C)
2O3	(g)	→	3O2	(g)(D)
None	of	the	above(E)

47.	 Which	of	the	following	is	an	incorrect	association?

Mendelev–periodic	table(A)
Faraday–electrolytic	cells(B)
Millikan–charge	of	electrons(C)
Rutherford–photoelectric	effect(D)
They	are	all	correct.(E)

48.	 Which	of	the	following	is	true	of	an	electrolytic	cell?



An	electric	current	causes	an	otherwise	nonspontanteous	chemical	reaction	to
occur.

(A)

Reduction	occurs	at	the	anode.(B)
A	spontaneous	electrochemical	reaction	produces	an	electric	current.(C)
The	electrode	to	which	electrons	flow	is	where	oxidation	occurs.(D)
None	of	the	above(E)

1st	Ionization	Energy	(eV) 2nd	Ionization	Energy	(eV)

U 5.6 5.6

V 1.7 2.9

X 1.1 13.6

Y 12.4 2.8

Z 2.9 1.7

49.	 From	the	information	given	in	the	table	above,	which	of	the	following	is	most	probably	a
Group	IA	metal?

U(A)
V(B)
X(C)
Y(D)
Z(E)

50.	 Three	canisters,	A,	B,	and	C,	are	all	at	the	same	temperature,	with	volumes	of	2.0,	4.0,	and
6.0	liters,	respectively.	Canister	A	contains	0.976	g	of	argon	gas	at	a	pressure	of	120	torr,
canister	B	contains	1.37	g	of	nitrogen	gas	at	a	pressure	of	210	torr,	and	canister	C	is
completely	empty	at	the	start.	Assuming	ideality,	what	would	the	pressure	become	in
canister	C	if	the	contents	of	A	and	B	are	completely	transferred	to	C?



Questions	52–54	refer	to	the	following	graph.

180	torr(A)
330	torr(B)
675	torr(C)
0.25	atm(D)
None	of	the	above(E)

51.	 H2O	has	a	higher	boiling	point	than	HF	because

H2O	is	more	polar	than	HF(A)
H2O	can	form	more	hydrogen	bonds(B)
H2O	has	a	higher	molecular	weight(C)
H2O	has	more	atoms(D)
H2O	does	not	have	a	higher	boiling	point	than	HF(E)

52.	 In	what	pressure	range	will	the	compound	sublime?



Pressures	less	than	P(b)(A)
Pressures	between	P(b)	and	P(c)(B)
Pressures	between	P(d)	and	P(c)(C)
Pressures	between	P(b)	and	P(d)(D)
The	compound	will	not	sublime	under	any	pressure.(E)

53.	 The	phase	change	represented	by	crossing	curve	bd	is

evaporation(A)
sublimation(B)
condensation(C)
melting(D)
boiling(E)

54.	 The	phase	change	represented	by	crossing	curve	bc	is

freezing(A)
melting(B)
deposition(C)
sublimation(D)
evaporation(E)

55.	 If	you	mix	3	L	of	0.5	M	NaCl	with	9	L	of	0.2777	M	NaCl,	what	will	the	concentration	of	the
final	solution	be,	assuming	that	volumes	are	additive?

0.33	M(A)
0.39	M(B)
0.5777	M(C)
0.7777	M(D)
None	of	the	above(E)

56.	 Which	of	the	following	statements	about	boiling-point	elevation	is	NOT	true?



Questions	58–59	refer	to	the	following	equation:

Addition	of	a	nonvolatile	solute	raises	the	vapor	pressure	of	a	solution.	Therefore,	a
higher	temperature	will	be	needed	to	produce	boiling.

I.

The	molal	concentration	of	solute	particles	dissolved	in	the	solvent	is	an	important
factor	in	determining	the	molal	boiling-point	elevation	constant.

II.

The	identity	of	solute	particles	dissolved	in	the	solvent	is	an	important	factor	in
determining	the	molar	boiling-point	elevation	constant.

III.

I	only(A)
II	only(B)
I	and	III	only(C)
II	and	III	only(D)
I,	II,	and	III(E)

57.	 What	is	the	sum	of	the	coefficients	of	the	products	for	the	following	reaction,	after
balancing?

…K2Cr2O7	+	…HCl	→	…KCl	+	…CrCl3	+	…H2O	+	…Cl2

10(A)
12(B)
13(C)
14(D)
15(E)

58.	 What	is	X?



(A)

(B)

(C)

(D)

(E)

59.	 This	nuclear	reaction	is	an	example	of

α	decay(A)
β−	decay(B)
β+	decay(C)
fusion(D)
γ	decay(E)

60.	 Water	is	formed	by	the	addition	of	4.0	g	of	H2	(g)	to	an	excess	of	O2	(g).	If	27	g	of	H2O	is
recovered,	what	is	the	percent	yield	for	the	reaction?

25%(A)
50%(B)
75%(C)
100%(D)
Cannot	be	determined(E)

61.	 For	which	of	the	following	is	there	an	increase	in	entropy?



Na	(s)	+	H2O	(l)	→	NaOH	(aq)	+	H2	(g)(A)
I2	(g)	→	I2	(s)(B)
H2SO4	(aq)	+	Ba(OH)2	(aq)	→	BaSO4	(s)	+	H2O	(l)(C)
H2	(g)	+	1/2	O2	(g)	→	H2O	(l)(D)
None	of	the	above(E)

62.	 Which	of	the	following	compounds	contains	the	greatest	percentage	of	oxygen	by	weight?

C3H6O5Cl(A)
C3H6O2(B)
C5H10O5(C)
C4H8O3(D)
They	are	all	equal.(E)

63.	 In	the	reaction	2SO2	+	O2	→	2SO3	,	0.25	mole	of	sulfur	dioxide	is	mixed	with	0.25	mole	of
oxygen	and	allowed	to	react.	What	is	the	maximum	number	of	moles	of	SO3	that	can	be
produced?

0.0625	mole(A)
0.125	mole(B)
0.25	mole(C)
0.5	mole(D)
1.0	mole(E)

64.	 What	happens	to	the	pH	of	a	buffer	system	if	one	halves	the	concentration	of	both	the
acid	and	the	salt?



Nothing(A)
pH	goes	up	because	there	is	less	total	acid	in	the	solution.(B)
pH	goes	down	because	there	is	less	conjugate	base	to	mask	the	presence	of	the
acid.

(C)

It	depends	upon	the	original	concentration	of	acid	and	salt.(D)
It	is	impossible	to	predict.(E)

65.	 What	is	the	mass	of	nitrogen	in	a	50.0	g	sample	of	sodium	nitrite	(NaNO2)?

20.2	g(A)
16.4	g(B)
10.1	g(C)
8.23	g(D)
23.4	g(E)

66.	 Which	of	the	following	conditions	guarantee	a	spontaneous	reaction?

Positive	∆H,	positive	∆S(A)
Positive	∆H,	negative	∆S(B)
Negative	∆H,	negative	∆S(C)
Negative	∆H,	positive	∆S(D)
None	of	the	above(E)

67.	 Arrange	the	following	elements	in	order	of	decreasing	nonmetallic	character:

Ge,	Sn,	Pb,	Si

Pb,	Sn,	Ge,	Si(A)
Ge,	Sn,	Pb,	Si(B)
Si,	Ge,	Sn,	Pb(C)
They	all	have	equal	nonmetallic	character	since	they	are	all	in	the	same	column	of
the	periodic	table.

(D)

None	of	the	above(E)



68.	 Which	of	the	following	is	NOT	a	property	of	Group	IA	elements?

Low	ionization	energies(A)
Low	electronegativities(B)
High	melting	points(C)
Metallic	bonding(D)
Electrical	conductivity(E)

69.	 Electron	affinity	is	defined	as

the	change	in	energy	when	a	gaseous	atom	in	its	ground	state	gains	an	electron(A)
the	pull	an	atom	has	on	the	electrons	in	a	chemical	bond(B)
the	energy	required	to	remove	a	valence	electron	from	a	neutral	gaseous	atom	in
its	ground	state

(C)

the	energy	difference	between	an	electron	in	its	ground	and	excited	states(D)
None	of	the	above(E)

IF	YOU	FINISH	BEFORE	TIME	IS	CALLED,	YOU	MAY	CHECK	YOUR	WORK	ON	THIS
SECTION	ONLY.	DO	NOT	TURN	TO	ANY	OTHER	SECTION	IN	THE	TEST.

STOP



Answer	Key

PRACTICE	TEST	2
1.	 D
2.	 A
3.	 C
4.	 B
5.	 E
6.	 A
7.	 D
8.	 B
9.	 E

10.	 D
11.	 B
12.	 A
13.	 B
14.	 A
15.	 C
16.	 C
17.	 B
18.	 D
19.	 A
20.	 E
21.	 D
22.	 C
23.	 B

101.	 T,	T,	CE
102.	 T,	T
103.	 F,	F
104.	 F,	T
105.	 F,	F



106.	 T,	T,	CE
107.	 T,	T,	CE
108.	 F,	T
109.	 F,	F
110.	 F,	T
111.	 T,	T,	CE
112.	 T,	F
113.	 F,	T
114.	 T,	T
115.	 F,	T
116.	 T,	T,	CE
24.	 C
25.	 E
26.	 D
27.	 A
28.	 E
29.	 A
30.	 A
31.	 E
32.	 D
33.	 C
34.	 D
35.	 B
36.	 D
37.	 B
38.	 C
39.	 E
40.	 E
41.	 C
42.	 C
43.	 E
44.	 A
45.	 D
46.	 A
47.	 D
48.	 A



49.	 C
50.	 A
51.	 B
52.	 A
53.	 D
54.	 E
55.	 A
56.	 C
57.	 D
58.	 C
59.	 B
60.	 C
61.	 A
62.	 C
63.	 C
64.	 A
65.	 C
66.	 D
67.	 C
68.	 C
69.	 A



Answers	and	Explanations

PRACTICE	TEST	2

Part	A1.

1.	 D
O−	has	9	electrons,	while	S+	has	15	electrons.

2.	 A
Ca+	has	19	electrons,	as	does	K.

3.	 C
Cl−	has	18	electrons,	while	F	has	9	electrons.

4.	 B
H+	has	no	electrons,	while	He	has	2	electrons.

5.	 E
Na+	has	10	electrons,	while	O–	has	9	electrons.

6.	 A
Solute	is	defined	as	something	that	is	dissolved	in	a	solvent	to	make	a	solution.	It	is	the
component	that	is	present	in	a	lesser	amount	than	solvent.

7.	 D
In	aqueous	solutions,	the	solvent	is	H2O.

8.	 B
Solvent	is	the	component	of	a	solution	present	in	the	greatest	amount.	It	is	the	substance	in
which	the	solute	is	dissolved.



9.	 E
Solvation	is	the	interaction	between	the	solute	and	the	solvent	molecules;	it	is	often	the
development	of	a	cagelike	network	of	a	solution’s	solvent	molecules	about	a	molecule	or	ion
of	the	solute.

10.	 D
Deposition	is	the	conversion	of	a	gas	directly	into	a	solid	without	passing	through	the	liquid
state.

11.	 B
Condensation	is	the	conversion	of	a	gas	into	a	liquid	state,	an	instance	of	which	you	can	see	on
a	pot	lid	during	the	boiling	of	water.

12.	 A
Sublimation	is	the	conversion	of	a	solid	into	a	gas	without	going	through	a	liquid	phase.

13.	 B
A	neutron	is	a	subatomic	particle	with	a	charge	of	zero	and	a	mass	of	1	amu.	Neutrons	can	be
found	in	all	nuclei,	except	for	one	of	the	hydrogen	isotopes.

14.	 A
A	proton	is	a	subatomic	particle	with	a	charge	of	+1	and	mass	of	1	amu.	It	is	found	in	all	atomic
nuclei.

15.	 C
An	electron	is	a	subatomic	particle	with	a	charge	of	−1	and	negligible	weight.	It	is	found	around
the	nucleus.

16.	 C
See	the	explanation	to	question	15.

17.	 B
Metalloids’	properties	lie	in	between	those	of	metals	and	nonmetals	and	are	found	between
them	on	the	periodic	table.	They	are	semiconductors	in	that	they	do	conduct	electricity,	but
not	very	well.	They	lie	in	a	diagonal	from	B	to	At.



18.	 D
Nonmetals	have	no	metallic	character.	Three	examples	are	N2,	O2,	and	carbon.	They	are
typically	poor	conductors	of	heat	and	electricity.

19.	 A
Class	IA	metals	are	found	on	the	first	column	of	the	periodic	table.	Metals	tend	to	have	shine
and	luster,	which	makes	them	easily	recognizable.	They	conduct	heat	and	electricity	very	well.

20.	 E
Helium	is	an	inert	gas	that	is	not	very	soluble	in	H2O.

21.	 D
H2SO4	is	a	very	strong	acid	(sulfuric	acid)	that	when	bubbled	through	H2O	will	make	a	very
acidic	solution.

22.	 C
N2	is	not	very	soluble,	but	will	burn	with	a	blue	flame.

23.	 B
CO2	will	extinguish	a	glow	and	will	slightly	associate	with	H2O	to	form	carbonic	acid	(H2CO3	→
H+	+	HCO3

−	).

Part	B25.

101.	 T,	T,	CE
In	the	periodic	table,	groups	represent	elements	that	have	the	same	electronic	configuration
in	their	outermost	shell	and	share	similar	chemical	properties.	These	valence	electrons	are
involved	in	chemical	bonding	and	determine	the	chemical	reactivity	of	an	element.

102.	 T,	T
NH3	is	a	Lewis	base	because	it	can	donate	an	electron	pair;	it	is	also	a	Brønsted-Lowry	base
because	it	can	accept	an	H+	from	a	solution,	but	this	is	not	what	makes	it	a	Lewis	base.

103.	 F,	F



An	element	with	the	atomic	number	of	16	will	have	16	protons	and	electrons	in	a	neutral
atom.	The	anion	with	−2	charge	is	formed	upon	the	addition	of	2	more	electrons.

104.	 F,	T
Chlorine	is	a	better	oxidizing	agent	because	it	has	a	greater	electronegativity,	which	is	the
ability	to	attract	electrons.	Remember	that	as	you	go	up	and	from	left	to	right	on	the	periodic
table,	electronegativity	increases.	Bromine	has	a	larger	atomic	radius	than	chlorine.	Also
remember	that	as	you	go	from	right	to	left	and	down	on	the	periodic	table,	atomic	radius
increases.

105.	 F,	F
Exothermic	reactions	have	a	negative	∆H	and	give	off	heat	to	their	surroundings	as	the
reaction	progresses.

106.	 T,	T,	CE
An	element	such	as	Fe	is	a	substance	in	which	all	atoms	have	the	same	atomic	number.	It
cannot	be	broken	down	by	chemical	reactions	into	anything	that	is	more	stable	or	simpler.

107.	 T,	T,	CE
CCl4	is	a	nonpolar	covalent	bond.	CCl4	has	four	polar	C–Cl	bonds	so	that	the	shape	is
tetrahedral.	The	four	bond	dipoles	point	to	the	vertices	of	the	tetrahedron	and	cancel	each
other	out,	resulting	in	a	nonpolar	molecule.

108.	 F,	T
A	basic	solution	has	more	OH−	ions	than	H+	ions,	but	pH	is	defined	as	−log[H+].	pOH	is	−log[OH
−].

109.	 F,	F
Atomic	radii	increase	down	a	group	because	the	valence	electrons	are	farther	from	the	nucleus
and	are	able	to	resist	the	positive	charge	of	the	protons,	which	results	in	a	larger	atom.

110.	 F,	T
V1/T1	=	V2/T2.	In	an	ideal	gas,	temperature	and	volume	are	proportional,	so	when	a	gas	is
cooled,	the	volume	decreases.

111.	 T,	T,	CE



Carbonic	acid	will	not	dissociate	completely	in	H2O.

Therefore,	in	a	0.2	M	solution,	there	will	be	fewer	ions	than	in	a	0.2	M	solution	of	HBr	(which
dissociates	completely).	Electrical	conductivity	depends	on	the	number	of	ions	in	solution,	so
HBr	would	be	the	better	electrical	conductor.

112.	 T,	F
In	the	equation	 	,	when	you	increase	pressure,	the	system	will	try	to	relieve	the
stress	and	skew	the	equilibrium	to	the	side	of	the	equation	with	fewer	moles	of	gas	formed,
and	more	C	will	be	produced.

113.	 F,	T
Water	does	not	make	a	good	buffer.	A	good	buffer	is	defined	as	a	pair	of	solutes	(salts)	that	can
keep	the	pH	of	a	solution	almost	constant	if	either	acid	or	base	is	added.	Water	is	unable	to	do
this.

114.	 T,	T
The	kinetic	molecular	theory	of	gases	has	five	assumptions	to	it:

Gases	are	made	up	of	particles	whose	volumes	are	negligible	compared	with	the
container	volume.

1.

Gas	atoms	or	molecules	exhibit	no	intermolecular	attractions	or	repulsions.2.
Gas	particles	are	in	continuous,	random	motion,	undergoing	collisions	with	other
particles	and	the	container	walls.

3.

Collisions	between	any	two	gas	particles	are	elastic,	meaning	that	there	is	no	overall	gain
or	loss	of	energy.

4.

The	average	kinetic	energy	of	gas	particles	is	proportional	to	the	absolute	temperature
of	the	gas,	and	is	the	same	for	all	gases	at	a	given	temperature.	That	collisions	between
the	particles	and	the	container	walls	are	elastic	is	not	necessarily	a	consequence	of	the
other	assumptions.

5.

115.	 F,	T
Al2(Cr2O7)3



The	oxidation	number	of	Al	is	3+	while	Cr2O7	must	be	−2.

Therefore,	2Cr	must	be	+12	to	result	in	a	net	charge	of	−2.

2Cr	=	+12;	Cr	=	+6

116.	 T,	T,	CE
An	increase	in	entropy	describes	an	increase	in	randomness;	gas	>	liquid	>	solid.	When	a	solid	is
dissolved	in	water,	it	dissociates	and	entropy	increases	as	it	becomes	less	ordered.

Part	C117.

24.	 C
A	Lewis	base	is	a	substance	that	can	donate	a	pair	of	electrons.	Among	the	answer	choices,
only	PH3	has	a	pair	of	nonbonding	electrons,	making	choice	C	the	correct	response.	The
easiest	way	to	determine	if	a	substance	is	a	Lewis	base	is	to	draw	its	Lewis	dot	structure	and
see	if	a	lone	pair	of	electrons	exists.

25.	 E
The	difference	between	SO2	and	SO3	is	2,300	cal.	This	quantity	must	be	a	negative,	since	this	is
an	exothermic	reaction.

26.	 D
While	this	is	a	relatively	simple	calculation,	the	question	tests	your	ability	to	read	carefully.	The
molecular	weight	of	sulfur	hexafluoride	is	146	grams/mole.	If	you	divide	the	mass	given,	36.5
grams,	by	the	molecular	weight,	you	find	that	you	have	0.25	mole	of	sulfur	hexafluoride
molecules.	A	mole	is	Avogadro’s	number	of	particles;	in	other	words,	there	are	6.022	×	1023

particles	per	mole.	If	you	multiply	the	0.25	mole	of	sulfur	hexafluoride	by	Avogadro’s	number,
you’ll	find	the	number	of	molecules	of	sulfur	hexafluoride,	1.511	×	1023.	1.51	×	1023	is	the
number	of	MOLECULES	of	sulfur	hexafluoride	in	the	sample,	not	the	number	of	atoms.	There
are	seven	atoms	in	each	molecule,	so	you	must	multiply	the	number	of	molecules	by	the
number	of	atoms	per	molecule,	seven.	The	trick	is	in	making	sure	all	your	units	cancel.	The
answer	is	1.06	×	1024	atoms.



27.	 A
Hydrogen	peroxide	has	the	empirical	formula	HO.

28.	 E
No	reaction	takes	place.	In	order	for	a	reaction	to	take	place	to	produce	H2O,	energy	must	be
added	to	the	system	(typically	in	the	form	of	heat).

29.	 A
Choice	A,	which	says	that	an	electron	may	assume	an	infinite	number	of	different	velocities,	is
true	in	classical	mechanics	but	not	in	Bohr’s	model.	Bohr	used	quantum	theory	in	developing
his	atomic	model	and	placed	specific	conditions	on	the	possible	values	of	the	electron
velocity.	Since	we’re	looking	for	the	incorrect	statement,	choice	A	is	the	correct	answer.

30.	 A
100	g	O2	divided	by	32	g/mol	=	3.125	moles	of	oxygen.	You’re	given	296	kJ/mol	in	the	equation
(a	negative	value	means	heat	is	released),	so	multiply	296	kJ/mole	×	3.125	mole	to	get	925	kJ.
925	kJ	is	equal	to	925,000	joules	of	heat.

31.	 E
At	10	cents/coulomb,	the	question	is	really	asking	you	which	reaction	involves	the	transfer	of
the	most	electrons.

Cu	from	Cu2+ 2	electrons

Na	from	Na+ 1	electron

Cl	from	Cl− 1	electron

H	from	H+ 1	electron

Fe	from	Fe3+ 3	electrons

Therefore,	the	production	of	Fe	from	Fe3+	involves	the	transfer	of	the	most	electrons	and
would	cost	the	most.

32.	 D



Therefore	100	mL	needs	to	be	added.

33.	 C
This	question	is	an	application	of	Boyle’s	law.	This	states	that	at	constant	temperature,	the
pressure	and	volume	of	a	gas	are	inversely	proportional	to	each	other.	Therefore,	since	the
pressure	of	the	gas	in	the	question	is	increased,	the	volume	must	decrease.

34.	 D
The	Lewis	structure	of	NH3	is:

The	central	atom	has	three	bonding	electron	pairs	and	one	nonbonding	pair	for	a	total	of	four
pairs.	The	four	electron	pairs	will	be	farthest	apart	when	they	occupy	the	four	corners	of	a
tetrahedron.	Since	one	of	the	four	pairs	is	a	lone	pair,	the	observed	geometry	is	trigonal
pyramidal.

35.	 B
Organic	chemistry	focuses	only	on	carbon-containing	compounds	such	as	carbohydrates,
alcohols,	and	ethers,	and	on	their	reactions.

36.	 D
Electronegativity	increases	in	going	from	the	lower	left	to	the	upper	right	of	the	periodic	table,
excepting	the	noble	gases.	So	all	you	need	to	do	here	is	locate	the	answer	choices	in	the
periodic	table	and	find	the	one	that	is	the	closest	to	the	upper	right-hand	corner	and	is	not	a
noble	gas.	When	you	do	this,	you’ll	see	that	choice	D	is	the	correct	answer.

37.	 B
The	atoms	with	the	greatest	affinity	for	electrons	are	found	in	the	upper	right	corner	of	the
periodic	table	(excluding	the	noble	gases).	Fluorine	is	an	exception	to	the	trend	because	of
electron-electron	repulsions	in	small	atoms.



38.	 C
There	are	6.023	×	1023	atoms	in	a	mole	of	a	compound,	so	1.204	×	1024	atoms	would	be
approximately	2	moles	of	Br.	2	moles	of	Br	×	80	g/mole	=	160	g.

39.	 E

40.	 E
γ	decay	is	a	high-energy	emission	that	has	no	mass	or	charge.	Therefore	 	after	γ	decay
would	still	be	 	.

41.	 C
The	number	of	moles	of	solute	in	the	solution	will	be	the	same	after	dilution	as	before,	and	the
number	of	moles	in	each	case	is	equal	to	the	molar	concentration	multiplied	by	the	volume	of
solution.	This	means	that	the	initial	concentration	times	the	initial	volume	will	be	equal	to	the
final	concentration	times	the	final	volume	(M1V1	=	M2V2).	So,	the	final	volume	will	equal
M1(V1)/M2.	Plugging	into	this	equation,	we	find	that	V2	=	200	mL	(50	mL	+	150	ml).

42.	 C
All	members	of	Group	IA	have	similar	reactivities	because	they	have	a	similar	valence	shell
configuration	(one	loosely	bound	electron).	They	lose	it	easily	to	form	univalent	cations	and
react	readily	with	nonmetals,	especially	halogens.

43.	 E
One	mole	of	a	gas	at	STP	will	have	a	volume	of	22.4	L.	If	the	pressure	is	doubled,	the	volume
will	halve	since	they	are	inversely	proportional.	If	the	temperature	is	tripled,	the	volume	will
triple	since	they	are	proportional.	3/2(22.4	L)	=	33.6	L.

44.	 A



45.	 D
If	the	reverse	reaction	is	exothermic,	the	equation	can	be	written	as	such:

If	you	remove	heat,	the	equilibrium	will	shift	to	the	left	in	an	attempt	to	produce	more	heat.

46.	 A
An	increase	or	decrease	of	entropy	is	easy	to	predict	when	the	chemical	reactions	involve
gases.	If	there	are	more	moles	of	gas	on	the	products	side	than	on	the	reactants	side,	there	is
an	increase	in	entropy.	If	there	are	fewer	moles	of	gas	on	the	products	side	than	on	the
reactants	side,	there	is	a	decrease	in	entropy.	For	choice	A,	there	are	two	moles	of	gas	on	the
reactants	side	and	one	mole	of	gas	on	the	products	side—there	is,	therefore,	a	decrease	in
entropy	for	this	reaction.

47.	 D
Mendeleev	discovered	the	properties	of	the	elements	and	how	they	had	regular	intervals,	and
formulated	the	first	periodic	table.	Faraday	found	that	chemical	changes	could	occur	when	an
electrical	current	was	sent	through	certain	chemical	solutions.	Millikan	did	the	famous	oil	drop
experiment	that	determined	the	charge	on	an	electron.	Rutherford	discovered	the	nucleus	by
striking	thin	metal	foils	with	alpha	particles.

48.	 A
Electrochemical	reactions	that	are	nonspontaneous	(those	having	a	positive	∆G)	can	be	driven
to	completion	by	passing	an	electric	current	through	the	solution.	This	process	is	known	as
electrolysis	and	the	cell	is	called	an	electrolytic	cell.	In	an	electrolytic	cell,	the	anode	is
positively	charged	and	the	cathode	is	negatively	charged—the	opposite	of	a	galvanic	cell.	Just
as	with	a	galvanic	cell,	oxidation	occurs	at	the	anode	and	reduction	occurs	at	the	cathode.

49.	 C
Ionization	energy	is	defined	as	the	amount	of	energy	required	to	remove	an	electron	from	a
given	species.	Ionization	energy	is	usually	expressed	in	energy	per	particle	(as	it	is	here)	or	in
energy	per	mole,	and	energy,	in	turn,	is	usually	expressed	in	electron	volts	(eV),	joules,	or
kilojoules.	The	first	ionization	energy	of	an	element	is	the	energy	required	to	remove	an
electron	from	a	neutral	atom	of	that	element,	while	the	second	ionization	energy	is	the	energy
required	to	remove	a	second	electron,	i.e.,	to	remove	an	electron	from	the	+1	cation.	A
particularly	useful	piece	of	logic/knowledge	here	is	that	it	will	be	more	difficult	to	remove	an



electron	from	a	positively	charged	species	than	it	will	be	to	remove	an	electron	from	a	neutral
version	of	the	same	species.	In	other	words,	the	second	ionization	energy	of	an	element	is
always	greater	than	its	first	ionization	energy.	Based	on	this	fact	alone,	choices	A,	D,	and	E	can
be	eliminated.	To	choose	between	the	remaining	two	choices,	we	must	reason	that	a	small
value	for	ionization	energy	corresponds	to	relative	ease	of	removal	of	the	electron.	A	Group	IA
metal	atom	loses	its	first	electron	with	relative	ease,	but	after	that	it	will	possess	an	electronic
configuration	similar	to	that	of	a	noble	gas.	It	will	therefore	be	difficult	to	remove	another
electron,	implying	a	high	second	ionization	energy.	Looking	at	the	numbers	in	the	table,	we
see	that	both	remaining	choices	have	relatively	small	values	for	first	ionization	energy,	but
that	X	has	a	much	higher	second	ionization	energy.	It	follows	that	element	V	is	most	likely	a
Group	IIA	element	(e.g.,	Mg,	Ca)	while	element	X	is	most	likely	a	member	of	Group	IA	(e.g.,	Na,
K).	Choice	C,	then,	is	the	best	choice.

50.	 A

Pressures	are	additive	as	described	by	Dalton’s	law	of	partial	pressures:

40	torr	+	140	torr	=	180	torr

51.	 B
This	question	asks	you	to	determine	why	water	has	a	higher	boiling	point	than	hydrogen
fluoride.	Choice	B	says	that	water	has	a	higher	boiling	point	because	it	can	form	more
hydrogen	bonds.	Hydrogen	bonding	does	affect	boiling	points	by	increasing	the	attraction
between	the	molecules	of	a	compound.	Water	is	capable	of	forming	as	many	as	four	hydrogen
bonds	per	molecule,	while	hydrogen	fluoride	can	only	form	two.	This	intermolecular
attraction	leads	to	a	complexation	of	water	molecules	and	contributes	to	the	high	boiling
point	of	water.

52.	 A



At	pressures	less	than	(b),	solids	are	able	to	convert	directly	to	gas	(sublimation)	and	gases	are
able	to	convert	directly	to	solid	(deposition).

53.	 D
Line	bd	describes	the	conversion	between	liquid	and	solid	and	therefore	between	melting	and
freezing.

54.	 E
Line	bc	describes	the	conversion	between	liquid	and	gas	and	therefore	between	evaporation
(boiling)	and	condensation.

55.	 A
In	a	total	volume	of	12	L,	you	must	calculate	the	number	of	moles	you	have.

56.	 C
Boiling	point	elevation	is	a	colligative	property,	one	due	solely	to	the	number	of	particles	and
not	the	nature	of	the	particles.	Therefore,	III	is	false	and	II	is	true.	I	is	false	because	vapor
pressure	is	lowered	by	addition	of	solute,	which	increases	boiling	point.	An	increase	in	vapor
pressure	would	lead	to	boiling-point	depression.

57.	 D

1K2Cr2O7	+	14HCl	→	2KCl	+	2CrCl3	+7H2O	+	3Cl2

2	+	2	+	7	+	3	=	14

58.	 C



The	reaction	is	an	example	of	β−	decay,	so	X	is	an	electron	(	 	)	emitted	by	this	type	of
radioactive	decay.

59.	 B
See	the	explanation	to	question	58.

60.	 C
In	the	equation	2H2	+	O2	→	2H2O,	if	you	begin	with	4	g	of	H2	at	2	g/mole,	you	have	2	mol	of	H2.
According	to	the	equation,	a	100%	yield	would	result	in	2	moles	of	H2O.	Two	moles	of	H2O	at	18
g/mol	would	weigh	36	grams.	Percent	yield	is	defined	as	actual/theoretical	×	100%.	(27/36)	×
100%	=	75%.

61.	 A
An	increase	in	entropy	is	an	increase	in	randomness	and	loss	of	order.	Gas	going	to	a	solid	is	an
increase	in	order	and	two	molecules	combining	to	form	one	molecule	is	also	an	increase	in
order.	A	solid	(Na)	becoming	an	ionic	compound	(NaOH)	and	a	gas	(H2)	is	a	decrease	in	order
and	an	increase	in	entropy.

62.	 C
This	question	requires	you	to	know	how	to	calculate	the	percentage	by	weight	of	an	element
in	a	compound.	You	need	to	first	calculate	the	weight	of	oxygen	in	each	compound	and	then
divide	that	value	by	the	compound’s	molecular	weight.	The	weight	of	oxygen	in	choice	A	is	80
grams/mole	and	the	MW	=	157	grams/mole.	This	is	51%	oxygen.	Doing	the	same	with	the	other
answer	choices,	you	get	43%	oxygen	(choice	B),	53%	oxygen	(choice	C),	and	46%	oxygen
(choice	D).	Obviously,	choice	C	contains	the	most	oxygen	by	weight	and	is	the	correct	answer.

63.	 C
If	you	have	0.25	mole	of	SO2	and	0.25	mole	of	O2,	SO2	is	the	limiting	reagent	since	you	need
two	moles	per	reaction	compared	to	one	mole	of	O2.	Since	2	moles	of	SO2	yields	2	moles	of
SO3,	0.25	mole	of	SO2	would	yield	0.25	mole	of	SO3.

64.	 A
A	buffer	solution	is	prepared	from	a	weak	acid	and	its	conjugate	base	in	near	equal	quantities.
As	long	as	these	conditions	are	met,	the	pH	should	remain	the	same.	A	buffer	solution	with	the
concentrations	of	each	of	these	components	halved	may	have	less	ability	to	buffer,	but	the
initial	solution	will	have	the	same	pH.



65.	 C
The	molecular	weight	of	sodium	nitrite	is	69	grams/mole.	Since	there	is	one	nitrogen	atom	per
formula	unit,	we	can	find	the	weight	fraction	of	sodium	nitrite	that	is	nitrogen	by	dividing	the
atomic	weight	of	nitrogen,	14	grams/mole,	by	the	molecular	weight	of	sodium	nitrite,	69
grams/mole.	If	we	multiply	this	fraction,	14/69,	by	50	grams,	we	get	10.1	grams.

66.	 D
This	question	asks	you	to	predict	which	combination	of	∆H	and	T∆S	values	will	always	give	a
spontaneous	reaction.	Recall	that	spontaneous	reactions	have	negative	values	of	Gibbs	free
energy,	∆G,	and	that	∆G	=	∆H	−	T∆S	,	where	∆H	is	the	change	in	enthalpy,	∆S	is	the	change	in
entropy,	and	T	is	the	absolute	temperature.	This	is	the	key	equation,	which	you	probably	have
memorized.	From	this	equation,	it’s	clear	that	the	best	way	to	guarantee	a	negative	∆G	is	to
have	a	negative	∆H	value	and	a	positive	∆S	value	since	T,	in	Kelvin,	is	always	positive.

67.	 C
The	most	nonmetallic	compound	is	Si;	these	elements	are	found	in	the	right-hand	corner	of
the	periodic	table.	The	most	metallic	(it	actually	is	a	metal)	is	Pb;	these	elements	are	found	on
the	left-hand	side	of	the	periodic	table	and	through	all	the	transition	metals.	Also,	in	Groups	III
through	VII,	nonmetallic	character	increases	as	you	go	up	the	periodic	table.	Therefore,	the
order	of	these	elements	in	decreasing	nonmetallic	character	would	be	Si,	Ge,	Sn,	Pb.

68.	 C
Group	IA	elements	are	alkali	metals;	they	have	low	densities,	large	atomic	radii,	low	ionization
energies,	and	low	electronegativities.	They	are	metals	and	have	metallic	bonding,	and	are
good	conductors	of	electricity.	However,	they	have	low	melting	points.

69.	 A
This	question	boils	down	to	definitions.	The	electron	affinity	of	an	atom	is	defined	as	the
change	in	energy	that	occurs	when	an	electron	is	added	to	a	gaseous	neutral	atom	in	its
ground	state.	So	electron	affinities	can	be	positive	or	negative,	depending	on	whether	energy
is	released	when	an	atom	spontaneously	accepts	an	electron	or	energy	is	gained	when	an
electron	is	forced	onto	an	atom.	So	choice	A	is	the	correct	answer.	Electronegativity	is	a
derived	quantity,	usually	scaled	for	all	atoms	between	0	and	4,	that	characterizes	the	pull	an
atom	has	for	the	electrons	in	a	bond.	The	electronegativity	has	nothing	to	do	with	how	likely
an	atom	is	to	gain	an	electron,	just	how	strong	its	pull	is	on	an	electron	in	a	bond.	The	“in	a
bond”	part	is	very	important.	The	concept	of	electronegativity	can	only	be	applied	to	atoms



that	are	already	bonded.	It	characterizes	the	polarity	of	the	bond,	not	the	likelihood	of	bond
formation.	So	choice	B	is	the	definition	of	electronegativity.	Choice	C	is	the	definition	of	the
first	ionization	energy.	This	is	sort	of	the	opposite	of	electron	affinity,	since	in	electron	affinity,
electrons	are	gained;	in	ionization,	electrons	are	lost.	Choice	D	would	give	the	energy	of	a
photon	released	when	an	electron	relaxed	from	an	excited	state	to	a	lower-lying	state.	Since
there	are	many	quantities	for	this	energy,	depending	on	which	excited	state	the	electron	is	in,
it	hardly	makes	a	good	answer	to	this	question.



PRACTICE	TEST	3

Periodic	Table	of	the	Elements





How	to	Calculate	Your	Score

Step	1:	Figure	out	your	raw	score.	Use	the	answer	key	provided	to	determine	the	number	of	right
and	wrong	answers	on	your	answer	sheet.	The	relationship	analysis	questions	in	Part	B	are	three-
part	questions.	If	you	answer	all	three	parts	correctly,	it	counts	as	one	correct	answer.	If	you	answer
one	or	more	of	the	parts	of	the	question	incorrectly,	then	the	whole	answer	is	incorrect,	even	if	you
answered	two	out	of	the	three	parts	correctly.	The	test	has	a	total	of	85	multiple-choice	questions.

Multiply	the	number	of	wrong	answers	by	0.25	and	subtract	the	result	from	the	number	right.	Round
the	result	to	the	nearest	whole	number.	This	is	your	raw	score.

SAT	SUBJECT	TEST:	CHEMISTRY	PRACTICE	TEST	3

Step	2:	Find	your	practice	test	score.	Find	your	raw	score	in	the	left	column	of	the	table	below.	The
score	in	the	right	column	is	an	approximation	of	what	your	score	would	be	on	the	SAT	Subject	Test:
Chemistry.

A	note	on	your	practice	test	scores:	Don’t	take	these	scores	too	literally.	Practice	test	conditions
cannot	precisely	mirror	real	test	conditions.	Your	actual	SAT	Subject	Test:	Chemistry	score	will
almost	certainly	vary	from	your	practice	test	scores.	However,	your	scores	on	the	practice	tests	will
give	you	a	rough	idea	of	your	range	on	the	actual	exam.

Raw Scaled

85 800

84 800

83 800



82 800

81 800

80 800

79 790

78 790

77 790

76 790

75 780

74 780

73 780

72 770

71 770

70 760

69 760

68 750

67 750

66 740

65 740

64 730

63 730

62 720

61 720

60 710

59 710

58 700

57 700

56 690



55 690

54 680

53 680

52 670

51 670

50 660

49 660

48 650

47 650

46 640

45 640

44 630

43 630

42 620

41 610

40 610

39 600

38 600

37 590

36 580

35 580

34 570

33 570

32 560

31 550

30 550

29 540



28 540

27 530

26 520

25 520

24 510

23 510

22 500

21 490

20 490

19 480

18 480

17 470

16 460

15 460

14 450

13 450

12 440

11 430

10 430

9 420

8 410

7 410

6 400

5 390

4 390

3 380

2 370



Conversion	Table

1 370

0 360

−1 350

−2 350

−3 340

−4 340

−5 330

−6 330

−7 320

−8 320

−9 310

−10 310

−11 300

−12 300

−13 290

−14 280

−15 280

−16 270

−17 270



Answer	Grid	Practice	Test	3

Use	the	answer	key	following	the	test	to	count	up	the	number	of	questions	you	got	right	and	the
number	you	got	wrong.	(Remember	not	to	count	omitted	questions	as	wrong.)	“How	to	Calculate
Your	Score”	located	on	page	337 	will	show	you	how	to	find	your	score.



Practice	Test	3



PART	A

Directions
Each	set	of	lettered	choices	below	refers	to	the	numbered	formulas	or	statements
immediately	following	it.	Select	the	one	lettered	choice	that	best	fits	each	formula	or
statement.	In	each	set,	a	choice	may	be	used	once,	more	than	once,	or	not	at	all.

Note
For	all	questions	involving	solutions	and/or	chemical	equations,	you	can	assume	that	the
system	is	in	water	unless	otherwise	stated.

Questions	1–3

Given	a	sample	of	one	mole	of	the	indicated	gas	at	the	following	conditions,

Questions	4–6

He	at	100°C	and	1	atm(A)
He	at	25°C	and	1	atm(B)
Ar	at	25°C	and	1	atm(C)
Ar	at	25°C	and	2	atm(D)
Ar	at	0°C	and	1	atm(E)

1.	 Has	the	highest	molecular	speed

2.	 Has	the	lowest	kinetic	energy

3.	 Occupies	the	largest	volume



Questions	7–10

F(A)
Cl(B)
Br(C)
I(D)
At(E)

4.	 The	only	nonmetal	that	appears	as	a	liquid	in	its	elemental	form	under	standard
conditions

5.	 Forms	no	compounds	or	ions	in	which	it	has	a	positive	oxidation	number

6.	 Is	the	only	member	of	the	group	that	has	no	stable	isotopes

allotropes(A)
amphiprotic(B)
isoelectronic(C)
isomers(D)
isotopes(E)

7.	 Refers	to	two	or	more	species	having	the	same	electron	configuration

8.	 Compounds	having	identical	molecular	formulae	with	the	atoms	arranged	differently

9.	 The	term	that	would	apply	to	16O	and	17O

10.	 Would	describe	the	relationship	between	O2	(g)	and	O3	(g)



Questions	11–14

Questions	15–18

CH4(A)
CO2(B)
NH3(C)
N2(D)
O2(E)

11.	 A	major	greenhouse	gas	implicated	in	global	warming

12.	 Forms	hydrogen	bonds

13.	 Is	polar

14.	 Has	a	triple	bond

C(A)
N(B)
O(C)
F(D)
Ne(E)

15.	 Exists	as	individual	gas-phase	atoms	under	standard	conditions

16.	 Exists	as	a	network	covalent	solid	in	its	most	common	form



Questions	19–23

17.	 Commonly	forms	ionic	compounds	as	a	−1	anion

18.	 Has	the	highest	ionization	energy	of	the	elements	listed

Ag+	(aq)	+	Cl−	→	AgCl(s)(A)
C5H12	(s)	+	8	O2	(g)	→	5	CO2	(g)	+	6	H2O	(l)(B)
NH3	(s)	+	H2O	(s)		 NH4

+	(s)	+	OH−	(s)(C)
HC2H3O2	(l)	+	OH−	(aq)	→	H2O	(l)	+	C2H3O2

−(aq)(D)
CaCO3(s)	→	CaO	(s)	+	CaO2(g)(E)

19.	 Most	likely	to	proceed	with	a	decrease	in	entropy

20.	 The	most	exothermic	of	the	reactions	written

21.	 An	acid-base	neutralization	reaction

22.	 A	precipitation	reaction

23.	 A	decomposition	reaction



PART	B
101.	

I II

The	N-N	bond	distance	in	N2	is	shorter	than	the	N-N	bond

distance	in	N2H4

BECAUSE the	atomic	radius	of	H	is	smaller	than	the

atomic	radius	of	N.

102.	

I II

Gas-phase	elements	absorb	or	emit	only	specific

wavelengths	of	visible	light	when	excited	by	an	electric

current

BECAUSE the	energy	levels	that	electrons	can	occupy

in	gas-phase	atoms	and	molecules	are

continuous.

103.	

I II

Elemental	iodine	has	a	higher	boiling	point	than

elemental	bromine

BECAUSE iodine	forms	stronger	covalent	bonds	than

bromine.

104.	

I II

The	boiling	point	of	H2O	is	higher	than	the	boiling	point	of

H2S

BECAUSE H2S	has	a	greater	molecular	mass	than

H2O.

105.	

I II

The	reaction	of	HCl	(aq)	and	KOH	(aq)	goes	to

completion

BECAUSE it	is	a	neutralization	reaction	between	a	strong	acid

and	a	strong	base.



106.	

I II

Combining	equal	volumes	of	0.2	M	AgNO3	and	0.2	M	HCl

does	not	produce	a	precipitate	of	AgCl

BECAUSE the	silver	ion	is	rapidly	reduced	to	silver

metal,	producing	chlorine	gas.

107.	

I II

When	a	hydrocarbon	is	combusted	in	air,	carbon	monoxide	is	the

major	product

BECAUSE air	contains	much	more	nitrogen

than	oxygen.

108.	

I II

If	equal	masses	of	sodium	metal	and	chlorine	gas	are	allowed	to	react,

some	sodium	will	be	leftover	after	all	the	chlorine	is	used	up

BECAUSE the	reaction	requires	twice	as

many	atoms	of	chlorine	as

sodium.

109.	

I II

Reactions	happen	faster	at

higher	temperatures

BECAUSE as	temperature	increases,	there	is	also	an	increase	in	the	number	of

collisions	with	the	required	activation	energy	for	a	reaction	to	occur.

110.	

I II

Candles	can	be	safely	stored	at	room	temperature,	even	though

their	reaction	with	air	is	spontaneous	at	room	temperature

BECAUSE the	reaction	that	takes	place	when	a

candle	is	burned	involves	a	decrease



in	entropy.

111.	

I II

A	piece	of	zinc	placed	in	a	blue	copper	nitrate	solution	will	displace	the	copper

from	the	solution,	producing	copper	metal	and	a	colorless	Zn2+	solution

BECAUSE copper	is	a	much

more	active	metal

than	zinc.

112.	

I II

A	wooden	splint	is	set	on	fire	and	blown	out,	leaving	a	hot,	glowing	end.	When	the	glowing

splint	is	inserted	into	a	sample	of	purified	CO2	gas,	it	will	reignite	into	a	flame

BECAUSE CO2	gas

contains

oxygen.

113.	

I II

The	sulfur	in	SO2	is	sp
2	hybridized BECAUSE SO2	has	linear	electron	pair	geometry.

114.	

I II

The	isotope	Cl-37	has	17	protons,	17	neutrons,	and	17

electrons

BECAUSE The	atomic	mass	of	chlorine	is	35.43

amu.

115.	

I II



RETURN	TO	THE	SECTION	OF	YOUR	ANSWER	SHEET	YOU	STARTED	FOR	CHEMISTRY	AND	ANSWER
QUESTIONS	24–69.

At	isothermal	and	isobaric	conditions,	helium	effuses	faster

than	neon

BECAUSE Neon	has	a	higher	molar	mass	than

helium.

116.	

I II

Bromine	has	a	higher	boiling	point	than

chlorine

BECAUSE Bromine	has	stronger	dispersion	forces	than

chlorine.



PART	C

Directions
Each	of	the	incomplete	statements	or	questions	below	is	followed	by	five	suggested
completions	or	answers.	Select	the	one	that	is	best	for	each	case.

24.	 The	heat	capacity	for	aluminum	is	0.89	J·g−10	C−1,	for	iron	is	0.45	J·g−10	C−1,	and	for	zinc	is
0.39	J·g−10	C−1.	If	100	J	of	heat	energy	was	added	to	a	10.0	g	sample	of	each	of	the	metals,
which	of	the	following	would	be	true?

Al	would	have	the	largest	temperature	increase.(A)
Fe	would	have	the	largest	temperature	increase.(B)
Zn	would	have	the	largest	temperature	increase.(C)
Fe	and	Zn	would	have	the	same	temperature	increase.(D)
All	three	metals	would	have	the	same	temperature	increase.(E)

25.	 2	NO2	(g)	→	N2O4	(g)

What	is	the	heat	of	reaction	for	the	above	reaction	given	the	heat	of	formation,	∆Hf,	of
NO2	(g)	is	34	kJ/mole	and	N2O4	(g)	is	10	kJ/mole?

−58	kJ(A)
−48	kJ(B)
10	kJ(C)
48	kJ(D)
78	kJ(E)

26.	 What	is	the	precipitate	produced	from	the	double	displacement	reaction	of	an	aqueous
solution	of	lead	(II)	nitrate	and	an	aqueous	solution	of	potassium	sulfate?



PbSO4(A)
KNO3(B)
K2Pb(C)
NO2(D)
SO3(E)

27.	 Which	of	the	following	can	be	classified	as	a	strong	electrolyte?

Br2(A)
C6H12O6(B)
CaCl2(C)
H2O(D)
NO3(E)

28.	 How	many	grams	of	potassium	chloride,	KCl,	must	be	added	to	make	500	mL	of	1.00	M	KCl
solution?

1.00	g(A)
18.6	g(B)
37.3	g(C)
74.5	g(D)
149	g(E)

29.	 H2	(g)	+	Cl2	(g)	→	2	HCl	(g)

The	above	reaction	is	classified	as	a

decomposition(A)
double	displacement(B)
neutralization(C)
oxidation-reduction(D)
single	displacement(E)



30.	 Which	of	the	following	reactions	is	NOT	an	oxidation-reduction	reaction?

(A)

NaOH	(aq)	+	HCl	(aq)	→	NaCl	(aq)	+	H2O	(l)(B)
H2O2	(l)	→	H2O	(l)	+	O2	(g)(C)
CH4	(g)	+	O2	(g)	→	H2O	(g)	+	CO2	(g)(D)
Mg	(s)	+	2	HCl	(aq)	→	MgCl2	(aq)	+	H2	(g)(E)

31.	 The	enthalpy	of	formation	of	H+(g)	is	1536	kJ/mole.	What	is	the	heat	of	formation	of	H2

gas?

3,072	kJ(A)
1,536	kJ(B)
0(C)
−1,536	kJ(D)
−3,072	kJ(E)

32.	

Given	the	above	thermochemical	reactions,	what	is	the	heat	of	reaction	for	the	formation
of	SO3	(g)	provided	below?

−495	kJ(A)
−396	kJ(B)
−198	kJ(C)
+99(D)
+198	kJ(E)



33.	 Which	of	the	following	compounds	would	be	a	white,	crystalline	solid?

C3H8(A)
CO(B)
CuCl2(C)
Cr2O3(D)
MgO(E)

34.	 Which	of	the	following	compounds	would	be	predicted	to	have	the	highest	melting	point?

CS2(A)
HI(B)
H2S(C)
H2O(D)
MgO(E)

35.	 Which	of	the	following	elements	would	have	the	largest	atomic	radius?

Cl(A)
F(B)
Li(C)
Ne(D)
Na(E)

36.	 Which	atom	would	require	the	shortest	wave-length	photon	to	remove	a	single	electron?

Mg(A)
Si(B)
P(C)
S(D)
Cl(E)



37.	 Which	of	the	elements	below	is	most	likely	to	form	compounds	in	which	it	has	an
incomplete	octet?

B(A)
C(B)
N(C)
O(D)
F(E)

38.	 Which	element	is	most	likely	represented	by	X	in	the	oxygen-containing	ion,	XO4
3−?

C(A)
N(B)
P(C)
S(D)
Cl(E)

39.	 Quartz,	SiO2,	has	a	high	melting	point	and	is	insoluble	in	most	solvents.	Which	type	of
force	best	accounts	for	the	physical	properties	of	quartz?

Hydrogen	bonding(A)
Covalent	bonding(B)
Ionic	bonding(C)
P	bonding(D)
Dispersion	forces(E)

40.	 Which	of	the	following	atoms	would	have	the	largest	ionic	radii?

F−(A)
O−2(B)
Na+(C)
Mg+2(D)
Al+3(E)



41.	 Which	of	the	following	elements	would	have	the	lowest	first	ionization	energy?

Fluorine(A)
Oxygen(B)
Nitrogen(C)
Carbon(D)
Boron(E)

42.	 Which	of	the	gases	below	has	the	greatest	average	kinetic	energy	at	25°C	and	1	atm?

Ne(A)
Ar(B)
CO(C)
CO2(D)
All	these	gases	would	have	the	same	average	kinetic	energy	under	these	conditions.(E)

43.	 Which	of	the	following	is	the	most	appropriate	definition	of	the	normal	boiling	point	of	a
liquid?

The	temperature	at	which	the	liquid	boils(A)
The	pressure	at	which	the	liquid	boils	at	100°C(B)
The	temperature	at	which	the	liquid’s	vapor	pressure	is	1	atm(C)
100°C(D)
Dependent	upon	the	pressure	above	the	liquid(E)

44.	 Sodium-24,	a	radioactive	isotope	used	medically	in	blood	studies,	decays	by	beta	decay
and	has	a	half-life	of	15.0	hours.	What	is	the	product	of	the	radioactive	decay	of	Na-24?

F-20(A)
Ne-24(B)
Ne-23(C)
Na-23(D)
Mg-24(E)



45.	 Which	of	the	following	ions	or	molecules	has	a	nonzero	dipole	moment?

CO2(A)
NO3

−(B)
PO4

3−(C)
SO2(D)
SO4

2−(E)

46.	 Which	of	the	following	species	has	a	molecular	shape	most	similar	to	that	of	ammonia,
NH3?

BH3(A)
H2O(B)
H3O+(C)
CH4(D)
NH4

+(E)

47.	 A	→	2B

The	initial	rates	method	was	used	to	study	the	reaction	above.	Determine	the	rate
expression	and	calculate	the	rate	constant	for	the	reaction.

Rate	=	5.44	×	103[A]2(A)
Rate	=	1.36	×	103[A]2(B)
Rate	=	5.44	×	103[A](C)
Rate	=	1.36	×	103[A](D)
Rate	=	1.84	×	10−4[A]2(E)



48.	

Equal	molar	amounts	of	CO	and	H2	are	sealed	in	a	container	and	allowed	to	react
according	to	the	reaction	equation	above	until	equilibrium	is	established.	The	container	is
then	compressed,	at	constant	temperature,	to	half	its	original	volume.	Which	of	the
following	statements	describes	what	happens	when	the	container	is	compressed?

When	equilibrium	is	reestablished,	all	three	species	have	the	same	partial	pressure.(A)
More	moles	of	H2	(g)	are	present	after	compression	than	before.(B)
The	equilibrium	constant	changes	in	such	a	way	as	to	relieve	the	applied	pressure.(C)
When	equilibrium	is	reestablished,	the	total	pressure	in	the	container	is	the	same	as
before	the	compression.

(D)

When	equilibrium	is	reestablished,	the	partial	pressure	of	CH3OH	(g)	is	higher	than
before	compression.

(E)

49.	 2	Al	(s)	+	6	HCl	(aq)	→	2Al3+	(aq)	+	6Cl−	(aq)	+	3H2	(g)

The	reaction	above	is	best	described	as	a(n)

precipitation	reaction(A)
acid/base	reaction(B)
redox	reaction(C)
combustion	reaction(D)
decomposition	reaction(E)

50.	 Which	change	could	take	place	at	the	anode	of	an	electrochemical	cell?

Cu2+	to	Cu(A)
ClO3

−	to	ClO−(B)
Cl−	to	Cl2(C)
H+	to	H2(D)
O2	to	H2O(E)



51.	 Which	compound	of	oxygen	is	most	likely	to	contain	an	O-O	bond?

CO2(A)
NO2(B)
SO2(C)
H2O2(D)
TiO2(E)

52.	 Titanium	tetrachloride,	TiCl4,	is	a	liquid	at	room	temperature	and	has	a	very	high	vapor
pressure.	Which	statement	best	explains	these	observations?

Titanium	tetrachloride	is	an	ionic	compound,	with	Ti4+	and	Cl−	ions	arranged	in	a
lattice.

(A)

Titanium	tetrachloride	is	a	molecular	substance,	with	TiCl4	molecules	held	together
by	covalent	bonds.

(B)

The	bonding	in	titanium	tetrachloride	is	metallic,	with	a	sea	of	electrons	being
shared	equally	between	all	the	atoms	in	a	sample.

(C)

Titanium	tetrachloride	is	a	network	covalent	substance,	with	an	essentially	infinite
lattice	of	covalently	bonded	Ti	and	Cl	atoms.

(D)

Titanium	tetrachloride	is	simply	a	mixture	of	titanium	atoms	and	chlorine	atoms,
which	are	not	bonded	to	each	other	in	any	particular	way.

(E)

53.	 HCl	(aq)	+	Zn	(s)	→	ZnCl2	(aq)	+	H2	(g)

In	the	reaction	above,	which	term	best	describes	the	role	of	HCl	(aq)?

Brønsted	acid(A)
Oxidizing	agent(B)
Reducing	agent(C)
Precipitate(D)
Cathode(E)



54.	 Which	type	of	reaction	involves	the	greatest	amount	of	energy	per	mole	of	reactant?

Precipitation	reactions(A)
Acid/base	reactions(B)
Redox	reactions(C)
Combustion	reactions(D)
Nuclear	reactions(E)

55.	 Hydrochloric	acid,	HCl	(aq),	is	a	very	common	laboratory	reagent	for	many	purposes:	as	an
acid,	an	oxidizing	agent,	and	a	source	of	Cl−	ions.	Which	of	the	following	reagents	will	react
with	0.20	M	HCl	to	give	a	precipitate?	Assume	equal	volumes	of	solutions.

0.20	M	lead	nitrate,	Pb(NO3)2(A)
0.10	M	barium	hydroxide,	Ba(OH)2(B)
0.20	M	sodium	acetate,	NaCH3COO(C)
Silver	metal,	Ag	(s)(D)
Bromine-water,	Br2	(aq)(E)

56.	 How	many	moles	of	potassium	ions	are	present	in	2.50	L	of	0.200	M	potassium	sulfate?

0.0800	mol(A)
0.160	mol(B)
0.400	mol(C)
0.500	mol(D)
1.00	mol(E)

57.	 ….Na3PO4	(aq)	+	….Mg(NO3)2	(aq)	→

….Mg3(PO4)2	(s)	+	….NaNO3	(aq)

Equal	volumes	of	0.10	M	sodium	phosphate	and	0.10	M	magnesium	nitrate	are	mixed
according	to	the	unbalanced	reaction	equation	above.	Which	of	the	following	statements



is	true	regarding	the	reaction?

When	the	reaction	is	complete,	the	concentrations	of	both	magnesium	and
phosphate	are	essentially	0.

(A)

Magnesium	nitrate	is	the	limiting	reactant.(B)
Sodium	phosphate	is	the	limiting	reactant.(C)
Since	nitrate	ion	is	a	spectator	ion,	the	concentration	of	nitrate	ion	in	the	final
solution	will	be	the	same	as	in	the	original	magnesium	nitrate	solution.

(D)

Na3PO4	and	Mg(NO3)2	react	in	a	1:1	ratio.(E)

58.	 ….Na3PO4	(aq)	+	….Mg(NO3)2	(aq)	→

….Mg3(PO4)2	(s)	+	….NaNO3	(aq)

Equal	volumes	of	0.10	M	sodium	phosphate	and	0.10	M	magnesium	nitrate	are	mixed
according	to	the	unbalanced	reaction	equation	above.	When	the	reaction	is	complete,
what	is	the	concentration	of	sodium	ions	in	the	solution?

~0	M,	because	all	the	sodium	ions	will	precipitate(A)
0.05	M(B)
0.10	M(C)
0.15	M(D)
0.30	M(E)

59.	 Determine	the	heat	of	reaction	for	the	combustion	of	sulfur	dioxide

2	SO2	(g)	+	O2	(g)	→	2SO3	(g)

given	the	following	thermochemical	equations:

S8(s)	+	8	O2(g)	→	8	SO2(g)	ΔH	=	−2374.6	kJI.
S8(s)	+	12	O2(g)	→	8	SO3(g)	ΔH	=	−3165.8	kJII.



−5,540.4	kJ(A)
−1,385.1	kJ(B)
−791.2	kJ(C)
−197.8	kJ(D)
−791.2	kJ(E)

60.	 The	combustion	of	octane,	C8H18,	has	∆H°
reaction	<0and	∆S°reaction	>0.	Which	of	the

following	statements	is	FALSE	regarding	the	combustion	of	octane?

The	reaction	is	spontaneous	at	room	temperature.(A)
The	reaction	is	spontaneous	at	all	temperatures.(B)
The	reaction	products	are	carbon	dioxide	and	water	vapor.(C)
The	reaction	is	a	redox	process.(D)
The	reaction	is	endothermic	at	room	temperature.(E)

61.	 For	a	given	reaction,	which	of	the	following	values	can	be	determined	from	the	value	of
∆G°?

Cell	potential,	E°I.
Activation	energy,	EaII.
Equilibrium	constant,	KeqIII.

I	and	II	only(A)
I	and	III	only(B)
III	only(C)
I,	II,	and	III(D)
None	of	these(E)

62.	 Calcium	hydroxide,	Ca(OH)2,	has	a	lower	solubility	in	water	than	some	of	the	other	Group
II	hydroxides	(Ksp	=	4.0	×	10−6	at	25ºC).	In	a	saturated	solution	of	calcium	hydroxide	at	this
temperature,	what	is	the	concentration	of	calcium	ions?



2.0	×	10−6(A)
2.0	×	10−3(B)
1.0	×	10−2(C)
1.3	×	10−2(D)
1.6	×	10−2(E)

63.	

A	sample	of	methanol	is	placed	in	a	sealed	container,	heated	to	210ºC,	and	allowed	to
establish	equilibrium	according	to	the	equation	above.	The	vessel	is	then	heated,	at
constant	pressure,	to	250ºC.	Which	of	the	following	will	happen	when	the	vessel	is	heated?

The	value	of	the	equilibrium	constant	will	increase.(A)
The	value	of	the	equilibrium	constant	will	decrease.(B)
The	reaction	will	produce	more	moles	of	CH3OH	(g).(C)
The	system	will	relieve	the	stress	by	shifting	toward	the	side	with	fewer	moles	of
gaseous	reaction	species.

(D)

As	long	as	the	pressure	is	constant,	the	equilibrium	need	not	shift,	and	the	relative
amounts	of	reactants	and	products	stay	the	same.

(E)

64.	 In	the	laboratory	a	student	was	determining	the	formula	for	the	hydrate	of	barium
chloride,	BaCl2.	The	student	cleaned,	dried,	and	determined	the	mass	of	the	crucible	and
cover.	The	student	then	added	a	sample	of	the	hydrate	to	the	crucible	and	determined
the	mass.	The	student	heated	the	sample	in	the	crucible	strongly	for	10	minutes.	The
sample	in	the	crucible	and	cover	was	cooled	and	the	mass	was	determined.	The	mass	data
is	provided	in	the	table	below:

Mass	of	crucible	and	cover 31.623	grams

Mass	of	crucible,	cover,	and	sample	prior	to	heating 33.632	grams

Mass	of	crucible,	cover,	and	sample	after	heating 33.376	grams

After	the	heating,	how	many	moles	of	water	were	removed	from	the	sample?



0.0142	moles(A)
0.0974	moles(B)
0.112	moles(C)
0.256	moles(D)
1.85	moles(E)

65.	 Which	of	the	following	would	be	the	best	next	step	in	the	procedure?

Add	additional	BaCl2	hydrate	to	the	crucible.(A)
Add	distilled	water	to	the	crucible.(B)
Heat	the	crucible	and	contents	for	an	additional	10	minutes	and	measure	the	mass
again.

(C)

Determine	the	melting	point	of	the	product.(D)
No	additional	steps	are	necessary.(E)

66.	 For	each	pair	of	chemicals	below,	the	amounts	shown	are	dissolved,	together,	in	water	to
make	1.0	L	of	solution.	Which	mixture	will	form	a	buffer	solution?

0.2	mol	of	HCl	and	0.1	mol	of	K2SO3(A)
0.2	mol	of	NaOH	and	0.4	mol	of	HF(B)
0.1	mol	of	HBr	and	0.1	mol	of	Ba(OH)2(C)
0.4	mol	of	HCl	and	0.2	mol	of	NH3(D)
0.2	mol	of	NaOH	and	0.4	mol	of	HCl(E)

67.	 What	would	be	appropriate	units	for	the	rate	constant	of	a	second-order	reaction?

s−1(A)
mol	L−1(B)
mol	L−1	s−1(C)
L	mol−1	s−1(D)
mol2	L−2	s−2(E)



68.	 Which	of	the	following	statements	does	not	accurately	describe	the	action	of	a	catalyst?

A	catalyst	causes	a	reaction	to	proceed	at	a	faster	rate.(A)
A	catalyst	lowers	the	activation	energy	of	a	reaction.(B)
A	catalyst	affects	the	rate	of	both	the	forward	and	the	reverse	reaction.(C)
A	catalyst	increases	the	rate	constant	of	a	reaction.(D)
A	catalyst	increases	the	equilibrium	constant	of	a	reaction.(E)

69.	 A	possible	mechanism	for	the	reaction	of	carbon	monoxide	with	nitrogen	dioxide	is

Which	of	the	following	could	be	the	rate	law	for	this	reaction?

Rate	=	k[NO2](A)
Rate	=	k[NO2]2(B)
Rate	=	k[NO3]	[CO](C)
Rate	=	k[NO3][CO][NO2]2(D)
Rate	=	k[NO][NO3]/[NO2]2(E)

IF	YOU	FINISH	BEFORE	TIME	IS	CALLED,	YOU	MAY	CHECK	YOUR	WORK	ON	THIS
SECTION	ONLY.	DO	NOT	TURN	TO	ANY	OTHER	SECTION	IN	THE	TEST.

STOP



Answer	Key

PRACTICE	TEST	3
1.	 A
2.	 E
3.	 A
4.	 C
5.	 A
6.	 E
7.	 C
8.	 D
9.	 E

10.	 A
11.	 B
12.	 C
13.	 C
14.	 D
15.	 E
16.	 A
17.	 D
18.	 E
19.	 A
20.	 B
21.	 D
22.	 A
23.	 E

101.	 T,	T
102.	 T,	F
103.	 T,	F
104.	 T,	T
105.	 T,	T,	CE



106.	 F,	F
107.	 F,	T
108.	 T,	F
109.	 T,	T,	CE
110.	 T,	F
111.	 F,	F
112.	 F,	T
113.	 T,	F
114.	 F,	T
115.	 T,	T,	CE
116.	 T,	T,	CE
24.	 C
25.	 A
26.	 A
27.	 C
28.	 C
29.	 D
30.	 B
31.	 C
32.	 B
33.	 E
34.	 E
35.	 E
36.	 E
37.	 A
38.	 C
39.	 B
40.	 B
41.	 E
42.	 E
43.	 C
44.	 E
45.	 D
46.	 C
47.	 A
48.	 E



49.	 C
50.	 C
51.	 D
52.	 B
53.	 B
54.	 E
55.	 A
56.	 E
57.	 B
58.	 D
59.	 D
60.	 E
61.	 B
62.	 C
63.	 A
64.	 A
65.	 C
66.	 B
67.	 D
68.	 E
69.	 B



Answers	and	Explanations

PRACTICE	TEST	3

Part	A1.

1.	 A
Molecular	speed	is	dependent	on	size	of	the	gas	molecule	and	temperature.	The	higher	the
temperature,	the	higher	the	molecular	speed.	The	smaller	the	molecule	is,	the	higher	the
molecular	speed.	So	helium	is	a	smaller	molecule	than	argon,	and	the	sample	at	100°C	would
have	the	highest	molecular	speed.

2.	 E
The	lower	the	temperature	is,	the	lower	the	kinetic	energy.	Sample	E	has	the	lowest
temperature	and	therefore,	the	lowest	kinetic	energy.

3.	 A
The	ideal	gas	equation	can	be	used	for	the	relationship	among	volume,	temperature,	and
pressure.	Volume	equals	the	product	of	the	number	of	moles,	ideal	gas	constant,	and
temperature	(in	Kelvin)	divided	by	the	pressure.	The	number	of	moles	is	constant;	the	sample
with	the	highest	temperature	would	have	the	largest	volume.	So	sample	A	at	100°C	would
have	the	largest	volume.	Since	pressure	is	inversely	proportional	to	volume,	the	lowest
pressure	would	have	the	largest	volume.	The	pressure	of	1	atm	also	would	favor	the	largest
volume.

4.	 C
Bromine	is	the	only	nonmetallic	element	that	is	liquid	at	room	temperature.	It	is	one	of	five
elements	that	are	liquid	at	or	near	room	temperature	(the	others	are	the	metals	cesium,
francium,	gallium,	and	mercury).

5.	 A



Fluorine	has	the	highest	electronegativity	of	any	element,	and	therefore	always	has	a	−1
oxidation	number	in	its	compounds.

6.	 E
At,	astatine,	is	a	radioactive	element.	Elements	in	the	periodic	table	with	atomic	masses
shown	in	parentheses	have	no	stable	isotopes.

7.	 C
Atoms,	molecules,	or	ions	that	are	isoelectronic	have	identical	electron	configurations.	This
may	apply	to	monoatomic	species	(for	example,	F−,	Ne,	and	Na+)	or	polyatomic	species	(like
NH3	and	H3O+).

8.	 D
Isomers	have	identical	molecular	formulae	but	different	arrangements	of	atoms.	For	example,
there	are	two	compounds	with	the	formula	C2H6O:	one	with	the	oxygen	between	the	two
carbon	atoms	(CH3OCH3),	and	one	with	the	two	carbon	atoms	bonded	to	each	other	and	an	OH
group	bonded	to	one	of	the	two	carbon	atoms	(CH3CH2OH).	These	two	isomers	have	different
chemical	and	physical	properties	and	different	names.

9.	 E
Isotopes	have	the	same	number	of	protons,	but	different	numbers	of	neutrons,	and	therefore
different	mass	numbers.	Since	they	have	the	same	number	of	protons,	they	have	the	same
chemical	identity.

10.	 A
Allotropes	are	different	elemental	forms	of	the	same	element.	Carbon	appears	as	graphite,	as
diamond,	and	as	fullerenes.	Phosphorus	appears	as	white	phosphorus	or	red	phosphorus.
Oxygen	appears	as	oxygen	gas	(also	called	dioxygen),	the	common	form	in	the	element,	and	as
O3,	ozone,	a	less	common	form	that	is	a	strong	oxidizing	agent,	a	component	of	smog,	and	a
component	of	the	“ozone	layer,”	which	absorbs	much	of	the	ultraviolet	radiation	falling	on
the	Earth	from	the	sun.

11.	 B
CO2	is	a	major	greenhouse	gas,	which	absorbs	sunlight	and	converts	it	to	heat,	causing	the
temperature	of	the	atmosphere	to	warm.	(Methane	is	also	a	greenhouse	gas,	but	to	a	lesser
extent.)



12.	 C
For	a	substance	to	participate	in	hydrogen	bonding,	it	must	have	hydrogen	atoms	attached	to
F,	O,	or	N	atoms.	NH3	is	the	only	molecule	listed	that	meets	this	criterion.

13.	 C
The	lone	pair	on	the	N	atom	in	NH3	gives	it	a	triagonal	pyramidal	shape.	Since	the	polar	bonds
are	not	symmetric	about	the	central	atom,	the	molecule	is	polar.	CH4	and	CO2	contain	polar
bonds,	but	the	bonds	are	arranged	symmetrically	and	their	polarities	cancel	each	other	out;
these	molecules	are	nonpolar.	N2	and	O2	do	not	have	any	polar	bonds.

14.	 D
In	the	Lewis	structures	of	these	molecules,	only	N2	has	a	triple	bond.

15.	 E
Only	the	noble	gases	exist	as	individual	gas-phase	atoms	under	standard	conditions.	All	other
substances	form	molecules,	covalent	networks,	metallic	solids,	etc.

16.	 A
The	common	allotropes	of	carbon	are	graphite	and	diamond,	both	of	which	are	network
covalent	solids.

17.	 D
Fluorine	has	7	valence	electrons,	and	therefore	can	attain	a	noble	gas	configuration	by	gaining
one	electron	to	form	F−.

18.	 E
Ionization	energy	is	the	energy	required	to	remove	an	electron	from	the	outer	shell	of	an
atom.	Ionization	energy	tends	to	increase	from	left	to	right	across	a	row	in	the	periodic	table;
neon	has	the	highest	ionization	energy	of	the	elements	in	the	second	row.

19.	 A
Reactions	that	decrease	the	number	of	moles	of	a	gas,	or	that	go	from	gas,	liquid,	or	aqueous
phase	reactants	to	solid	phase	products,	generally	have	a	decrease	in	entropy	(∆S	<	0).

20.	 B
Option	B	represents	the	combustion	of	a	hydrocarbon	(specifically,	pentane).	Combustion	of	a



hydrocarbon	is	quite	exothermic	(think	gasoline,	kerosene,	burning	candles,	etc.).

21.	 D
This	is	the	only	reaction	that	shows	an	acid	and	a	base	as	reactants.	Option	C	shows	the
hydrolysis	of	a	weak	base—nothing	is	being	neutralized.

22.	 A
Silver	ions	and	chloride	ions	combine	in	solution	to	form	a	precipitate	of	silver	chloride.	In	a
precipitation	reaction,	aqueous	ions	combine	to	form	an	insoluble	solid.

23.	 E
In	a	decomposition	reaction,	a	single	reactant	falls	apart	(usually	under	heat)	to	form	two	or
more	products.	In	this	case,	solid	calcium	carbonate	is	heated	to	form	carbon	dioxide	gas,
which	escapes,	leaving	solid	calcium	oxide.

Part	B25.

101.	 T,	T
Draw	the	Lewis	structures	of	the	two	compounds:	N2	has	a	triple	bond	between	the	two
nitrogen	atoms,	while	N2H4	has	a	single	bond.	Single	bonds	are	longer	and	weaker	than	double
or	triple	bonds	between	the	same	atoms.	The	atomic	radius	of	H	is	smaller	than	the	atomic
radius	of	N,	but	this	has	nothing	to	do	with	the	bond	lengths	in	these	molecules.

102.	 T,	F
The	electrons	occupy	only	certain	energy	levels;	therefore	only	certain	wavelengths	are
absorbed	or	emitted	by	electrons	moving	between	these	energy	levels.

103.	 T,	F
Even	if	it	were	true	that	iodine	forms	stronger	covalent	bonds,	this	would	still	not	be	the
correct	explanation:	when	molecular	substances	change	phases	from	solid	to	liquid	to	gas,
only	intermolecular	interactions	are	broken,	not	covalent	bonds.

104.	 T,	T
H2O	has	a	very	high	boiling	point	compared	to	other	Group	IV	hydrides	because	of	the	strong
hydrogen	bonds	between	water	molecules.	If	not	for	the	hydrogen	bonding,	the	greater



dispersion	forces	in	H2S	(because	of	the	greater	total	number	of	electrons	in	the	molecule)
would	be	expected	to	give	a	higher	boiling	point	than	H2O.

105.	 T,	T,	CE
Acid-base	neutralization	reactions	between	strong	acids	and	strong	bases	are	considered	to	go
to	completion;	they	have	enormous,	even	immeasurably	large,	equilibrium	constants.	HCl	is	a
strong	acid,	and	KOH	is	a	strong	base.

106.	 F,	F
Combining	these	two	reagents	would	give	a	precipitate	of	insoluble	AgCl,	silver	chloride.
Chloride	ion	is	not	a	strong	enough	reducing	agent	to	reduce	silver	metal.

107.	 F,	T
Carbon	dioxide,	not	monoxide,	is	the	major	combustion	product	in	air.	Carbon	monoxide	is
produced	as	the	major	product	only	if	the	amount	of	air	is	limited.	Air	is,	in	fact,	mostly
nitrogen	gas;	it	contains	about	21%	oxygen	by	volume.

108.	 T,	F
Learn	to	spot	stoichiometry	problems,	and	write	out	a	balanced	reaction	equation	first	thing.
In	this	case,	we	write:

2	Na	(s)	+	Cl2	(g)	–>	2	NaCl	(s)

The	*atoms*	of	Na	and	Cl	are	in	a	1:1	ratio,	even	though	the	substances	aren’t.	Because
chlorine	has	the	greater	atomic	mass,	a	given	mass	of	chlorine	will	contain	fewer	atoms	than
the	same	mass	of	sodium;	the	chlorine	will	be	used	up	first,	and	some	sodium	will	be	left	over.

109.	 T,	T,	CE
Reactions	happen	faster	at	higher	temperatures.	(The	position	of	an	equilibrium	may	shift
toward	products	or	toward	reactants—that’s	a	completely	different	question—but	both	the
forward	and	reverse	reactions	will	happen	faster	if	the	temperature	is	increased.)	The	rate	of	a
reaction	is	dependent	upon	the	number	of	successful	collisions;	at	higher	temperatures,	many
more	collisions	occur,	and	a	greater	proportion	of	those	collisions	have	enough	energy	to
allow	a	successful	reaction.

110.	 T,	F



Combustion	reactions	involving	hydrocarbons	produce	heat	(are	exothermic,	∆H	<	0)	and	form
many	moles	of	gaseous	products	(greater	entropy,	∆S	>	0),	and	are	therefore	spontaneous	(∆G
<	0)	at	all	temperatures.	The	reaction	doesn’t	go	at	room	temperature	on	its	own	because	the
activation	energy	is	high;	it	needs	an	external	heat	source	to	get	it	going.

111.	 F,	F
In	fact,	the	spontaneous	reaction	is	the	very	opposite	of	what	is	described.	Zinc	will	displace
copper	ions	from	solution,	giving	copper	metal	and	a	solution	of	zinc	ions.	The	definition	of	a
“more	active”	metal	is	that	it	will	displace	ions	of	a	less	active	metal	from	solution;	the	less
active	metal	is	reduced	and	the	more	active	metal	is	oxidized.

112.	 F,	T
The	glowing	ember	on	the	splint	would	be	extinguished	completely	(cease	to	glow).
Combustion	requires	oxygen	gas	and	produces	CO2.	A	sample	of	purified	CO2	cannot	support
continued	combustion.

113.	 T,	F
The	SO2	molecule	has	a	Lewis	dot	structure	of

The	electron	pair	geometry	for	this	structure	is	trigonal	planar,	not	linear.	The	sulfur	in	SO2	is
sp2	hybridized.

114.	 F,	T
The	isotope	number	is	the	sum	of	the	neutrons	and	protons.	Therefore,	the	neutrons	are
37−17	=	20.	The	isotope	chlorine-37	has	17	protons,	20	neutrons,	and	17	electrons.	The	atomic
mass	of	chlorine	is	35.43	amu.

115.	 T,	T,	CE
According	to	Graham’s	law	of	effusion,	at	isothermal	and	isobaric	conditions,	the	rates	of
effusion	for	two	gases	are	inversely	proportional	to	the	square	root	of	their	molar	masses.
Therefore,	because	helium	has	a	lower	molar	mass	than	neon,	it	will	effuse	faster	than	neon.

116.	 T,	T,	CE
At	room	temperature	chlorine	is	a	gas	and	bromine	is	a	liquid,	so	bromine	has	a	higher	boiling
point	than	chlorine.	Bromine	has	a	higher	boiling	point	because	it	has	stronger	intermolecular



forces.	Both	bromine	and	chlorine	are	nonpolar	molecules	and	therefore	have	dispersion
forces.	The	dispersion	forces	are	stronger	for	the	bromine	since	it	has	many	more	electrons
than	chlorine	and	these	electrons	are	farther	from	the	nucleus.	Therefore,	the	electrons	in
bromine	are	easier	to	polarize	than	chlorine	and	lead	to	stronger	dispersion	forces.

Part	C117.

24.	 C
Since	q	=	mc∆T	and	q	and	m	are	held	constant,	c	is	inversely	proportional	to	∆T.	Therefore,	the
highest	∆T	would	be	occur	in	the	metal	with	the	smallest	heat	capacity.	Zinc	has	the	smallest
heat	capacity	and	therefore,	the	sample	with	largest	temperature	increase.

25.	 A
The	heat	of	reaction	is	the	(sum	of	the	heats	of	formation	of	the	products)	−	(sum	of	the	heats
of	formation	of	the	reactants).

Heat	of	reaction	=	heat	of	formation	of	N2O4	−	2	(heat	of	formation	of	NO2)

(1	mol)(10	kJ/mol)	−	[(2	mol)(34	kJ/mol)]	=	−58	kJ.

26.	 A
Both	PbSO4	and	KNO3	are	products	of	the	reaction.	The	PbSO4	is	insoluble	and,	therefore,	the
precipitate.	The	KNO3	is	soluble	in	water.

27.	 C
A	strong	electrolyte	is	a	substance	that	dissociates	or	ionizes	completely	in	water	into	its	ions
to	form	an	electrically	conducting	solution.	CaCl2	is	the	only	ionic	compound	and	it	dissociates
completely.	All	the	other	compounds	are	molecular	and	don’t	completely	ionize	when
dissolved.

28.	 C
Molarity	is	moles	of	solute	per	liter	of	solution.	To	prepare	500	ml	of	1.00	M	solution,	0.5	moles
is	needed.	The	molar	mass	of	potassium	chloride	is	74.5	grams.	So	37.3	grams	of	KCl	is	needed.



0.500	L	(1.00	moles	KCl/L)	=	0.500	moles	KCl

0.500	moles	KCl	(74.5	grams	KCl/mole)	=	37.3	g	KCl

29.	 D
This	reaction	is	a	synthesis	reaction	as	well	as	an	oxidation-reduction	reaction.	The	hydrogen
is	being	oxidized	and	the	chlorine	is	being	reduced.	While	HCl,	an	acid,	is	being	produced,	this
is	not	a	neutralization	reaction	because	the	acid	and	a	base	would	have	to	be	present	as
reactants.

30.	 B
All	of	the	other	reactions	are	oxidation-reduction	reactions.	Reaction	B	is	a	double-
displacement	reaction	that	is	also	a	neutralization	reaction.	There	is	no	transfer	of	electrons—
only	protons.

31.	 C
The	heat	of	formation	for	an	element	in	the	natural	state	is	0.

32.	 B
Hess’s	law	is	used	to	combine	the	two	reactions	to	the	given	reaction	for	the	formation	of	SO3

(g).	The	first	reaction	is	used	as	written	while	the	second	reaction	is	divided	by	two,	since	only
1	SO3	is	in	the	reaction	provided.

So	the	heat	of	reaction	is	the	sum	of	(−297)	+	(−99)	=	−396	kJ.

33.	 E
MgO	is	a	white,	crystalline	solid.	C3H8	and	CO	are	both	colorless	gases.	CuCl2	is	a	brownish
yellow	solid.	Cr2O3	is	a	green	solid.	The	transition	metals	tend	to	form	colored	products.

34.	 E
MgO	is	an	ionic	compound.	Ionic	compounds	have	higher	melting	points	than	covalent
compounds.	The	other	four	compounds	are	all	covalent	compounds,	which	have	lower	boiling



points	than	ionic	compounds.

35.	 E
The	atomic	radius	of	an	atom	increases	down	a	group	because	the	atomic	radius	of	an	atom
increases	as	the	n	value	or	shell	increases.	Cl	and	Na	both	have	3	shells,	while	the	others	have
only	2	shells.	The	atomic	radius	decreases	across	a	period	with	increasing	atomic	number.	This
is	due	to	the	increase	in	the	effective	nuclear	charge.	So	Na	has	the	largest	atomic	radius.

36.	 E
The	amount	of	energy	needed	to	remove	a	single	electron	is	the	(first)	ionization	energy.	The
shorter	the	wavelength	of	a	photon,	the	higher	its	energy,	so	the	question	is	asking	which
element	has	the	highest	first	ionization	energy.	Remember	that	the	ionization	energy	of
elements	generally	increases	from	left	to	right	across	a	period.	Cl	has	the	highest	ionization
energy	of	the	choices	given	and	will	require	the	highest-energy	photon	to	ionize.

37.	 A
Boron	has	a	low	electronegativity	and	often	forms	covalent	compounds	in	which	it	has	fewer
than	8	electrons	(for	example,	BCl3,	BH3).

38.	 C
The	common	oxoanion	of	phosphorus	is	PO4

3−.

39.	 B
SiO2	is	a	network	covalent	solid;	it	forms	a	nearly	infinite	network	of	alternating	Si	and	O
atoms	single-bonded	to	each	other.	Covalent	network	substances	have	very	high	melting
points	and	are	generally	insoluble	in	most	solvents.	You	should	definitely	know	the	most
common	examples	of	covalent	network	substances:	SiO2	(as	quartz	or	glass,	and	also	called
silica);	C,	as	graphite	(C	atoms	arranged	in	hexagons,	in	infinite	sheets	stacked	on	top	of	each
other)	or	diamond	(tetrahedrally	bonded	C	atoms	in	an	infinite	3D	network);	and	Si	(pure
silicon	has	the	same	structure	as	diamond).	Other	examples	are	less	familiar,	but	you’ll	be
expected	to	recognize	these	four.

40.	 B
All	the	ions	are	isoelectronic	with	Ne	and	have	10	electrons	each,	but	they	each	have	a
different	number	of	protons	in	the	nucleus.	O2−	has	the	lowest	number	of	protons	and	the
weakest	nuclear	charge.	So	the	O2−	would	be	the	largest	ion.



41.	 E
The	first	ionization	energy	is	the	energy	required	to	completely	remove	an	electron	from	an
atom	or	ion.	The	closer	and	more	tightly	bound	an	electron,	the	higher	the	ionization	energy
will	be.	The	atomic	radius	decreases	across	a	period	with	increasing	atomic	number	due	to	the
increase	in	the	effective	nuclear	charge.	So	boron	would	be	the	largest	atom	that	would	be	the
easiest	and	require	the	least	energy	to	remove	an	electron.

42.	 E
The	absolute	temperature	of	a	sample	of	gas	is	directly	proportional	to	the	average	kinetic
energy	of	the	particles,	independent	of	their	identity	or	other	factors.	If	the	samples	are	at	the
same	temperature,	then	by	the	definition	of	temperature	they	have	the	same	average	kinetic
energy.

43.	 C
This	is	the	definition	of	normal	boiling	point;	it’s	the	boiling	point	of	a	substance	at	sea	level,
where	atmospheric	pressure	is	1	atm.	A	and	C	describe	the	boiling	point,	but	not	specifically
normal	boiling	point.	D	is	the	value	of	the	normal	boiling	point	of	water	(the	problem	doesn’t
specify	what	liquid).

44.	 E
A	beta	particle	has	mass	number	0	and	charge	−1,	the	same	as	an	electron.	Beta	decay	means
the	nucleus	is	giving	off	a	beta	particle	as	a	product.	The	balanced	nuclear	equation	is:

24
11Na	→	0−1e	+	2412Mg

Note	that	you	don’t	need	to	know	the	half-life—it’s	a	distracter.

45.	 D
In	the	Lewis	structure	for	SO2,	there	is	a	lone	pair	of	electrons	on	S,	giving	a	bent	structure	and
a	polar	molecule.	The	structures	of	the	other	four	species	are	symmetrical,	and	the	species	are
all	nonpolar.

46.	 C
The	molecular	structure	of	NH3	is	a	triangular	pyramid.	H3O+	is	isoelectronic	with	NH3	and	has
the	same	shape.	BH3	has	no	lone	pair	on	the	central	atom	and	is	a	triangular-planar	molecule;



H2O	forms	a	bent	structure;	CH4	and	NH4
+	are	tetrahedral.

47.	 A
To	determine	the	order	of	the	reaction,	compare	a	change	in	reactant	concentration	to	the
corresponding	change	in	rate.	In	this	case,	when	the	reactant	concentration	[A]	is	doubled,	the
rate	increases	by	a	factor	of	4,	so	the	reaction	is	second	order	in	A:

rate	=	k	[A]2

To	determine	the	rate	constant,	choose	the	data	of	one	experiment	to	put	into	the	rate
equation.	Since	you	don’t	have	a	calculator,	the	easiest	math	will	come	from	using	the
experiment	in	which	[A]	=	1.00	M:

Then	put	it	all	together:

rate	=	5.44	×	103	[A]2

48.	 E
When	a	gaseous	system	at	equilibrium	is	compressed,	the	equilibrium	shifts	toward	the	side
with	fewer	moles	of	gas,	to	partially	relieve	the	stress	on	the	system;	in	this	case,	the	reaction
goes	to	the	right,	producing	more	moles	of	CH3OH	and	consuming	CO	and	H2.	Note	that	while
moles	of	CO	and	H2	will	decrease,	their	partial	pressures	will	still	be	higher	after	compression
than	before.	C	is	simply	false—the	equilibrium	constant	never	changes	unless	the	temperature
changes.

49.	 C
In	a	redox	reaction,	two	or	more	elements	experience	a	change	in	oxidation	number.	Here,	Al
changes	from	0	to	+3	and	H	changes	from	+1	to	0.	The	formation	or	destruction	of	pure
elements	(in	this	case,	Al	(s)	and	H2	(g))	is	a	big	clue	that	a	redox	reaction	has	occurred.
Combustion	reactions	involve	O2	as	a	reactant,	and	precipitation	reactions	have	a	solid
product	forming	from	an	aqueous	solution.	In	acid-base	reactions,	the	oxidation	numbers	of
elements	don’t	generally	change;	H+	is	passed	around	as	H+.



50.	 C
In	an	electrochemical	cell,	oxidation	(increase	in	oxidation	number)	occurs	at	the	anode.	The
oxidation	number	of	Cl	increases	from	−1	in	Cl−	to	0	in	Cl2.	In	every	pair	except	C,	the	oxidation
number	of	an	element	is	decreasing,	not	increasing;	every	other	set	is	an	example	of	a
reduction.

51.	 D
The	Lewis	structure	of	H2O2	cannot	be	drawn	without	an	O–O	bond.	In	each	of	the	other	cases,
another	element	is	the	central	atom	and	there	are	no	O–O	bonds.

52.	 B
Substances	that	are	liquids	or	gases	at	room	temperature	are	generally	molecular	substances.
(One	of	the	few	exceptions	to	this	is	mercury	metal.)	Ionic	and	network	covalent	substances
tend	to	be	brittle,	often	crystalline	solids	at	room	temperature,	with	almost	zero	vapor
pressure.

53.	 B
Since	elements	experience	a	change	in	oxidation	number,	this	is	a	redox	reaction.	H	changes
from	+1	to	0;	it	is	reduced,	and	therefore	it	must	have	acted	as	an	oxidizing	agent.

54.	 E
In	general,	the	amount	of	energy	involved	in	nuclear	reactions	is	orders	of	magnitude	greater
than	in	chemical	reactions.

55.	 A
Lead	chloride,	PbCl2,	is	insoluble	in	water	and	will	form	a	precipitate.	The	reactions	of	HCl	with
Ba(OH)2	and	NaCH3COO	are	acid-base	neutralizations	and	do	not	form	insoluble	salts.	Though
HCl	can	oxidize	some	active	metals	(e.g.,	zinc),	it	is	not	a	strong	enough	oxidizing	agent	to
dissolve	silver	metal.	The	reaction	with	Br2,	if	any,	would	be	a	redox	reaction	and	not	a
precipitation,	but	a	look	at	the	table	of	reduction	potentials	shows	that	Br2	is	not	a	strong
enough	oxidizing	agent	to	oxidize	Cl−	anyway.

56.	 E
Before	anything	else,	you	need	to	write	the	formula	for	potassium	sulfate:	K2SO4.	The
concentration	of	K+	ions	in	the	solution	is	therefore



2	×	0.20	M	=	0.40	M	=	0.40	mol/L.

In	2.5	L	of	the	solution,	there	are	2.5	L	×	0.40	mol/L	=	1.00	mol	K+	ions.

57.	 B
In	the	balanced	equation,

2	Na3PO4	(aq)	+	3	Mg(NO3)2	(aq)	→	Mg3(PO4)2	(s)	+	6	NaNO3	(aq).

Complete	reaction	requires	3	moles	of	Mg(NO3)2	for	every	2	moles	of	Na3PO4,	so	in	this
experiment,	magnesium	phosphate	is	the	limiting	reactant.	Therefore,	there	will	be	some
excess	phosphate	ions	left	in	solution	after	the	reaction	(option	A	is	false).	Option	D	looks
tempting,	but	when	we	added	together	equal	volumes	of	the	two	solutions,	the	nitrate	ion
concentration	of	the	original	magnesium	nitrate	solution	was	cut	in	half.

58.	 D
In	the	original	sodium	phosphate	solution,	the	concentration	of	sodium	ions	is	(3	×	0.10	M	=
0.30	M).	When	equal	volumes	of	the	two	solutions	are	combined,	the	concentration	of	sodium
ions	is	halved	to	0.15	M.	(Note	that,	in	fact,	you	didn’t	even	need	to	balance	the	equation	in
this	problem	to	get	the	correct	answer.	It’s	a	good	idea	to	read	the	question	before	balancing
the	equation—but	in	most	cases	balancing	will	be	required.)

59.	 D
Reversing	equation	I	(changing	the	sign	of	its	∆H	value!)	and	adding	it	to	equation	II	gives	SO2

as	a	reactant	and	SO3	as	a	product,	as	in	the	combustion	equation	for	SO2:

The	combustion	equation	as	given	requires	us	to	divide	our	equation	(I),	and	its	∆H	value	by	4,
so	we’re	looking	for	an	answer	in	the	neighborhood	of	−200	kJ/mol	(or	do	the	math	and	get
−197.8	kJ).



60.	 E
An	endothermic	reaction	would	have	∆H°	reaction	>0.	The	relevant	balanced	equation	is:

2	C8H18	+	25	O2	→	16	CO2	+	18	H2O

Since	∆H°	<0and	∆S°	>0,	the	value	of	∆G°	must	always	be	negative,	so	the	reaction	is	indeed
spontaneous	at	all	temperatures	(including	at	room	temperature).	Combustion	(burning	in	air)
of	organic	compounds	gives	CO2	and	H2O	as	products,	and	combustion	is	a	redox	process,
since	the	oxidation	numbers	of	elements	are	changing.

61.	 B
The	free	energy	(∆G°),	cell	potential,	and	equilibrium	constant	of	a	reaction	are	all	interrelated
and	can	be	calculated	from	each	other	(∆G°	=	–RTlnK,	∆G°	=	–nFE°cell	).	Activation	energy	is
independent	of	∆G.

62.	 C
In	a	saturated	solution	of	Ca(OH)2	at	equilibrium

63.	 A
An	increase	in	temperature	favors	an	endothermic	process	(in	this	case,	the	forward	reaction,
because	∆H°	is	positive).	The	reaction	will	shift	to	the	right,	producing	more	moles	of	CO	and
H2	and	consuming	CH3OH,	and	the	value	of	K	will	increase.	Remember	that	a	change	in
temperature	is	the	only	thing	that	can	change	K.

64.	 A
The	moles	of	water	removed	during	the	heating	are	calculated	by	obtaining	the	mass	of	water
removed	and	then	converting	it	to	moles.	The	mass	of	water	evaporated	off	during	heating	of
the	sample	is	calculated	by	subtracting	the	mass	of	crucible,	cover	and	sample	prior	to



heating,	33.632	grams,	from	the	mass	of	crucible,	cover	and	sample	after	heating,	33.376
grams.

33.632	grams	−	33.376	grams	=	0.256	grams	of	water

The	0.256	grams	of	water	is	then	divided	by	the	18	g/mole,	the	molar	mass	of	water,	to	provide
the	moles	of	water.

65.	 C
The	sample	needs	to	be	heated	until	all	the	water	is	removed	from	the	original	hydrate
sample.	The	student	needs	to	continue	heating	the	sample	until	the	mass	after	heating	is
unchanged	from	the	mass	prior	to	the	additional	heating,	indicating	all	the	water	has	been
removed.

66.	 B
A	buffer	solution	contains	both	a	weak	acid	and	its	conjugate	base	in	significant
concentrations.	In	each	case,	decide	what	species	will	be	present	in	the	solution;	in	each,	the
substances	will	react	with	each	other.	You	can	mark	off	C	and	E	right	away,	since	they	contain
only	strong	acids	and	bases;	you	can’t	make	a	buffer	with	no	weak	acid	or	base	present.

A:	the	reaction	will	produce	0.1	mol	of	HSO3
−	and	leave	0.1	mol	H+.	Not	a	buffer.

B:	the	NaOH	is	the	limiting	reactant;	the	solution	will	contain	0.2	mol	F−	and	0.2	mol	leftover
HF,	a	weak	acid.	The	solution	will	act	as	a	buffer.

D:	NH3	is	the	limiting	reactant;	all	the	NH3	will	be	converted	to	NH4
+,	a	weak	acid,	leaving	0.2

mol	HCl,	a	strong	acid.	There	is	no	conjugate	base	present	and	therefore	no	buffer.

67.	 D
For	a	second-order	reaction,



68.	 E
A	catalyst	cannot	change	the	position	of	an	equilibrium,	the	equilibrium	constant	K,	the	∆G°,
or	the	cell	potential	E°	of	a	reaction.

69.	 B
The	rate	law	of	a	mechanism	is	the	rate	law	of	the	slow	step,	and	the	rate	law	of	an	elementary
reaction	is	determined	by	the	coefficients	of	the	reactants.	In	this	mechanism,	the	rate	law	of
the	slow	step	is	rate	=	k	[NO2]2.



Glossary

Absolute	zero

The	temperature	at	which	all	substances	have	no	thermal	energy;	0	K	or	–273.15°C.

Absorption	spectrum

The	series	of	discrete	lines	at	characteristic	frequencies	representing	the	energy	required	to	make
an	atom	undergo	a	transition	to	a	higher	energy	state.

Acid

A	species	that	donates	hydrogen	ions	and/or	accepts	electrons.	See	Acidic	solution;	Arrhenius	acid;
Brønsted-Lowry	acid;	Lewis	acid.

Acid	dissociation	constant	(Ka)

The	equilibrium	constant	that	measures	the	degree	of	dissociation	for	an	acid	under	specific
conditions.	For	an	acid	HA:

Acidic	anhydride

An	oxide	that	dissolves	in	water	to	form	an	acidic	solution.

Acidic	solution

An	aqueous	solution	that	contains	more	H+	ions	than	OH−	ions.	The	pH	of	an	acidic	solution	is	less
than	7	at	25°C.



Activated	complex

The	transition	state	of	a	reaction	in	which	old	bonds	are	partially	broken	and	new	bonds	are
partially	formed.	The	activated	complex	has	a	higher	energy	than	the	reactants	or	products	of	the
reaction.

Activation	energy	(Ea)

The	minimum	amount	of	energy	required	for	a	reaction	to	occur.

Adiabatic	process

A	process	that	occurs	without	the	transfer	of	heat	to	or	from	the	system.

Alcohols

Organic	compounds	of	the	general	formula	R-OH.

Aldehydes

Organic	compounds	of	the	general	formula	R-CHO.

Alkali	metals

Elements	found	in	Group	IA	of	the	periodic	table.	They	are	highly	reactive,	readily	losing	their	one
valence	electron	to	form	ionic	compounds	with	nonmetals.

Alkaline	earth	metals

Elements	found	in	Group	IIA	of	the	periodic	table.	Their	chemistry	is	similar	to	that	of	the	alkali
metals,	except	that	they	have	two	valence	electrons,	and	thus	form	2+	cations.

Alkanes

Hydrocarbons	with	only	single	bonds.	The	general	formula	for	alkanes	is	CnH2n+2.



Alkenes

Hydrocarbons	with	at	least	one	carbon-carbon	double	bond.	Their	general	formula	is	CnH2n.

Alkynes

Hydrocarbons	with	at	least	one	carbon-carbon	triple	bond.	Their	general	formula	is	CnH2n–2.

Alpha	(α)	particle

A	particle	ejected	from	the	nucleus	in	one	form	(adjust	F)	of	radioactive	decay,	identical	to	the
helium-4	nucleus.

Amines

Compounds	of	the	general	formula	R-NH2,	R2-NH,	or	R3-N.

Amino	acids

Building	blocks	of	proteins	with	the	general	formula	NH2C-R-HCOOH.

Amorphous	solids

Solids	that	do	not	possess	long-range	order.	Compare	to	crystals	or	crystalline	solids.

Amphoteric	species

A	species	capable	of	reacting	either	as	an	acid	or	as	a	base.

Anhydride

A	compound	obtained	by	the	removal	of	water	from	another	compound.

Anion

An	ionic	species	with	a	negative	charge.



Anode

The	electrode	at	which	oxidation	occurs.	Compare	to	cathode.

Aqueous	solution

A	solution	in	which	water	is	the	solvent.

Aromatic	compounds

Planar,	cyclic	organic	compounds	that	are	unusually	stable	because	of	the	delocalization	of	π
electrons.

Arrhenius	acid

A	species	that	donates	protons	(H+)	in	an	aqueous	solution;	e.g.,	HCl.

Arrhenius	base

A	species	that	gives	off	hydroxide	ions	(OH–)	in	an	aqueous	solution;	e.g.,	NaOH.

Atom

The	most	elementary	form	of	an	element;	it	cannot	be	further	broken	down	by	chemical	means.

Atomic	mass

The	averaged	mass	of	the	atoms	of	an	element,	taking	into	account	the	relative	abundance	of	the
various	isotopes	in	a	naturally	occurring	substance.	Also	called	the	atomic	weight.

Atomic	mass	units	(amu)

A	unit	of	mass	defined	as	 	the	mass	of	a	carbon-12	atom;	approximately	equal	to	the	mass	of	one
proton	or	one	neutron.

Atomic	number



The	number	of	protons	in	a	given	element.

Atomic	orbital

The	region	of	space	around	the	nucleus	in	an	atom	in	which	there	is	a	high	probability	of	finding	the
electron.

Atomic	radius

The	radius	of	an	atom.	The	average	distance	between	a	nucleus	and	the	outermost	electron.	Usually
measured	as	one-half	the	distance	between	two	nuclei	of	an	element	in	its	elemental	form.

Aufbau	principle

The	principle	that	electrons	fill	energy	levels	in	a	given	atom	in	order	of	increasing	energy,
completely	filling	one	sublevel	before	beginning	to	fill	the	next.

Avogadro’s	number

The	number	corresponding	to	a	mole.	It	is	the	number	of	carbon-12	atoms	in	exactly	12	g	of	carbon-
12,	approximately	6.022	×	1023.

Avogadro’s	principle

The	law	stating	that	under	the	same	conditions	of	temperature	and	pressure,	equal	volumes	of
different	gases	will	have	the	same	number	of	molecules.

Azimuthal	(angular	momentum)	quantum	number	(l)

The	second	quantum	number,	denoting	the	sublevel	or	subshell	in	which	an	electron	can	be	found.
Reveals	the	shape	of	the	orbital.	This	quantum	number	represents	the	orbital	angular	momentum
of	the	motion	of	the	electron	about	a	point	in	space.

Balanced	equation



An	equation	for	a	chemical	reaction	in	which	the	number	of	atoms	for	each	element	in	the	reaction
and	the	total	charge	are	the	same	for	the	reactants	and	the	products.

Barometer

An	instrument	for	measuring	atmospheric	pressure.

Base

A	species	that	donates	hydroxide	ions	or	electrons,	or	that	accepts	protons.	See	Arrhenius	base;
Basic	solution;	Brønsted-Lowry	base;	Lewis	base.

Base	dissociation	constant	(Kb)

The	equilibrium	constant	that	measures	the	degree	of	dissociation	for	a	base	under	specific
conditions.	For	a	base	BOH:

Basic	anhydride

An	oxide	that	dissolves	in	water	to	form	a	basic	solution.

Basic	solution

An	aqueous	solution	that	contains	more	OH–	ions	than	H+	ions.	The	pH	of	a	basic	solution	is	greater
than	7	at	25°C.

Beta	(β)	particle

An	electron	produced	and	ejected	from	the	nucleus	during	radioactive	beta	decay.

Binding	energy



The	energy	required	to	break	a	nucleus	apart	into	its	constituent	neutrons	and	protons.

Bohr	model

The	model	of	the	hydrogen	atom	postulating	that	atoms	are	composed	of	electrons	that	assume
certain	circular	orbits	about	a	positive	nucleus.

Boiling	point

The	temperature	at	which	the	vapor	pressure	of	a	liquid	is	equal	to	the	surrounding	pressure.	The
normal	boiling	point	of	any	liquid	is	defined	as	temperature	at	which	its	vapor	pressure	is	1
atmosphere.

Boiling-point	elevation

The	amount	by	which	a	given	quantity	of	solute	raises	the	boiling	point	of	a	liquid;	a	colligative
property.

Bond	energy

The	energy	(enthalpy	change)	required	to	break	a	particular	bond	under	given	conditions.

Boyle’s	law

The	law	stating	that	at	constant	temperature,	the	volume	of	a	gaseous	sample	is	inversely
proportional	to	its	pressure.

Brønsted-Lowry	acid

Proton	donor,	e.g.,	H3PO4.

Brønsted-Lowry	base

Proton	acceptor,	e.g.,	OH–.

Buffer



A	solution	containing	a	weak	acid	and	its	salt	(or	a	weak	base	and	its	salt);	which	tends	to	resist
changes	in	pH.

Buffer	region

The	region	of	a	titration	curve	in	which	the	concentration	of	a	conjugate	acid	is	approximately	equal
to	that	of	the	corresponding	base.	The	pH	remains	relatively	constant	when	small	amounts	of	H+	or
OH–	are	added	because	of	the	combination	of	these	ions	with	the	buffer	species	already	in	solution.

Calorie	(cal)

A	unit	of	thermal	energy	(1	cal	=	4.184	J).

Calorimeter

An	apparatus	used	to	measure	the	heat	absorbed	or	released	by	a	reaction.

Carbohydrates

A	compound	with	the	general	formula	Cn(H2O)m.	Carbon	dating

Carbon	dating

A	technique	for	estimating	the	age	of	(ancient)	objects	by	measuring	the	amount	of	radioactive
carbon-14	remaining.

Carbonyl	group

C=O	group	found	in	aldehydes,	ketones,	et	cetera.	The	C=O	bond	is	known	as	the	carbonyl	bond,	and
organic	compounds	containing	this	group	are	known	as	carbonyl	compounds.

Carboxylic	acids

Compounds	of	the	general	formula	R-COOH.

Catalysis



Increasing	a	reaction	rate	by	adding	a	substance	(the	catalyst)	not	permanently	changed	by	the
reaction.	The	catalyst	lowers	the	activation	energy.

Catalyst

A	substance	that	increases	the	rates	of	the	forward	and	reverse	directions	of	a	specific	reaction	but
is	itself	left	unchanged.

Cathode

The	electrode	at	which	reduction	takes	place.

Cation

An	ionic	species	with	a	positive	charge.

Celsius	(°C)

A	temperature	scale	defined	by	having	0°C	equal	to	the	freezing	point	of	water	and	100°C	equal	to
the	boiling	point	of	water;	also	the	units	of	that	scale.	Otherwise	known	as	the	centigrade
temperature	scale.	0°C	=	273.15K.

Charles’s	law

The	law	stating	that	the	volume	of	a	gaseous	sample	at	constant	pressure	is	directly	proportional	to
its	absolute	(Kelvin)	temperature.

Chemical	bond

The	interaction	between	two	atoms	resulting	from	the	overlap	of	electron	orbitals,	holding	the	two
atoms	together	at	a	specific	average	distance	from	each	other.

Chemical	properties

Those	properties	of	a	substance	describing	its	reactivity.



Closed	system

A	system	that	can	exchange	energy	but	not	matter	with	its	surroundings.

Colligative	properties

Those	properties	of	solutions	that	depend	only	on	the	number	of	solute	particles	present	but	not	on
the	nature	of	those	particles.	See	Boiling-point	elevation;	Freezing-point	depression;	Vapor-pressure
lowering.

Common	ion	effect

A	shift	in	the	equilibrium	of	a	solution	due	to	the	addition	of	ions	of	a	species	already	present	in	the
reaction	mixture.

Compound

A	pure	substance	that	can	be	decomposed	to	produce	elements,	other	compounds,	or	both.

Concentration

The	amount	of	solute	per	unit	of	solvent	(denoted	by	square	brackets),	or	the	relative	amount	of
one	component	in	a	mixture.

Conjugate	acid-base	pair

Brønsted-Lowry	acid	and	base	related	by	the	transfer	of	a	proton,	e.g.,	H2CO3	and	HCO3
–.

Coordination	complex

A	compound	in	which	a	central	metal	atom	or	ion	is	bonded	by	coordinate	covalent	bonds	to	other
atoms	or	groups.

Coordinate	covalent	bond



A	covalent	bond	in	which	both	electrons	of	the	bonding	pair	are	donated	by	only	one	of	the	bonded
atoms.

Covalent	bond

A	chemical	bond	formed	by	the	sharing	of	an	electron	pair	between	two	atoms.	See	Coordinate
covalent	bond;	Nonpolar	covalent	bond;	Polar	covalent	bond.

Critical	pressure

The	vapor	pressure	at	the	critical	temperature	of	a	given	substance.

Critical	temperature

The	highest	temperature	at	which	the	liquid	and	vapor	phases	of	a	substance	can	coexist;	above	this
temperature	the	substance	does	not	liquefy	at	any	pressure.

Crystal

A	solid	whose	atoms,	ions,	or	molecules	are	arranged	in	a	regular	three-dimensional	lattice
structure.

Cycloalkanes

Saturated	cyclic	compounds	of	the	formula	CnH2n.

d	subshell

The	subshells	corresponding	to	the	angular	momentum	quantum	number	l	=	2,	found	in	the	third
and	higher	principal	energy	levels;	each	containing	five	orbitals.

Dalton’s	law

The	law	stating	that	the	sum	of	the	partial	pressures	of	the	components	of	a	gaseous	mixture	must
equal	the	total	pressure	of	the	sample.



Daniell	cell

An	electrochemical	cell	in	which	the	anode	is	the	site	of	Zn	metal	oxidation,	and	the	cathode	is	the
site	of	Cu2+	ion	reduction.

Degenerate	orbitals

Orbitals	that	possess	equal	energy.

Density	(ρ)

A	physical	property	of	a	substance,	defined	as	the	mass	contained	in	a	unit	of	volume.

Diamagnetic

A	condition	that	arises	when	a	substance	has	no	unpaired	electrons	and	is	slightly	repelled	by	a
magnetic	field.

Diffusion

The	random	motion	of	gas	or	solute	particles	across	a	concentration	gradient,	leading	to	uniform
distribution	of	the	gas	or	solute	throughout	the	container.

Dipole

In	chemistry,	a	species	containing	bonds	between	elements	of	different	electronegativities,
resulting	in	an	unequal	distribution	of	charge	in	the	species.

Dipole-dipole	interaction

The	attractive	force	between	two	dipoles	whose	magnitude	is	dependent	on	both	the	dipole
moments	and	the	distance	between	the	two	species.

Dipole	moment



A	vector	quantity	whose	magnitude	is	dependent	on	the	product	of	the	charges	and	the	distance
between	them.	The	direction	of	the	moment	is	from	the	positive	to	the	negative	pole.

Dispersion	force

A	weak	intermolecular	force	that	arises	from	interactions	between	temporary	and/or	induced
dipoles.	Also	called	London	force.

Dissociation

The	separation	of	a	single	species	into	two	separate	species;	this	term	is	usually	used	in	reference	to
salts	or	weak	acids	or	bases.

Dissolution

The	process	of	dissolving	a	substance.	The	opposite	of	precipitation.

Dynamic	equilibrium

A	state	of	balance	(no	macroscopic	change	observable)	that	arises	when	opposing	processes	occur
at	equal	rates.

Electrochemical	cell

A	cell	within	which	a	redox	reaction	takes	place,	containing	two	electrodes	between	which	there	is
an	electrical	potential	difference.	See	Electrolytic	cell;	Voltaic	cell.

Electrode

An	electrical	conductor	through	which	an	electric	current	adjust	enters	or	leaves	a	medium.

Electrolysis

The	process	in	which	an	electric	current	is	passed	though	a	solution,	resulting	in	chemical	changes
that	would	not	otherwise	occur	spontaneously.



Electrolyte

A	compound	that	ionizes	in	water.

Electrolytic	cell

An	electrochemical	cell	that	uses	an	external	voltage	source	to	drive	a	nonspontaneous	redox
reaction.

Electromagnetic	radiation

A	wave	composed	of	electric	and	magnetic	fields	oscillating	perpendicular	to	each	other	and	to	the
direction	of	propagation.

Electromagnetic	spectrum

The	range	of	all	possible	frequencies	or	wavelengths	of	electromagnetic	radiation.

Electromotive	force	(EMF)

The	potential	difference	developed	between	the	cathode	and	the	anode	of	an	electrochemical	cell.

Electron	(e–)

A	subatomic	particle	that	remains	outside	the	nucleus	and	carries	a	single	negative	charge.	In	most

cases	its	mass	is	considered	to	be	negligible	( 	that	of	the	proton).

Electron	affinity

The	amount	of	energy	that	is	released	when	an	electron	is	added	to	an	atom.

Electron	configuration

The	symbolic	representation	used	to	describe	the	electron	occupancy	of	the	various	energy
sublevels	in	a	given	atom.



Electronegativity

A	measure	of	the	ability	of	an	atom	to	attract	the	electrons	in	a	bond.

Electron	spin

The	intrinsic	angular	momentum	of	an	electron,	having	arbitrary	values	of	 	and	 .	See	Spin
quantum	number.

Element

A	substance	that	cannot	be	further	broken	down	by	chemical	means.	All	atoms	of	a	given	element
have	the	same	number	of	protons.

Emission	spectrum

The	spectrum	produced	by	a	species	emitting	energy	as	it	relaxes	from	an	excited	to	a	lower	energy
state.

Empirical	formula

The	simplest	whole-number	ratio	of	the	different	elements	in	a	compound.

Endothermic	reaction

A	reaction	that	absorbs	heat	from	the	surroundings	as	the	reaction	proceeds	(positive	∆H).

End	point

The	point	in	a	titration	at	which	the	indicator	changes	color,	showing	that	enough	reactant	has	been
added	to	the	solution	to	complete	the	reaction.

Enthalpy	(H)

The	heat	content	of	a	system	at	constant	pressure.	The	change	in	enthalpy	(∆H)	in	the	course	of	a
reaction	is	the	difference	between	the	enthalpies	of	the	products	and	the	reactants.



Entropy	(S)

A	property	related	to	the	degree	of	disorder	in	a	system.	Highly	ordered	systems	have	low	entropies.
The	change	in	entropy	(∆S)	in	the	course	of	a	reaction	is	the	difference	between	the	entropies	of	the
products	and	the	reactants.

Equilibrium

The	state	of	balance	in	which	the	forward	and	reverse	reaction	rates	are	equal.	In	a	system	at
equilibrium,	the	concentrations	of	all	species	will	remain	constant	over	time	unless	there	is	a
change	in	the	reaction	conditions.	See	Le	Châtelier’s	principle.

Equilibrium	constant

The	ratio	of	the	concentration	of	the	products	to	the	concentration	of	the	reactants	for	a	certain
reaction	at	equilibrium,	all	raised	to	their	stoichiometric	coefficients.

Equivalence	point

The	point	in	a	titration	at	which	the	number	of	equivalents	of	the	species	being	added	to	the
solution	is	equal	to	the	number	of	equivalents	of	the	species	being	titrated.

Esters

Compounds	of	the	general	formula	R-COO-R’.

Ethers

Compounds	of	the	general	formula	R-O-R’.

Excess	reagent

In	a	chemical	reaction,	any	reagent	whose	amount	does	not	limit	the	amount	of	product	that	can	be
formed.	Compare	to	Limiting	reagent.

Excited	state



An	electronic	state	having	a	higher	energy	than	the	ground	state.

Exothermic	reaction

A	reaction	that	gives	off	heat	(negative	∆H)	to	the	surroundings	as	the	reaction	proceeds.

f	subshell

The	subshells	corresponding	to	the	angular	momentum	quantum	number	l	=	3,	found	in	the	fourth
and	higher	principal	energy	levels,	each	containing	seven	orbitals.

Faraday	(F)

The	total	charge	on	1	mole	of	electrons	(1	F	=	96,487	coulombs).

Fatty	acids

Carboxylic	acids	with	long	hydrocarbon	chains,	derived	from	the	hydrolysis	of	fats.

First	law	of	thermodynamics

The	law	stating	that	the	total	energy	of	a	system	and	its	surroundings	remains	constant.	Also
expressed	as	∆E	=	Q	–	W:	the	change	in	energy	of	a	system	is	equal	to	the	heat	added	to	it	minus	the
work	done	by	it.

Formal	charge

The	conventional	assignment	of	charges	to	individual	atoms	of	a	Lewis	formula	for	a	molecule,	used
to	keep	track	of	valence	electrons.	Defined	as	the	total	number	of	valence	electrons	in	the	free	atom
minus	the	total	number	of	nonbonding	electrons	minus	one-half	the	total	number	of	bonding
electrons.

Freezing	point

At	a	given	pressure,	the	temperature	at	which	the	solid	and	liquid	phases	of	a	substance	coexist	in
equilibrium.



Freezing-point	depression

Amount	by	which	a	given	quantity	of	solute	lowers	the	freezing	point	of	a	liquid.	A	colligative
property.

Galvanic	cell

An	electrochemical	cell	that	uses	a	spontaneous	redox	reaction	to	do	work,	i.e.,	produce	an
electrical	current.	Also	called	a	Voltaic	cell.

Gamma	(γ)	radiation

High-energy	photons	often	emitted	in	radioactive	decay.

Gas

The	physical	state	of	matter	possessing	a	high	degree	of	disorder,	in	which	molecules	interact	only
slightly;	found	at	relatively	low	pressure	and	high	temperatures.	Also	called	vapor.	See	Ideal	gas.

Gas	constant	(R)

A	proportionality	constant	that	appears	in	the	ideal	gas	law,	PV	=	nRT.	Its	value	depends	upon	the
units	of	pressure,	temperature,	and	volume	used	in	a	given	situation.

Geiger	counter

An	instrument	used	to	measure	radioactivity.

Gibbs	free	energy	(G)

The	energy	of	a	system	available	to	do	work.	The	change	in	Gibbs	free	energy,	∆G,	is	determined	for
a	given	reaction	from	the	equation	∆G	=	∆H	–	T∆S.	∆G	is	used	to	predict	the	spontaneity	of	a
reaction:	A	negative	∆G	denotes	a	spontaneous	reaction,	while	positive	∆G	denotes	a
nonspontaneous	reaction.

Graham’s	law



The	law	stating	that	the	rate	of	effusion	or	diffusion	of	a	gas	is	inversely	proportional	to	the	square
root	of	the	gas’s	molecular	weight.

Gram-equivalent	weight

The	amount	of	a	compound	that	contains	1	mole	of	reacting	capacity	when	fully	dissociated.	One
GEW	equals	the	molecular	weight	divided	by	the	reactive	capacity	per	formula	unit.

Group

A	vertical	column	of	the	periodic	table,	containing	elements	that	are	similar	in	their	chemical
properties.

Half-life

The	time	required	for	the	amount	of	a	reactant	to	decrease	to	one-half	of	its	former	value.

Half-reaction

Either	the	reduction	half	or	oxidation	half	of	a	redox	reaction.	Each	half-reaction	occurs	at	one
electrode	of	an	electrochemical	cell.

Halogens

The	active	nonmetals	in	Group	VIIA	of	the	periodic	table,	which	have	high	electronegativities	and
highly	negative	electron	affinities.

Heat

The	energy	representing	the	kinetic	energy	of	molecules	that	is	transferred	spontaneously	from	a
warmer	sample	to	a	cooler	sample.	See	Temperature.

Heat	of	formation	(∆Hf)

The	heat	absorbed	or	released	during	the	formation	of	a	pure	substance	from	the	elements	in	their
standard	states.



Heat	of	fusion	(∆Hfus)

The	∆H	for	the	conversion	of	a	solid	to	a	liquid.

Heat	of	sublimation	(∆Hsub)

The	∆H	for	the	conversion	of	a	solid	directly	to	a	gas.

Heat	of	vaporization	(∆Hvap)

The	∆H	for	the	conversion	of	a	liquid	to	a	vapor.

Heisenberg	uncertainty	principle

The	principle	that	states	that	it	is	impossible	to	simultaneously	determine	with	perfect	accuracy
both	the	momentum	and	position	of	a	particle.

Henry’s	law

The	law	stating	that	the	mass	of	a	gas	that	dissolves	in	a	solution	is	directly	proportional	to	the
partial	pressure	of	the	gas	above	the	solution.

Hess’s	law

The	law	stating	that	the	energy	change	in	an	overall	reaction	is	equal	to	the	sum	of	the	energy
changes	in	the	individual	reactions	that	comprise	it.

Heterogeneous

Nonuniform	in	composition.

Homogeneous

Uniform	in	composition.

Hund’s	rule



The	rule	that	electrons	will	occupy	all	degenerate	orbitals	in	a	subshell	with	single	electrons	having
parallel	spins	before	entering	half-filled	orbitals.

Hybridization

The	combination	of	two	or	more	atomic	orbitals	to	form	new	orbitals	for	bonding	purposes.

Hydrate

A	compound	with	associated	water	molecules.

Hydrocarbons

Organic	compounds	containing	only	carbon	and	hydrogen.

Hydrogen	bonding

The	strong	attraction	between	a	hydrogen	atom	bonded	to	a	highly	electronegative	atom,	such	as
fluorine	or	oxygen,	in	one	molecule,	and	a	highly	electronegative	atom	in	another	molecule.

Hydrolysis

A	reaction	between	water	and	a	species	in	solution.

Hydronium	ion

The	H3O+	ion	in	aqueous	solution.

Hydroxide	ion

The	OH–	ion.

Ideal	gas

A	hypothetical	gas	whose	behavior	is	described	by	the	ideal	gas	law	under	all	conditions.	An	ideal
gas	would	have	particles	of	zero	volume	that	do	not	exhibit	interactive	forces.



Ideal	gas	law

The	law	stating	that	PV	=	nRT,	where	R	is	the	gas	constant.	It	can	be	used	to	describe	the	behavior	of
many	real	gases	at	moderate	pressures	and	temperatures	significantly	above	absolute	zero.	See
Kinetic	molecular	theory.

Indicator,	acid-base

A	substance	used	in	low	concentration	during	a	titration	that	changes	color	over	a	certain	pH	range.
The	color	change,	which	occurs	as	the	indicator	undergoes	a	dissociation	reaction,	is	used	to
identify	the	end	point	of	the	titration	reaction.

Inert	gases

The	elements	located	in	Group	0	(or	Group	VIII)	of	the	periodic	table.	They	contain	a	full	octet	of
valence	electrons	in	their	outermost	shell;	this	electron	configuration	makes	them	the	least	reactive
of	the	elements.	Also	called	noble	gases.

Intermolecular	forces

The	attractive	and	repulsive	forces	between	molecules.	See	Van	der	Waals	forces.

Intramolecular	forces

The	attractive	forces	between	atoms	within	a	single	molecule.

Ion

A	charged	atom	or	molecule	that	results	from	the	loss	or	gain	of	electrons.

Ionic	bonding

A	chemical	bond	formed	through	electrostatic	interaction	between	positive	and	negative	ions.

Ionic	solid



A	solid	consisting	of	positive	and	negative	ions	arranged	into	crystals	that	are	made	up	of	regularly
repeated	units	and	held	together	by	ionic	bonds.

Ionization	energy

The	energy	required	to	remove	an	electron	from	the	valence	shell	of	a	gaseous	atom.

Ionization	product

The	general	term	for	the	dissociation	of	salts	or	of	weak	acids	or	bases;	the	ratio	of	the
concentration	of	the	ionic	products	to	the	concentration	of	the	reactant	for	a	reaction,	all	raised	to
their	stoichiometric	coefficients.

Isobaric	process

A	process	that	occurs	at	constant	pressure.

Isolated	system

A	system	that	can	exchange	neither	matter	nor	energy	with	its	surroundings.

Isomers

Compounds	with	the	same	molecular	formula	but	different	structures.

Isothermal	process

A	process	that	occurs	at	constant	temperature.

Isotopes

Atoms	containing	the	same	number	of	protons	but	different	numbers	of	neutrons;	e.g.,	nitrogen-14
and	nitrogen-15.

Joule	(J)



A	unit	of	energy;	1	J	=	1	kg	m2/s2.

Kelvin	(K)

A	temperature	scale	with	units	equal	in	magnitude	to	the	units	of	the	Celsius	scale	and	absolute
zero	defined	as	0	K;	also	the	units	of	that	temperature	scale.	Otherwise	known	as	the	absolute
temperature	scale.	0	K	=	–273.15°C.

Ketones

Compounds	of	the	general	formula	RCOR’.

Kinetic	energy

The	energy	a	body	has	as	a	result	of	its	motion,	equal	to	 .

Kinetic	molecular	theory

The	theory	proposed	to	account	for	the	observed	behavior	of	gases.	The	theory	considers	gas
molecules	to	be	pointlike,	volumeless	particles,	exhibiting	no	intermolecular	forces	and	in	constant
random	motion,	undergoing	only	completely	elastic	collisions	with	the	container	or	other
molecules.	See	Ideal	gas	law.

Law	of	conservation	of	mass

The	law	stating	that	in	a	given	reaction,	the	mass	of	the	products	is	equal	to	the	mass	of	the
reactants.

Law	of	constant	composition

The	law	stating	that	the	elements	in	a	pure	compound	are	found	in	specific	weight	ratios.

Le	Châtelier’s	principle

The	observation	that	when	a	system	at	equilibrium	is	disturbed	or	stressed,	the	system	will	react	in
such	a	way	as	to	relieve	the	stress	and	restore	equilibrium.	See	Equilibrium.



Lewis	acid

A	species	capable	of	accepting	an	electron	pair;	e.g.,	BF3.

Lewis	base

A	species	capable	of	donating	an	electron	pair;	e.g.,	NH3.

Lewis	structure

A	method	of	representing	the	shared	and	unshared	electrons	of	an	atom,	molecule,	or	ion.

Limiting	reagent

In	a	chemical	reaction,	the	reactant	present	in	such	quantity	as	to	limit	the	amount	of	product	that
can	be	formed.

Liquid

The	state	of	matter	in	which	intermolecular	attractions	are	intermediate	between	those	in	gases
and	in	solids,	distinguished	from	the	gas	phase	by	having	a	definite	volume	and	from	the	solid	phase
in	that	the	molecules	may	mix	freely.

Litmus

An	organic	substance	that	is	used	as	an	acid-base	indicator,	most	often	in	paper	form.	It	turns	red	in
acidic	solution	and	blue	in	basic	solution.

London	force

See	Dispersion	force.

Magnetic	quantum	number	(ml)

The	third	quantum	number,	defining	the	particular	orbital	of	a	subshell	in	which	an	electron	resides.
It	conveys	information	about	the	orientation	of	the	orbital	in	space	(e.g.,	px	versus	py).



Manometer

An	instrument	used	to	measure	the	pressure	of	a	gas.

Mass

A	physical	property	representing	the	amount	of	matter	in	a	given	sample.

Mass	defect

The	difference	between	the	sum	of	the	masses	of	neutrons	and	protons	forming	a	nucleus	and	the
mass	of	that	nucleus;	the	mass	equivalence	of	binding	energy,	with	the	two	related	via	the	equation
E	=	mc2.

Mass	number

The	total	number	of	protons	and	neutrons	in	a	nucleus.

Maxwell-Boltzmann	distribution

The	distribution	of	the	molecular	speeds	of	gas	particles	at	a	given	temperature.

Melting	point

The	temperature	at	which	the	solid	and	liquid	phases	of	a	substance	coexist	in	equilibrium.

Metal

One	of	a	class	of	elements	located	on	the	left	side	of	the	periodic	table,	possessing	low	ionization
energies	and	electronegativities.	Metals	readily	give	up	electrons	to	form	cations;	they	possess
relatively	high	electrical	conductivity	and	are	lustrous	and	malleable.

Metallic	bonding

The	type	of	bonding	in	which	the	valence	electrons	of	metal	atoms	are	delocalized	throughout	the
metallic	lattice.



Metalloid

An	element	possessing	properties	intermediate	between	those	of	a	metal	and	those	of	a	nonmetal.
Also	called	a	semimetal.

Micelles

Clusters	of	molecules	possessing	hydrophilic	ionic	heads	facing	the	surface	of	a	sphere	where	they
can	interact	with	water,	and	possessing	hydrophobic	hydrocarbon	tails	in	the	interior.	Soaps	form
micelles,	facilitating	the	dissolution	of	oils	and	fats.

Miscible

Able	to	mix	in	any	proportion.

Molality	(m)

A	concentration	unit	equal	to	the	number	of	moles	of	solute	per	kilogram	of	solvent.

Molarity	(M)

A	concentration	unit	equal	to	the	number	of	moles	of	solute	per	liter	of	solution.

Molar	mass

The	mass	in	grams	of	one	mole	of	an	element	or	compound.

Mole	(mol)

One	mole	of	a	substance	contains	Avogadro’s	number	of	molecules	or	atoms.	The	mass	of	one	mole
of	substance	in	grams	is	the	same	as	the	mass	of	one	molecule	or	atom	in	atomic	mass	units.

Mole	fraction	(χ)

A	unit	of	concentration	equal	to	the	ratio	of	the	number	of	moles	of	a	particular	component	to	the
total	number	of	moles	for	all	species	in	the	system.



Molecular	formula

A	formula	showing	the	actual	number	and	identity	of	all	atoms	in	each	molecule	of	a	compound.

Molecular	weight

The	sum	of	the	atomic	weights	of	all	the	atoms	in	a	molecule.

Molecule

The	smallest	polyatomic	unit	of	an	element	or	compound	that	exists	with	distinct	chemical	and
physical	properties.

Monoprotic	acid

An	acid	that	can	donate	only	one	proton,	e.g.,	HNO3.	The	molarity	of	a	monoprotic	acid	solution	is
equal	to	its	normality.

Monosaccharides

Simple	sugars	that	cannot	be	hydrolyzed	to	simpler	compounds.

Net	ionic	equation

A	reaction	equation	showing	only	the	species	actually	participating	in	the	reaction.

Nucleon

A	particle	found	in	the	nucleus	of	an	atom;	can	be	either	a	neutron	or	a	proton.

Neutralization	reaction

A	reaction	between	an	acid	and	base	in	which	H+	ions	and	OH–	ions	combine	to	produce	water	and	a
salt	solution.

Neutral	solution



An	aqueous	solution	in	which	the	concentration	of	H+	and	OH–	ions	are	equal	(pH	=	7).

Neutron

A	subatomic	particle	contained	within	the	nucleus	of	an	atom.	It	carries	no	charge	and	has	a	mass
very	slightly	larger	than	that	of	a	proton.

Noble	gases

See	Inert	gases.

Nonelectrolyte

A	compound	that	does	not	ionize	in	water.

Nonmetal

One	of	a	class	of	elements	with	high	ionization	potentials	and	very	negative	electron	affinities	that
generally	gains	electrons	to	form	anions.	Nonmetals	are	located	on	the	upper	right	side	of	the
periodic	table.

Nonpolar	covalent	bond

A	covalent	bond	between	elements	of	the	same	electronegativity.	There	is	no	charge	separation	and
the	atoms	do	not	carry	any	partially	positive	or	partially	negative	charge.	Compare	to	Polar	covalent
bond.

Nonpolar	molecule

A	molecule	that	exhibits	no	net	separation	of	charge,	and	therefore	no	net	dipole	moment.

Normality	(N)

A	concentration	unit	equal	to	the	number	of	gram	equivalent	weights	of	solute	per	liter	of	solution.

Nucleus



The	small	central	region	of	an	atom;	a	dense,	positively	charged	area	containing	protons	and
neutrons.

Octet

Eight	valence	electrons	in	a	subshell	around	a	nucleus.

Octet	rule

A	rule	stating	that	bonded	atoms	tend	to	undergo	reactions	that	will	produce	a	complete	octet	of
valence	electrons.	Applies	without	exception	only	to	C,	N,	O,	and	F	with	zero	or	negative	formal
charges.

Open	system

A	system	that	can	exchange	both	energy	and	matter	with	its	surroundings.

Orbital

A	region	of	electron	density	around	an	atom	or	molecule,	containing	no	more	than	two	electrons	of
opposite	spin.	See	Atomic	orbital.

Order	of	reaction

In	a	calculation	of	the	rate	law	for	a	reaction,	the	sum	of	the	exponents	to	which	the	concentrations
of	reactants	must	be	raised.

Osmosis

The	movement	of	a	solvent	or	solute	through	a	semipermeable	membrane	across	its	concentration
gradient,	i.e.,	from	a	container	in	which	the	concentration	is	high	to	a	container	in	which	the
concentration	is	low.

Osmotic	pressure



The	pressure	that	must	be	applied	to	a	solution	to	prevent	the	passage	of	a	pure	solvent	through	a
semipermeable	membrane	across	its	concentration	gradient.

Oxidation

A	reaction	involving	the	net	loss	of	electrons	or,	equivalently,	an	increase	in	oxidation	number.

Oxidation	number

The	number	assigned	to	an	atom	in	an	ion	or	molecule	that	denotes	its	real	or	hypothetical	charge.
Atoms,	alone	or	in	molecules,	of	standard	state	elements	have	oxidation	numbers	of	zero.	Also
called	the	oxidation	state.

Oxidizing	agent

In	a	redox	reaction,	a	species	that	gains	electrons	and	is	thereby	reduced.

p	subshell

The	subshells	corresponding	to	the	angular	momentum	quantum	number	l	=	1,	found	in	the	second
and	higher	principal	energy	levels.	Each	subshell	contains	three	dumbbell-shaped	p	orbitals
oriented	perpendicular	to	each	other,	and	referred	to	as	the	px,	py,	and	pz	orbitals.

Paired	electrons

Two	electrons	in	the	same	orbital	with	assigned	spins	of	 	and	 .	See	Orbital;	Hund’s	rule.

Paramagnetism

A	property	of	a	substance	that	contains	unpaired	electrons,	whereby	the	substance	is	attracted	by	a
magnetic	field.

Partial	pressure

The	pressure	that	one	component	of	a	gaseous	mixture	would	exert	if	it	were	alone	in	the	container.



Pauli	exclusion	principle

The	principle	stating	that	no	two	electrons	within	an	atom	may	have	an	identical	set	of	all	four
quantum	numbers.

Peptides

Molecules	that	consist	of	two	or	more	amino	acids	linked	to	each	other	by	peptide	bonds.

Percent	composition

The	percentage	of	the	total	formula	weight	of	a	compound	attributed	to	a	given	element.

Percent	yield

The	percentage	of	the	theoretical	product	yield	that	is	actually	recovered	when	a	chemical	reaction
occurs.

Period

A	horizontal	row	of	the	periodic	table,	containing	elements	with	the	same	number	of	electron	shells.

Periodic	law

The	law	stating	that	the	chemical	properties	of	an	element	depend	on	the	atomic	number	of	the
element,	and	change	in	a	periodic	fashion.

Periodic	table

The	table	displaying	all	known	chemical	elements	arranged	in	rows	(periods)	and	columns	(groups)
according	to	their	electronic	structure.

pH

A	measure	of	the	hydrogen	ion	content	of	an	aqueous	solution,	defined	to	be	equal	to	the	negative
log	of	the	H+	concentration.



Phase

One	of	the	three	states	of	matter:	solid,	liquid,	or	gas.	(Plasma	is	often	considered	a	fourth	phase	of
matter.)

Phase	diagram

A	plot,	usually	of	pressure	versus	temperature,	showing	which	phases	a	compound	will	exhibit	under
any	set	of	conditions.

Phase	equilibrium

For	a	particular	substance,	any	temperature	and	pressure	at	which	two	or	three	phases	coexist	in
equilibrium.	See	Triple	point.

Photon

A	quantum	of	energy	in	the	form	of	light	with	a	value	of	Planck’s	constant	multiplied	by	the
frequency	of	the	light.

Physical	property

A	property	of	a	substance	related	to	its	physical,	not	chemical,	characteristics;	e.g.,	density,	smell,
color.

Pi	(π)	bond

A	covalent	bond	formed	by	parallel	overlap	of	two	unhybridized	atomic	p	orbitals.

pOH

A	measure	of	the	hydroxide	(OH–)	ion	content	of	an	aqueous	solution,	defined	to	be	equal	to	the
negative	log	of	the	OH–	concentration.

Polar	covalent	bond



A	covalent	bond	between	atoms	with	different	electronegativities	in	which	electron	density	is
unevenly	distributed,	giving	the	bond	positive	and	negative	ends.

Polar	molecule

A	molecule	possessing	one	or	more	polar	covalent	bond(s)	and	a	geometry	that	allows	the	bond
dipole	moments	to	add	up	to	a	net	dipole	moment,	e.g.,	H2O.

Polyprotic	acid

An	acid	capable	of	donating	more	than	one	proton,	e.g.,	H2CO3.

Positron

An	“antielectron”:	It	has	the	same	mass	but	opposite	charge	as	an	electron,	and	is	emitted	during	a
particular	form	of	radioactive	decay.

Potential	energy	diagram

An	energy	diagram	that	relates	the	potential	energy	of	the	reactants	and	products	of	a	reaction	to
details	of	the	reaction	pathway.	By	convention,	the	x	axis	shows	the	progression	of	the	reaction,	and
the	y	axis	shows	potential	energy.

Precipitate

An	insoluble	solid	that	separates	from	a	solution,	generally	the	result	of	mixing	two	or	more
solutions	or	of	a	temperature	change.

Pressure

Average	force	per	unit	area	measured	in	atmospheres,	torr	(mm	Hg),	or	pascals	(Pa).	1	atm	=	760	torr
=	760	mm	Hg	=	1.01	×	102	kPa.

Primary	structure

The	amino	acid	sequence	of	a	protein.



Principal	quantum	number	(n)

The	first	quantum	number,	defining	the	energy	level	or	shell	occupied	by	an	electron.

Proteins

Long-chain	polypeptides	with	high	molecular	weights.

Proton	(H+)

A	subatomic	particle	that	carries	a	single	positive	charge	and	has	a	mass	defined	as	one	or	as	the
hydrogen	ion,	H+,	which	is	simply	a	hydrogen	nucleus,	consisting	of	one	proton.	These	species	are
considered	to	be	equivalent.

Quantum

A	discrete	bundle	of	energy,	such	as	a	photon.

Quantum	number

A	number	used	to	describe	the	energy	levels	available	to	electrons.	The	state	of	any	electron	is
described	by	four	quantum	numbers.	See	Principal	quantum	number;	Azimuthal	quantum	number;
Magnetic	quantum	number;	Spin	quantum	number.

Radioactivity

A	phenomenon	exhibited	by	certain	unstable	isotopes	in	which	they	undergo	spontaneous	nuclear
transformations	via	emission	of	one	or	more	particle(s).

Raoult’s	law

A	law	stating	that	the	partial	pressure	of	a	component	in	a	solution	is	proportional	to	the	mole
fraction	of	that	component	in	the	solution.

Rate	constant



The	proportionality	constant	in	the	rate	law	of	a	reaction;	specific	to	a	particular	reaction	under
particular	conditions.

Rate-determining	step

The	slowest	step	of	a	reaction	mechanism.	The	rate	of	this	step	limits	the	overall	rate	of	the
reaction.

Rate	law

A	mathematical	expression	giving	the	rate	of	a	reaction	as	a	function	of	the	concentrations	of	the
reactants.	The	rate	law	of	a	given	reaction	must	be	determined	experimentally.

Reaction	intermediate

A	species	that	does	not	appear	among	the	final	products	of	a	reaction	but	is	present	temporarily
during	the	course	of	the	reaction.

Reaction	mechanism

The	series	of	steps	that	occur	in	the	course	of	a	chemical	reaction,	often	including	the	formation
and	destruction	of	reaction	intermediates.

Reaction	rate

The	speed	at	which	a	substance	is	produced	or	consumed	by	a	reaction.

Real	gas

A	gas	that	exhibits	deviations	from	the	Ideal	gas	law.

Redox	reaction

A	reaction	combining	reduction	and	oxidation	processes.	Also	called	oxidation-reduction	reaction.

Reducing	agent



In	a	redox	reaction,	a	species	that	loses	electrons	and	is	thereby	oxidized.

Reduction

A	reaction	involving	the	net	gain	of	electrons	or,	equivalently,	a	decrease	in	oxidation	number.

Resonance

Delocalization	of	electrons	within	a	compound	that	cannot	be	adequately	represented	by	Lewis
structures.

s	subshell

The	subshell	corresponding	to	the	angular	momentum	quantum	number	l	=	0,	and	containing	one
spherical	orbital;	found	in	all	energy	levels.

Salt

An	ionic	substance,	i.e.,	one	consisting	of	anions	and	cations,	but	not	hydrogen	or	hydroxide	ions.
Any	salt	can	be	formed	by	the	reaction	of	the	appropriate	acid	and	base,	e.g.,	KBr	from	HBr	and
KOH.

Saturated	hydrocarbon

A	hydrocarbon	with	only	single	bonds.

Saturated	solution

A	solution	containing	the	maximum	amount	of	solute	that	can	be	dissolved	in	a	particular	solvent	at
a	particular	temperature.

Scintillation	counter

An	instrument	used	to	measure	radioactivity	by	the	amount	of	fluorescence	produced.

Second	law	of	thermodynamics



The	law	stating	that	all	spontaneous	processes	lead	to	an	increase	in	the	entropy	of	the	universe.

Semimetal

See	Metalloid.

Semipermeable

A	quality	of	a	membrane	allowing	only	some	components	of	a	solution,	usually	including	the
solvent,	to	pass	through,	while	limiting	the	passage	of	other	species.

Sigma	(σ)	bond

A	bond	formed	by	head-to-head	overlap	of	orbitals	from	separate	atoms.

Solid

The	phase	of	matter	possessing	the	greatest	order,	in	which	molecules	are	fixed	in	a	rigid	structure.

Solubility

A	measure	of	the	amount	of	solute	that	can	be	dissolved	in	a	solvent	at	a	certain	temperature.

Solubility	product	(Ksp)

The	equilibrium	constant	for	the	ionization	reaction	of	a	slightly	soluble	electrolyte.

Solute

The	component	of	a	solution	that	is	present	in	lesser	amount	than	the	solvent.

Solution

A	homogeneous	mixture	of	two	or	more	substances.

Solvation



The	aggregation	of	solvent	molecules	around	a	solute	particle	in	the	process	of	dissolution.

Solvent

The	component	of	a	solution	present	in	the	greatest	amount;	the	substance	in	which	the	solute	is
dissolved.

Specific	heat

The	amount	of	heat	required	to	raise	the	temperature	of	a	unit	mass	of	a	substance	by	1°C.

Spectrum

The	characteristic	wavelengths	of	electromagnetic	radiation	emitted	or	absorbed	by	an	object,
atom,	or	molecule.

Spin	quantum	number	(ms)

The	fourth	quantum	number,	indicating	the	orientation	of	the	intrinsic	angular	momentum	of	an

electron	in	an	atom.	The	spin	quantum	number	can	only	assume	values	of	 	or	 .

Spontaneous	process

A	process	that	will	occur	on	its	own	without	energy	input	from	the	surroundings.

Standard	conditions

Conditions	defined	as	25°C	and	1	M	concentration	for	each	reactant	in	solution,	and	a	partial
pressure	of	1	atm	for	each	gaseous	reactant.	Used	for	measuring	the	standard	Gibbs	free	energy,
enthalpy,	entropy,	and	cell	EMF.

Standard	free	energy	(G°)

The	Gibbs	free	energy	for	a	reaction	under	standard	conditions.	See	Gibbs	free	energy.

Standard	hydrogen	electrode	(SHE)



The	electrode	defined	as	having	a	potential	of	zero	under	standard	conditions.	All	redox	potentials
are	measured	relative	to	the	standard	hydrogen	electrode.	The	potentials	are	measured	relative	to
the	standard	hydrogen	electrode	at	25°C	and	with	1.0	M	of	each	ion	in	solution.

Standard	potential

The	voltage	associated	with	a	half-reaction	of	a	specific	redox	reaction.	Generally	tabulated	as	a
reduction	potential,	compared	to	the	SHE.

Standard	temperature	and	pressure	(STP)

0°C	(273	K)	and	1	atm.	Used	for	measuring	gas	volume	and	density.

State

The	set	of	defined	macroscopic	properties	of	a	system	that	must	be	specified	in	order	to	reproduce
the	system	exactly.	Sometimes	also	used	as	a	synonym	for	Phase.

State	function

A	function	that	depends	on	the	state	of	a	system	but	not	on	the	path	used	to	arrive	at	that	state.

Strong	acid

An	acid	that	undergoes	complete	dissociation	in	an	aqueous	solution;	e.g.,	HCl.

Strong	base

A	base	that	undergoes	complete	dissociation	in	an	aqueous	solution;	e.g.,	KOH.

Sublimation

A	change	of	phase	from	solid	to	gas	without	passing	through	the	liquid	phase.

Subshell



The	division	of	electron	shells	or	energy	levels	defined	by	a	particular	value	of	the	azimuthal
quantum	number;	e.g.,	s,	p,	d,	and	f	subshells.	Composed	of	orbitals.	Also	called	sublevels.	See
Orbital.

Surroundings

All	matter	and	energy	in	the	universe	not	included	in	the	particular	system	under	consideration.

System

The	matter	and	energy	under	consideration.

Temperature

A	measure	of	the	average	energy	of	motion	of	the	particles	in	a	system.

Third	law	of	thermodynamics

The	law	stating	that	the	entropy	of	a	perfect	crystal	at	absolute	zero	is	zero.

Titrant

A	solution	of	known	concentration	that	is	slowly	added	to	a	solution	containing	an	unknown
amount	of	a	second	species	to	determine	its	concentration.

Titration,	acid-base

A	method	used	to	determine	the	concentration	of	an	unknown	solution.

Titration	curve

A	plot	of	the	pH	of	a	solution	versus	the	volume	of	acid	or	base	added	in	an	acid-base	titration.

Torr

A	pressure	unit	equal	to	1	mm	Hg.	760	torr	=	1	atm.



Transition	metal

Any	of	the	elements	in	the	B	Groups	of	the	periodic	table,	all	of	which	have	partially	filled	d
sublevels.

Triple	point

The	pressure	and	temperature	at	which	the	solid,	liquid,	and	vapor	phases	of	a	particular	substance
coexist	in	equilibrium.	See	Phase	equilibrium.

Unit	cell

A	three-dimensional	representation	of	the	repeating	units	in	a	crystalline	solid.

Unsaturated	compound

A	compound	with	double	or	triple	bonds.

Unsaturated	solution

A	solution	into	which	more	solute	may	be	dissolved.

Valence	electron

An	electron	in	the	highest	occupied	energy	level	of	an	atom,	whose	tendency	to	be	held	or	lost
determines	the	chemical	properties	of	the	atom.

Van	der	Waals	forces

The	weak	forces	that	contribute	to	intermolecular	bonding,	including	hydrogen	bonding,	dipole-
dipole	interactions,	and	dispersion	forces.

Vapor	pressure

The	pressure	exerted	by	a	vapor	when	it	is	in	equilibrium	with	the	liquid	or	solid	phase	of	the	same
substance;	the	partial	pressure	of	the	substance	in	the	atmosphere	above	the	liquid	or	solid.



Vapor-pressure	lowering

The	decrease	in	the	vapor	pressure	of	a	liquid	caused	by	the	presence	of	dissolved	solute;	a
colligative	property.	See	Raoult’s	law.

Voltaic	cell

See	Galvanic	cell.

VSEPR	theory

Stands	for	valence	shell	electron-pair	repulsion	theory.	It	predicts/explains	the	geometry	of
molecules	in	terms	of	the	repulsion	that	electron	pairs	have	that	cause	them	to	be	as	far	apart	as
possible	from	one	another.

Water	dissociation	constant	(Kw)

The	equilibrium	constant	of	the	water	dissociation	reaction	at	a	given	temperature;	1.00	×	10–14	at
25.00°C.

Weak	acid

An	acid	that	undergoes	partial	dissociation	in	an	aqueous	solution;	e.g.,	CH3COOH.

Weak	base

A	base	that	undergoes	partial	dissociation	in	an	aqueous	solution;	e.g.,	NH4OH.

Yield

The	amount	of	product	obtained	from	a	reaction.

Z

Nuclear	charge.	Equivalent	to	atomic	number.



Zeff

Effective	nuclear	charge;	the	charge	perceived	by	an	electron	from	its	orbital.	Applies	most	often	to
valence	electrons,	and	influences	periodic	properties	such	as	atomic	radius	and	ionization	energy.
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Glossary

Absolute	zero

Absolute	zero

The	temperature	at	which	all	substances	have	no	thermal	energy;	0	K	or	–273.15°C.

Absorption	spectrum

Absorption	spectrum

The	series	of	discrete	lines	at	characteristic	frequencies	representing	the	energy	required	to
make	an	atom	undergo	a	transition	to	a	higher	energy	state.

Acid

Acid

A	species	that	donates	hydrogen	ions	and/or	accepts	electrons.	See	Acidic	solution;	Arrhenius
acid;	Brønsted-Lowry	acid;	Lewis	acid.

Acid	dissociation	constant	(Ka)

Acid	dissociation	constant	(Ka)

The	equilibrium	constant	that	measures	the	degree	of	dissociation	for	an	acid	under	specific

conditions.	For	an	acid	HA:	

Acidic	anhydride

Acidic	anhydride

An	oxide	that	dissolves	in	water	to	form	an	acidic	solution.



Acidic	solution

Acidic	solution

An	aqueous	solution	that	contains	more	H+	ions	than	OH−	ions.	The	pH	of	an	acidic	solution	is
less	than	7	at	25°C.

Activated	complex

Activated	complex

The	transition	state	of	a	reaction	in	which	old	bonds	are	partially	broken	and	new	bonds	are
partially	formed.	The	activated	complex	has	a	higher	energy	than	the	reactants	or	products	of	the
reaction.

Activation	energy	(Ea)

Activation	energy	(Ea)

The	minimum	amount	of	energy	required	for	a	reaction	to	occur.

Adiabatic	process

Adiabatic	process

A	process	that	occurs	without	the	transfer	of	heat	to	or	from	the	system.

Alcohols

Alcohols

Organic	compounds	of	the	general	formula	R-OH.

Aldehydes

Aldehydes

Organic	compounds	of	the	general	formula	R-CHO.



Alkali	metals

Alkali	metals

Elements	found	in	Group	IA	of	the	periodic	table.	They	are	highly	reactive,	readily	losing	their
one	valence	electron	to	form	ionic	compounds	with	nonmetals.

Alkaline	earth	metals

Alkaline	earth	metals

Elements	found	in	Group	IIA	of	the	periodic	table.	Their	chemistry	is	similar	to	that	of	the	alkali
metals,	except	that	they	have	two	valence	electrons,	and	thus	form	2+	cations.

Alkanes

Alkanes

Hydrocarbons	with	only	single	bonds.	The	general	formula	for	alkanes	is	CnH2n+2.

Alkenes

Alkenes

Hydrocarbons	with	at	least	one	carbon-carbon	double	bond.	Their	general	formula	is	CnH2n.

Alkynes

Alkynes

Hydrocarbons	with	at	least	one	carbon-carbon	triple	bond.	Their	general	formula	is	CnH2n–2.

Alpha	(α)	particle

Alpha	(α)	particle

A	particle	ejected	from	the	nucleus	in	one	form	(adjust	F)	of	radioactive	decay,	identical	to	the
helium-4	nucleus.



Amines

Amines

Compounds	of	the	general	formula	R-NH2,	R2-NH,	or	R3-N.

Amino	acids

Amino	acids

Building	blocks	of	proteins	with	the	general	formula	NH2C-R-HCOOH.

Amorphous	solids

Amorphous	solids

Solids	that	do	not	possess	long-range	order.	Compare	to	crystals	or	crystalline	solids.

Amphoteric	species

Amphoteric	species

A	species	capable	of	reacting	either	as	an	acid	or	as	a	base.

Anhydride

Anhydride

A	compound	obtained	by	the	removal	of	water	from	another	compound.

Anion

Anion

An	ionic	species	with	a	negative	charge.

Anode

Anode



The	electrode	at	which	oxidation	occurs.	Compare	to	cathode.

Aqueous	solution

Aqueous	solution

A	solution	in	which	water	is	the	solvent.

Aromatic	compounds

Aromatic	compounds

Planar,	cyclic	organic	compounds	that	are	unusually	stable	because	of	the	delocalization	of	π
electrons.

Arrhenius	acid

Arrhenius	acid

A	species	that	donates	protons	(H+)	in	an	aqueous	solution;	e.g.,	HCl.

Arrhenius	base

Arrhenius	base

A	species	that	gives	off	hydroxide	ions	(OH–)	in	an	aqueous	solution;	e.g.,	NaOH.

Atom

Atom

The	most	elementary	form	of	an	element;	it	cannot	be	further	broken	down	by	chemical	means.

Atomic	mass

Atomic	mass

The	averaged	mass	of	the	atoms	of	an	element,	taking	into	account	the	relative	abundance	of
the	various	isotopes	in	a	naturally	occurring	substance.	Also	called	the	atomic	weight.



Atomic	mass	units	(amu)

Atomic	mass	units	(amu)

A	unit	of	mass	defined	as	 	the	mass	of	a	carbon-12	atom;	approximately	equal	to	the	mass	of
one	proton	or	one	neutron.

Atomic	number

Atomic	number

The	number	of	protons	in	a	given	element.

Atomic	orbital

Atomic	orbital

The	region	of	space	around	the	nucleus	in	an	atom	in	which	there	is	a	high	probability	of	finding
the	electron.

Atomic	radius

Atomic	radius

The	radius	of	an	atom.	The	average	distance	between	a	nucleus	and	the	outermost	electron.
Usually	measured	as	one-half	the	distance	between	two	nuclei	of	an	element	in	its	elemental	form.

Aufbau	principle

Aufbau	principle

The	principle	that	electrons	fill	energy	levels	in	a	given	atom	in	order	of	increasing	energy,
completely	filling	one	sublevel	before	beginning	to	fill	the	next.

Avogadro’s	number

Avogadro’s	number

The	number	corresponding	to	a	mole.	It	is	the	number	of	carbon-12	atoms	in	exactly	12	g	of



carbon-12,	approximately	6.022	×	1023.

Avogadro’s	principle

Avogadro’s	principle

The	law	stating	that	under	the	same	conditions	of	temperature	and	pressure,	equal	volumes	of
different	gases	will	have	the	same	number	of	molecules.

Azimuthal	(angular	momentum)	quantum	number	(l)

Azimuthal	(angular	momentum)	quantum	number	(l)

The	second	quantum	number,	denoting	the	sublevel	or	subshell	in	which	an	electron	can	be
found.	Reveals	the	shape	of	the	orbital.	This	quantum	number	represents	the	orbital	angular
momentum	of	the	motion	of	the	electron	about	a	point	in	space.

Balanced	equation

Balanced	equation

An	equation	for	a	chemical	reaction	in	which	the	number	of	atoms	for	each	element	in	the
reaction	and	the	total	charge	are	the	same	for	the	reactants	and	the	products.

Barometer

Barometer

An	instrument	for	measuring	atmospheric	pressure.

Base

Base

A	species	that	donates	hydroxide	ions	or	electrons,	or	that	accepts	protons.	See	Arrhenius	base;
Basic	solution;	Brønsted-Lowry	base;	Lewis	base.

Base	dissociation	constant	(Kb)



Base	dissociation	constant	(Kb)

The	equilibrium	constant	that	measures	the	degree	of	dissociation	for	a	base	under	specific
conditions.	For	a	base	BOH:

Basic	anhydride

Basic	anhydride

An	oxide	that	dissolves	in	water	to	form	a	basic	solution.

Basic	solution

Basic	solution

An	aqueous	solution	that	contains	more	OH–	ions	than	H+	ions.	The	pH	of	a	basic	solution	is
greater	than	7	at	25°C.

Beta	(β)	particle

Beta	(β)	particle

An	electron	produced	and	ejected	from	the	nucleus	during	radioactive	beta	decay.

Binding	energy

Binding	energy

The	energy	required	to	break	a	nucleus	apart	into	its	constituent	neutrons	and	protons.

Bohr	model

Bohr	model

The	model	of	the	hydrogen	atom	postulating	that	atoms	are	composed	of	electrons	that	assume
certain	circular	orbits	about	a	positive	nucleus.



Boiling	point

Boiling	point

The	temperature	at	which	the	vapor	pressure	of	a	liquid	is	equal	to	the	surrounding	pressure.
The	normal	boiling	point	of	any	liquid	is	defined	as	temperature	at	which	its	vapor	pressure	is	1
atmosphere.

Boiling-point	elevation

Boiling-point	elevation

The	amount	by	which	a	given	quantity	of	solute	raises	the	boiling	point	of	a	liquid;	a	colligative
property.

Bond	energy

Bond	energy

The	energy	(enthalpy	change)	required	to	break	a	particular	bond	under	given	conditions.

Boyle’s	law

Boyle’s	law

The	law	stating	that	at	constant	temperature,	the	volume	of	a	gaseous	sample	is	inversely
proportional	to	its	pressure.

Brønsted-Lowry	acid

Brønsted-Lowry	acid

Proton	donor,	e.g.,	H3PO4.

Brønsted-Lowry	base

Brønsted-Lowry	base

Proton	acceptor,	e.g.,	OH–.



Buffer

Buffer

A	solution	containing	a	weak	acid	and	its	salt	(or	a	weak	base	and	its	salt);	which	tends	to	resist
changes	in	pH.

Buffer	region

Buffer	region

The	region	of	a	titration	curve	in	which	the	concentration	of	a	conjugate	acid	is	approximately
equal	to	that	of	the	corresponding	base.	The	pH	remains	relatively	constant	when	small	amounts	of
H+	or	OH–	are	added	because	of	the	combination	of	these	ions	with	the	buffer	species	already	in
solution.

Calorie	(cal)

Calorie	(cal)

A	unit	of	thermal	energy	(1	cal	=	4.184	J).

Calorimeter

Calorimeter

An	apparatus	used	to	measure	the	heat	absorbed	or	released	by	a	reaction.

Carbohydrates

Carbohydrates

A	compound	with	the	general	formula	Cn(H2O)m.	Carbon	dating

Carbon	dating

Carbon	dating

A	technique	for	estimating	the	age	of	(ancient)	objects	by	measuring	the	amount	of	radioactive



carbon-14	remaining.

Carbonyl	group

Carbonyl	group

C=O	group	found	in	aldehydes,	ketones,	et	cetera.	The	C=O	bond	is	known	as	the	carbonyl	bond,
and	organic	compounds	containing	this	group	are	known	as	carbonyl	compounds.

Carboxylic	acids

Carboxylic	acids

Compounds	of	the	general	formula	R-COOH.

Catalysis

Catalysis

Increasing	a	reaction	rate	by	adding	a	substance	(the	catalyst)	not	permanently	changed	by	the
reaction.	The	catalyst	lowers	the	activation	energy.

Catalyst

Catalyst

A	substance	that	increases	the	rates	of	the	forward	and	reverse	directions	of	a	specific	reaction
but	is	itself	left	unchanged.

Cathode

Cathode

The	electrode	at	which	reduction	takes	place.

Cation

Cation



An	ionic	species	with	a	positive	charge.

Celsius	(°C)

Celsius	(°C)

A	temperature	scale	defined	by	having	0°C	equal	to	the	freezing	point	of	water	and	100°C	equal
to	the	boiling	point	of	water;	also	the	units	of	that	scale.	Otherwise	known	as	the	centigrade
temperature	scale.	0°C	=	273.15K.

Charles’s	law

Charles’s	law

The	law	stating	that	the	volume	of	a	gaseous	sample	at	constant	pressure	is	directly
proportional	to	its	absolute	(Kelvin)	temperature.

Chemical	bond

Chemical	bond

The	interaction	between	two	atoms	resulting	from	the	overlap	of	electron	orbitals,	holding	the
two	atoms	together	at	a	specific	average	distance	from	each	other.

Chemical	properties

Chemical	properties

Those	properties	of	a	substance	describing	its	reactivity.

Closed	system

Closed	system

A	system	that	can	exchange	energy	but	not	matter	with	its	surroundings.

Colligative	properties



Colligative	properties

Those	properties	of	solutions	that	depend	only	on	the	number	of	solute	particles	present	but
not	on	the	nature	of	those	particles.	See	Boiling-point	elevation;	Freezing-point	depression;	Vapor-
pressure	lowering.

Common	ion	effect

Common	ion	effect

A	shift	in	the	equilibrium	of	a	solution	due	to	the	addition	of	ions	of	a	species	already	present	in
the	reaction	mixture.

Compound

Compound

A	pure	substance	that	can	be	decomposed	to	produce	elements,	other	compounds,	or	both.

Concentration

Concentration

The	amount	of	solute	per	unit	of	solvent	(denoted	by	square	brackets),	or	the	relative	amount	of
one	component	in	a	mixture.

Conjugate	acid-base	pair

Conjugate	acid-base	pair

Brønsted-Lowry	acid	and	base	related	by	the	transfer	of	a	proton,	e.g.,	H2CO3	and	HCO3
–.

Coordination	complex

Coordination	complex

A	compound	in	which	a	central	metal	atom	or	ion	is	bonded	by	coordinate	covalent	bonds	to
other	atoms	or	groups.



Coordinate	covalent	bond

Coordinate	covalent	bond

A	covalent	bond	in	which	both	electrons	of	the	bonding	pair	are	donated	by	only	one	of	the
bonded	atoms.

Covalent	bond

Covalent	bond

A	chemical	bond	formed	by	the	sharing	of	an	electron	pair	between	two	atoms.	See	Coordinate
covalent	bond;	Nonpolar	covalent	bond;	Polar	covalent	bond.

Critical	pressure

Critical	pressure

The	vapor	pressure	at	the	critical	temperature	of	a	given	substance.

Critical	temperature

Critical	temperature

The	highest	temperature	at	which	the	liquid	and	vapor	phases	of	a	substance	can	coexist;	above
this	temperature	the	substance	does	not	liquefy	at	any	pressure.

Crystal

Crystal

A	solid	whose	atoms,	ions,	or	molecules	are	arranged	in	a	regular	three-dimensional	lattice
structure.

Cycloalkanes

Cycloalkanes

Saturated	cyclic	compounds	of	the	formula	CnH2n.



d	subshell

d	subshell

The	subshells	corresponding	to	the	angular	momentum	quantum	number	l	=	2,	found	in	the
third	and	higher	principal	energy	levels;	each	containing	five	orbitals.

Dalton’s	law

Dalton’s	law

The	law	stating	that	the	sum	of	the	partial	pressures	of	the	components	of	a	gaseous	mixture
must	equal	the	total	pressure	of	the	sample.

Daniell	cell

Daniell	cell

An	electrochemical	cell	in	which	the	anode	is	the	site	of	Zn	metal	oxidation,	and	the	cathode	is
the	site	of	Cu2+	ion	reduction.

Degenerate	orbitals

Degenerate	orbitals

Orbitals	that	possess	equal	energy.

Density	(ρ)

Density	(ρ)

A	physical	property	of	a	substance,	defined	as	the	mass	contained	in	a	unit	of	volume.

Diamagnetic

Diamagnetic

A	condition	that	arises	when	a	substance	has	no	unpaired	electrons	and	is	slightly	repelled	by	a
magnetic	field.



Diffusion

Diffusion

The	random	motion	of	gas	or	solute	particles	across	a	concentration	gradient,	leading	to
uniform	distribution	of	the	gas	or	solute	throughout	the	container.

Dipole

Dipole

In	chemistry,	a	species	containing	bonds	between	elements	of	different	electronegativities,
resulting	in	an	unequal	distribution	of	charge	in	the	species.

Dipole-dipole	interaction

Dipole-dipole	interaction

The	attractive	force	between	two	dipoles	whose	magnitude	is	dependent	on	both	the	dipole
moments	and	the	distance	between	the	two	species.

Dipole	moment

Dipole	moment

A	vector	quantity	whose	magnitude	is	dependent	on	the	product	of	the	charges	and	the	distance
between	them.	The	direction	of	the	moment	is	from	the	positive	to	the	negative	pole.

Dispersion	force

Dispersion	force

A	weak	intermolecular	force	that	arises	from	interactions	between	temporary	and/or	induced
dipoles.	Also	called	London	force.

Dissociation

Dissociation



The	separation	of	a	single	species	into	two	separate	species;	this	term	is	usually	used	in
reference	to	salts	or	weak	acids	or	bases.

Dissolution

Dissolution

The	process	of	dissolving	a	substance.	The	opposite	of	precipitation.

Dynamic	equilibrium

Dynamic	equilibrium

A	state	of	balance	(no	macroscopic	change	observable)	that	arises	when	opposing	processes
occur	at	equal	rates.

Electrochemical	cell

Electrochemical	cell

A	cell	within	which	a	redox	reaction	takes	place,	containing	two	electrodes	between	which	there
is	an	electrical	potential	difference.	See	Electrolytic	cell;	Voltaic	cell.

Electrode

Electrode

An	electrical	conductor	through	which	an	electric	current	adjust	enters	or	leaves	a	medium.

Electrolysis

Electrolysis

The	process	in	which	an	electric	current	is	passed	though	a	solution,	resulting	in	chemical
changes	that	would	not	otherwise	occur	spontaneously.

Electrolyte



Electrolyte

A	compound	that	ionizes	in	water.

Electrolytic	cell

Electrolytic	cell

An	electrochemical	cell	that	uses	an	external	voltage	source	to	drive	a	nonspontaneous	redox
reaction.

Electromagnetic	radiation

Electromagnetic	radiation

A	wave	composed	of	electric	and	magnetic	fields	oscillating	perpendicular	to	each	other	and	to
the	direction	of	propagation.

Electromagnetic	spectrum

Electromagnetic	spectrum

The	range	of	all	possible	frequencies	or	wavelengths	of	electromagnetic	radiation.

Electromotive	force	(EMF)

Electromotive	force	(EMF)

The	potential	difference	developed	between	the	cathode	and	the	anode	of	an	electrochemical
cell.

Electron	(e–)

Electron	(e–)

A	subatomic	particle	that	remains	outside	the	nucleus	and	carries	a	single	negative	charge.	In

most	cases	its	mass	is	considered	to	be	negligible	( 	that	of	the	proton).



Electron	affinity

Electron	affinity

The	amount	of	energy	that	is	released	when	an	electron	is	added	to	an	atom.

Electron	configuration

Electron	configuration

The	symbolic	representation	used	to	describe	the	electron	occupancy	of	the	various	energy
sublevels	in	a	given	atom.

Electronegativity

Electronegativity

A	measure	of	the	ability	of	an	atom	to	attract	the	electrons	in	a	bond.

Electron	spin

Electron	spin

The	intrinsic	angular	momentum	of	an	electron,	having	arbitrary	values	of	 	and	 .	See
Spin	quantum	number.

Element

Element

A	substance	that	cannot	be	further	broken	down	by	chemical	means.	All	atoms	of	a	given
element	have	the	same	number	of	protons.

Emission	spectrum

Emission	spectrum

The	spectrum	produced	by	a	species	emitting	energy	as	it	relaxes	from	an	excited	to	a	lower
energy	state.



Empirical	formula

Empirical	formula

The	simplest	whole-number	ratio	of	the	different	elements	in	a	compound.

Endothermic	reaction

Endothermic	reaction

A	reaction	that	absorbs	heat	from	the	surroundings	as	the	reaction	proceeds	(positive	∆H).

End	point

End	point

The	point	in	a	titration	at	which	the	indicator	changes	color,	showing	that	enough	reactant	has
been	added	to	the	solution	to	complete	the	reaction.

Enthalpy	(H)

Enthalpy	(H)

The	heat	content	of	a	system	at	constant	pressure.	The	change	in	enthalpy	(∆H)	in	the	course	of
a	reaction	is	the	difference	between	the	enthalpies	of	the	products	and	the	reactants.

Entropy	(S)

Entropy	(S)

A	property	related	to	the	degree	of	disorder	in	a	system.	Highly	ordered	systems	have	low
entropies.	The	change	in	entropy	(∆S)	in	the	course	of	a	reaction	is	the	difference	between	the
entropies	of	the	products	and	the	reactants.

Equilibrium

Equilibrium

The	state	of	balance	in	which	the	forward	and	reverse	reaction	rates	are	equal.	In	a	system	at



equilibrium,	the	concentrations	of	all	species	will	remain	constant	over	time	unless	there	is	a
change	in	the	reaction	conditions.	See	Le	Châtelier’s	principle.

Equilibrium	constant

Equilibrium	constant

The	ratio	of	the	concentration	of	the	products	to	the	concentration	of	the	reactants	for	a	certain
reaction	at	equilibrium,	all	raised	to	their	stoichiometric	coefficients.

Equivalence	point

Equivalence	point

The	point	in	a	titration	at	which	the	number	of	equivalents	of	the	species	being	added	to	the
solution	is	equal	to	the	number	of	equivalents	of	the	species	being	titrated.

Esters

Esters

Compounds	of	the	general	formula	R-COO-R’.

Ethers

Ethers

Compounds	of	the	general	formula	R-O-R’.

Excess	reagent

Excess	reagent

In	a	chemical	reaction,	any	reagent	whose	amount	does	not	limit	the	amount	of	product	that
can	be	formed.	Compare	to	Limiting	reagent.

Excited	state



Excited	state

An	electronic	state	having	a	higher	energy	than	the	ground	state.

Exothermic	reaction

Exothermic	reaction

A	reaction	that	gives	off	heat	(negative	∆H)	to	the	surroundings	as	the	reaction	proceeds.

f	subshell

f	subshell

The	subshells	corresponding	to	the	angular	momentum	quantum	number	l	=	3,	found	in	the
fourth	and	higher	principal	energy	levels,	each	containing	seven	orbitals.

Faraday	(F)

Faraday	(F)

The	total	charge	on	1	mole	of	electrons	(1	F	=	96,487	coulombs).

Fatty	acids

Fatty	acids

Carboxylic	acids	with	long	hydrocarbon	chains,	derived	from	the	hydrolysis	of	fats.

First	law	of	thermodynamics

First	law	of	thermodynamics

The	law	stating	that	the	total	energy	of	a	system	and	its	surroundings	remains	constant.	Also
expressed	as	∆E	=	Q	–	W:	the	change	in	energy	of	a	system	is	equal	to	the	heat	added	to	it	minus	the
work	done	by	it.

Formal	charge



Formal	charge

The	conventional	assignment	of	charges	to	individual	atoms	of	a	Lewis	formula	for	a	molecule,
used	to	keep	track	of	valence	electrons.	Defined	as	the	total	number	of	valence	electrons	in	the	free
atom	minus	the	total	number	of	nonbonding	electrons	minus	one-half	the	total	number	of	bonding
electrons.

Freezing	point

Freezing	point

At	a	given	pressure,	the	temperature	at	which	the	solid	and	liquid	phases	of	a	substance	coexist
in	equilibrium.

Freezing-point	depression

Freezing-point	depression

Amount	by	which	a	given	quantity	of	solute	lowers	the	freezing	point	of	a	liquid.	A	colligative
property.

Galvanic	cell

Galvanic	cell

An	electrochemical	cell	that	uses	a	spontaneous	redox	reaction	to	do	work,	i.e.,	produce	an
electrical	current.	Also	called	a	Voltaic	cell.

Gamma	(γ)	radiation

Gamma	(γ)	radiation

High-energy	photons	often	emitted	in	radioactive	decay.

Gas

Gas

The	physical	state	of	matter	possessing	a	high	degree	of	disorder,	in	which	molecules	interact



only	slightly;	found	at	relatively	low	pressure	and	high	temperatures.	Also	called	vapor.	See	Ideal
gas.

Gas	constant	(R)

Gas	constant	(R)

A	proportionality	constant	that	appears	in	the	ideal	gas	law,	PV	=	nRT.	Its	value	depends	upon
the	units	of	pressure,	temperature,	and	volume	used	in	a	given	situation.

Geiger	counter

Geiger	counter

An	instrument	used	to	measure	radioactivity.

Gibbs	free	energy	(G)

Gibbs	free	energy	(G)

The	energy	of	a	system	available	to	do	work.	The	change	in	Gibbs	free	energy,	∆G,	is	determined
for	a	given	reaction	from	the	equation	∆G	=	∆H	–	T∆S.	∆G	is	used	to	predict	the	spontaneity	of	a
reaction:	A	negative	∆G	denotes	a	spontaneous	reaction,	while	positive	∆G	denotes	a
nonspontaneous	reaction.

Graham’s	law

Graham’s	law

The	law	stating	that	the	rate	of	effusion	or	diffusion	of	a	gas	is	inversely	proportional	to	the
square	root	of	the	gas’s	molecular	weight.

Gram-equivalent	weight

Gram-equivalent	weight

The	amount	of	a	compound	that	contains	1	mole	of	reacting	capacity	when	fully	dissociated.
One	GEW	equals	the	molecular	weight	divided	by	the	reactive	capacity	per	formula	unit.



Group

Group

A	vertical	column	of	the	periodic	table,	containing	elements	that	are	similar	in	their	chemical
properties.

Half-life

Half-life

The	time	required	for	the	amount	of	a	reactant	to	decrease	to	one-half	of	its	former	value.

Half-reaction

Half-reaction

Either	the	reduction	half	or	oxidation	half	of	a	redox	reaction.	Each	half-reaction	occurs	at	one
electrode	of	an	electrochemical	cell.

Halogens

Halogens

The	active	nonmetals	in	Group	VIIA	of	the	periodic	table,	which	have	high	electronegativities	and
highly	negative	electron	affinities.

Heat

Heat

The	energy	representing	the	kinetic	energy	of	molecules	that	is	transferred	spontaneously	from
a	warmer	sample	to	a	cooler	sample.	See	Temperature.

Heat	of	formation	(∆Hf)

Heat	of	formation	(∆Hf)

The	heat	absorbed	or	released	during	the	formation	of	a	pure	substance	from	the	elements	in



their	standard	states.

Heat	of	fusion	(∆Hfus)

Heat	of	fusion	(∆Hfus)

The	∆H	for	the	conversion	of	a	solid	to	a	liquid.

Heat	of	sublimation	(∆Hsub)

Heat	of	sublimation	(∆Hsub)

The	∆H	for	the	conversion	of	a	solid	directly	to	a	gas.

Heat	of	vaporization	(∆Hvap)

Heat	of	vaporization	(∆Hvap)

The	∆H	for	the	conversion	of	a	liquid	to	a	vapor.

Heisenberg	uncertainty	principle

Heisenberg	uncertainty	principle

The	principle	that	states	that	it	is	impossible	to	simultaneously	determine	with	perfect	accuracy
both	the	momentum	and	position	of	a	particle.

Henry’s	law

Henry’s	law

The	law	stating	that	the	mass	of	a	gas	that	dissolves	in	a	solution	is	directly	proportional	to	the
partial	pressure	of	the	gas	above	the	solution.

Hess’s	law

Hess’s	law

The	law	stating	that	the	energy	change	in	an	overall	reaction	is	equal	to	the	sum	of	the	energy



changes	in	the	individual	reactions	that	comprise	it.

Heterogeneous

Heterogeneous

Nonuniform	in	composition.

Homogeneous

Homogeneous

Uniform	in	composition.

Hund’s	rule

Hund’s	rule

The	rule	that	electrons	will	occupy	all	degenerate	orbitals	in	a	subshell	with	single	electrons
having	parallel	spins	before	entering	half-filled	orbitals.

Hybridization

Hybridization

The	combination	of	two	or	more	atomic	orbitals	to	form	new	orbitals	for	bonding	purposes.

Hydrate

Hydrate

A	compound	with	associated	water	molecules.

Hydrocarbons

Hydrocarbons

Organic	compounds	containing	only	carbon	and	hydrogen.



Hydrogen	bonding

Hydrogen	bonding

The	strong	attraction	between	a	hydrogen	atom	bonded	to	a	highly	electronegative	atom,	such
as	fluorine	or	oxygen,	in	one	molecule,	and	a	highly	electronegative	atom	in	another	molecule.

Hydrolysis

Hydrolysis

A	reaction	between	water	and	a	species	in	solution.

Hydronium	ion

Hydronium	ion

The	H3O+	ion	in	aqueous	solution.

Hydroxide	ion

Hydroxide	ion

The	OH–	ion.

Ideal	gas

Ideal	gas

A	hypothetical	gas	whose	behavior	is	described	by	the	ideal	gas	law	under	all	conditions.	An	ideal
gas	would	have	particles	of	zero	volume	that	do	not	exhibit	interactive	forces.

Ideal	gas	law

Ideal	gas	law

The	law	stating	that	PV	=	nRT,	where	R	is	the	gas	constant.	It	can	be	used	to	describe	the
behavior	of	many	real	gases	at	moderate	pressures	and	temperatures	significantly	above	absolute
zero.	See	Kinetic	molecular	theory.



Indicator,	acid-base

Indicator,	acid-base

A	substance	used	in	low	concentration	during	a	titration	that	changes	color	over	a	certain	pH
range.	The	color	change,	which	occurs	as	the	indicator	undergoes	a	dissociation	reaction,	is	used	to
identify	the	end	point	of	the	titration	reaction.

Inert	gases

Inert	gases

The	elements	located	in	Group	0	(or	Group	VIII)	of	the	periodic	table.	They	contain	a	full	octet	of
valence	electrons	in	their	outermost	shell;	this	electron	configuration	makes	them	the	least	reactive
of	the	elements.	Also	called	noble	gases.

Intermolecular	forces

Intermolecular	forces

The	attractive	and	repulsive	forces	between	molecules.	See	Van	der	Waals	forces.

Intramolecular	forces

Intramolecular	forces

The	attractive	forces	between	atoms	within	a	single	molecule.

Ion

Ion

A	charged	atom	or	molecule	that	results	from	the	loss	or	gain	of	electrons.

Ionic	bonding

Ionic	bonding

A	chemical	bond	formed	through	electrostatic	interaction	between	positive	and	negative	ions.



Ionic	solid

Ionic	solid

A	solid	consisting	of	positive	and	negative	ions	arranged	into	crystals	that	are	made	up	of
regularly	repeated	units	and	held	together	by	ionic	bonds.

Ionization	energy

Ionization	energy

The	energy	required	to	remove	an	electron	from	the	valence	shell	of	a	gaseous	atom.

Ionization	product

Ionization	product

The	general	term	for	the	dissociation	of	salts	or	of	weak	acids	or	bases;	the	ratio	of	the
concentration	of	the	ionic	products	to	the	concentration	of	the	reactant	for	a	reaction,	all	raised	to
their	stoichiometric	coefficients.

Isobaric	process

Isobaric	process

A	process	that	occurs	at	constant	pressure.

Isolated	system

Isolated	system

A	system	that	can	exchange	neither	matter	nor	energy	with	its	surroundings.

Isomers

Isomers

Compounds	with	the	same	molecular	formula	but	different	structures.



Isothermal	process

Isothermal	process

A	process	that	occurs	at	constant	temperature.

Isotopes

Isotopes

Atoms	containing	the	same	number	of	protons	but	different	numbers	of	neutrons;	e.g.,
nitrogen-14	and	nitrogen-15.

Joule	(J)

Joule	(J)

A	unit	of	energy;	1	J	=	1	kg	m2/s2.

Kelvin	(K)

Kelvin	(K)

A	temperature	scale	with	units	equal	in	magnitude	to	the	units	of	the	Celsius	scale	and	absolute
zero	defined	as	0	K;	also	the	units	of	that	temperature	scale.	Otherwise	known	as	the	absolute
temperature	scale.	0	K	=	–273.15°C.

Ketones

Ketones

Compounds	of	the	general	formula	RCOR’.

Kinetic	energy

Kinetic	energy

The	energy	a	body	has	as	a	result	of	its	motion,	equal	to	 .



Kinetic	molecular	theory

Kinetic	molecular	theory

The	theory	proposed	to	account	for	the	observed	behavior	of	gases.	The	theory	considers	gas
molecules	to	be	pointlike,	volumeless	particles,	exhibiting	no	intermolecular	forces	and	in	constant
random	motion,	undergoing	only	completely	elastic	collisions	with	the	container	or	other
molecules.	See	Ideal	gas	law.

Law	of	conservation	of	mass

Law	of	conservation	of	mass

The	law	stating	that	in	a	given	reaction,	the	mass	of	the	products	is	equal	to	the	mass	of	the
reactants.

Law	of	constant	composition

Law	of	constant	composition

The	law	stating	that	the	elements	in	a	pure	compound	are	found	in	specific	weight	ratios.

Le	Châtelier’s	principle

Le	Châtelier’s	principle

The	observation	that	when	a	system	at	equilibrium	is	disturbed	or	stressed,	the	system	will	react
in	such	a	way	as	to	relieve	the	stress	and	restore	equilibrium.	See	Equilibrium.

Lewis	acid

Lewis	acid

A	species	capable	of	accepting	an	electron	pair;	e.g.,	BF3.

Lewis	base

Lewis	base



A	species	capable	of	donating	an	electron	pair;	e.g.,	NH3.

Lewis	structure

Lewis	structure

A	method	of	representing	the	shared	and	unshared	electrons	of	an	atom,	molecule,	or	ion.

Limiting	reagent

Limiting	reagent

In	a	chemical	reaction,	the	reactant	present	in	such	quantity	as	to	limit	the	amount	of	product
that	can	be	formed.

Liquid

Liquid

The	state	of	matter	in	which	intermolecular	attractions	are	intermediate	between	those	in	gases
and	in	solids,	distinguished	from	the	gas	phase	by	having	a	definite	volume	and	from	the	solid	phase
in	that	the	molecules	may	mix	freely.

Litmus

Litmus

An	organic	substance	that	is	used	as	an	acid-base	indicator,	most	often	in	paper	form.	It	turns
red	in	acidic	solution	and	blue	in	basic	solution.

London	force

London	force

See	Dispersion	force.

Magnetic	quantum	number	(ml)



Magnetic	quantum	number	(ml)

The	third	quantum	number,	defining	the	particular	orbital	of	a	subshell	in	which	an	electron
resides.	It	conveys	information	about	the	orientation	of	the	orbital	in	space	(e.g.,	px	versus	py).

Manometer

Manometer

An	instrument	used	to	measure	the	pressure	of	a	gas.

Mass

Mass

A	physical	property	representing	the	amount	of	matter	in	a	given	sample.

Mass	defect

Mass	defect

The	difference	between	the	sum	of	the	masses	of	neutrons	and	protons	forming	a	nucleus	and
the	mass	of	that	nucleus;	the	mass	equivalence	of	binding	energy,	with	the	two	related	via	the
equation	E	=	mc2.

Mass	number

Mass	number

The	total	number	of	protons	and	neutrons	in	a	nucleus.

Maxwell-Boltzmann	distribution

Maxwell-Boltzmann	distribution

The	distribution	of	the	molecular	speeds	of	gas	particles	at	a	given	temperature.

Melting	point



Melting	point

The	temperature	at	which	the	solid	and	liquid	phases	of	a	substance	coexist	in	equilibrium.

Metal

Metal

One	of	a	class	of	elements	located	on	the	left	side	of	the	periodic	table,	possessing	low	ionization
energies	and	electronegativities.	Metals	readily	give	up	electrons	to	form	cations;	they	possess
relatively	high	electrical	conductivity	and	are	lustrous	and	malleable.

Metallic	bonding

Metallic	bonding

The	type	of	bonding	in	which	the	valence	electrons	of	metal	atoms	are	delocalized	throughout
the	metallic	lattice.

Metalloid

Metalloid

An	element	possessing	properties	intermediate	between	those	of	a	metal	and	those	of	a
nonmetal.	Also	called	a	semimetal.

Micelles

Micelles

Clusters	of	molecules	possessing	hydrophilic	ionic	heads	facing	the	surface	of	a	sphere	where
they	can	interact	with	water,	and	possessing	hydrophobic	hydrocarbon	tails	in	the	interior.	Soaps
form	micelles,	facilitating	the	dissolution	of	oils	and	fats.

Miscible

Miscible

Able	to	mix	in	any	proportion.



Molality	(m)

Molality	(m)

A	concentration	unit	equal	to	the	number	of	moles	of	solute	per	kilogram	of	solvent.

Molarity	(M)

Molarity	(M)

A	concentration	unit	equal	to	the	number	of	moles	of	solute	per	liter	of	solution.

Molar	mass

Molar	mass

The	mass	in	grams	of	one	mole	of	an	element	or	compound.

Mole	(mol)

Mole	(mol)

One	mole	of	a	substance	contains	Avogadro’s	number	of	molecules	or	atoms.	The	mass	of	one
mole	of	substance	in	grams	is	the	same	as	the	mass	of	one	molecule	or	atom	in	atomic	mass	units.

Mole	fraction	(χ)

Mole	fraction	(χ)

A	unit	of	concentration	equal	to	the	ratio	of	the	number	of	moles	of	a	particular	component	to
the	total	number	of	moles	for	all	species	in	the	system.

Molecular	formula

Molecular	formula

A	formula	showing	the	actual	number	and	identity	of	all	atoms	in	each	molecule	of	a	compound.

Molecular	weight



Molecular	weight

The	sum	of	the	atomic	weights	of	all	the	atoms	in	a	molecule.

Molecule

Molecule

The	smallest	polyatomic	unit	of	an	element	or	compound	that	exists	with	distinct	chemical	and
physical	properties.

Monoprotic	acid

Monoprotic	acid

An	acid	that	can	donate	only	one	proton,	e.g.,	HNO3.	The	molarity	of	a	monoprotic	acid	solution
is	equal	to	its	normality.

Monosaccharides

Monosaccharides

Simple	sugars	that	cannot	be	hydrolyzed	to	simpler	compounds.

Net	ionic	equation

Net	ionic	equation

A	reaction	equation	showing	only	the	species	actually	participating	in	the	reaction.

Nucleon

Nucleon

A	particle	found	in	the	nucleus	of	an	atom;	can	be	either	a	neutron	or	a	proton.

Neutralization	reaction

Neutralization	reaction



A	reaction	between	an	acid	and	base	in	which	H+	ions	and	OH–	ions	combine	to	produce	water
and	a	salt	solution.

Neutral	solution

Neutral	solution

An	aqueous	solution	in	which	the	concentration	of	H+	and	OH–	ions	are	equal	(pH	=	7).

Neutron

Neutron

A	subatomic	particle	contained	within	the	nucleus	of	an	atom.	It	carries	no	charge	and	has	a
mass	very	slightly	larger	than	that	of	a	proton.

Noble	gases

Noble	gases

See	Inert	gases.

Nonelectrolyte

Nonelectrolyte

A	compound	that	does	not	ionize	in	water.

Nonmetal

Nonmetal

One	of	a	class	of	elements	with	high	ionization	potentials	and	very	negative	electron	affinities
that	generally	gains	electrons	to	form	anions.	Nonmetals	are	located	on	the	upper	right	side	of	the
periodic	table.

Nonpolar	covalent	bond



Nonpolar	covalent	bond

A	covalent	bond	between	elements	of	the	same	electronegativity.	There	is	no	charge	separation
and	the	atoms	do	not	carry	any	partially	positive	or	partially	negative	charge.	Compare	to	Polar
covalent	bond.

Nonpolar	molecule

Nonpolar	molecule

A	molecule	that	exhibits	no	net	separation	of	charge,	and	therefore	no	net	dipole	moment.

Normality	(N)

Normality	(N)

A	concentration	unit	equal	to	the	number	of	gram	equivalent	weights	of	solute	per	liter	of
solution.

Nucleus

Nucleus

The	small	central	region	of	an	atom;	a	dense,	positively	charged	area	containing	protons	and
neutrons.

Octet

Octet

Eight	valence	electrons	in	a	subshell	around	a	nucleus.

Octet	rule

Octet	rule

A	rule	stating	that	bonded	atoms	tend	to	undergo	reactions	that	will	produce	a	complete	octet
of	valence	electrons.	Applies	without	exception	only	to	C,	N,	O,	and	F	with	zero	or	negative	formal
charges.



Open	system

Open	system

A	system	that	can	exchange	both	energy	and	matter	with	its	surroundings.

Orbital

Orbital

A	region	of	electron	density	around	an	atom	or	molecule,	containing	no	more	than	two
electrons	of	opposite	spin.	See	Atomic	orbital.

Order	of	reaction

Order	of	reaction

In	a	calculation	of	the	rate	law	for	a	reaction,	the	sum	of	the	exponents	to	which	the
concentrations	of	reactants	must	be	raised.

Osmosis

Osmosis

The	movement	of	a	solvent	or	solute	through	a	semipermeable	membrane	across	its
concentration	gradient,	i.e.,	from	a	container	in	which	the	concentration	is	high	to	a	container	in
which	the	concentration	is	low.

Osmotic	pressure

Osmotic	pressure

The	pressure	that	must	be	applied	to	a	solution	to	prevent	the	passage	of	a	pure	solvent	through
a	semipermeable	membrane	across	its	concentration	gradient.

Oxidation

Oxidation



A	reaction	involving	the	net	loss	of	electrons	or,	equivalently,	an	increase	in	oxidation	number.

Oxidation	number

Oxidation	number

The	number	assigned	to	an	atom	in	an	ion	or	molecule	that	denotes	its	real	or	hypothetical
charge.	Atoms,	alone	or	in	molecules,	of	standard	state	elements	have	oxidation	numbers	of	zero.
Also	called	the	oxidation	state.

Oxidizing	agent

Oxidizing	agent

In	a	redox	reaction,	a	species	that	gains	electrons	and	is	thereby	reduced.

p	subshell

p	subshell

The	subshells	corresponding	to	the	angular	momentum	quantum	number	l	=	1,	found	in	the
second	and	higher	principal	energy	levels.	Each	subshell	contains	three	dumbbell-shaped	p	orbitals
oriented	perpendicular	to	each	other,	and	referred	to	as	the	px,	py,	and	pz	orbitals.

Paired	electrons

Paired	electrons

Two	electrons	in	the	same	orbital	with	assigned	spins	of	 	and	 .	See	Orbital;	Hund’s	rule.

Paramagnetism

Paramagnetism

A	property	of	a	substance	that	contains	unpaired	electrons,	whereby	the	substance	is	attracted
by	a	magnetic	field.

Partial	pressure



Partial	pressure

The	pressure	that	one	component	of	a	gaseous	mixture	would	exert	if	it	were	alone	in	the
container.

Pauli	exclusion	principle

Pauli	exclusion	principle

The	principle	stating	that	no	two	electrons	within	an	atom	may	have	an	identical	set	of	all	four
quantum	numbers.

Peptides

Peptides

Molecules	that	consist	of	two	or	more	amino	acids	linked	to	each	other	by	peptide	bonds.

Percent	composition

Percent	composition

The	percentage	of	the	total	formula	weight	of	a	compound	attributed	to	a	given	element.

Percent	yield

Percent	yield

The	percentage	of	the	theoretical	product	yield	that	is	actually	recovered	when	a	chemical
reaction	occurs.

Period

Period

A	horizontal	row	of	the	periodic	table,	containing	elements	with	the	same	number	of	electron
shells.

Periodic	law



Periodic	law

The	law	stating	that	the	chemical	properties	of	an	element	depend	on	the	atomic	number	of	the
element,	and	change	in	a	periodic	fashion.

Periodic	table

Periodic	table

The	table	displaying	all	known	chemical	elements	arranged	in	rows	(periods)	and	columns
(groups)	according	to	their	electronic	structure.

pH

pH

A	measure	of	the	hydrogen	ion	content	of	an	aqueous	solution,	defined	to	be	equal	to	the
negative	log	of	the	H+	concentration.

Phase

Phase

One	of	the	three	states	of	matter:	solid,	liquid,	or	gas.	(Plasma	is	often	considered	a	fourth	phase
of	matter.)

Phase	diagram

Phase	diagram

A	plot,	usually	of	pressure	versus	temperature,	showing	which	phases	a	compound	will	exhibit
under	any	set	of	conditions.

Phase	equilibrium

Phase	equilibrium

For	a	particular	substance,	any	temperature	and	pressure	at	which	two	or	three	phases	coexist	in
equilibrium.	See	Triple	point.



Photon

Photon

A	quantum	of	energy	in	the	form	of	light	with	a	value	of	Planck’s	constant	multiplied	by	the
frequency	of	the	light.

Physical	property

Physical	property

A	property	of	a	substance	related	to	its	physical,	not	chemical,	characteristics;	e.g.,	density,
smell,	color.

Pi	(π)	bond

Pi	(π)	bond

A	covalent	bond	formed	by	parallel	overlap	of	two	unhybridized	atomic	p	orbitals.

pOH

pOH

A	measure	of	the	hydroxide	(OH–)	ion	content	of	an	aqueous	solution,	defined	to	be	equal	to	the
negative	log	of	the	OH–	concentration.

Polar	covalent	bond

Polar	covalent	bond

A	covalent	bond	between	atoms	with	different	electronegativities	in	which	electron	density	is
unevenly	distributed,	giving	the	bond	positive	and	negative	ends.

Polar	molecule

Polar	molecule

A	molecule	possessing	one	or	more	polar	covalent	bond(s)	and	a	geometry	that	allows	the	bond



dipole	moments	to	add	up	to	a	net	dipole	moment,	e.g.,	H2O.

Polyprotic	acid

Polyprotic	acid

An	acid	capable	of	donating	more	than	one	proton,	e.g.,	H2CO3.

Positron

Positron

An	“antielectron”:	It	has	the	same	mass	but	opposite	charge	as	an	electron,	and	is	emitted
during	a	particular	form	of	radioactive	decay.

Potential	energy	diagram

Potential	energy	diagram

An	energy	diagram	that	relates	the	potential	energy	of	the	reactants	and	products	of	a	reaction
to	details	of	the	reaction	pathway.	By	convention,	the	x	axis	shows	the	progression	of	the	reaction,
and	the	y	axis	shows	potential	energy.

Precipitate

Precipitate

An	insoluble	solid	that	separates	from	a	solution,	generally	the	result	of	mixing	two	or	more
solutions	or	of	a	temperature	change.

Pressure

Pressure

Average	force	per	unit	area	measured	in	atmospheres,	torr	(mm	Hg),	or	pascals	(Pa).	1	atm	=	760
torr	=	760	mm	Hg	=	1.01	×	102	kPa.

Primary	structure



Primary	structure

The	amino	acid	sequence	of	a	protein.

Principal	quantum	number	(n)

Principal	quantum	number	(n)

The	first	quantum	number,	defining	the	energy	level	or	shell	occupied	by	an	electron.

Proteins

Proteins

Long-chain	polypeptides	with	high	molecular	weights.

Proton	(H+)

Proton	(H+)

A	subatomic	particle	that	carries	a	single	positive	charge	and	has	a	mass	defined	as	one	or	as	the
hydrogen	ion,	H+,	which	is	simply	a	hydrogen	nucleus,	consisting	of	one	proton.	These	species	are
considered	to	be	equivalent.

Quantum

Quantum

A	discrete	bundle	of	energy,	such	as	a	photon.

Quantum	number

Quantum	number

A	number	used	to	describe	the	energy	levels	available	to	electrons.	The	state	of	any	electron	is
described	by	four	quantum	numbers.	See	Principal	quantum	number;	Azimuthal	quantum	number;
Magnetic	quantum	number;	Spin	quantum	number.

Radioactivity



Radioactivity

A	phenomenon	exhibited	by	certain	unstable	isotopes	in	which	they	undergo	spontaneous
nuclear	transformations	via	emission	of	one	or	more	particle(s).

Raoult’s	law

Raoult’s	law

A	law	stating	that	the	partial	pressure	of	a	component	in	a	solution	is	proportional	to	the	mole
fraction	of	that	component	in	the	solution.

Rate	constant

Rate	constant

The	proportionality	constant	in	the	rate	law	of	a	reaction;	specific	to	a	particular	reaction	under
particular	conditions.

Rate-determining	step

Rate-determining	step

The	slowest	step	of	a	reaction	mechanism.	The	rate	of	this	step	limits	the	overall	rate	of	the
reaction.

Rate	law

Rate	law

A	mathematical	expression	giving	the	rate	of	a	reaction	as	a	function	of	the	concentrations	of
the	reactants.	The	rate	law	of	a	given	reaction	must	be	determined	experimentally.

Reaction	intermediate

Reaction	intermediate

A	species	that	does	not	appear	among	the	final	products	of	a	reaction	but	is	present	temporarily
during	the	course	of	the	reaction.



Reaction	mechanism

Reaction	mechanism

The	series	of	steps	that	occur	in	the	course	of	a	chemical	reaction,	often	including	the	formation
and	destruction	of	reaction	intermediates.

Reaction	rate

Reaction	rate

The	speed	at	which	a	substance	is	produced	or	consumed	by	a	reaction.

Real	gas

Real	gas

A	gas	that	exhibits	deviations	from	the	Ideal	gas	law.

Redox	reaction

Redox	reaction

A	reaction	combining	reduction	and	oxidation	processes.	Also	called	oxidation-reduction
reaction.

Reducing	agent

Reducing	agent

In	a	redox	reaction,	a	species	that	loses	electrons	and	is	thereby	oxidized.

Reduction

Reduction

A	reaction	involving	the	net	gain	of	electrons	or,	equivalently,	a	decrease	in	oxidation	number.

Resonance



Resonance

Delocalization	of	electrons	within	a	compound	that	cannot	be	adequately	represented	by	Lewis
structures.

s	subshell

s	subshell

The	subshell	corresponding	to	the	angular	momentum	quantum	number	l	=	0,	and	containing
one	spherical	orbital;	found	in	all	energy	levels.

Salt

Salt

An	ionic	substance,	i.e.,	one	consisting	of	anions	and	cations,	but	not	hydrogen	or	hydroxide
ions.	Any	salt	can	be	formed	by	the	reaction	of	the	appropriate	acid	and	base,	e.g.,	KBr	from	HBr	and
KOH.

Saturated	hydrocarbon

Saturated	hydrocarbon

A	hydrocarbon	with	only	single	bonds.

Saturated	solution

Saturated	solution

A	solution	containing	the	maximum	amount	of	solute	that	can	be	dissolved	in	a	particular
solvent	at	a	particular	temperature.

Scintillation	counter

Scintillation	counter

An	instrument	used	to	measure	radioactivity	by	the	amount	of	fluorescence	produced.



Second	law	of	thermodynamics

Second	law	of	thermodynamics

The	law	stating	that	all	spontaneous	processes	lead	to	an	increase	in	the	entropy	of	the	universe.

Semimetal

Semimetal

See	Metalloid.

Semipermeable

Semipermeable

A	quality	of	a	membrane	allowing	only	some	components	of	a	solution,	usually	including	the
solvent,	to	pass	through,	while	limiting	the	passage	of	other	species.

Sigma	(σ)	bond

Sigma	(σ)	bond

A	bond	formed	by	head-to-head	overlap	of	orbitals	from	separate	atoms.

Solid

Solid

The	phase	of	matter	possessing	the	greatest	order,	in	which	molecules	are	fixed	in	a	rigid
structure.

Solubility

Solubility

A	measure	of	the	amount	of	solute	that	can	be	dissolved	in	a	solvent	at	a	certain	temperature.

Solubility	product	(Ksp)



Solubility	product	(Ksp)

The	equilibrium	constant	for	the	ionization	reaction	of	a	slightly	soluble	electrolyte.

Solute

Solute

The	component	of	a	solution	that	is	present	in	lesser	amount	than	the	solvent.

Solution

Solution

A	homogeneous	mixture	of	two	or	more	substances.

Solvation

Solvation

The	aggregation	of	solvent	molecules	around	a	solute	particle	in	the	process	of	dissolution.

Solvent

Solvent

The	component	of	a	solution	present	in	the	greatest	amount;	the	substance	in	which	the	solute
is	dissolved.

Specific	heat

Specific	heat

The	amount	of	heat	required	to	raise	the	temperature	of	a	unit	mass	of	a	substance	by	1°C.

Spectrum

Spectrum



The	characteristic	wavelengths	of	electromagnetic	radiation	emitted	or	absorbed	by	an	object,
atom,	or	molecule.

Spin	quantum	number	(ms)

Spin	quantum	number	(ms)

The	fourth	quantum	number,	indicating	the	orientation	of	the	intrinsic	angular	momentum	of

an	electron	in	an	atom.	The	spin	quantum	number	can	only	assume	values	of	 	or	 .

Spontaneous	process

Spontaneous	process

A	process	that	will	occur	on	its	own	without	energy	input	from	the	surroundings.

Standard	conditions

Standard	conditions

Conditions	defined	as	25°C	and	1	M	concentration	for	each	reactant	in	solution,	and	a	partial
pressure	of	1	atm	for	each	gaseous	reactant.	Used	for	measuring	the	standard	Gibbs	free	energy,
enthalpy,	entropy,	and	cell	EMF.

Standard	free	energy	(G°)

Standard	free	energy	(G°)

The	Gibbs	free	energy	for	a	reaction	under	standard	conditions.	See	Gibbs	free	energy.

Standard	hydrogen	electrode	(SHE)

Standard	hydrogen	electrode	(SHE)

The	electrode	defined	as	having	a	potential	of	zero	under	standard	conditions.	All	redox
potentials	are	measured	relative	to	the	standard	hydrogen	electrode.	The	potentials	are	measured
relative	to	the	standard	hydrogen	electrode	at	25°C	and	with	1.0	M	of	each	ion	in	solution.



Standard	potential

Standard	potential

The	voltage	associated	with	a	half-reaction	of	a	specific	redox	reaction.	Generally	tabulated	as	a
reduction	potential,	compared	to	the	SHE.

Standard	temperature	and	pressure	(STP)

Standard	temperature	and	pressure	(STP)

0°C	(273	K)	and	1	atm.	Used	for	measuring	gas	volume	and	density.

State

State

The	set	of	defined	macroscopic	properties	of	a	system	that	must	be	specified	in	order	to
reproduce	the	system	exactly.	Sometimes	also	used	as	a	synonym	for	Phase.

State	function

State	function

A	function	that	depends	on	the	state	of	a	system	but	not	on	the	path	used	to	arrive	at	that	state.

Strong	acid

Strong	acid

An	acid	that	undergoes	complete	dissociation	in	an	aqueous	solution;	e.g.,	HCl.

Strong	base

Strong	base

A	base	that	undergoes	complete	dissociation	in	an	aqueous	solution;	e.g.,	KOH.

Sublimation



Sublimation

A	change	of	phase	from	solid	to	gas	without	passing	through	the	liquid	phase.

Subshell

Subshell

The	division	of	electron	shells	or	energy	levels	defined	by	a	particular	value	of	the	azimuthal
quantum	number;	e.g.,	s,	p,	d,	and	f	subshells.	Composed	of	orbitals.	Also	called	sublevels.	See
Orbital.

Surroundings

Surroundings

All	matter	and	energy	in	the	universe	not	included	in	the	particular	system	under	consideration.

System

System

The	matter	and	energy	under	consideration.

Temperature

Temperature

A	measure	of	the	average	energy	of	motion	of	the	particles	in	a	system.

Third	law	of	thermodynamics

Third	law	of	thermodynamics

The	law	stating	that	the	entropy	of	a	perfect	crystal	at	absolute	zero	is	zero.

Titrant

Titrant



A	solution	of	known	concentration	that	is	slowly	added	to	a	solution	containing	an	unknown
amount	of	a	second	species	to	determine	its	concentration.

Titration,	acid-base

Titration,	acid-base

A	method	used	to	determine	the	concentration	of	an	unknown	solution.

Titration	curve

Titration	curve

A	plot	of	the	pH	of	a	solution	versus	the	volume	of	acid	or	base	added	in	an	acid-base	titration.

Torr

Torr

A	pressure	unit	equal	to	1	mm	Hg.	760	torr	=	1	atm.

Transition	metal

Transition	metal

Any	of	the	elements	in	the	B	Groups	of	the	periodic	table,	all	of	which	have	partially	filled	d
sublevels.

Triple	point

Triple	point

The	pressure	and	temperature	at	which	the	solid,	liquid,	and	vapor	phases	of	a	particular
substance	coexist	in	equilibrium.	See	Phase	equilibrium.

Unit	cell

Unit	cell



A	three-dimensional	representation	of	the	repeating	units	in	a	crystalline	solid.

Unsaturated	compound

Unsaturated	compound

A	compound	with	double	or	triple	bonds.

Unsaturated	solution

Unsaturated	solution

A	solution	into	which	more	solute	may	be	dissolved.

Valence	electron

Valence	electron

An	electron	in	the	highest	occupied	energy	level	of	an	atom,	whose	tendency	to	be	held	or	lost
determines	the	chemical	properties	of	the	atom.

Van	der	Waals	forces

Van	der	Waals	forces

The	weak	forces	that	contribute	to	intermolecular	bonding,	including	hydrogen	bonding,	dipole-
dipole	interactions,	and	dispersion	forces.

Vapor	pressure

Vapor	pressure

The	pressure	exerted	by	a	vapor	when	it	is	in	equilibrium	with	the	liquid	or	solid	phase	of	the
same	substance;	the	partial	pressure	of	the	substance	in	the	atmosphere	above	the	liquid	or	solid.

Vapor-pressure	lowering

Vapor-pressure	lowering



The	decrease	in	the	vapor	pressure	of	a	liquid	caused	by	the	presence	of	dissolved	solute;	a
colligative	property.	See	Raoult’s	law.

Voltaic	cell

Voltaic	cell

See	Galvanic	cell.

VSEPR	theory

VSEPR	theory

Stands	for	valence	shell	electron-pair	repulsion	theory.	It	predicts/explains	the	geometry	of
molecules	in	terms	of	the	repulsion	that	electron	pairs	have	that	cause	them	to	be	as	far	apart	as
possible	from	one	another.

Water	dissociation	constant	(Kw)

Water	dissociation	constant	(Kw)

The	equilibrium	constant	of	the	water	dissociation	reaction	at	a	given	temperature;	1.00	×	10–14

at	25.00°C.

Weak	acid

Weak	acid

An	acid	that	undergoes	partial	dissociation	in	an	aqueous	solution;	e.g.,	CH3COOH.

Weak	base

Weak	base

A	base	that	undergoes	partial	dissociation	in	an	aqueous	solution;	e.g.,	NH4OH.

Yield



Yield

The	amount	of	product	obtained	from	a	reaction.

Z

Z

Nuclear	charge.	Equivalent	to	atomic	number.

Zeff

Zeff

Effective	nuclear	charge;	the	charge	perceived	by	an	electron	from	its	orbital.	Applies	most	often
to	valence	electrons,	and	influences	periodic	properties	such	as	atomic	radius	and	ionization
energy.
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