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Atomic spectra of gases
The	discrete	line	spectrum	observed	
when	a	low-pressure	gas	undergoes	
an	electric	discharge.	(Electric	
discharge	occurs	when	the	gas	is	
subject	to	a	poten:al	difference	that	
creates	an	electric	field	greater	than	
the	dielectric	strength	of	the	gas.)	
Observa:on	and	analysis	of	these	
spectral	lines	is	called	emission	
spectroscopy.

1298 Chapter 42 Atomic Physics

The new element was named helium, after the Greek word for Sun, helios. Helium 
was subsequently isolated from subterranean gas on the Earth.
 Using this technique, scientists have examined the light from stars other than 
our Sun and have never detected elements other than those present on the Earth. 
Absorption spectroscopy has also been useful in analyzing heavy-metal contamina-
tion of the food chain. For example, the first determination of high levels of mer-
cury in tuna was made with the use of atomic absorption spectroscopy.
 The discrete emissions of light from gas discharges are used in “neon” signs such 
as those in the opening photograph of this chapter. Neon, the first gas used in these 
types of signs and the gas after which these signs are named, emits strongly in the 
red region. As a result, a glass tube filled with neon gas emits bright red light when 
an applied voltage causes a continuous discharge. Early signs used different gases to 
provide different colors, although the brightness of these signs was generally very 
low. Many present-day “neon” signs contain mercury vapor, which emits strongly in 
the ultraviolet range of the electromagnetic spectrum. The inside of a present-day 
sign’s glass tube is coated with a material that emits a particular color when it absorbs 
ultraviolet radiation from the mercury. The color of the light from the tube results 
from the particular material chosen. A household fluorescent light operates in the 
same manner, with a white-emitting material coating the inside of the glass tube.
 From 1860 to 1885, scientists accumulated a great deal of data on atomic emis-
sions using spectroscopic measurements. In 1885, a Swiss schoolteacher, Johann 
Jacob Balmer (1825–1898), found an empirical equation that correctly predicted 
the wavelengths of four visible emission lines of hydrogen: Ha (red), Hb (blue-
green), Hg (blue-violet), and Hd (violet). Figure 42.2 shows these and other lines 
(in the ultraviolet) in the emission spectrum of hydrogen. The four visible lines 
occur at the wavelengths 656.3 nm, 486.1 nm, 434.1 nm, and 410.2 nm. The com-
plete set of lines is called the Balmer series. The wavelengths of these lines can be 
described by the following equation, which is a modification made by Johannes 
Rydberg (1854–1919) of Balmer’s original equation:

 
1
l

5 R H a 1
22 2

1
n2 b n 5 3, 4, 5, c  (42.1)

where R H is a constant now called the Rydberg constant with a value of  
1.097 373 2 3 107 m21. The integer values of n from 3 to 6 give the four visible lines 
from 656.3 nm (red) down to 410.2 nm (violet). Equation 42.1 also describes the 
ultraviolet spectral lines in the Balmer series if n is carried out beyond n 5 6. The 
series limit is the shortest wavelength in the series and corresponds to n S ,̀ with 
a wavelength of 364.6 nm as in Figure 42.2. The measured spectral lines agree with 
the empirical equation, Equation 42.1, to within 0.1%.
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Figure 42.1  (a) Emission line 
spectra for hydrogen, mercury, 
and neon. (b) The absorption 
spectrum for hydrogen. Notice 
that the dark absorption lines 
occur at the same wavelengths as 
the hydrogen emission lines in (a). 
(K. W. Whitten, R. E. Davis, M. L. 
Peck, and G. G. Stanley, General 
Chemistry, 7th ed., Belmont, CA, 
Brooks/Cole, 2004.)

410.2 434.1

Ultraviolet

486.1 656.3

364.6

 (nm)l

The lines shown in color are in 
the visible range of wavelengths.

This line is the shortest wavelength 
line and is in the ultraviolet region 
of the electromagnetic spectrum.

Figure 42.2  The Balmer series 
of spectral lines for atomic hydro-
gen, with several lines marked 
with the wavelength in nanome-
ters. (The horizontal wavelength 
axis is not to scale.)

Johann	Jakob	Balmer Johannes	Rydberg
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Spectrum of hydrogen
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Bohr’s model of the hydrogen atom
In	Bohr’s	model,	the	electron	is	pulled	around	
the	proton	in	a	perfectly	circular	orbit	by	an	
aPrac:ve	Coulomb	force.	The	proton	is	
approximately	1800	:mes	more	massive	than	
the	electron,	so	the	proton	moves	very	liPle	in	
response	to	the	force	on	the	proton	by	the	
electron.	We	then	focus	on	moving	electron.

Note	on	the	Bohr’s	model:	
•Only	certain	electron	orbits	are	stable	as	no	radia:on.	
• The	atom	emits	radia:on	when	the	electron	makes	a	transi:on	
from	a	more	energe:c	ini:al	sta:onary	state	to	a	lower-energy	
sta:onary	state.	

• The	size	of	an	allowed	electron	orbit	is	determined	by	a	condi:on	
imposed	on	the	electron’s	orbital	angular	momentum:	the	
allowed	orbits	are	those	for	which	the	electron’s	orbital	angular	
momentum	about	the	nucleus	is	quan:zed	and	equal	to	an	
integral	mul:ple	of	ℏ

Niels	Bohr
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Bohr’s model of the hydrogen atom
Using	the	postulate	on	radia:on	when	electron	making	the	transi:on,	let’s	calculate	
the	allowed	energy	levels	and	find	quan:ta:ve	values	of	the	emission	wavelengths	of	
the	hydrogen	atom.



Phat	Srimanobhas;	Atomic	physics 6

Bohr’s model of the hydrogen atom
 42.3 Bohr’s Model of the Hydrogen Atom 1303

Only energies satisfying this equation are permitted. The lowest allowed energy 
level, the ground state, has n 5 1 and energy E1 5 213.606 eV. The next energy 
level, the first excited state, has n 5 2 and energy E 2 5 E1/22 5 23.401 eV. Figure 
42.8 is an energy-level diagram showing the energies of these discrete energy states 
and the corresponding quantum numbers n. The uppermost level corresponds to 
n!5 ` (or r 5 `) and E 5 0.
 Notice how the allowed energies of the hydrogen atom differ from those 
of the particle in a box. The particle-in-a-box energies (Eq. 41.14) increase as 
n2, so they become farther apart in energy as n increases. On the other hand, 
the energies of the hydrogen atom (Eq. 42.14) are inversely proportional to n2, 
so their separation in energy becomes smaller as n increases. The separation 
between energy levels approaches zero as n approaches infinity and the energy 
approaches zero.
 Zero energy represents the boundary between a bound system of an electron 
and a proton and an unbound system. If the energy of the atom is raised from that 
of the ground state to any energy larger than zero, the atom is ionized. The mini-
mum energy required to ionize the atom in its ground state is called the ionization 
energy. As can be seen from Figure 42.8, the ionization energy for hydrogen in 
the ground state, based on Bohr’s calculation, is 13.6 eV. This finding constituted 
another major achievement for the Bohr theory because the ionization energy for 
hydrogen had already been measured to be 13.6 eV.
 Equations 42.5 and 42.13 can be used to calculate the frequency of the pho-
ton emitted when the electron makes a transition from an outer orbit to an inner 
orbit:

 f 5
Ei 2 Ef
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Because the quantity measured experimentally is wavelength, it is convenient to use 
c 5 fl to express Equation 42.15 in terms of wavelength:
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Remarkably, this expression, which is purely theoretical, is identical to the general 
form of the empirical relationships discovered by Balmer and Rydberg and given by 
Equations 42.1 to 42.4:
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provided the constant kee 2/2a0hc is equal to the experimentally determined Ryd-
berg constant. Soon after Bohr demonstrated that these two quantities agree to 
within approximately 1%, this work was recognized as the crowning achievement 
of his new quantum theory of the hydrogen atom. Furthermore, Bohr showed that 
all the spectral series for hydrogen have a natural interpretation in his theory. The 
different series correspond to transitions to different final states characterized by 
the quantum number nf . Figure 42.8 shows the origin of these spectral series as 
transitions between energy levels.
 Bohr extended his model for hydrogen to other elements in which all but one 
electron had been removed. These systems have the same structure as the hydro-
gen atom except that the nuclear charge is larger. Ionized elements such as He1, 
Li21, and Be31 were suspected to exist in hot stellar atmospheres, where atomic 
collisions frequently have enough energy to completely remove one or more atomic 
electrons. Bohr showed that many mysterious lines observed in the spectra of the 
Sun and several other stars could not be due to hydrogen but were correctly pre-
dicted by his theory if attributed to singly ionized helium. In general, the number 
of protons in the nucleus of an atom is called the atomic number of the element 
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Figure 42.8 An energy-level 
diagram for the hydrogen atom. 
Quantum numbers are given on 
the left, and energies (in electron 
volts) are given on the right. Ver-
tical arrows represent the four 
lowest-energy transitions for each 
of the spectral series shown.

To	calculate	the	frequency	of	the	photon	emiPed	
when	the	electron	makes	a	transi:on	from	an	outer	
orbit	to	an	inner	orbit:
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Bohr’s model of the hydrogen atom
Although	the	Bohr	theory	was	triumphant	in	its	agreement	with	some		
experimental	results	on	the	hydrogen	atom,	it	suffered	from	some	difficul:es.

For	example,	Bohr's	model	can't	explain	the	
Zeeman	effect	which	is	the	effect	of	splibng	
of	a	spectral	line	into	several	components	in	
the	presence	of	a	sta:c	magne:c	field.		

Extension	to	Bohr’s	model:	
Arnold	Sommerfeld	argued	that	if	electronic	
orbits	could	be	ellip:cal	instead	of	circular,	
the	energy	of	the	electron	would	be	the	
same,	except	in	the	presence	of	a	magne:c	
field,	introducing	what	
is	now	known	as		
quantum	degeneracy.		
This	theory	is	known		
as	Bohr–Sommerfeld	model.The	spectral	lines	of	mercury	vapor	lamp	at	

wavelength	546.1	nm,	showing	anomalous	
effect	when	magne:c	field	is	applied	(B),(C).	
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The quantum model of the hydrogen atom
Consider	the	poten:al	energy	func:on	for	the	hydrogen	atom	which	is	due	to	the	
electrical	interac:on	between	the	electron	and	the	proton,

The	poten:al	is	spherically	symmetrical.	This	suggests	that	we	may	solve	Schrödinger’s	
equa:on	more	easily	if	we	express	it	in	terms	of	the	spherical	coordinates		instead	of	
rectangular	coordinates

And	solving	it	in	polar	coordinate,	we	get	three	quantum	numbers	 , , .n l ml
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The quantum model of the hydrogen atom

The	principal	quantum	number	( )	
•The	first	quantum	number	associates	with	the	radial	func:on	 	
• It	describes	the	electron	shell,	or	energy	level,	of	an	atom		
• The	value	of	 	ranges	from	1	to	the	shell	containing	the	outermost	electron	of	that	
atom

n
R(r)

n

 42.4 The Quantum Model of the Hydrogen Atom 1307

one for each of the separate differential equations. These quantum numbers are 
restricted to integer values and correspond to the three independent degrees of 
freedom (three space dimensions).
 The first quantum number, associated with the radial function R(r) of the full wave 
function, is called the principal quantum number and is assigned the symbol n. The 
differential equation for R(r) leads to functions giving the probability of finding the 
electron at a certain radial distance from the nucleus. In Section 42.5, we will describe 
two of these radial wave functions. From the boundary conditions, the energies of the 
allowed states for the hydrogen atom are found to be related to n as follows:

 En 5 2ake e 2

2a0
b 1

n 2 5 2
13.606 eV

n2  n 5 1, 2, 3, c (42.21)

This result is in exact agreement with that obtained in the Bohr theory (Eqs. 42.13 
and 42.14)! This agreement is remarkable because the Bohr theory and the full quan-
tum theory arrive at the result from completely different starting points.
 The orbital quantum number, symbolized ,, comes from the differential equa-
tion for f(u) and is associated with the orbital angular momentum of the electron. 
The orbital magnetic quantum number m, arises from the differential equation 
for g(f). Both , and m, are integers. We will expand our discussion of these two 
quantum numbers in Section 42.6, where we also introduce a fourth (nonintegral) 
quantum number, resulting from a relativistic treatment of the hydrogen atom.
 The application of boundary conditions on the three parts of the full wave func-
tion leads to important relationships among the three quantum numbers as well as 
certain restrictions on their values:

The values of n are integers that can range from 1 to .̀
The values of , are integers that can range from 0 to n 2 1.
The values of m, are integers that can range from 2, to ,.

For example, if n 5 1, only , 5 0 and m, 5 0 are permitted. If n 5 2, then , may 
be 0 or 1; if , 5 0, then m, 5 0; but if , 5 1, then m, may be 1, 0, or 21. Table 42.1 
summarizes the rules for determining the allowed values of , and m, for a given n.
 For historical reasons, all states having the same principal quantum number are 
said to form a shell. Shells are identified by the letters K, L, M, . . . , which desig-
nate the states for which n 5 1, 2, 3, . . . . Likewise, all states having the same values 
of n and , are said to form a subshell. The letters4 s, p, d, f, g, h, . . . are used to 
designate the subshells for which , 5 0, 1, 2, 3, . . . . The state designated by 3p, for 
example, has the quantum numbers n 5 3 and , 5 1; the 2s state has the quantum 
numbers n 5 2 and , 5 0. These notations are summarized in Tables 42.2 and 42.3 
(page 1308).
 States that violate the rules given in Table 42.1 do not exist. (They do not satisfy 
the boundary conditions on the wave function.) For instance, the 2d state, which 

�W  Allowed energies of the 
quantum hydrogen atom

�W  Restrictions on the values 
of hydrogen-atom quantum 
numbers

Table 42.1 Three Quantum Numbers for the Hydrogen Atom
Quantum  Allowed Number of
Number Name Values Allowed States

n Principal quantum  1, 2, 3, . . . Any number
  number 
, Orbital quantum  0, 1, 2, . . . , n 2 1 n
  number 
m, Orbital magnetic  2,, 2, 1 1, . . . , 0, . . . , , 2 1, , 2, 1 1
  quantum number 

4The first four of these letters come from early classifications of spectral lines: sharp, principal, diffuse, and funda-
mental. The remaining letters are in alphabetical order.

Pitfall Prevention 42.3
Energy Depends on n Only for 
Hydrogen The implication in Equa-
tion 42.21 that the energy depends 
only on the quantum number n is 
true only for the hydrogen atom. 
For more complicated atoms, we 
will use the same quantum num-
bers developed here for hydrogen. 
The energy levels for these atoms 
depend primarily on n, but they 
also depend to a lesser degree on 
other quantum numbers.

Pitfall Prevention 42.4
Quantum Numbers Describe a 
System It is common to assign the 
quantum numbers to an electron. 
Remember, however, that these 
quantum numbers arise from 
the Schrödinger equation, which 
involves a potential energy func-
tion for the system of the electron 
and the nucleus. Therefore, it is 
more proper to assign the quantum 
numbers to the atom, but it is more 
popular to assign them to an elec-
tron. We follow this latter usage 
because it is so common.

Table 42.2 Atomic 
Shell Notations
n Shell Symbol

1 K
2 L
3 M
4 N
5 O
6 P
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The quantum model of the hydrogen atom
The	orbital	quantum	number	( )	
•Remind	first:	
• Classical	view:	electron	moves	in	circle.	We	can	calculate	the	angular	momentum	
from	

• In	Bohr's	model:	magnitude	of	the	angular	momentum	is	discrete	and	it	is	restricted	
to	the	mul:ple	of	 	

• In	quantum	mechanics,	we	must	give	up	the	convenient	mental	representa:on	of	an	
electron	orbi:ng	in	a	well-defined	circular	path.	
• The	solu:on	from	the	 	associates	with	the	orbital	angular	momentum	of	
electron	

•Discrete	value	of	the	magnitude	of	the	orbital	angular	momentum

l

ℏ

f(θ)
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The quantum model of the hydrogen atom
The	orbital	quantum	number	( )	l

L = l(l + 1ℏ, l = 0,1,2,...,n-1



Phat	Srimanobhas;	Atomic	physics 12

The quantum model of the hydrogen atom
The	orbital	magneDc	quantum	number	( )	
•Remind	first:	
•We	are	talking	about	the	circula:ng	electron.		
When	we	have	a	current	loop,	we	have	a		
corresponding	magne:c	moment:	

•And	if	we	place	a	moment	in	a	magne:c	field,		
the	energy	of	the	loop-field	system	depends	on		
the	direc:on	of	the	magne:c	moment	of	the	loop		
with	respect	to	the	magne:c	field.	

• This	expression	shows	that	the	system	has	its	lowest	energy	
when	

•And	the	system	has	its	highest	energy	
when

ml

 29.5 Torque on a Current Loop in a Uniform Magnetic Field 887

(1) Curl your 
fingers in the 
direction of the 
current around 
the loop.

(2) Your thumb 
points in the 
direction of A  
and m. 

I

m
S

S

S

A
S

Figure 29.23  Right-hand rule for determining the direction 
of the vector A

S
 for a current loop. The direction of the mag-

netic moment mS is the same as the direction of A
S

.

 A convenient vector expression for the torque exerted on a loop placed in a uni-
form magnetic field B

S
 is

 tS 5 I A
S

3 B
S

 (29.14)

where A
S

, the vector shown in Figure 29.22, is perpendicular to the plane of the 
loop and has a magnitude equal to the area of the loop. To determine the direc-
tion of A

S
, use the right-hand rule described in Figure 29.23. When you curl the 

fingers of your right hand in the direction of the current in the loop, your thumb 
points in the direction of A

S
. Figure 29.22 shows that the loop tends to rotate in 

the direction of decreasing values of u (that is, such that the area vector A
S

 rotates 
toward the direction of the magnetic field).
 The product I A

S
 is defined to be the magnetic dipole moment mS (often simply 

called the “magnetic moment”) of the loop:

 mS ; I A
S

 (29.15)

The SI unit of magnetic dipole moment is the ampere-meter2 (A ? m2). If a coil of 
wire contains N loops of the same area, the magnetic moment of the coil is

 mScoil 5 NI A
S

 (29.16)

Using Equation 29.15, we can express the torque exerted on a current-carrying 
loop in a magnetic field B

S
 as

 tS 5 mS 3 B
S

 (29.17)

This result is analogous to Equation 26.18, tS 5 pS 3 E
S

, for the torque exerted on 
an electric dipole in the presence of an electric field E

S
, where pS is the electric 

dipole moment.
 Although we obtained the torque for a particular orientation of B

S
 with respect 

to the loop, the equation tS 5 mS 3 B
S

 is valid for any orientation. Furthermore, 
although we derived the torque expression for a rectangular loop, the result is valid 
for a loop of any shape. The torque on an N -turn coil is given by Equation 29.17 by 
using Equation 29.16 for the magnetic moment.
 In Section 26.6, we found that the potential energy of a system of an electric 
dipole in an electric field is given by UE 5 2pS ? E

S
. This energy depends on the 

orientation of the dipole in the electric field. Likewise, the potential energy of a 
system of a magnetic dipole in a magnetic field depends on the orientation of the 
dipole in the magnetic field and is given by

 UB 5 2mS ? B
S

 (29.18)

�W  Torque on a current loop in a 
magnetic field

�W  Magnetic dipole moment  
of a current loop

�W  Torque on a magnetic 
moment in a magnetic field

 Potential energy of a system 
of a magnetic moment in 

W a magnetic field
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The quantum model of the hydrogen atom
The	orbital	magneDc	quantum	number	( )	
•We	already	abandon	the	circular	orbit	viewpoint	of	the	Bohr	theory,	but	the	atom	s:ll	
possesses	an	orbital	angular	momentum.	Therefore,	there	is	some	sense	that	
magne:c	moment	is	present	due	to	the	angular	momentum.	

• The	orbital	magne:c	quantum	number	arises	from	the	differen:al	equa:on	for	 	
• The	solu:on	can	explain	the	experimental	results	of	spectral	lines	of	hydrogen	is	
spliPer	when	the	atoms	are	placed	in	a	magne:c	field.	

• In	quantum	mechanics,	there	are	discrete	direc:ons	allowed	for	the	magne:c	
moment	vector	 	with	respect	to	the	magne:c	field	vector	 	

•Magne:c	moment	 	of	the	atom	can	be	related	to	the	angular	momentum	vector	
,	the	discrete	direc:ons	of	 	translates	to	the	direc:on	of	 	being	quan:zed.	

• The	quan:za:on	of	the	possible	orienta:ons	of	 	with	respect	to	an	external	
magne:c	field	is	ohen	referred	to	as	space	quanDzaDon.

ml

g(ϕ)

⃗μ ⃗B
⃗μ

⃗L ⃗μ ⃗L

⃗L
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The quantum model of the hydrogen atom

 42.6 Physical Interpretation of the Quantum Numbers 1315

8This phenomenon is a Zeeman effect for spin and is identical in nature to the Zeeman effect for orbital angular 
momentum discussed before Example 42.4 except that no external magnetic field is required. The magnetic field 
for this Zeeman effect is internal to the atom and arises from the relative motion of the electron and the nucleus.

line is, in fact, two closely spaced lines called a doublet.8 The wavelengths of these 
lines occur in the yellow region of the electromagnetic spectrum at 589.0 nm and  
589.6 nm. In 1925, when this doublet was first observed, it could not be explained 
with the existing atomic theory. To resolve this dilemma, Samuel Goudsmit (1902–
1978) and George Uhlenbeck (1900–1988), following a suggestion made by Aus-
trian physicist Wolfgang Pauli, proposed the spin quantum number.
 To describe this new quantum number, it is convenient (but technically incor-
rect) to imagine the electron spinning about its axis as it orbits the nucleus as 
described in Section 30.6. As illustrated in Figure 42.15, only two directions exist 
for the electron spin. If the direction of spin is as shown in Figure 42.15a, the elec-
tron is said to have spin up. If the direction of spin is as shown in Figure 42.15b, the 
electron is said to have spin down. In the presence of a magnetic field, the energy 
associated with the electron is slightly different for the two spin directions. This 
energy difference accounts for the sodium doublet.
 The classical description of electron spin—as resulting from a spinning elec-
tron—is incorrect. More recent theory indicates that the electron is a point particle, 
without spatial extent. Therefore, the electron is not modeled as a rigid object and 
cannot be considered to be spinning. Despite this conceptual difficulty, all experi-
mental evidence supports the idea that an electron does have some intrinsic angu-
lar momentum that can be described by the spin magnetic quantum number. Paul 
Dirac (1902–1984) showed that this fourth quantum number originates in the rela-
tivistic properties of the electron.
 In 1921, Otto Stern (1888–1969) and Walter Gerlach (1889–1979) performed 
an experiment that demonstrated space quantization. Their results, however, were 
not in quantitative agreement with the atomic theory that existed at that time. In 
their experiment, a beam of silver atoms sent through a nonuniform magnetic field 
was split into two discrete components (Fig. 42.16). Stern and Gerlach repeated the 
experiment using other atoms, and in each case the beam split into two or more 
components. The classical argument is as follows. If the z direction is chosen to 
be the direction of the maximum nonuniformity of B

S
,  the net magnetic force on 

the atoms is along the z axis and is proportional to the component of the magnetic 
moment mS of the atom in the z direction. Classically, mS can have any orientation, 
so the deflected beam should be spread out continuously. According to quantum 
mechanics, however, the deflected beam has an integral number of discrete com-
ponents and the number of components determines the number of possible values 
of mz. Therefore, because the Stern–Gerlach experiment showed split beams, space 
quantization was at least qualitatively verified.

S
S

S
S

z z

a b

!e !e

Figure 42.15  The spin of an 
electron can be either (a) up or 
(b)!down relative to a specified 
z axis. As in the case of orbital 
angular momentum, the x and 
y components of the spin angu-
lar momentum vector are not 
quantized.

Pitfall Prevention 42.5
The Electron Is Not Spinning  
Although the concept of a spin-
ning electron is conceptually 
useful, it should not be taken 
literally. The spin of the Earth 
is a mechanical rotation. On the 
other hand, electron spin is a 
purely quantum effect that  
gives the electron an angular 
momentum as if it were  
physically spinning.

A beam of silver atoms is 
split in two by a nonuniform 
magnetic field.

The shapes of the pole 
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Figure 42.16  The technique 
used by Stern and Gerlach to 
verify space quantization.

In	1921,	OGo	Stern	and	Walter	Gerlach	
performed	an	experiment	that	
demonstrated	space	quan*za*on	(the	
old	name	of	quan:zing	the	z-component	
of	the	angular	momentum.)
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 The vector L
S

 does not point in one specific direction. If L
S

 were known exactly, 
all three components Lx , Ly , and Lz would be specified, which is inconsistent  
with an angular momentum version of the uncertainty principle. How can the  
magnitude and z component of a vector be specified, but the vector not be  
completely specified? To answer, imagine that Lx and Ly are completely unspecified 
so that L

S
 lies anywhere on the surface of a cone that makes an angle u with the z 

axis as shown in Figure 42.13b. From the figure, we see that u is also quantized and 
that its values are specified through the relationship

 cos u 5
Lz

L
5

m,", 1, 1 1 2  (42.29)

 If the atom is placed in a magnetic field, the energy UB 5 2mS ? B
S

 is additional 
energy for the atom–field system beyond that described in Equation 42.21. Because 
the directions of mS are quantized, there are discrete total energies for the system 
corresponding to different values of m ,. Figure 42.14a shows a transition between 
two atomic levels in the absence of a magnetic field. In Figure 42.14b, a magnetic 
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If	the	atom	is	placed	in	a	magne:c	fields,	the	energy	 	is	addi:onal	
energy	for	the	atom-field	system.	Because	the	direc:on	of	 	are	quan:zed,	there	are	
discrete	total	energies	for	the	system	corresponding	to	different	values	of	 .

UB = − ⃗μ ⋅ ⃗B
⃗μ

ml
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FIG. 2: Postcard sent by Gerlach to Bohr

FIG. 3: The Brillouin Proposal

The lowest non-zero value that l, the orbital quantum
number can take is 1, and corresponding possible values
for the azimuthal quantum number ml, are +1, 0, and
-1. In 1918, Bohr[9] wrote a series of papers on the appli-
cation of the Bohr-Sommerfeld model to describe atomic
spectra in the presence of electric and magnetic fields,
and argued that the value of ml = 0 should not be al-
lowed. He said the reason was that in that case, the
plane of the orbit would be parallel to the magnetic field

direction and may give rise to instability. (In hindsight,
this was not a real argument, but rather a statement
amounting to “I don’t like it”). Following this, in the
authoritative textbook by Sommerfeld[10], published in
1919, the same inference was drawn. With this lead from
the leading theorists, Stern in his paper where the crucial
experiment was proposed, also assumed that the Bohr-
Summerfeld model predicted the beam would be split
into two, corresponding to the two possible orientations
and the two values of the ml (+1, -1).

In this paper proposing the experiment, he mentions
that he and Gerlach have already started work on the
it. He had realized by then how di!cult the experiment
was and found the suitable collaborator in Walter Ger-
lach, who was a superb experimenter and was already in
Frankfurt. By early 1921, they had already started on
the design and execution of the experiment. They were
not encouraged by theorists, even sympathetic ones like
Born. As Born recalled many years later, “in fact it took
me quite a while before I took this idea seriously! I re-
garded space quantisation a kind of symbolic expression
for something which you did not understand. But to take
it literally like Stern did, was his own idea. I tried to per-
suade Stern that there was no sense to it, but then he
told me that it was worth a try.” Eventually, Born came
around and became an enthusiastic supporter of the ex-
periment. At one time when they were not seeing any
e"ect, Debye said, “surely you did not believe that the
orientation of the orbits will be physically real....”

A note on the working style of Stern: He always had
a cigar in one hand and he preferred to leave the actual
hands-on work to others, as he did not trust his own
manual dexterity! When there was an imminent crash,
he would raise both his hands and stay away, as he said
it is better to let things fall where they may, rather than
trying to prevent the fall! He described the beneficial
e"ects of a large wooden hammer he kept in his lab, and
used it to threaten the apparatus if it did not behave.
(He claimed that it apparently worked!).

The experiment turned out to be more di!cult than
anticipated, and took more than a year to complete.
There were also financial di!culties. A series of pub-
lic lectures by Born and others were arranged with an
admission charge to help defray the cost of the exper-
iment. A friend of Max Born suggested to write to a
Henry Goldman in New York, who had family roots in
Frankfurt. He received a charming response along with
a cheque! (Henry Goldman had started the Woolworth
chain of stores and later founded Goldman-Sachs!) By
the time the experiment was nearing completion, Born
had moved to Goettingen (where he would go on to de-
velop quantum mechanics with Heisenberg and Jordan)
and Stern had moved to Rostock. Gerlach had to travel
to Rostock to show the results to Stern and keep him
abreast. On one visit, they reviewed the results to date,
and disappointed, decided to quit! However, due to a
railway strike, Gerlach had to spend the night in a hotel
near the train station, and on reviewing the results that

Postcard	sent	by	Gerlach	to	Bohr

In	1921,	Stern	realized	that	he	could	devise	an	
experimental	test	for	this	quan:za:on	of	the	orbits.

Stern	and	Gerlach	were	not	encouraged	by	theorists	
to	do	the	experiment,	including	Born.	Eventually,	
Born	came	around	and	became	a	supporter.	

Financial	difficul:es.	Experiment	turned	out	to	be	
more	difficult	than	an:cipated,	and	took	more	than	
a	year	to	complete.	A	series	of	public	lectures	by	
Born	and	others	were	arranged	to	help	for	the	cost	
of	the	experiment.	Got	support	from	Goldman.

Finally,	Stern	and	Gerlach	confirmed	the	Bohr	
Sommerfeld	theory.	Gerlach	sent	a	congratulatory	

postcard	to	Bohr.

A	few	weeks	aher	hearing	of	the	Stern-Gerlach	
result,	Einstein	and	Ehrenfest	published	a	short	note.
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The quantum model of the hydrogen atom
The	spin	magneDc	quantum	number	( )ms The	need	for	this	new	quantum	

number	arises	because	of	an	unusual	
feature	observed	in	the	spectra	of	
certain	gases,	such	as	sodium	vapor.	
Close	examina:on	of	one	prominent	
line	in	the	emission	spectrum	of	
sodium	reveals	that	the	line	is,	in	fact,	
two	closely	spaced	lines	called	a	
doublet.

In	1925,	when	this	doublet	was	first	observed,	it	
could	not	be	explained	with	the	exis:ng	atomic	
theory.	To	resolve	this	dilemma,	Samuel	Goudsmit	
and	George	Uhlenbeck,	following	a	sugges:on	
made	by	Wolfgang	Pauli,	proposed	the	spin	
quantum	number.

 42.6 Physical Interpretation of the Quantum Numbers 1315

8This phenomenon is a Zeeman effect for spin and is identical in nature to the Zeeman effect for orbital angular 
momentum discussed before Example 42.4 except that no external magnetic field is required. The magnetic field 
for this Zeeman effect is internal to the atom and arises from the relative motion of the electron and the nucleus.

line is, in fact, two closely spaced lines called a doublet.8 The wavelengths of these 
lines occur in the yellow region of the electromagnetic spectrum at 589.0 nm and  
589.6 nm. In 1925, when this doublet was first observed, it could not be explained 
with the existing atomic theory. To resolve this dilemma, Samuel Goudsmit (1902–
1978) and George Uhlenbeck (1900–1988), following a suggestion made by Aus-
trian physicist Wolfgang Pauli, proposed the spin quantum number.
 To describe this new quantum number, it is convenient (but technically incor-
rect) to imagine the electron spinning about its axis as it orbits the nucleus as 
described in Section 30.6. As illustrated in Figure 42.15, only two directions exist 
for the electron spin. If the direction of spin is as shown in Figure 42.15a, the elec-
tron is said to have spin up. If the direction of spin is as shown in Figure 42.15b, the 
electron is said to have spin down. In the presence of a magnetic field, the energy 
associated with the electron is slightly different for the two spin directions. This 
energy difference accounts for the sodium doublet.
 The classical description of electron spin—as resulting from a spinning elec-
tron—is incorrect. More recent theory indicates that the electron is a point particle, 
without spatial extent. Therefore, the electron is not modeled as a rigid object and 
cannot be considered to be spinning. Despite this conceptual difficulty, all experi-
mental evidence supports the idea that an electron does have some intrinsic angu-
lar momentum that can be described by the spin magnetic quantum number. Paul 
Dirac (1902–1984) showed that this fourth quantum number originates in the rela-
tivistic properties of the electron.
 In 1921, Otto Stern (1888–1969) and Walter Gerlach (1889–1979) performed 
an experiment that demonstrated space quantization. Their results, however, were 
not in quantitative agreement with the atomic theory that existed at that time. In 
their experiment, a beam of silver atoms sent through a nonuniform magnetic field 
was split into two discrete components (Fig. 42.16). Stern and Gerlach repeated the 
experiment using other atoms, and in each case the beam split into two or more 
components. The classical argument is as follows. If the z direction is chosen to 
be the direction of the maximum nonuniformity of B

S
,  the net magnetic force on 

the atoms is along the z axis and is proportional to the component of the magnetic 
moment mS of the atom in the z direction. Classically, mS can have any orientation, 
so the deflected beam should be spread out continuously. According to quantum 
mechanics, however, the deflected beam has an integral number of discrete com-
ponents and the number of components determines the number of possible values 
of mz. Therefore, because the Stern–Gerlach experiment showed split beams, space 
quantization was at least qualitatively verified.

S
S

S
S

z z

a b

!e !e

Figure 42.15  The spin of an 
electron can be either (a) up or 
(b)!down relative to a specified 
z axis. As in the case of orbital 
angular momentum, the x and 
y components of the spin angu-
lar momentum vector are not 
quantized.

Pitfall Prevention 42.5
The Electron Is Not Spinning  
Although the concept of a spin-
ning electron is conceptually 
useful, it should not be taken 
literally. The spin of the Earth 
is a mechanical rotation. On the 
other hand, electron spin is a 
purely quantum effect that  
gives the electron an angular 
momentum as if it were  
physically spinning.

A beam of silver atoms is 
split in two by a nonuniform 
magnetic field.

The shapes of the pole 
faces create a nonuniform 
magnetic field.

The pattern on the 
screen predicted by a 
classical analysis

The actual pattern 
observed in the 
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Figure 42.16  The technique 
used by Stern and Gerlach to 
verify space quantization.
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The quantum model of the hydrogen atom
The	spin	magneDc	quantum	number	( )ms

In	1927,	T.	E.	Phipps	and	J.	B.	Taylor	repeated	the	Stern–Gerlach	experiment	using	a	
beam	of	hydrogen	atoms.	This	was	very	important	because	it	involved	an	atom	
containing	a	single	electron	in	its	ground	state,	for	which	the	quantum	theory	makes	
reliable	predic:ons.	

When	 	for	hydrogen	in	its	ground	state,	so	 .	We	would	not	expect	the	
beam	to	be	deflected	by	the	magne:c	field.	However	the	beam	splibng	was	observed.

l = 0 ml = 0

Samuel	Goudsmit George	UhlenbeckOGo	Stern Walter	Gerlach
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The quantum model of the hydrogen atom
The	spin	magneDc	quantum	number	( )ms

In	1929,	Dirac	used	the	rela:vis:c	form	of	the	total	energy	of	a	
system	to	solve	the	rela:vis:c	wave	equa:on	for	the	electron	in	a	
poten:al	well.	His	analysis	confirmed	the	fundamental	nature	of	
electron	spin.	

Spin,	like	mass	and	charge,	is	an	intrinsic	property	of	a	par:cle,	
independent	of	its	surroundings.	Furthermore,	the	analysis	showed	
that	electron	spin	can	be	described	by	a	single	quantum	number	 ,	
whose	value	can	be	only	 .	

Since	spin	is	a	form	of	angular	momentum,	it	must	follow	the	same	
quantum	rules	as	orbital	angular	momentum.	For	electron,	the	
magnitude	of	spin	angular	momentum	 	is

s
s = 1/2

⃗S

Paul	Dirac



Phat	Srimanobhas;	Atomic	physics 20

The quantum model of the hydrogen atom
The	spin	magneDc	quantum	number	( )ms
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Figure 42.17  Spin angular 
momentum S

S
 exhibits space 

quantization. This figure shows 
the two allowed orientations of 
the spin angular momentum 
vector S

S
 and the spin magnetic 

moment mSspin for a spin-12 particle, 
such as the electron.
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 As discussed in the What If? feature of Example 42.4, there are 2, 1 1 possible 
values of m, for orbital angular momentum. Similarly, for spin angular momen-
tum, there are 2s 1 1 values of ms . For a spin of s 5 1

2, the number of values of ms is  
2s 1 1 5 2. These two possibilities for ms lead to the splitting of the beams into two 
components in the Stern–Gerlach and Phipps–Taylor experiments.
 The spin magnetic moment mSspin of the electron is related to its spin angular 
momentum S

S
 by the expression

 mSspin 5 2
e

me
 S

S
 (42.32)

where e is the electronic charge and me is the mass of the electron. Because Sz 5 61
2 U, 

the z component of the spin magnetic moment can have the values

 mSspin,z 5 6
e U

2me
 (42.33)

As we learned in Section 30.6, the quantity e"/2me is the Bohr magneton mB 5 
9.27!3 10224 J/T. The ratio of magnetic moment to angular momentum is twice as 
great for spin angular momentum (Eq. 42.32) as it is for orbital angular momen-
tum (Eq. 30.22). The factor of 2 is explained in a relativistic treatment first carried 
out by Dirac.
 Today, physicists explain the Stern–Gerlach and Phipps–Taylor experiments 
as follows. The observed magnetic moments for both silver and hydrogen are 
due to spin angular momentum only, with no contribution from orbital angular 
momentum. In the Phipps–Taylor experiment, the single electron in the hydrogen 
atom has its electron spin quantized in the magnetic field in such a way that the 
z component of spin angular momentum is either 1

2 U or 21
2 U, corresponding to 

ms 5 61
2. Electrons with spin 11

2 are deflected downward, and those with spin 21
2 

are deflected upward. In the Stern–Gerlach experiment, 46 of a silver atom’s 47 
electrons are in filled subshells with paired spins. Therefore, these 46 electrons 
have a net zero contribution to both orbital and spin angular momentum for the 
atom. The angular momentum of the atom is due to only the 47th electron. This 
electron lies in the 5s subshell, so there is no contribution from orbital angular 
momentum. As a result, the silver atoms have angular momentum due to just the 
spin of one electron and behave in the same way in a nonuniform magnetic field 
as the hydrogen atoms in the Phipps–Taylor experiment.
 The Stern–Gerlach experiment provided two important results. First, it verified 
the concept of space quantization. Second, it showed that spin angular momen-
tum exists, even though this property was not recognized until four years after the 
experiments were performed.
 As mentioned earlier, there are eight quantum states corresponding to n 5 2 in 
the hydrogen atom, not four as found in Example 42.2. Each of the four states in 
Example 42.2 is actually two states because of the two possible values of ms . Table 
42.4 shows the quantum numbers corresponding to these eight states.

Table 42.4 Quantum Numbers for the n 5 2 State of Hydrogen
      Number of States
n < m< ms Subshell Shell in Subshell

2 0 0 1
2 

2 0 0 21
2 

2s L 2

2 1 1 1
2

2 1 1 21
2

2 1 0 1
2

2 1 0 21
2 

2p L 6

2 1 21 1
2 

2 1 21 21
2 

w
v

Like	the	orbital	angular	momentum,	the	spin	vector	 	
exhibits	space	quan:za:on.	It	can	have	two	
orienta:ons	rela:ve	to	a	 	axis,	specified	by	the	spin	
magne:c	quantum	number	 .	

Similar	to	orbital	angular	momentum,	the	 	
component	of	spin	angular	momentum	is

⃗S

z
ms = ± 1/2

z
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The exclusion principle and the periodic table
We	have	found	that	the	state	of	a	hydrogen	atom	is	specified	by	four	quantum	
numbers:	 	.	These	four	quantum	numbers	can	be	used	to	describe	all	
the	electronic	states	of	an	atom,	regardless	of	the	number	of	electrons	in	its	
structure.

n, l, ml, ms
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 As discussed in the What If? feature of Example 42.4, there are 2, 1 1 possible 
values of m, for orbital angular momentum. Similarly, for spin angular momen-
tum, there are 2s 1 1 values of ms . For a spin of s 5 1

2, the number of values of ms is  
2s 1 1 5 2. These two possibilities for ms lead to the splitting of the beams into two 
components in the Stern–Gerlach and Phipps–Taylor experiments.
 The spin magnetic moment mSspin of the electron is related to its spin angular 
momentum S

S
 by the expression

 mSspin 5 2
e

me
 S

S
 (42.32)

where e is the electronic charge and me is the mass of the electron. Because Sz 5 61
2 U, 

the z component of the spin magnetic moment can have the values

 mSspin,z 5 6
e U

2me
 (42.33)

As we learned in Section 30.6, the quantity e"/2me is the Bohr magneton mB 5 
9.27!3 10224 J/T. The ratio of magnetic moment to angular momentum is twice as 
great for spin angular momentum (Eq. 42.32) as it is for orbital angular momen-
tum (Eq. 30.22). The factor of 2 is explained in a relativistic treatment first carried 
out by Dirac.
 Today, physicists explain the Stern–Gerlach and Phipps–Taylor experiments 
as follows. The observed magnetic moments for both silver and hydrogen are 
due to spin angular momentum only, with no contribution from orbital angular 
momentum. In the Phipps–Taylor experiment, the single electron in the hydrogen 
atom has its electron spin quantized in the magnetic field in such a way that the 
z component of spin angular momentum is either 1

2 U or 21
2 U, corresponding to 

ms 5 61
2. Electrons with spin 11

2 are deflected downward, and those with spin 21
2 

are deflected upward. In the Stern–Gerlach experiment, 46 of a silver atom’s 47 
electrons are in filled subshells with paired spins. Therefore, these 46 electrons 
have a net zero contribution to both orbital and spin angular momentum for the 
atom. The angular momentum of the atom is due to only the 47th electron. This 
electron lies in the 5s subshell, so there is no contribution from orbital angular 
momentum. As a result, the silver atoms have angular momentum due to just the 
spin of one electron and behave in the same way in a nonuniform magnetic field 
as the hydrogen atoms in the Phipps–Taylor experiment.
 The Stern–Gerlach experiment provided two important results. First, it verified 
the concept of space quantization. Second, it showed that spin angular momen-
tum exists, even though this property was not recognized until four years after the 
experiments were performed.
 As mentioned earlier, there are eight quantum states corresponding to n 5 2 in 
the hydrogen atom, not four as found in Example 42.2. Each of the four states in 
Example 42.2 is actually two states because of the two possible values of ms . Table 
42.4 shows the quantum numbers corresponding to these eight states.

Table 42.4 Quantum Numbers for the n 5 2 State of Hydrogen
      Number of States
n < m< ms Subshell Shell in Subshell

2 0 0 1
2 

2 0 0 21
2 

2s L 2

2 1 1 1
2

2 1 1 21
2

2 1 0 1
2

2 1 0 21
2 

2p L 6

2 1 21 1
2 

2 1 21 21
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w
v
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The exclusion principle and the periodic table

Wolfgang	Pauli

Now,	you	may	have	a	ques:on		
“How	many	electrons	can	be	in	a	par*cular	quantum	state?”		

Pauli	answered	this	important	ques:on	in	1925,	in	a	statement	
known	as	the	exclusion	principle:	

What	happen	if	this	principle	is	not	valid?

No	two	electrons	can	ever	be	in	the	same	quantum	state;	
therefore,	no	two	electrons	in	the	same	atom	can	have	the	
same	set	of	quantum	numbers.

1318 Chapter 42 Atomic Physics

42.7 The Exclusion Principle and the Periodic Table
We have found that the state of a hydrogen atom is specified by four quantum num-
bers: n, ,, m,, and ms. As it turns out, the number of states available to other atoms 
may also be predicted by this same set of quantum numbers. In fact, these four 
quantum numbers can be used to describe all the electronic states of an atom, 
regardless of the number of electrons in its structure.
 For our discussion of atoms with many electrons, it is often easiest to assign the 
quantum numbers to the electrons in the atom as opposed to the entire atom. An 
obvious question that arises here is, “How many electrons can be in a particular 
quantum state?” Pauli answered this important question in 1925, in a statement 
known as the exclusion principle:

No two electrons can ever be in the same quantum state; therefore, no two 
electrons in the same atom can have the same set of quantum numbers.

If this principle were not valid, an atom could radiate energy until every electron in 
the atom is in the lowest possible energy state and therefore the chemical behavior 
of the elements would be grossly modified. Nature as we know it would not exist.
 In reality, we can view the electronic structure of complex atoms as a succession 
of filled levels increasing in energy. As a general rule, the order of filling of an 
atom’s subshells is as follows. Once a subshell is filled, the next electron goes into 
the lowest-energy vacant subshell. We can understand this behavior by recognizing 
that if the atom were not in the lowest energy state available to it, it would radiate 
energy until it reached this state. This tendency of a quantum system to achieve the 
lowest energy state is consistent with the second law of thermodynamics discussed 
in Chapter 22. The entropy of the Universe is increased by the system emitting pho-
tons, so that energy is spread out over a larger volume of space.
 Before we discuss the electronic configuration of various elements, it is conve-
nient to define an orbital as the atomic state characterized by the quantum numbers 
n, ,, and m,. The exclusion principle tells us that only two electrons can be pres-
ent in any orbital. One of these electrons has a spin magnetic quantum number 
ms 5 11

2, and the other has ms 5 21
2. Because each orbital is limited to two elec-

trons, the number of electrons that can occupy the various shells is also limited.
 Table 42.5 shows the allowed quantum states for an atom up to n 5 3. The 
arrows pointing upward indicate an electron described by ms 5 11

2, and those 
pointing downward indicate that ms 5 21

2. The n 5 1 shell can accommodate only 
two electrons because m, 5 0 means that only one orbital is allowed. (The three 
quantum numbers describing this orbital are n 5 1, , 5 0, and m, 5 0.) The n 5 2 
shell has two subshells, one for , 5 0 and one for , 5 1. The , 5 0 subshell is lim-
ited to two electrons because m, 5 0. The , 5 1 subshell has three allowed orbitals, 
corresponding to m, 5 1, 0, and 21. Because each orbital can accommodate two 
electrons, the , 5 1 subshell can hold six electrons. Therefore, the n 5 2 shell can 
contain eight electrons as shown in Table 42.4. The n 5 3 shell has three subshells 
(, 5 0, 1, 2) and nine orbitals, accommodating up to 18 electrons. In general, each 
shell can accommodate up to 2n2 electrons.

Table 42.5 Allowed Quantum States for an Atom Up to n 5 3

Shell n 1 2 3

Subshell , 0 0 1 0 1 2

Orbital m, 0 0 1 0 21 0 1 0 21 2 1 0 21 22

ms c T c T c T c T c T c T c T c T c T c T c T c T c T c T

Wolfgang Pauli
Austrian Theoretical Physicist 
(1900–1958)
An extremely talented theoretician who 
made important contributions in many 
areas of modern physics, Pauli gained 
public recognition at the age of 21 with 
a masterful review article on relativity 
that is still considered one of the finest 
and most comprehensive introduc-
tions to the subject. His other major 
contributions were the discovery of the 
exclusion principle, the explanation of 
the connection between particle spin 
and statistics, theories of relativistic 
quantum electrodynamics, the neutrino 
hypothesis, and the hypothesis of 
nuclear spin.
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Pitfall Prevention 42.6
The Exclusion Principle Is More 
General A more general form of 
the exclusion principle, discussed 
in Chapter 46, states that no two 
fermions can be in the same quan-
tum state. Fermions are particles 
with half-integral spin (1

2 , 32 , 52 , and 
so on).
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10To a first approximation, energy depends only on the quantum number n, as we have discussed. Because of the 
effect of the electronic charge shielding the nuclear charge, however, energy depends on , also in multielectron 
atoms. We shall discuss these shielding effects in Section 42.8.

 The exclusion principle can be illustrated by examining the electronic arrange-
ment in a few of the lighter atoms. The atomic number Z of any element is the 
number of protons in the nucleus of an atom of that element. A neutral atom of 
that element has Z electrons. Hydrogen (Z 5 1) has only one electron, which, in the 
ground state of the atom, can be described by either of two sets of quantum num-
bers n, ,, m,, ms: 1, 0, 0, 12 or 1, 0, 0, 21

2. This electronic configuration is often written 
1s1. The notation 1s refers to a state for which n 5 1 and , 5 0, and the superscript 
indicates that one electron is present in the s subshell.
 Helium (Z 5 2) has two electrons. In the ground state, their quantum numbers 
are 1, 0, 0, 1

2 and 1, 0, 0, 21
2. No other possible combinations of quantum numbers 

exist for this level, and we say that the K shell is filled. This electronic configuration 
is written 1s2.
 Lithium (Z 5 3) has three electrons. In the ground state, two of them are in the 
1s subshell. The third is in the 2s subshell because this subshell is slightly lower in 
energy than the 2p subshell.10 Hence, the electronic configuration for lithium is 
1s 22s1.
 The electronic configurations of lithium and the next several elements are pro-
vided in Figure 42.18. The electronic configuration of beryllium (Z 5 4), with its 
four electrons, is 1s 22s 2, and boron (Z 5 5) has a configuration of 1s 22s 22p1. The 
2p electron in boron may be described by any of the six equally probable sets of 
quantum numbers listed in Table 42.4. In Figure 42.18, we show this electron in 
the leftmost 2p box with spin up, but it is equally likely to be in any 2p box with spin 
either up or down.
 Carbon (Z 5 6) has six electrons, giving rise to a question concerning how to 
assign the two 2p electrons. Do they go into the same orbital with paired spins 
(c T), or do they occupy different orbitals with unpaired spins (c c)? Experimen-
tal data show that the most stable configuration (that is, the one with the lowest 
energy) is the latter, in which the spins are unpaired. Hence, the two 2p electrons 
in carbon and the three 2p electrons in nitrogen (Z 5 7) have unpaired spins as 

Atom

Li

Be

B

C

N

O

F

Ne

1s 2s 2p
Electronic

configuration

1s22s1

1s22s2

1s22s22p1

1s22s22p2

1s22s22p3

1s22s22p4

1s22s22p5

1s22s22p6

Figure 42.18  The filling of  
electronic states must obey both 
the exclusion principle and 
Hund’s rule (page 1320).

Hund's	rule:	

When	an	atom	has	orbitals	of	equal	
energy,	the	order	in	which	they	are	
filled	by	electrons	is	such	that	a	
maximum	number	of	electrons	have	
unpaired	spins.

Hydrogen	( ):	

Helium	( ):

Z = 1
Z = 2

You	start	to	have	ques*on	on	how	
electron	is	filled	in	 ?2p

Friedrich	Hund
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Figure 42.18 shows. The general rule that governs such situations, called Hund’s 
rule, states that

when an atom has orbitals of equal energy, the order in which they are filled 
by electrons is such that a maximum number of electrons have unpaired spins.

Some exceptions to this rule occur in elements having subshells that are close to 
being filled or half-filled.
 In 1871, long before quantum mechanics was developed, the Russian chemist 
Dmitri Mendeleev (1834–1907) made an early attempt at finding some order among 
the chemical elements. He was trying to organize the elements for the table of con-
tents of a book he was writing. He arranged the atoms in a table similar to that 
shown in Figure 42.19, according to their atomic masses and chemical similarities. 
The first table Mendeleev proposed contained many blank spaces, and he boldly 
stated that the gaps were there only because the elements had not yet been discov-
ered. By noting the columns in which some missing elements should be located, 
he was able to make rough predictions about their chemical properties. Within 20 
years of this announcement, most of these elements were indeed discovered.
 The elements in the periodic table (Fig. 42.19) are arranged so that all those in 
a column have similar chemical properties. For example, consider the elements in 
the last column, which are all gases at room temperature: He (helium), Ne (neon), 
Ar (argon), Kr (krypton), Xe (xenon), and Rn (radon). The outstanding character-
istic of all these elements is that they do not normally take part in chemical reac-
tions; that is, they do not readily join with other atoms to form molecules. They are 
therefore called inert gases or noble gases.
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**Actinide series
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Figure 42.19  The periodic table of the elements is an organized tabular representation of the elements that shows their periodic chemical 
behavior. Elements in a given column have similar chemical behavior. This table shows the chemical symbol for the element, the atomic num-
ber, and the electron configuration. A more complete periodic table is available in Appendix C.
In	1871,	long	before	quantum	mechanics	was	developed,	the	Russian	chemist	Dmitri	
Mendeleev	(1834–1907)	made	an	early	aPempt	at	finding	some	order	among	the	
chemical	elements.	The	elements	in	the	periodic	table	are	arranged	so	that	all	those	in	
a	column	have	similar	chemical	proper:es.	We	can	par:ally	understand	this	proper:es	
by	looking	at	the	electronic	configura:ons.


